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Abstract 

The influence of surface area, oxygen, temperature, pH, light, iron and humic acid on the 

mobilisation of heavy metals from a mixed metal sulfide ore concentrate (OC) in aquatic 

environments is investigated. The main mineral constituents of OC include sphalerite, 

galena, pyrite and chalcopyrite. Mineralogical data indicate Cd and some Fe are substituted 

into the sphalerite matrix. 

The relatively linear mobilisation of Zn, Fe, Cu and Cd from OC, as a function of time, in 

acidic, oxic and anoxic solutions suggests a surface controlled mechanism is responsible for 

the release of these metals from OC. The Zn, Fe and Cd mobilisation in oxic and anoxic 

solutions at p1-I 2 increases with increasing surface area of OC exposed to solution, which 

indicates the importance of surface sites in metal release from OC. Copper mobilisation in 

oxic solution also increases with increasing OC, but an inverse relationship between 

dissolved Cu and OC surface area is observed in anoxic solutions. This is attributed to 

exchange reactions that remove mobilised Cu from solution. In contrast to the other metals, 

the trend in Pb mobilisation is hyperbolic rather than linear. This suggests a diffusion 

controlled mechanism is responsible for Pb mobilisation from OC. Moreover, data for Pb 

release could be fitted to the parabolic rate law used to describe diffusion controlled 

dissolution. A linear plot of maximum dissolved Pb against OC surface area also illustrates 

the importance of surface sites in Pb mobilisation. The combined results for Pb indicate a 

mixed transport-surface controlled mechanism is responsible for Pb mobilisation from OC. 

The curvature of Pb mobilisation is also attributed to exchange reactions that remove 

dissolved Pb from solution. The mechanisms identified for Zn, Pb, Fe, Cu and Cd 

mobilisation from OC are supported by calculations of apparent activation energies. 

The mobilisation of metals from OC in anoxic solutions at pH 2 can be primarily attributed 

to proton promoted dissolution. The release of Zn, Cu and Cd from OC is enhanced in 

aerated solution by oxidative dissolution. However, the mobilisation of Pb and Fe are mostly 

driven by proton promoted dissolution irrespective of oxygen conditions. This is attributed to 

the diamagnetism of PbS and FeS2. The Fe impurities make ZnS and CdS paramagnetic and 

thus can readily adsorb oxygen. Paramagnetic oxygen also appears to readily react with 

antiferrornagnetic CuFeS2. 

The mobilisation of Zn, Fe and Cd is increased under illumination, which is attributed to the 

semiconductor nature of ZnS, FeS2  and CdS, respectively. An increase in mobilisation of Zn, 
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Fe and Cd under light is observed with decreasing pH, due to the greater oxidising property 

of photoholes and increased surface protonation. The semiconductor nature of PbS and 

CuFeS7 is also observed at pH 2. However, at higher pH values the concentration of 

mobilised Pb and Cu are greater in darkness than under illumination. This is attributed to the 

light enhanced exchange reactions involving dissolved Pb and Cu with metal sulfides more 

soluble than PbS and CuS. Anoxic experiments revealed the importance of oxygen in the 

photo-dissolution of semiconducting sulfide minerals. 

The mobilisation of metals from OC is enhanced in the presence of ferric ion. The order of 

reaction in Fe(III) for the mobilisation of Zn, Pb and Cu from OC are not the same as those 

determined by Rimstidt et al. (1994) for individual sphalerite, galena and chalcopyrite. This 

indicates processes such as interfacial reactions and galvanic interactions contribute to metal 

mobilisation in a mixed metal sulfide system. The presence of ferric ions also enhances the 

photo-dissolution of sulfide minerals possibly by scavenging photoelectrons and/or 

production of hydroxyl radicals. 

The OC was conditioned with ferric nitrate at pH 4, prior to mobilisation experiments. The 

results indicate FeOH2  and Fe(OH)2  adsorbed onto OC greatly promote the initial 

mobilisation of Cu from OC. This is attributed to the direct reduction of adsorbed Fe(III) 

species vicinal to Cu dissolution s ites. However, these adsorbed ferric species apparently 

contribute to a lag in the initial release of Zn and Cd from OC. Desorption of ferric species 

from OC enhances the mobilisation of Cu, Zn and Cd from OC during the latter stages of the 

experiment. Adsorbed Fe(III) inhibit Pb mobilisation from OC. However, parallel 

experiments with galena showed that adsorbed ferric species promotes PbS dissolution. The 

observed inhibition of Pb release from OC is attributed to galvanic interactions between PbS 

and ZnS, which decreases the anodic oxidation of PbS. Hence Fe(III) adsorbed onto Pb 

dissolution sites apparently block the attack of protons and oxygen. 

Hurnic acid (HA) enhances the mobilisation of Pb and, particularly, Cu but release of Zn and 

Cd from OC are inhibited. The diverse effect of HA on metal mobilisation appears to be 

governed by the different affinities of HA for metals and the relative stability of metal-HA 

complexes. The mobilisation of Cu, and to a lesser extent, Zn, Pb and Cd in HA solutions are 

enhanced under light. This has been attributed to enhanced photo-oxidative dissolution and 

oxygen containing photo-intermediates that are photosensitised by HA. 
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Chapter 1 Introduction 

1.1 Environmental Significance of Metals in Aquatic Environments 

1.1.1 Source 

Metals occur naturally in rocks (Table 1 .1) and minerals (Table 1.2) and are released into the 

environment by geologic weathering, which accounts for natural background or baseline 

levels (Förstner and Wittrnann, 1983). The susceptibility of minerals to chemical weathering 

(Table 1.2) and the intensity of such processes controls the types and quantity of metals 

released into solution. Sandstones are composed of minerals that weather with difficulty and 

would contribute small amounts of trace metals (Ross, I 994b); whereas sulfide minerals 

weather easily in oxygenated waters and would contribute high concentrations of dissolved 

metals. Many trace metals are commonly found in sulfide ores. Examples are galena (PbS), 

cinnabar (HgS), chalcopyrite (CuFeS2) and sphalerite (ZnS). Cadmium and zinc are 

geochemically closely related. They have similar ionic structures and electronegativities and 

tend to be found together in complex sulfide minerals (Ross, I 994b). 

The preferential formation of certain minerals by particular metals and their susceptibility to 

weathering may be related to metal reactivity. Metals react as electron-pair acceptors with 

electron-pair donors. Acceptors and donors can be classified into hard and soft categories 

(Table 1.3). Hard and soft acceptors are also classified as class A and B, respectively. Not all 

metals can be strictly classified as being either hard or soft; there are those that are 

intermediate (Table 1.3). Among the borderline metals, soft or class B characteristics 

decrease in the order: Mn2  > Zn 21>  Ni2  > Fe2  > Cd2  > Cu2  > Pb2  (Nieboer and 

Richardson, 1980). Generally hard acceptors prefer to bind to hard donors and soft acceptors 

prefer to bind to soft donors to form stable compounds (Pearson, 1968a; Pearson, 1968b). 

This preferential binding is known as the HSAB (hard and soft acids and bases) principle, 

owing to the classification of electron acceptors as being acids and electron donors as bases. 

The HSAB principle can be observed in nature by occurrence of some metals in the Earth's 

crust as ores of oxide or carbonate, whilst others occur predominantly as sulfide minerals. 

For instance hard acids, such as Mg2 , Ca2  and Al" form strong bonds with hard bases such 

as 2  or C032 . Conversely softer acids such as H922 , Hg24 , Zn2  and Pb2  prefer soft bases 

such as According to the HSAB theory, hard acid-soft base or soft acid-hard base 
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combinations do not form strong bonds; their ores are more susceptible to weathering and 

will be leached away before any ore recovery (Förstner and Wittmann, 1983). 

Table 1.1 Typical trace metal concentrations in major rock types (mg/kg) (Alloway, 
1995 and references therein). 

Element Earth's Igneous rocks Sedimentary rocks 
crust ' Ultramafic* Maflctt Granitic Limestone Sandstone Sha1es 

Ag 0.07 0.06 0.1 0.04 0.12 0.25 0.07 

As 1.5 1 1.5 1.5 1 1 13(1-900) 

Au 0.004 0.003 0.003 0.002 0.002 0.003 0.0025 

Cd 0.1 0.12 0.13 0.09 0.028 0.05 0.22 (<240) 

Co 20 110 35 1 0.1 0.3 19 

Cr 100 2980 200 4 11 35 90 (<500) 

Cu 50 42 90 13 5.5 30 39 (<300) 

1-Ig 0.05 0.004 0.01 0.08 0.16 0.29 0.18 

Mil 950 1040 1500 400 620 460 850 

Mo 1.5 0.3 1 2 0.16 0.2 2.6 (<300) 

Ni 80 2000 150 0.5 7 9 68 (<300) 

Pb 14 14 3 24 5.7 10 23 (<400) 

Sb 0.2 0.1 0.2 0.2 0.3 0.005 1.5 

Se 0.05 0.13 0.05 0.05 0.03 0.01 0.5 (<675) 

Sn 2.2 0.5 1.5 3.5 0.5 0.5 6 

TI 0.6 0.0005 0.08 1.1 0.14 0.36 1.2 

U 2.4 0.03 0.43 4.4 2.2 0.45 3.7 (<1250) 

V 160 40 250 72 45 20 130 (<2000) 

W 1 0.1 0.36 1.5 0.56 1.6 1.9 

Zn 75 58 100 52 20 30 120 (<1000) 

* Ultramafic rocks are also called 'ultrabasic', e.g. dunite, peridotite and serpentinite 
# Mafic rocks are also called 'basic igneous rocks', e.g. basalt. 

'Shales' also include clays 
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Table 1.2 Trace constituents of common rock-forming minerals (Alloway, 1995 and 
references therein). 

Mineral 1 race Constituents Susceptibility to weatherine 
Olivinc Ni, Co. Mn, Li, Zn. Cu. Mo 1.asi1v weathered 
Horublende Ni. Co. Mn, Sc, Li, V. Zn, ('u. Ga 
Auuile Ni, Ca, Mn, Sc, Li, V, Zn, Pb. Cu, Ga 
Biotite Rh, Ha, Ni, Co. Sc, Li, Mn. V. Zn, Cu. Ga 
A pati te Rare earths. Pb. Sr 
Anorthitc Sr, Cu, Ga, Mn 
Andesine Sr. Cu, Ga, Mn 
Oligoclasc Cu, Ga 
Aibite ('ii, Ga 
Garnet Mn, Cr, Ga Moderately stable Orthoclase Rb, Ba, Sr. Cu, Ga 
Muscovite F, Rh, Ha, Sr. Cu, (in, V 
'I'i tan I tc Rare earths, V, Sn 
Hrnenite Co, Ni, Cr. V 
Magnetite Zn, Cu, Ni, Cr, V 
Tourniat inc Li, F. Ga 
Zircon ti. I 
Quartz -- Very resistant to weatherina 

Table 1.3 Classification of Pearson's "hard" and "soft" acceptors and donors, and 
Nieboer and Richardson's class A and B metals (Förstner and Wittmann, 
1983 and references therein; Ross, 1994a and references therein). 

Hard acceptor 
,-, 2-f H',Na,K,Mg' ,ua ,Mn 24  

A  131
,  Cr -, 34 3+ 34 r , uo ,Fe ,As 

Hard donor 

H70, OW, F, Cl- , p043', s042-, 
C032, 02,  NO3 

Intermediate acceptor 

Fe2 , CO2 , Ni2 , Cu2 , 
2+ 2+ Zn Pb 

Intermediate donor 

Br, N07, S032  

Soft acceptor 
+ + + -f 2+ Cu ,Ag ,Au ,Tl ,Hg2  

Pd2 , Cd2 , Pt2 , Hg2 , 

CH3Hg 

Soft donor 

SW, S2 , CN, SCN, CO, 

R7S, RSH, RS 

Class A metals Borderline metals Class B metals 
K, Nat, Ca2 , Mg2 , A13 Pb2 , Sn2 , Cd2 , Cu2 , Au, Ag, Cu', Hg2 , Pt2  

2+ 2+ 2+ 2+ 2+ Fe ,Co ,Ni ,Cr ,Zn 

Mn2 , Fe3  

3 
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Table 1.4 Sources of toxic metals in the environment (Ross, 1994b). 
Metalliferous mining and smelting: 

Spoil heaps and tailings - contamination through weathering, wind erosion (As, Cd, Hg, 
Pb) 
Fluvially dispersed tailings deposited on soil during flooding, river dredging, etc. 
(As, Cd, Hg, Pb) 
Transported ore separates - blown from conveyance onto soil (As, Cd, Hg, Pb) 
Smelting - contamination due to wind-blown dust, aerosols from stack (As, Cd, Hg, Pb, 
Sb, Se) 
Iron and steel industry (Cu, Ni, Pb) 
Metal finishing (Zn, Cu, Ni, Cr, Cd) 

Industry 
Plastics (Co, Cr, Cd, Hg) 
Textiles (Zn, Al, Zn, Ti, Sn) 
Microelectronics (Cu, Ni, Cd, Zn, Sb) 
Wood preserving (Cu, Cr, As) 
Refineries (Pb, Ni, Cr) 

2. Atmospheric deposition 
Urban/industrial sources, including incineration plants, refuse disposal (Cd, Cu, Pb, Sn, 
Hg, V) 
Pyrometallurgical industries (As, Cd, Cr, Cu, Mn, Ni, Pb, Sb, Tl, Zn) 
Automobile exhausts (Mo, Pb (with Br and Cl), V) 
Fossil fuel combustion (including power stations) (As, Pb, Sb, Se, U, V, Zn, Cd) 

Agriculture 
Fertilisers (e.g. As, Cd, Mn, U, V, and Zn in some phosphatic fertilisers) 
Manures (e.g. As and Cd in some pig and poultry manures, Mn and Zn in farmyard 
manure) 
Lime (As, Pb) 
Pesticides (Cu, Mn and Zn in fungicides, As and Pb used in orchards) 
Irrigation waters (Cd, Pb, Se) 
Corrosion of metals (e.g. galvanised and metal objects (fencing, troughs, etc.) Fe, Pb, Zn) 

Waste disposal on land: 
Sewage sludge (Cd, Cr, Cu, Hg, Mn, Mo, Ni, Pb, V, Zn) 
Leachate from landfill (As, Cd, Fe, Pb) 
Scrap heaps (Cd, Cr, Cu, Pb, Zn) 
Bonfires, coal ash, etc. (Cu, Pb) 

Atmospheric precipitation and the weathering processes of soils and bedrocks have been 
significantly altered by human activities; consequently the flux and distribution of trace 
metals in a large fraction of all freshwater resources have increased (Stumm and Morgan, 
1996). Apart from affecting natural weathering of parent geological materials, increasingly 
higher quantities of metals are released by anthropogenic activities. Metal contamination 
caused by man was first identified by calculating indices of relative pollution potential. 
Nikiforova and Smirnova (1975) calculated technophility indices, which are the ratio of 
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annual mining activity to the mean concentration of trace metal in the Earth's crust, and 
showed that mining contributed to elevated levels of Pb and Hg. Moreover, Campbell and 
co-workers (1983) compared natural and anthropogenic quantities of trace metals emitted to 
the atmosphere and showed that around 15 times more Cd, 100 times more Pb, 13 times 
more Cu and 21 times more Zn are emitted by man's activities than by natural processes. 
There are numerous anthropogenic sources of metals, these can be categorised into five main 
groups listed in Table 1.4. 

1.1.2 Fate and Transport 

Once metals are introduced into the environment they can accumulate locally or be 
transported along the hydrological cycle, and in the atmosphere, to rivers and oceans. Some 
routes of metal pollutants into aquatic systems are shown in Figure I.I. The behaviour of 
trace metals in aquatic systems is highly complex, due to the large number of possible 
interactions with ill-defined dissolved and particulate components and non-equilibrium 
conditions (Salomons and Förstner, 1984). The different forms that metals can exist in 
natural waters are shown in Table 1.5. 

The majority of dissolved metals transported by natural water systems, under normal 
physicochemical conditions, are rapidly adsorbed onto particulate material (Förstner and 
Wittmann, 1983; Salomons and Förstner, 1984). The interactions between particulates and 
metals play an important role in the regulation of dissolved metal concentrations (Stumm, 
1992; Salomons et al., 1987). Adsorption has been identified as the first step in the ultimate 
removal of trace metals from the hydrological cycle with oceanic sediments being the 
ultimate sinks (Salomons and FOrstner, 1984). 

Solid phases capable of sorbing cations in natural waters consist of a variety of components 
including clay minerals, organic solids, carbonates, quartz and feldspar. These components, 
usually coated with organic substances and hydrous manganese and iron oxides, transport 
metals to the sediment (Salomons and Förstner, 1984). Hydrous iron and manganese oxides 
are the main carriers for Cd, Zn and Ni, while the organic fraction is predominant for Cu and 
Pb (Tessier et al., 1985; Salomons et al., 1987). Organic matter plays an important role in the 
transport of metals, since it is able to bind metals and is involved in diagenetic processes 
after deposition (Salomons and Förstner, 1984). 
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Figure 1.1 Routes of metal pollutants into the environment (Goldberg, 1976). 

Table 1.5 Types of metal species in waters (Stumm and Bilinski, 1972). 

Metal species Range of diametces (scm) Examples 

A 
Fc(llO); Cu(H 5O) 
AsO, tiOt VO 
CuOFI, CuCO, Pb(CO 3 ) 
AgSU°, CdCl, Zn(OH) 

0.001  Me 

Cll 5 -C — O 
/ \ 

llN 0 
N / 

Cu 
/\ 

OCCH, 
0.01 Meliumic/fulvic acid polymers 

FeOOIi, Mn(1V) hydrous oxides 
0.1 Mc.aq, MCII(011) ),, MeCO,, etc. 

on clays, fe00H, organics 
ZnSiO, CuCO 3, CdS in FeS, 
l'bS 
Metals in algae 

(Me = metal; R = alkyl) 

6 

Free aquated ions 
Complex ionic entities 
InorganIC ionpairs and conq1exes 

Organic Complexes, 
chlates and compounds 

Metals bound to high molecular 
weight organic materials 
High)ydispersed colloids 
Metals sorbed omi colloids 

Precipitates, mineral particles. 
organic particles 
Metals present in live and 
dead biota 
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Figure 1.2 Sequence of microbially mediated redox processes (Stumm and Morgan, 

1996). 

After deposition, carriers of metals may be influenced by diagenetic redox reactions that 
occur within the sediment, these may be biologically mediated or abiotic processes. The 
reactions are initiated by bacterial oxidation of organic matter, which consume oxygen and 
causes oxic sediments to become anoxic with depth. Subsequently a sequence of redox 
reactions (Figure 1.2) occurs in the anoxic sediment layer; these include nitrate reduction, 
manganese reduction, iron reduction, methane fermentation and sulfate reduction (Förstner 
and Wittmann, 1983; Salomons and Förstner, 1984; Stumm and Morgan, 1996). Hence 
following sedimentation metals sorbed onto particles are released into interstitial water, upon 
the oxidation oforganic matter and reductive dissolution ofhydrous manganese and iron 
oxides. The resulting Fe2  and Mn  21  can diffuse into the oxic sediment layer where they are 
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oxidised to Fe/Mn oxides and immobilised. These freshly formed oxides are very efficient 
scavengers for heavy metals in the oxic sediment layer (Song and Muller, 1999). Thus the 
cycling of Fe and Mn may play a significant role in transport processes of metals (Davison et 
aL, 1982; Salomons et al., 1987; Morse and Arakaki, 1993). 

Whilst the concentration of heavy metals in oxic conditions are controlled mainly by oxides 
(Huang and Stumm, 1973; Morgan and Stumm, 1964; Benjamin and Leckie, 1981), the 
formation of sulfides play an important role in the transformation and distribution of trace 
metals under anoxic conditions (Krauskopf, 1957; Leckie and James, 1974). Sorbed metals 
released into sediment porewaters under reducing conditions may combine with sulfide ions 
to yield highly insoluble metal sulfides. These metals may precipitate as discrete phases or 
be adsorbed and coprecipitate with the more abundant iron sulfide minerals (Jenne, 1976; 
Förstner and Wittmann, 1983; Morse and Arakaki, 1993). Possible reactions for the 
incorporation of metals into FeS and FeS2  phases are shown in Table 1.6. Morse and Luther 
(1999) have shown that thermodynamic relationships, differences in ligand exchange 
reaction kinetics and redox reaction pathways affect the behaviour of various trace metals in 
sulfidic sediments. These researchers observed that Pb, Zn and Cd undergo relatively little 
pyritization, as these metal ions have faster water exchange reaction kinetics than Fe2 , 
resulting in MS phases precipitating prior to FeS formation and subsequent pyrite formation. 
Whereas, Co and Ni, which have slower H20 exchange kinetics than Fe2 , are incorporated 
into pyrite. Although Hg and Cu have faster reaction kinetics than Fe2 , both are 
incorporated into pyrite. Mercury can undergo complexation with chloride, which can hinder 
its reaction with sulfide. But Hg can also replace Fe in FeS to yield HgS. Copper(II) is 
reduced by sulfide and forms a variety of sulfides with and without Fe. Manganese(II) does 
not form MnS easily and is incorporated into pyrite at high iron degrees of pyritization. 
Oxyanions of Mo and As are first reduced by sulfide, which may react with sulfides resulting 
in incorporation into pyrite. However, the oxyanion of Cr is reduced to Cr", which is 
kinetically inert to reaction with sulfide and is not incorporated into pyrite. Interactions of 
trace metals with sulfide in anoxic environments are important in determining their chemical 
form and potential toxicity to organisms (Morse and Luther, 1999). 
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Table 1.6 Possible reactions for the incorporation of metals into FeS and FeS2  (Morse 
and Luther, 1999 and references therein). 

FeS 

Fe2 ' + HS - FeS + H 

FeS +M2 —Fe—S—M2  

Fe - S - M2  —> Fe(M)S + Fe2  

FeS + M2  —> MS + Fe" 

FeS2  

FeS or [Fe(M)S] + S(0) — Fe(M)S, 

FeS or [Fe(M)S] + H,S —* Fe(M)S, + H2 

FeS7+M2 -->Fe—S—S—M 

Fe - S — S - M —p Fe(M)S-,  

(FeS formation) 

(Metal adsorption onto FeS) 

(Metal inclusion into FeS) 

(Methathesis or metal exchange reaction) 

(Pyrite formation and metal inclusion) 

(Metal adsorption onto pyrite) 

(Metal inclusion into pyrite) 

1.1.3 Bioavailability 

Whilst cycling of heavy metals in sediments is controlled by precipitation/dissolution of 
minerals, their mobility and bioavailability may be related to organic and inorganic 
complexation (Song and Muller, 1999). Porewater studies have shown that heavy metal 
concentrations are significantly higher than that predicted from metal sulfide solubility 
(Elderfield, 1981; Carignan and Nriagu, 1985). In laboratory experiments, Salomons et al. 
(1987) and Wallmann (1992) found that inorganic complexes (e.g. with sulfide or chloride) 
can explain the supersaturation of metal sulfides. A number of researchers (Elderfield, 1981; 
van den Berg and Dharn-ivanij, 1984; Douglas et al., 1986) have acknowledged the 
importance of organic complexing materials, such as humic substances, with respect to 
mobility and bioavailability. It is known that the concentration of organic colloids and 
dissolved organic carbon in porewater increase with depth as a result of the degradation of 
organic matter (Krom and Sholkovitz, 1977; Krom and Sholkovitz, 1978; Orem et al., 1986; 
Chin and Gschwend, 1991). This may enhance the mobility and bioavailability of heavy 
metals during the early diagenesis (Elderfield, 1981; Douglas et al., 1986). 

In addition to their role in the cycling of metals, the formation of insoluble metal sulfides 
also plays a significant role in preventing heavy metal toxicity (Lawrence and McCarty, 
1965). Di Toro et al. (1990) first demonstrated the importance of metastable iron sulfide 
phases, such as mackinawite, amorphous FeS and greigite (operationally defined as acid 
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volatile sulfides (AVS)), in scavenging heavy metals and thereby preventing toxicity. Di 
Toro et al. (1990) discovered that when the ratio of total cold acid extractable Cd to AVS in 
marine sediments was less than one, the porewater Cd concentration was very low and there 
was no toxicity to two amphipods. The research of Carlson et al. (1991) and Di Toro et al. 
(1992) supported these findings; which led to the derivation of the sediment quality criteria 
of no toxicity if [SEM]/[AVS] < 1, where [SEM] is the sum of the molar concentrations of 
simultaneously extracted metals (Di Toro et al., 1992). In a review of 12 toxicity studies, 
Ankley et al. (1996) reported that the majority indicated reduced bioaccumulation when 
[SEM]/[AVS] was less than one. However several researchers found increased 
bioaccumulation with increasing metal concentrations, despite a surplus of AVS. These 
conflicting results may be due to the presence of organic complexing agents that are released 
into porewater following mineralisation of organic matter. 

Mineralisation of organic matter can elevate the concentration of metals in interstitial water 
by releasing sorbed metals, upon the destruction of binding sites (Hallberg et al., 1980; van 
den Berg and Dharmvanij, 1984; Prause et al., 1985; Francois, 1990). These metals can 
either precipitate as sulfides or react with oxidation products, which can act as ligands, to 
form dissolved metal organic complexes. There is competition between metal sulfide 
precipitation, metal-organic dissolution and Fe/Mn oxides adsorption. This competition can 
mainly control the mobility and bioavailability of heavy metals in sediments (Song and 
Muller, 1999). The diffusion of soluble metal-organic complexes may play an important role 
in the remobilisation of metals from sediments into the overlying water column (Krom and 
Sholkovitz, 1977; Hallberg et al., 1980; van den Berg and Dharmvanij, 1984). 

Although sediments are considered to be the ultimate sink for metals, they are also potential 
contaminants in aquatic environments (Song and Muller, 1999). Natural (e.g. limnological 
transition) and man-induced processes (e.g. flood, sediment erosion, dredging) may change 
physicochemical conditions in sediments and consequently rernobilise heavy metals making 
them bioavailable (Song and Muller, 1999). Remobilisation is mainly caused by four types 
of chemical changes in waters (Förstner and Wittmann, 1983): (1) elevated salt 
concentrations; (2) changes in redox conditions; (3) lowering of pH and (4) increased use of 
natural and synthetic complexing agents. Metal contamination of aquatic ecosystems have 
raised concems not only because it is widespread but also many metals are persistent and 
potentially deleterious to aquatic life (Tessier and Turner, 1995). Moreover, the detrimental 
effects of metals in polluted water bodies may not be confined to aquatic systems as shown 
in Figure I.I. Metal contamination of terrestrial ecosystems can also occur by way of 
irrigation, dredging activities and biota flux (Förstner and Wittmann, 1983). 
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1.1.4 Speciation and Toxicity 

Heavy metals in the environment are a matter of concern because of their potential reactivity, 
toxicity and mobility (Selirn and Amacher, 1996). Metal toxicity can be defined as the 
impairment of biological function caused by the uptake of a particular metal (Mason and 
Jenkins, 1995). The mechanisms by which metals exert their toxicological effect on 
physiological processes are often poorly understood (Mason and Jenkins, 1995). One 
mechanism of toxicity is the chemical inactivation of enzymes. All divalent transition metals 
readily react with amino, imino and sulfhydryl groups of proteins; some of them (Cu, Hg) 
may compete with essential elements such as Zn and displace it in metalloenzymes 
(Förstner, 1995). Metals can also damage cells by acting as anti-metabolites. Some heavy 
metals (e.g., Cu and Zn) are essential for plant, animal and human health. However, toxicity 
may result when environmental concentrations exceed that necessary to sustain life. 
Furthermore toxicity may also result from the elevation of certain heavy metals such as Cd 
and Pb, which are not known to be essential to plants, animals and humans, to levels that 
exceed the background levels (Selim and Amacher, 1996). 

Metal forms in the 
growth medium 
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compoxrrds in solutiOn 

Exchangeable lOriS t0 

organic or inorganic 
exchange complexes 
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with orcjarnc mritnrials 

Precipitatbd insolubly 
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Figure 1.3 Availability of metal forms for biological uptake (Baudo, 1982). 

It has become apparent that the speciation of metals, rather than their total concentration, 
determines its toxicity (Förstner and Wittmann, 1983 and references therein). Table 1.5 
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illustrates the metal species that exist in waters. All metal forms are potentially bioavailable 

(Figure 1 .3), but the most easily available are soluble species. Once metals are introduced 

into aquatic systems they enter the food chain and can move up the biologic chain to 

ultimately affect human beings, producing chronic and acute ailments as well as fatalities. 

The infamous Minarnata Bay disaster, resulting from mercury toxicity, during the 1950s 

generated public awareness of the existence of toxic metals in the environment and their 

accumulation in the food chain (Förstner and Wittmann, 1983). 

1.1.5 Classification of Toxic Metals 

From an environmental pollution perspective, metals can be categorised into three groups 

(Wood, 1974): (1) non-critical, (2) toxic but very insoluble or very rare and (3) very toxic 

and relatively accessible (Table 1 .7). The d istinction of non-critical and most of the very 

toxic and relatively accessible metals can be drawn from their reactivity. 

Table 1.7 Classification of elements according to toxicity and availability (Wood, 
1974). 

Non-critical Toxic but very insoluble or 

very rare 

Very toxic and 

accessible 

relatively 

Na C F Ti Ga Be As Au 

K P Li Hf La Co Se Hg 

Mg Fe Rb Zr Os Ni Te TI 

Ca S Sr W Rh Cu Pd Pb 

H Cl Al Nb Jr Zn Ag Sb 

0 Br Si Ta Ru Sn Cd Bi 

N Re Ba Pt 

Hard and soft characteristics can be used to tentatively explain the toxicity of metals 

(Förstner and Wittmann, 1983). A comparison of the classification of acceptors and donors 

(Table 1.3) with the classification of elements according to toxicity and availability (Table 

1.7) reveals that non-critical metals (e.g. Mg2f 2+ 
, Ca and A13+ ) are hard acceptors, whilst very 

toxic and relatively accessible metals (e.g. Hg2 , Zn2  and Pb2 ) are softer acceptors. The 

non-critical metals tend to form strong bonds with hard bases such as 02  or C032  and thus 

can be found in the Earth's crust as ores of oxide and carbonate. Conversely the softer toxic 

and readily available metals prefer soft bases such as S2  and may occur as sulfide minerals 

in nature. 
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The dissolution of sulfide minerals is an environmental concern due to the mobilisation of 
potentially toxic metals. To understand the peculiarities of the behaviour of metals sulfides 
in aqueous solutions, the various manifestations of the forms and thermodynamic stability of 
sulfur compounds must be considered. 

1.2 Sulfur in the Environment 

Sulfur is the fifth or seventh most abundant element on the Earth and constitutes 1 .8-2.9% by 
weight (O'Neill, 1993). The range in the sulfur concentrations reflects the lack of knowledge 
of the Earth's mantle and core where most of the sulfur is concentrated as metal sulfides 
(Kaplan, 1972; O'Neill, 1993; Cox, 1995). In the Earth's crust, sulfur is the sixteenth most 
abundant element; with an average concentration of 260 ppm (Field, 1972; Krauskopf, 1982; 
O'Neill, 1993; Cox, 1995). Sulfur is widely dispersed as an important minor constituent of 
the biosphere, hydrosphere and nearly all major rock types as seen in Table 1.8 (Field, 1972). 

Sulfur is essential to living organisms and constitutes about 1% of their dry mass (Widdel, 
1988), it is an important secondary constituent of amino acids and proteins (O'Neill, 1993). 
An average human adult contains about 2000 ppm of sulfur (Cox, 1995), mostly in the form 
of sulfur-containing amino acids, such as cysteine and methionine (Zehrider and Zinder, 
1980; Thornton, 1983). The oxidation state of sulfur in cysteine and methionine is —II. The 
incorporation of these amino acids in proteins play an important structural role owing to their 
ability to form disulfide bridges, resulting from the oxidation of sulfur containing side 
chains, and thereby allowing cross linking in proteins (Mathews and van Holde, 1990). Inter-
molecular d isulfide linkages link together a djacent proteins to yield 1 arge s cale structures 
such as keratin, the main constituent of nails and hair; whilst intra-molecular disulfide 
bridges give specific spatial characteristics to the protein, as seen in enzymes (O'Neill, 1993; 
Cox, 1995). A cysteine-containing tripeptide, glutathionine (GSH), is an important 
constituent of cells. Its ability to exist in both reduced and oxidised forms allows it to 
participate in redox processes, such as the removal of toxic peroxides - produced as a by-
product in the reactions of oxygen (Cox, 1995): 

2 GSH + ROOH - GSSG + ROH +H20 1.1 
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Table 1.8 Inventory of sulfur in the Earth's crust (Nriagu, 1978 and references 
therein). 

Mean sulfur content (ppm) Mass of sulfur pooi (10!>  tons) 
Atmosphere - (1.8 x 1(P) 
Freshwater 55 0.0015 
Ice 0.08 0.003 
Sea 900 1280 
Soils 850 0.26 
Terrestrial plants 500 (7.6 x 10) 
Aquatic biota 

Marine 750 (7.5 x 10) 
Freshwater 250 (0.8 x 108) 

Sedimentary rocks 
Sandstone 240 67 
Shale 2700 2000 
Limestone 1300 380 
Evaporites 170000 5100 
Vocanics 400 50 
Connate water 190 27 

Deep oceanic rocks 
Sediments 1300 390 
Mafic rocks (to Moho) 530 2300 

Continental igneous and 320 6800 
metamorphic rocks (to 
Moho) 

Granitic 210 2200 
Mafic 530 4600 

1.2.1 Redox Chemistry of Sulfur 

The geochemistry of sulfur is greatly affected by the biosphere. Living organisms are 
capable of transforming sulfur from one oxidation state to another (Figure 1.4) and hence 
alter the chemical properties of sulfur compounds and their distribution in the environment 
(Zehnder and Zinder, 1980). In biogeochemistry, sulfur shows one of the most complex 
cycles because its oxidation state varies between —II and +VI and forms a large variety of 
organic and inorganic species (Zehnder and Zinder, 1980) as seen in Table 1.9. The principal 
reactions involved in the cycling of sulfur are shown in Figure 1.5, which shows biological 
processes play a dominant role in many of these reactions. Direct effects include oxidation 
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and reduction cycles involving the uptake and excretion of biological sulfur, as well as 
energy-yielding reactions without any assimilation of sulfur; indirect biological effects 
include the atmospheric reactions resulting from the biogenic gas oxygen (Cox, 1995). 
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Figure 1.4 Biological sulfur cycle (Kaplan, 1972). 
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Table 1.9 Oxidation states of sulfur. 

Valence Name of species Formula 
+6 Sulfur trioxide S03(8)  

Sulfuric acid H2SO4  (aq)  
Bisulfate HSO4  (aq) 
Sulfate S042 (aq ) 

+4 Sulfur dioxide SO2  (g) 
Suiphurous acid H2503  (aq) 
Bisulfite H503  (aq) 
Sulfite 2 

(aq) S03 

+5 to +1.67 Dithionite 5204(aq ) 
Polythionates S062  (aq)  (x = 2-6) 

+2 Sulfur monoxide SO 

Bithiosulfate HS203(aq)  

Thiosulfate S2032 (aq)  
O Sulfur S (g)  S2 S4  (g),  S6 S8 (g),  S8 (S) 

-1 Disulfide 522 (aq) 
Organic disulfide RSSR, e.g. CH3SSCH3(g)  

-2/x Hydrogen polysulfide H2SX(aq)  

Bipolysulfide HS (aq) 
Polysulfide (aq ) 

-2 Hydrogen sulfide H2S 
, 
H2S (aq) 

Bisulfide H5 (aq) 
Sulfide 52 (aq) 
Organic sulfide RHS or R2S, e.g. CH3SH (g)  (CH3)25 (g) 

Adapted from Vaughan and Craig (1978), Zehnder and Zinder (1980) and Cox (1995). 

Table 1.9 depicts the large range of oxidation states exhibited by sulfur in nature. However 
only the sulfates (HSO4 , SO4 ) and the sulfides (H7S(aq), HS and S2 ) are of significance in 
aqueous solutions under natural geochemical conditions of pH and oxygen activity (Field, 
1972; Vaughan and Craig, 1978; Zehnder and Zinder, 1980; Krauskopf,  1982). The fields of 
predominance of these species are shown in Figure 1.6a. In addition to aqueous species, 
there may exist a region in which solid or liquid sulfur is in equilibrium with the solution, the 
size of which is dependent on the total activity of sulfur (Vaughan and Craig, 1978). The 
sulfates and sulfides featured in Figure 1 .6a represent the dominant, but not the only, sulfur 
species found in aqueous environments. Other sulfur compounds, with intermediate 
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oxidation states, such as polysulfides, thiosulfates, thionates and sulfites may occur in 
hydrothermal s olutions, very p olluted waters in a noxic sediment and flooded soils (Field, 
1972; Zehnder and Zinder, 1980; Krauskopf, 1982). These forms of sulfur don't appear in 
Figure 1 .6a because they are metastable under natural conditions (Krauskopf,  1982). Figure 
1 .6b illustrates the equilibrium distribution for some metastable sulfur species. Although 
these sulfur compounds are unstable, they play an important role i n the biological sulfur 
cycle (Zehnder and Zinder, 1980). 
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Figure 1.6 Equilibrium distribution of sulfur species in water at 25°C and 1 

atmosphere of total pressure. (a) Activity of the dissolved total sulfur 
species 10'. (b) Stability fields for metastable sulfur species in absence of 
sulfate (Zehnder and Zinder, 1980 and references therein). 

The starting point of the biological sulfur cycle usually begins with sulfate (Figure 1.4), the 
most abundant sulfur ion dissolved in oxic water (Kaplan, 1972). The reduction of highly 
oxidised sulfur compounds, at normal environmental conditions of pressure, temperature and 
redox, is an exclusive privilege of the biosphere (Zehnder and Zinder, 1980). Although the 
reduction of sulfate (equation 1.2) is energetically unfavourable, microorganisms are able to 
carry out this reaction by combining it, for example, with the oxidation of organic matter. 
This will give an overall negative free energy change, leading to sulfate reduction (equation 
1.3) (O'Neill, 1993). Bacterial reduction proceeds directly to hydrogen sulfide or the 
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sulfhydryl ion (equation 1.3) (Kaplan, 1972). There is no known purely chemical mechanism 
for the reduction of sulfate by organic matter at normal Earth temperatures and pressures, so 
microorganisms are completely responsible for this process (Zehnder and Zinder, 1980 and 
references therein). Reduction of sulfate to sulfide occurs virtually in all anoxic habitats 
containing organic matter and sulfate; e.g. marine and freshwater sediment, flooded soils, 
digesting sewage sludge, rumen and intestines and anaerobic layers of hot springs algal mats 
(Zehnder and Zinder, 1980 and references therein). 

S042  + 9H + 8e - HS + 4H20 AG = +21.4 kJ moF1  e 1.2 

5Q42 + H + 2CH70 - HS + 2H70 + 2CO3 AG = -25.6 kJ niol e 1.3 

Sulfate reduction is of great geological importance in marine sediments because of the large 
areas and the high sulfate concentration involved. Figure 1.7 conveys the formation of 
sulfide at the expense of sulfate. The steady-state maximum concentration of sulfide is less 
than the amount of sulfate depleted. This is attributed to losses in sulfide due to diffusion and 
formation of pyrite (Zehnder and Zinder, 1980). The kinetics of sulfate reduction is affected 
by a number of factors that include sedimentation rate, organic content of sediments, 
diffusion rates of sulfate and sulfide, temperature, pressure and bioturbation of the sediments 
(Zehnder and Zinder, 1980). 

Figure 1.7 Plot of dissolved sulfate and sulfide in pore waters of a core from Carmen 
Basin, Gulf of California. (After Goldhaber and Kaplan cited in Zehnder 
and Zinder (1980)). 
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Sulfide formed in sediment environments may be released as gas to the atmosphere or it may 
react with iron in sediment porewater or water column to form insoluble sulfides. Although 
amorphous ferrous sulfide (hydrotroilite, FeS0H), troilite (FeS), mackinawite (Fe( l+X)S), or 
greigite (Fe3S4) may form, these iron bearing sulfide minerals are metastable phases and are 
eventually converted to pyrite (Kaplan, 1972; Zehnder and Zinder, 1980; Förstner and 
Wittmann, 1983 and references therein; O'Neill, 1993): 

FeS + S°  —* FeS7 1.4 

Fe3S4  + 2S°  -> 3FeS2 1.5 

Two possible mechanisms for the formation of pyrite from non-iron sulfide precursors have 
been suggested (Zehnder and Zinder, 1980). The first is a reaction involving ferrous iron, 
sulfide and elemental sulfur in which intermediates may include various forms of FeS: 

Fe2  + H2S + S°  —* FeS, + 2H 1.6 

The reaction of goethite with hydrogen sulfide is the second mechanism: 

2Fe0OH + 2H2S —> FeS, + Fe2  + 2H70 + 2014- 1.7 

Both reactions have been observed in the laboratory, but reaction 1.7 seems to occur more 
readily at conditions closely resembling those in nature (Zehnder and Zinder, 1980 and 
references therein). The black colour of many sediments, as well as primary and digested 
sludge where sulfate reduction occurs, is partially due to the presence of iron sulfides as well 
as organic matter (O'Neill, 1993; Hao et al., 1996). 

The formation of sulfide minerals is not exclusive for iron; the presence of metal ions other 
than iron can lead to the precipitation of other metal sulfides (Zehnder and Zinder, 1980 and 
references therein). The later transition metals and those metals, which come after the 
transition metals in the periodic table, are especially likely to form insoluble sulfides 
(O'Neill, 1993). 

Following sulfate reduction, hydrogen sulfide (pH <7) or the sulfhydryl ion (pH > 7) may 
become oxidised rather than precipitate as metal sulfides (S2  is never a major constituent of 
any geologically important solution (Krauskopf, 1982) as seen in Figure 1.6). Unlike the 
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reduction process, the oxidation of sulfur compounds can be purely chemical or biologically 
mediated (Kaplan, 1972; Zehnder and Zinder, 1980; O'Neill, 1993). Reduced sulfur species 
may be oxidised in three ways (Kaplan, 1972): (a) inorganically by atmospheric oxygen, 
probably in the presence of trace metals as catalysts, (b) by sulfur bacteria of the 
Thiobacillus genus requiring high concentrations of oxygen relative to sulfide, or by 
filamentous sulfur bacteria that can metabolise at relatively low oxygen tensions, and (c) by 
photosynthetic sulfur bacteria that oxidise sulfide or elemental sulfur in the absence of 
oxygen only, by the following reactions: 

light 
CO2  + 2H2S o (CH20),, + 2S + H20 1.8 

cell material 

light 
2CO2  + H2S +H20 0 2(CH20),, + H2SO4 1.9 

cell material 

Sulfide and oxygen may coexist in aqueous solutions for relatively long periods of time. The 
residence times of sulfide in oxygen saturated seawater (p1-I 8) are in the order of a few hours 
as shown in Table 1.10 (Zehnder and Zinder, 1980). Despite numerous attempts no unified 
mechanism for the autoxidation of hydrogen sulfide has been found (Zehnder and Zinder, 
1980). The results obtained by various researchers were often contradictory. These 
discrepancies may be attributed to the presence of porphyrin. Research has shown that metal 
phthalocyanine complexes, a proxy for naturally occurring porphyrin pigments, can catalyse 
the autoxidation of sulfide (Zehnder and Zinder, 1980 and references therein). Table 1.10 
summarises the kinetic and stoichioinetric findings on the autoxidation of sulfide in aquatic 
env i ronnie n ts. 

Industrial processes (e.g. oil processing, paper manufacture, synthetic fibre production) 
generate sulfur containing by-products, such as mercaptans, alkali sulfides, alkali sulfites and 
alkali thiosulfates, which are pollutants of waste and natural waters (Iliev et al., 1997 and 
references therein). Sulfide ions, in particular, are among the most dangerous pollutants in 
wastewater (lliev et al., 2000 and references therein). The presence of sulfide ions in 
industrial wastewater, communal wastewater etc., are lethal to bacterial strains used to purify 
them (Hao et al., 1996; lliev et al., 2000 and references therein). Two alternate methods have 
been employed for the removal of sulfide ions from wastewater before discharging them into 
waterways. The first method involves the partial oxidation of sulfide to elemental sulfur and 
thiosulfate by catalytic or photo-catalytic means; whereas the second one involves the 
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complete oxidation of sulfide to sulfate by photo-catalytic oxidation (They et al., 2000 and 
references therein). However, the complete oxidation of sulfur containing compounds, before 
discharging them into waterways, is the preferred remedy ofthis environmental pollution 
problem (They et al., 2000 and references therein). 

Table 1.10 Autoxidation of sulfide in natural water (Zehnder and Zinder, 1980 and references therein). 
Observed products pH T (°C) AHaIf  life i0rder  of 

Time (mm) reaction 

Medium: buffered distilled water 

S032 , S2032 , S042  7-14 25 1,000 1 
S2032 , S042  11-14 - 130 1 

S 2 ,  S032 , S02032,  s042-  7.9 25 3,000 1.34 
S8, SO32 , S2032 , 504

2 
8.6 25 2,200 

SO32 , S7O2, DS042  8.8 25 E 1 
S2 , SO32 , S8, S2032 , S4062  , so42  8.3 25 816 1 
S032 , S-,032, so 2 

8.0 25 114 
2., S2032 , SO SO3  7.6 25 880 

Medium: seawater 

S8, 50 3
2

, 50 4
2 

8.0 23 280 
5Q32, 57032, 5Q

4
2 

7.8 9.8 175 
S, S0 2  S2032 , SO. 8.2 15-22 3,300 
S5, S2032, 5042 7.7 9.0 600 

' With respect to sulfide 
Occasionally 

I)  Catalysed reaction. Catalyst: Cu(II)-4,4',4'',4'''-tetrasulfophthalocyanine (TSP) (106  M) orNi(II) TSP (10 6 M) 
or Co(II) TSP (10.6  M) E  The cobalt catalyst at ppb levels increases the rate of autoxidation by a factor of 104, the copper and nickel complexes are less effective. 

The oxidation of thiols and hydrosulfides are effectively catalysed by cobalt phthalocyanine 
(CoPc) complexes, which are widely used to oxidise niercaptans in oil fractions (They and 
Ileva, 1995 and references therein). Phthalocyanine complexes containing central metal ions 
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with unfilled d orbitals, like Co2 , can reversibly coordinate and activate dioxygen in the 
dark, which is the basis of the redox mechanism of catalytic oxidation of sulfur-containing 
compounds (They et al., 1999 and references therein). Cobalt phthalocyanine complexes are 
unable to completely oxidise thiols or alkali sulfides and only yield disulfides, sulfur and 
thiosulfates, respectively, as products (They and Ileva, 1995 and references therein). Recent 
studies (111ev and Ileva, 1995; Spiller et al., 1996) have shown that metal free phthalocyanine 
complexes and those containing a central metal ion with filled electron shells or d orbitals 
(e.g. Zn, Mg and Al) exhibit high photo-catalytic activity that is capable of completely 
oxidising sulfur containing compounds. Upon illumination with visible light these complexes 
manifest excited states, with long lifetimes, which are sensitisers in electron or energy 
transfer reactions (lucy and Ileva, 1995). These excited triplet electronic states can transfer 
energy to molecular oxygen to yield highly reactive singlet oxygen ( '02) that can completely 
oxidise compounds containing sulfur of various oxidation states (They and Ileva, 1995; They 
et al., 1999). 

Similarly to their aqueous counterparts, sulfides incorporated into minerals are also 
susceptible to oxidation when exposed to the Earth's atmosphere. The weathering of pyrite 
(equation 1.10) is probably the most important oxidation process of sulfur in the lithosphere 
(Zehnder and Zinder, 1980). Pyrite oxidation is important in geochemistry, marine chemistry 
and soil science with respect to natural mineral weathering, sulfur cycling and sulfur 
detoxification and soil development/quality (Evangelou and Zhang, 1995). Sulfide mineral 
oxidation is also central to the biogeochemical cycling of oxygen, carbon, iron, and other 
metals (Moses et al., 1987). Another important consequence of this process is the secondary 
enrichment of ore deposits making them more valuable. The natural sulfide mineral 
oxidation has also been adapted by the hydrometallurgy industry to recover metals from 
metal sulfides (Rimstidt et al., 1994). 

FeS2  (s) + 7/202 + H20 - Fe2  + 2S042  + 2H 1.10 

Unlike the oxidation of aqueous sulfur compounds, the oxidation of sulfide minerals exposed 
naturally, or more often by mining activities, produces significant environmental pollution 
problems. The most notable is acid mine drainage (as low as pH 2). Due to the greater 
solubihity of metals in acid solutions it is not surprising that extensive leaching accompanies 
acid mine drainage, which is usually enriched in Fe, Mn and Al as well as heavy metals 
(Evangelou and Zhang, 1995). 
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Iron also plays a significant role in sulfide mineral oxidation. The weathering of pyrite and 
other iron bearing sulfide minerals will release Fe(II) into solution (equation 1.10) as well as 
generate highly acidic solutions, which can leach Fe(II) from other minerals. At 
circunmeutral p1-I Fe(II) is rapidly oxidised to Fe(III) (equation 1.1 1), but the process is 
rather slow at low pH. Iron oxidising bacteria, especially Thiobacillus ferrooxidans, can 
accelerate the rate of Fe(II) oxidation by a factor of 106  (Evangelou and Zhang, 1995 and 
references therein). Moses and Herman (1991) suggested that Fe(III) is the primary oxidant 
of pyrite even at circumrieutral pH, despite the diminished solubility of Fe(III) under these 
conditions. Moses' reaction model suggested that Fe(III) is probably involved in the 
oxidation of other sulfide minerals (Moses et al., 1987). Hence not only does Fe(III) further 
oxidise iron-bearing sulfides and thereby generate more Fe(II) (equation 1.12), it can also 
react with nonferrous sulfides to release heavy metals into solution. Iron(II) can be 
reoxidised back to Fe(III) to complete the cycle (equation 1.11). Fortunately this process is 
not perpetual, excess Fe(III) will eventually precipitate as iron hydroxides (equation 1.13) 
and oxyhydroxides whose solubility is controlled by the Fe(III) activity and the pH (Rimstidt 
et al., 1994 and references therein). 

Fe2  + 1/402  + H —* Fe3  + 1/2H20 1.11 

FeS2 ()  + 14Fe31  + 8H70 --> 15Fe2  + 2S042  + 16H 1.12 

Fe3  + 3H20 —* Fe(OH)3 (s)  + 3I-I 1.13 

1.3 Metal Sulfides 

On Earth, sulfur is strongly chalcophilic, forming sulfide minerals with a number of elements 
as shown in Figure 1.8 (Kaplan, 1972; Cox, 1995). Sulfide minerals have diverse geological 
origins: layered deposits of nickel sulfide were mostly fonned early in the solidification of 
the crust; copper and molybdenum sulfides are derived largely from hydrothermal processes; 
and other sulfides may be formed under reducing conditions caused by decaying organic 
matter in lakes and deep ocean trenches (Cox, 1995). Sulfide minerals are important ores as 
they are the source of the world's supply of non-ferrous metals (Toniazzo et al., 1999) and 
have been known and valued as sources of metals from the earliest times (Vaughan and 
Craig, 1978). 
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Simple metal sulfides have also found applications in the electronics industry as 

semiconductors and magnetic memory units due to their unusual electrical and magnetic 

properties (Vaughan and Craig, 1978). Common semiconductors such as CdS, ZnS, HgS and 

PbS have received extensive attention in the field of solid-state chemistry and solar energy 

research (Hsieh and Huang, 1989 and references therein). Other applications of thin solid 

films of metal sulfides include microwave shielding coatings, electroconductjve electrodes, 

photothermal conversion and solar control coatings (Minceva-Sukarova et al., 1997 and 

references therein). Cadmium sulfide has also been applied in splitting water to produce 

chemical fuels such as hydrogen and treatment of water polluted with toxic organic 

compounds as well as sulfur containing compounds (They et al., 2000 and references 

therein). Increases in the use of metal sulfides may increase the fluxes of heavy metals in 
aquatic systems. 

EIements torminQ rnporLant suI1fte rnneraIs EIemonts also obtained from sulfide minoraIs 

Elerrierits occasiunf\I f01,111d as sLiH ide mu ,ordI 

Figure 1.8 Elements occurring in sulfide minerals (Cox, 1995). 

From an environmental perspective the formation of metal sulfides play a significant role in 

the removal of toxic metals in anoxic waters. This is mainly attributed to their extremely low 

solubility. On the basis of solubility calculations for metal sulfide compounds, heavy metals 

such as Pb, Cu, Ni, Hg, Ag, Cu, Cd and Zn are supersaturated and remain essentially fixed in 

reducing sediments as sulfides (Thomson et al., 1975; Song and MUller, 1999). The 

solubility products of some metal sulfides are shown in Table 1. 11. 
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Table 1.11 Solubility products of metal sulfides (MS(S)  = m2+ + S2  
Metal sulfide Mineral log K,P  'log K,P  clog K,p  (25°C) 
FeS Amorphous -21.80 -18.89 3.7x10'9  
FeS Mackinawite -22.39 -22.91 
NiS Millerite -27.98 -24.35 
ZnS Wurtzite -28.39 -27.70 -23.65 1.2x10 23  
ZnS Sphalerite -29.68 -25.72 
CdS Oreenockite -32.85 -32.14 3.6x10 29  
PbS Galena -33.42 -32.72 -28.57 3.4x10 28  
CuS Covellite -40.94 -41.05 -35.96 8.5x10 45  

FeS2  Pyrite 36.15# 
CuFeS2  Chalcopyrite 61.5* 

Data from Di Toro et al. (1990) 
b  Data from Dyrssen and Kremling (1990) 

Data from Vaughan and Craig (1978 and references therein) d  Data from Davis et al. (1994a and references therein) 
FeS2 Fe2  +S2  + ½57(g)  

*CuFeSCi  +Fe +2S2-  

1.3.1 Oxidation of Metal Sulfides 

Although the formation of insoluble metal sulfides is implicated in the removal of metals 
from anaerobic aquatic environments, the dissolution of sulfide minerals poses an 
environmental concern due to rernobilisation of chalcophilic elements, many of which are 
toxic. The weathering of most minerals usually only involves dissolution. However, due to 
their great insolubility, the weathering of sulfide minerals involves oxidation and dissolution 
(Moses et al., 1987). When exposed to oxic waters, metal sulfides become unstable and 
undergo oxidation to yield aqueous metal and sulfate: 

MS(S)  + 202  —* M2  + so42- 1.14 

Although it is generally accepted that upon oxidation, metal sulfides are converted to their 
corresponding metal and sulfate ions; the exact reaction mechanism has not been identified. 
Whilst reactions such as those expressed in equations 1.10-1.14 are mass and charge 
balanced they do not provide any mechanistic meaning. The oxidation of sulfide-mineral 
sulfur to sulfate would require a transfer of 7 to 8 electrons per sulfur atom for di- and mono-
sulfide minerals, respectively. Since electron transfer reactions are generally limited to one 
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or, at most, two electrons (Basolo and Pearson, 1967) the overall sulfide mineral oxidation 
reaction mechanism would involve as many as eight elementary steps and require sulfur 
species of intermediate oxidation states (Moses et al., 1987). Some of these reactions would 
occur at the mineral/solution interface, whilst others would continue in solution (Rimstidt et 
al., 1986). The complete understanding of sulfide mineral oxidation may be achieved by 
combining analytical techniques (surface analysis, as well as solution analyses) with careful 
measurement of reaction rates and a thorough knowledge of sulfur chemistry (Rimstidt et al., 
1986). Geochemical understanding of sulfide mineral oxidation is largely based on wet-
chemical studies of overall rates and stoichiometries (Eggleston et al., 1996). Although these 
investigations (e.g. Singer and Stumm, 1970; McKibben and Barnes, 1986; Moses et al., 
1987; Moses and Heman, 1991; Rimstidt et al., 1994; Williamson and Rimstidt, 1994) have 
helped to identify important oxidants (e.g. 02 and Fe3-I 

 ) and develop rate laws, the reaction 
mechanisms are still obscure. 

A thorough understanding of the mechanisms of sulfide mineral oxidation would benefit a 
number of fields including geochemistry, environmental chemistry, photovoltaic 
technologies and hydrornetallurgy (Eggleston, 1997). The identification of the mechanism 
governing sulfide mineral oxidation would be useful in sorting out factors involved in the 
enrichment of many noble metal ore deposits (Bakken et al., 1989; Hyland and Bancroft, 
1989), as well as in the weathering of sulfide minerals and formation of acid mine drainage 
(see Alpers and Blowes, 1994). The interaction of sulfide mineral surfaces with collectors 
and other chemical agents in froth-flotation ore processing, as well as other 
hydrometallurgical processes, depend on the degree and rate of sulfide mineral oxidation 
(Buckley and Woods, 1985; Kim et al., 1995; Eggleston, 1997 and references cited therein). 
The long terni durability and efficiency of pyrite electrodes in photovoltaic applications is 
also affected by sulfide mineral oxidation (Ennaoui et al., 1986). Detailed studies of surface 
atomic and electronic structure during oxidation help to constrain proposed mechanisms in a 
way that vet-chemical approaches cannot (Eggleston et al., 1996). 

Minerals interact with their environment via surfaces and hence have been the focus of 
sulfide mineral oxidation (Eggleston and Hochella, 1990; Eggleston and Hochella, 1994). 
The surface properties of sulfide minerals and their alteration by oxidation have been studied 
extensively. A number of analytical techniques have been employed to study sulfide mineral 
surfaces; these include X-ray photoelectron spectroscopy (XPS) (Buckley and Woods, 1984; 
Buckley and Woods, 1985; Buckley et al., 1988; Mycroft et al., 1990; Karthe et al., 1993; 
Laajalehto et al., 1993; Fornasiero et al., 1994b; Kim et al., 1994; Clarke et al., 1995; Kim et 
al., 1995; Becker and Hochella, 1996; Chaturvedi et al., 1996; Eggleston et al., 1996; Kim et 
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al., 1996; Mielczarski et al., 1996; Kartio et al., 1997b; Laajalehto et al., 1997; Rinker et al., 
1997; Guevremont et al., 1998; Kartio et al., 1998b; Laajalehto et al., 1999; Toniazzo et al., 
1999; Nowak et al., 2000; Nowak and Laajalehto, 2000; Weisener and Gerson, 2000; 
Klauber et al., 2001), including synchrotron radiation (SR) XPS with monolayer sensitivity 
(Kartio et al., 1996; Kartio et al., 1997a; Laajalehto et al., 1997; Kartio et al., 1998b), 
ultraviolet photoelectron spectroscopy (UPS) (Eggleston and Hochella, 1994; Eggleston et 
al., 1996), Auger electron spectroscopy (AES) (Rinker et al., 1997; Kim et al., 1995 and 
references therein), Fourier transform infrared (FT-IR) spectroscopy (Fomasiero et al., 
1994b; Clarke et al., 1995; Gärd et al., 1995; Laajalehto et al., 1999), Raman spectroscopy 
(Mycroft et al., 1990; Turcotte et al., 1993; Zhu et al., 1994; Card et al., 1995; Toniazzo et 
al., 1999; Shapter et al., 2000), low energy electron d iffraction (Chaturvedi e t a 1., 1996), 
scanned probe microscopies (i.e. scanning tunnelling microscopy (STM) and atomic force 
microscopy (AFM)) (Eggleston and Hochella, 1990; Laajalehto et al., 1993; Kim et al., 
1994; Eggleston and Hochella, 1994; Kim et al., 1995; Becker and Hochella, 1996; 
Eggleston et al., 1996; Higgins and Hamers, 1996b; Kim et al., 1996; Higgins and Hamers, 
1996a; Wittstock et al., 1996; Eggleston, 1997; Kartio et al., 1997b) and, more recently 
secondary ion mass spectrometry (SIMS) (Buckley and Woods, 1984; Pratt et al., 1998; 
Piantadosi et al., 2000; Smart et al., 2000; Weisener and Gerson, 2000; Nagaraj and Brinen, 
2001; O'Dea et al., 2001). The use of these surface analytical tools have clarified the 
electronic structure of many sulfides, as well as confirmed the existence of various possible 
and postulated reaction intermediates and products of sulfide mineral oxidation. 

Oxidation of metal sulfide surfaces generally produces both metal oxide/hydroxide reaction 
products and a range of polysulfides, elemental sulfur and sulfur-oxygen products. The metal 
oxide/hydroxide products and the sulfur-oxygen products are normally readily identified in 
XPS spectra from the metal (e.g. Fe 2p), oxygen (0 Is) and sulfur (S 2p) regions for reacted 
surface layers from one monolayer to 5 nm thickness (Smart et al., 2000). In thicker layers, 
their characteristic vibrational spectra can also be identified in FTIR and Raman spectra 
(Smart et al., 2000). Oxidation of galena and pyrite in air and aqueous solutions has received 
extensive attention in surface analytical studies, owing to their significance in environmental 
and commercial processes. However, studies concerning galena will be reviewed in more 
detail, as this mineral is a major component of the mixed metal sulfide ore concentrate 
investigated in this dissertation. Unfortunately relatively fewer in-depth surfacial 
investigations have been reported for sphalerite, the other major mineralogical phase. 

Buckley and Woods (1984) and Laajalehto et al. (1993) have employed XPS to investigate 
the kinetics of galena oxidation in air. Both studies reported that the galena surface became 
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enriched with lead due to the formation of lead hydroxide, oxide and carbonate. These 
observations were supported by results obtained using secondary ion mass spectrometry 
(Buckley and Woods, 1984). However, there were discrepancies surrounding the kinetics of 
oxidation product formation and their relative abundance. For instance, after an hour 
exposed to air, Buckley and Woods (1984) observed the presence of Pb(OH)2, PbO and 
water. Laajalehto et al. (1993) also observed hydroxide, peroxide and water on a freshly 
cleaved galena surface exposed to air for less than a minute, however after an hour of 
oxidation the predominant products were carbonate species; formed at the expense of oxide 
(equation 1 .15) and hydroxide species by reaction with carbon dioxide (Buckley and Woods, 
1984; Laajalehto et al., 1993 and references therein; Kim et al., 1994 ). Nowak and co-
workers (2000; 2000) also reported carbonate species as major oxidation products. However, 
Buckley and Woods (1984) did not observe any carbonate species until after 24 hours of 
oxidation; these were minor oxidation products compared to the more abundant Pb(OH)2. 
Similarly, Kim et al. (1994) reported lead carbonate species as minor oxidation products, 
with Pb(OH)2/PbO being the major products formed on galena during a 24 hour study. 
Buckley and Woods (1995) have proposed equations 1.16 and 1.17 for the formation of PbO 
and Pb(OH)2, respectively. The contradictory findings of the aforementioned studies, 
regarding the speciation of galena surface oxidation products may be attributed to the source 
of the mineral, particularly the number and type of impurities present in the sample (Kim et 
al., 1994). The effects of impurities on galena oxidation will be reviewed later in the chapter. 

PbO + CO2  —> PbCO3 1.15 
2PbS + x07 —> 2xPbO + 2Pb1 S 1.16 
2PbS + x02  + 2xH7O —+ 2xPb(OH)2 + 2Pb1 S 1.17 

Kim et al. (1994) also reported lead sulfate as a major oxidation product, which formed after 
6 hours of galena oxidation. In contrast, Buckley and Woods (1984) and Laajalehto et al. 
(1993) did not observe sulfate on oxidised galena during their 4 and 24 hour studies, 
respectively. Buckley and Woods (1984) eventually did observe basic sulfate species on the 
galena surface after four days of air oxidation, which was u Itimately c onverted to sulfate 
upon further oxidation. Although sulfate formed on galena surfaces following extensive 
periods of oxidation, no sulfur-oxygen species were observed during the early stages of 
oxidation. Contrary to these XPS studies, Smart et al. (2000) detected 50, S20 and S03  
using secondary ion mass spectrometry on galena exposed to air for 16 hours. A common 
observation by Buckley and Woods (1984), Laajalehto et al. (1993) and Kim et al. (1994) 
was that galena oxidised incongruently, i.e. involving unequal amounts of Pb and S species. 
This conclusion was based on the fact that no changes in the chemical state of sulfur was 



Chapter I Introduction 

observed during the first few hours of exposure to air, whereas oxidised lead species were 
clearly observed after limited oxidation. Hence Buckley and Woods (1984) proposed the 
formation of a metal-deficient sulfide as an initial product of galena oxidation 

In contrast to studies performed using conventional XPS, more recent studies detected the 
presence of three new oxidation states of sulfur after only 10 minutes of air exposure using 
the more sensitive synchrotron radiation-excited (SR) XPS (Kartio et al., 1997a; Laajalehto 
et al., 1997). These new states were attributed to basic sulfate and sulfur in different 
positions in metal polysulfides (Laajalehto et al., 1997). The results of Smart et al. (2000) 
indicated that the majority of the initial air oxidation takes place on the S sites rather than the 
Pb sites. Nowak and Laajalehto (2000) also showed that sulfoxy species may be formed at 
the surface during the very early stages of galena oxidation in air. However, these sulfoxy 
species were rather weakly bound to the surface and volatilised upon further oxidation, 
which were replaced by carbonate (Nowak and Laajalehto, 2000). Lead carbonate is the most 
stable among all simple lead salts, except sulfate. The simultaneous formation of oxidised 
sulfur and lead species on galena during the early stages of oxidation (Laajalehto et al., 
1997) supported the proposition of congruent oxidation of galena made by Kartio et al. 
(1997a). Congruent oxidation was also observed on galena exposed to acidic solutions, with 
the formation of elemental sulfur and lead polysulfides as the sulfur oxidation products 
(Wittstock et al., 1996; Kartio et al., 1997b; Kartio et al., 1998b). 

Although previous XPS studies (Buckley and Woods, 1984; Kartio et al., 1997a; Laajalehto 
et al., 1997) had observed sulfur-oxygen species on oxidised galena surface, there was a 
degree of uncertainty surrounding their identity. This was because the binding energy values 
of either S (2p) or S (2s) emission lines did not exactly match those of possible PbS 
oxidation products, examined in the form of a "bulk" compound, and the species were 
considered to be rather "sulfate like" (Nowak and Laajalehto, 2000). Another aspect which 
raised doubts about the identity of these sulfoxy species being sulfate was that previous XPS 
studies (see Nowak and Laajalehto, 2000 and references therein) had reported the presence 
of PbSO4  solely based on the observation of an emission line in the lead (40  spectrum 
attributed to PbSO4, however sulfate was not observed in the S (2p) spectrum. In contrast 
sulfoxy species identified using JR spectroscopy were generally reported as being 
thiosulfates (see Nowak and Laajalehto, 2000 and references therein). 

Nowak and Laajalehto (2000) recently identified the presence of thiosulfate, using XPS, on 
galena that had been oxidised in organic solvents. Researchers (Nowak et al., 2000 and 
references therein) have identified galena surface oxidation can be affected by organic 
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contamination. Nowak and co-workers (2000; 2000) used organic solvents to remove these 

contaminants, which would otherwise impede oxygen adsorption. The solvents used had a 

low dielectric constant and low electrical conductivity and thus electrochemical oxidation of 

galena was negligible; oxidation would only proceed by oxygen adsorption, as in the case of 

aerial oxidation (Nowak et al., 2000). The sole purpose of organic solvents was to keep 

oxygen adsorption sites free of organic contaminants. The binding energies of the two S (2s) 
emission lines observed by Nowak and Laajalehto (2000) were indicative of thiosulfate. The 

separation of these lines, relative to sulfide, matched those of thiosulfate and PbS203  
reported by other researchers (see Nowak and Laajalehto, 2000 and references therein). 

Moreover, these results and those of others (Nowak and Laajalehto, 2000 and references 

therein) indicated the presence of oligosulfide species. The S (2s) spectrum also showed 

another sulfur species, other than thiosulfate, with high binding energy, which was indicative 

of products of SO2  adsorption. It is known that oxidation of PbS at room temperature can 

produce sulfur dioxide (Buckley and Woods, 1984 and references therein; Kartio et al., 

1997b), which is known to adsorb at the surfaces of metals and metal oxides, giving rise to 

several adsorbed species of the general formula SO,, (n=2,3,4) (Nowak and Laajalehto, 2000 

and references therein): 

S02(g)  + 20(ads) SO4(ads) 1.18 

Smart et al. (2000) has observed the presence of S03  on the surface of oxidised galena. 

These SO,, species are stable at room temperature and have similar S (2p) and S (2s) binding 

energies to s ulfoxy a nions. N owak and L aajalehto (2000) d iscovered that the presence o f 

adsorbed SO,, explained the appearance of sulfate in the sulfur XPS spectrum, despite the 

absence of PbSO4  according to the lead spectrum. In addition to PbCO3, PbS203  and 

adsorbed SO,,, Nowak and Laajalehto (2000) also observed Pb(OH)2  but no elemental sulfur 

was detected despite performing analyses at low temperature. The pioneering XPS studies of 

Buckley and Woods (1984; 1985) on the oxidation of sulfides showed that sample cooling 

was required to detect volatile elemental sulfur. Chemical species with considerable vapour 

pressure, such as elemental sulfur, may desorb from an oxidised sulfide surface in the ultra-

high vacuum chamber of an X-ray photoelectron spectrometer if the ambient temperature is 

not maintained below 150 K. Traditional cooling systems in XPS measurements involved 

simultaneous cooling of samples and evacuation. However the results of Kartio et al. (1997b) 

raised doubts about this regime in the analysis of highly volatile elemental sulfur, which was 

probably lost before the sample reached a sufficiently low temperature. The results of Kartio 

et al. (1997b) emphasised the requirement of rapid sample cooling when investigating 

oxidation of sulfides with XPS. 
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When samples were warmed to room temperature, Nowak and Laajalehto (2000) noticed a 

decrease in the amount of oxidised sulfur. Other changes in the sulfur (2s) emission band 

indicated the absence of basic sulfate, which was an oxidation product proposed by Buckley 

and Woods (1984). The lead and oxygen spectra also altered and suggested that either lead 

hydroxide decomposed to water and lead oxide and/or that some lead sulfoxy species 

(supposedly thiosulfate), originally present at the surface, decomposed to volatile sulfur 

species and lead oxide (Nowak and Laajalehto, 2000). These sulfoxy species were also partly 

decomposed by carbon dioxide (Nowak and Laajalehto, 2000), which has a high affinity for 

oxidised lead species (Nowak et al., 2000). The absence of sulfoxy species in previous 

studies may be attributed to their instability in the presence of carbon dioxide, high vacuum 

conditions and room temperature (Nowak and Laajalehto, 2000), which in turn favour the 

formation of carbonate, oxide and hydroxide species identified as galena oxidation products 

by other researchers (Buckley and Woods, 1984; Laajalehto et al., 1993; Kim et al., 1994). 

Nowak and Laajalehto (2000) also acknowledged that even if sulfoxy species were present 

they may not be detected if the more popular S (2p) instead of the S (2s) line was examined. 

Moreover monochromatised X radiation and sample cooling were required to detect sulfoxy 

species (Nowak and Laajalehto, 2000). Laajalehto et al. (1997) acknowledged that careful 

evaluation and selection of sample preparation and measuring conditions, as well as 

comparison with results obtained using relevant in situ methods are needed to avoid 

misinterpretations of XPS spectra. 

Although XPS has provided significant chemical information on oxidation products formed 

during galena oxidation, its geometrical resolution is restricted (Becker and Hochella, 1996; 

Laajalehto et al., 1993). The spatial resolution of XPS is limited by the spot size of the X-ray 

beam (on the order of tm2  to mm2) and hence the measured composition is an average of the 

spot area. Scanning tunnelling microscopy (STM), an electronic structure probe, can 

partially overcome the spatial resolution problems of techniques such as XPS (Eggleston and 

Hochella, 1994; Becker and Hochella, 1996). Although STM is a surface imaging method 

capable of atomic resolution in both vertical and horizontal directions, it provides no 

chemical information (Laajalehto et al., 1993). It has been suggested that a combination of 

spectroscopic and STM data could advance our understanding of sulfide mineral oxidation 

surface reaction mechanisms (Eggleston and Hochella, 1994 and references cited therein). 

Interpretation of STM images depends on knowledge of surface electronic structure, much of 

which comes from calculations and photoelectron spectroscopy data (Eggleston and 

Hochella, 1994). 
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Galena and pyrite, in particular, are attractive to study with STM because they are 
serniconducting and because their surface properties have been extensively studied by other 
means (Eggleston and Hochella, 1990). The flatness of surfaces is important in STM 
(Eggleston et al., 1996). Pyrite does not cleave and thus flat surfaces are difficult to obtain. 
Galena is an ideal sulfide mineral for STM, and other scanned probe microscopy techniques 
such as AFM, studies since it has a face centred cubic structure and occurs naturally in large 
single crystals that are easily cleaved along ( 100) planes, forming atomically flat regions 
(Kim et al., 1994; Kim et al., 1996). Several studies have combined STM and XPS to 
investigate the oxidation of galena in air (Eggleston and Hochella, 1990; Eggleston and 
Hochella, 1991; Laajalehto et al., 1993; Kim et al., 1994; Kim et al., 1995; Kim et al., 1996 
and references therein). 

Laajalehto et al. (1993) and Kim et al. (1994) have observed the formation of roughly 
conical oxidation products on natural g alena exposed to a ir, using S TM. S tep, e dges and 
corners are usually considered the most energetic sites on the surface due to their low 
coordination, which would make them more reactive in absorption and oxidation (Laajalehto 
et al., 1993; Kim et al., 1996). However, in both STM studies (Laajalehto et al., 1993; Kim et 
al., 1994) the growth of oxidation products did not show a preference for step, edge or corner 
sites. Instead Kim et al. (1994) observed the indiscriminate growth on edges and faces and 
XPS identified the growing p roducts as lead hydroxide and, at longer times, lead sulfate. 
Similarly, Laajalehto et al. (1993) reported random oxidation product formation on the (100) 
face in some cases, whereas in others ordered directional structures were observed. 
Corresponding XPS results identified lead hydroxide and lead hydroxycarbonate without 
significant sulfate formation. In contrast, the growth of oxidation products on pure synthetic 
galena occurred preferentially on corners, steps and edges rather than on the (100) face (Kim 
et al., 1994). Eggleston and Hochella (1994) also showed that S sites oxidised very slowly at 
first on perfect PbS surfaces but faster at defects such as dislocation outcrops and Pb or S 
vacancies. The STM images of PbS exposed to air for short periods showed dispersed 
oxidised sites, but upon longer exposure times larger oxidised patches were seen (Eggleston 
and Hochella, 1994). According to these observations Eggleston and Hochella (1994) 
suggested that initial oxidation can be likened to surface nucleation and growth of oxidised 
areas. This indicated unoxidised areas next to an oxidised area were more likely to become 
oxidised than sites within unoxidised areas. Hence the non-uniform oxidation of PbS was 
initiated by autocatalytic nucleation and growth of oxidised areas (Eggleston and Hochella, 
1994). The STM images revealed that borders between oxidised and unoxidised areas 
preferred (110) and equivalent orientations. These findings suggested that unoxidised S sites 
along (110) and equivalently oriented borders are less reactive than unoxidised S sites along 
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(100) and equivalently oriented borders (Eggleston and Hochella, 1994). Eggleston and 
Hochella (1994) did not report the nature and impurity content of the PbS sample they 
investigated. 

Discrepant STM reports on the growth ofgalena oxidation products may be attributed to 
variations in the microstructure of the mineral that is the amount and distribution of lattice 
defects that include the presence of impurity atoms, vacancies, and emerging screw 
dislocations. Eggleston et al. (1996) acknowledged, "For most processes controlled by 
surface reactions, many types of surface sites, each with a different structure and reactivity, 
may contribute to the overall reaction. Surface structure is a fundamental control on 
reactivity. Different sites have different structures because they occur on different 
crystallographic faces, because they are at step, kink or other defect sites on an otherwise flat 
surface, and because several types of sites may exist on an ordered surface plane. A source 
of much controversy in studies of mineral-water reactions is the fact that surface structure 
and the ratio 'more active' to 'less active' sites are usually unknown, are sensitive to sample 
preparation, and are not uniform from laboratory to laboratory." Although oxidation of 
synthetic galena occurred at highly reactive steps, edges and corners its rate of oxidation was 
relatively slow compared to its natural counterpart, which may be attributed to the presence 
of impurities (Kim et al., 1994). 

A significant amount of oxidation product growth on galena derived from Sweetwater mine, 
Missouri, was observed after 30 minutes of air exposure (Kim et al., 1994); whereas in 
excess of 2 hours oxidation was required for an equivalent extent of oxidation on g alena 
from Brushy Creek, Missouri (Laajalehto et al., 1993). The greater oxidation rate of 
Sweetwater mine galena may be attributed to its greater content of impurities and hence 
more impurity sites for oxidation initiation. Both galena samples contained iron, zinc and 
copper as minor impurities. Oxidation at these impurity sites is more thermodynamically 
favourable than those at galena sites, especially non-defect sites, and may activate adjacent 
lead sites for subsequent oxidation (Kim et al., 1994; Kim et al., 1995). Discontinuous and 
physically non-homogeneous films have been observed, using STM, on galena surfaces that 
underwent extensive oxidation in air (Laajalehto et al., 1993; Eggleston and Hochella, 1990; 
Eggleston and Hochella, 1991; Kim et al., 1996 and references therein). These films were 
porous and their growth was explained in terms of "neighbouring atom effects" (Eggleston 
and Hochella, 1991; Kim et al., 1996 and references therein), whereby the initiation of 
reaction at a particular site (i.e. impurity or defect) activated adjacent sites for further 
reaction leading to the formation of small, localised regions of oxidation products. Overlap 
between adjacent regions has been observed (Laajalehto et al., 1993; Eggleston and 
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Hochella, 1990; Eggleston and Hochella, 1991; Kim et al., 1996 and references therein) as 
oxidation continues but diffusion pathways are apparently retained as pores in the final 
structure of the fully oxidised surface. 

Laajalehto et al. (1997) have shown, using SR-XPS, that the oxidation of galena in air was 
quite different to that of pyrite. Oxidation products formed rapidly, within a few seconds, on 
pyrite after cleavage. In contrast, no oxidation products were observed on galena after a few 
minutes. However, oxidation products were detected on galena samples oxidised for more 
than 10 minutes in air. The instantly formed oxidation layer seemed to passivate the FeS2  
surface, whereas on the galena surface the oxidation proceeded continuously with time 
(Laajalehto et al., 1997). Brion (1980) also noted that pyrite oxidised faster in air than 
galena. Rimstidt et al (1994) have shown that the rates, as well as reaction orders and 
activation energies, of sulfide mineral oxidation vary depending on the type of mineral. 
Rimstidt et al. (1994) acknowledged that FeS2  oxidation cannot be used as a proxy for other 
sulfide minerals when studying the details of sulfide mineral oxidation. 

The rapid oxidation of pyrite made it impossible to prepare a pyrite surface free of oxidation 
products by cleaving a piece of mineral in air (Karthe et al., 1993; Laajalehto et al., 1997). 
However, pyrite surfaces fractured and scraped in ultra-high vacuum were free of oxidation 
products (Karthe et al., 1993). X-ray photoelectron spectroscopic studies of pyrite surfaces 
prepared by cleavage showed FeS-like defects (Eggleston et al., 1996; Karthe et al., 1993 
and references therein). These monosulfides may be natural impurities in pyrite, but Karthe 
et al. (1993) showed FeS-like defects could be created when the pyrite surface was destroyed 
mechanically as in cleavage. After only one minute exposed to air, Laajalehto et al. (1997) 
detected a number of sulfoxy species, using SR-XPS, on the surface of pyrite but it was not 
possible to unequivocally identify them. The results indicated the presence of FeSO4, sulfite 
and thiosulfate. Metal polysulfide type species were also detected but not elemental sulfur 
(Laajalehto et al., 1997). 

Toniazzo et al. (1999) also observed polysulfides on pyrite samples that had been oxidised in 
air for several months; the broadness of the S (2p) peak also suggested the presence of 
elemental sulfur. The presence of elemental sulfur and polysulfide was confirmed by Raman 
spectroscopy (Toniazzo et al., 1999) that indicated S8  and a mixture of 542  and 532  were 
present, respectively. Toniazzo et al. (1999) used hexane and methanol to extract sulfur from 
the oxidised pyrite surface, which were analysed by gas chromatography with mass 
spectroscopy. The mass spectrum showed a peak with a mass of 256, which was attributed to 
elemental sulfur S8; another peak with mass 192 was considered to be either elemental sulfur 
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S6  or polysulfide S62  (Toniazzo et al., 1999). These species could have been present at the 
mineral surface or resulted from the breakage of S8  rings in the solvent during sample 
injection (Toniazzo et al., 1999). The Raman study of pyrite and extraction experiments 
revealed two types of elemental sulfur were formed upon oxidation. Elemental sulfur either 
occurred at the mineral surface without any other chemical species (removed by hexane and 
methanol with equal efficiency), or was associated with superficial oxidation products (only 
removed by methanol) such as polysulfide as well as ferric oxide, ferric hydroxide and 
sulfate - which were detected by Raman spectroscopy and XPS (Toniazzo et al., 1999). 

Karthe et al. (1993) also observed iron sulfate, but XPS data was unable to confirm it as 
either Fe2(504)3  or FeS04 7H2O, but suggested some type of basic iron sulfate similar to 
jarosite KFe3(OH)6(SO4)7. A number of Fe(II) and Fe(III) sulfates, such as Fe7S3012 9H7O 
(coquimbite), Fe(OH)504•3H70 (amerantite), Fe(OH)504.4.5H70 (fibrogerrite), are known 
to form upon pyrite oxidation (Karthe et al., 1993 and references therein). However the lack 
of reference binding energies for these compounds made it difficult to identify the real 
composition of the basic sulfate (Karthe et al., 1993). Eggleston et al. (1996) also reported a 
jarosite-like basic ferric sulfate. 

The study of Laajalehto et al. (1997) was concerned with the formation of oxidised sulfur 
species, so no oxide or hydroxide oxidation products were reported. However, in addition to 
iron sulfate Karthe et al. (1993) and Toniazzo et al. (1999) also reported iron oxide or 
hydroxide on pyrite samples prepared in air. Although sulfate, oxide and hydroxide are 
common pyrite oxidation products there were discrepancies regarding the kinetics of their 
formation and relative abundance (Karthe et al., 1993 and references therein). Some studies 
reported sulfate as the major oxidation product that formed before oxides and hydroxides 
such as in natural weathering processes, whilst other investigations reported the opposite 
trend (Karthe et al., 1993 and references therein). These contradictions may be attributed to 
sample preparation and surface roughness. In a study of both fractured and powdered pyrite 
samples, Karthe et al. (1993) observed greater oxidation on powdered samples compared to 
fractured ones. Moreover, after an hour exposed to air, oxidation products on the powdered 
sample was comprised mainly of oxide and hydroxide species with some sulfate. After the 
same exposure time, no sulfate and only a trace of oxidised iron was detected on the 
fractured surface. However, upon further oxidation a significant amount of iron sulfate was 
observed on the fractured surface with some iron oxide and hydroxide (Karthe et al., 1993). 
These results suggested the more the pyrite lattice at the surface was distorted the more iron 
oxide and hydroxide was formed compared to iron sulfate. Hence, an enhanced surface 
roughness, associated with an increased number of crystal edges, provided more FeS-like 
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sites that favoured the initial formation of iron oxides and hydroxides over sulfate (Karthe et 
al., 1993). Iron deficient sulfide species also formed on pyrite exposed to air and 
accompanied the formation of iron oxide/hydroxide as expressed in reactions 1.19-1.21 
(Karthe etal., 1993). Ferric hydroxide formed in reaction 1 .19 may also be converted to 
ferric oxide as shown in reaction 1.22. In the same study, Karthe et al. (1993) also observed 
an iron oxyhydroxide (FeOOH) (reaction 1.23) on pyrite that underwent aqueous oxidation. 

FeS7 + 3/4x02  + 3/2xH2O —* Fe1S2 + xFe(OH)3  1.19 
FeS-, + 1/2x0, + —* Fe1>.S7 + xFeO 1.20 
FeS2  + 3/4x0-, —> Fe1 S + 1/2xFe703  1.21 
2Fe(OI-I)3  -> Fe703  + 3H20 1.22 
Fe2O3  + H20 —> 2FeOOH 1.23 

The photoelectron spectroscopic investigations of pyrite oxidation have shown that Fe2  
oxidises before disulfide (Nesbitt and Muir, 1994; Eggleston et al., 1996). Moreover, 
Eggleston et al. (1996) applied ultraviolet photoelectron spectroscopy (UPS) to monitor the 
uppermost valence band (VB) of pyrite. The results showed a decrease in the density of the 
Fe 3 d t2 electronic states of F e  21  over time when exposed to a ir, which c orresponded to 
oxidation. This trend was accompanied by the concomitant appearance of a peak in the XPS 
Fe 2p spectrum that was indicative of Fe3 -oxide or oxyhydroxide. Eggleston et al. (1996) 
showed that the intensity of UPS-VB peak for Fe  21  varied inversely with the XPS Fe 2p peak 
for Fe  31  species. The UPS-yB peak corresponded to electrons that were detected by scanning 
tunnelling microscopy, thus the loss of Fe  21  from the surface should be visible in STM 
(Eggleston et al., 1996). Pyrite samples oxidised in air for up to 26 hours were imaged using 
STM, the results showed that initial surface oxidation of Fe2  proceeded by growth of 
oxidised patches (Eggleston et al., 1996). Following 26 hours of air exposure, STM and XPS 
showed that the pyrite surface was not completely oxidised. The Raman study of pyrite 
performed by Toniazzo et al. (1999) also suggested areas that were not oxidised. The STM 
images indicated that the oxidised surface had relatively large oxidised and unoxidised areas 
rather than randomly oxidised individual sites (Eggleston et al., 1996). The borders between 
oxidised and unoxidised areas were not oriented in one crystallographic direction for long 
distances. Rather they mainly occurred in short segments in (110) directions, with a smaller 
number along (100). In the same study, (110) crystallographic directions were also observed 
on highly oxidised pyrite surfaces and appeared to be important in controlling reaction 
progress (Eggleston et al., 1996). 
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Ferric iron is a known oxidant of pyrite as well as a reaction product, hence pyrite oxidation 
could, a t 1 east i nitially, be autocatalytic. It was postulated that the greater the number of 
oxidised neighbours around an unoxidised surface site, the greater the probability the 
unoxidised site will become oxidised in a given time interval (Eggleston et al., 1996). To 
verify this proposition Eggleston et al. (1996) performed a Monte Carlo (MC) simulation of 
pyrite oxidation, in which the probability of Fe" oxidation is proportional to the number of 
oxidised (Fe") nearest neighbours. The MC results agreed with those of STM and XPS and 
indicated autocatalytic initial oxidation of pyrite. 

An oxidation mechanism (Figure 1.9) consistent with XPS, UPS, STM and Monte Carlo 
results was proposed by Eggleston et al. (1996), which is consistent with other models for 
pyrite oxidation (see section 1.3.2). It can be seen that surface Fe3 7Fe2  redox cycling, 
particularly along borders between oxidised and unoxidised areas, is clearly a key feature of 
the pyrite oxidation mechanism. Estimation of electron transfer rate constants, based on 
Marcus Theory, showed electron transfer from surface exposed pyrite Fe2  to 02 was small 

+ (Eggleston et al., 1996). Electron transfer was more rapid from pyrite Fe 2+  to Fe 3 present on 
the surface as an oxidation product, such as in the patches seen in STM images. The Fe2  in 
oxide was a better reductant than Fe2  in pyrite, so electron transfer to 02 from the oxide was 
also fast - defects such as Fe2 -O sites may initiate the oxidation reaction (Eggleston et al., 
1996). However, this two step mechanism could be faster overall if electron transfer to the 
surface oxide patches was irreversible. 

X
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Figure 1.9 Illustration of the pyrite oxidation mechanism (Eggleston et al., 1996). 

It was known that disulfide was also oxidised during pyrite oxidation, but electron transfer to 
02 from S2 was slow, more so than from Fe2  (Eggleston et al., 1996). Oxidation of disulfide 
may be involved in the recycling of Fe 2+ 

 from Fe", or it might also be coupled to Fe 2+  
oxidation by reacting with strong transient oxidising agents that result from 02 reduction, 
such as peroxy radicals, hydrogen peroxide and hydroxyl radicals (Eggleston et al., 1996). 
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Some decoupling of Fe2  and 522  oxidation rates would allow for the differing amounts of 
oxide versus sulfate and sulfate versus polysulfide oxidation products observed under 
different conditions (Eggleston et al., 1996 and references therein). The oxidation 
mechanism (Figure 1.9) proposed by Eggleston et al. (1996) showed that polysulfide might 
not be a precursor in sulfate formation as reported by Biegler and Swift (1979). However, the 
observation of polysulfide together with sulfate on oxidised pyrite surfaces (Laajalehto et al., 
1997; Toniazzo et al., 1999) suggest that the polysulfide pathway may also lead to sulfate 
formation (Figure 1.9). If all heterogeneous oxidation reactions were assumed to be outer-
sphere, then the model (Figure 1.9) proposed by Eggleston et al. (1996) would imply that 0 
in 50 

42  was derived mostly from ii20  rather than 02 and would be consistent with previous 
studies (Bailey and Peters, 1976; Taylor et al., I 984a; Taylor et al., 1984b; Reedy et al., 
1991). 

Re!atively fewer studies have been performed on the oxidation of sphalerite. Buckley et al. 
(1988) did not detect any oxidation products on sphalerite following exposure to air for 3 
weeks. At elevated temperatures, Hertl (1988) detected Zn(OH)2  and ZnSO4  on air oxidised 
sphalerite. Brion (1980) observed the relative susceptibility of pyrite, chalcopyrite, galena 
and sphalerite to oxidation in air to be FeS2  > CuFeS2  > PbS > ZnS. In contrast Kim (1998) 
has shown that oxidation o f zinc as well a s iron and copper sulfide i mpurities in natural 
galena was more thermodynamically favourable than those at pure galena sites. 

Scanning tunnelling microscopy and XPS studies have enhanced the understanding of the 
mechanisms governing sulfide mineral oxidation in air. However, oxidation products and 
their patterns of formation as well as other findings may not be relevant to aqueous 
oxidation. Recently in situ STM (Kim et al., 1995) and electrochemical (EC) STM (Higgins 
and Hamers, 1995) have been used to directly monitor dissolution processes on mineral 
surfaces in electrolyte solutions with atomic scale resolution. X-ray photoelectron studies of 
sulfide minerals conditioned in e!ectrolyte solutions have also been performed. 

1.3.2 Aqueous Oxidation and Dissolution of Metal Sulfides 

It is generally accepted that oxidation of lead sulfide in acidic solutions favour the formation 
of elemental sulfur, whereas neutral to alka!ine solutions produce sulfoxy species (Nowak 
and Laajalehto, 2000 and references therein). This may explain the observation of elemental 
sulfur as the sulfur oxidation product (Wittstock et al., 1996; Kartio et al., 1997b; Kartio et 
al., 1998b) during anodic oxidation of galena in solutions at pH 4.9. Kartio et al. (1998b) 
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reported elemental sulfur as a major oxidation product, with minor amounts of lead 
polysulfides, after only 20 seconds of anodic treatment. The absence of sulfoxy species may 
be attributed to the acidic conditions or they may not have been detected because researchers 
(Wittstock et al., 1996; Kartio et al., 1997b; Kartio et al., 1998b) used the S (2p) spectrum. 
Sulfoxy species formed on the galena surface during the initial stages of aqueous oxidation 
in a dilute NaOH solution were a mixture of thiosulfate and adsorbed SO,, species (Nowak 
and Laajalehto, 2000). These weakly adsorbed sulfoxy species may undergo further 
oxidation to yield lead sulfate, or be displaced by carbon dioxide or solution constituents; but 
they may also readsorb or precipitate at the surface (Nowak and Laajalehto, 2000). The 
formation ofoxidised sulfur compounds, irrespective of their speciation, during the early 
stages of galena oxidation shows that aqueous oxidation, like that in air, is also congruent. 

Hsieh and Huang (1989) have shown that dissolution of synthetic lead sulfide was also a 
congruent process. At any pi-i, equal amounts of dissolved lead and sulfur species were 
released, with sulfate (equation 1.24 proposed by Kim et al. (1995; 1996)) and sulfide (as 2, 

HS and H2S) being the major species in oxic and anoxic conditions, respectively. Fornasiero 
et al. (1994b) have also shown that natural galena dissolved congruently. A number of 
studies that involved in situ STM, in situ AFM and XPS analyses of galena surfaces during 
and after aqueous oxidation supported congruent dissolution (Fornasiero et al., 1994b; 
Fornasiero et al., 1994a; Kim et al., 1995; Kim et al., 1996; Wittstock et al., 1996). 

n(PbS) + 202  —> (n-l)(PbS) + Pb2  + S042- 1.24 

Kim et al. (1996) observed the formation of cavities on in situ STM images of galena after 
being immersed in a neutral aqueous solution for 40 minutes. These observations agreed 
with a previous study (Kim et al., 1995), which also used in situ AEM to show that the 
depths of the cavities were multiples of the single Pb-S dimension of 0.3 nm (Figure 1.10). 
The agreement between STM and AFM indicated that the surface was chemically 
homogeneous, although physically heterogeneous (Kim et al., 1995; Kim et al., 1996). These 
findings further confirmed a congruent galena dissolution mechanism as described by 
equation 1.24 (Kim et al., 1996). In accordance with these scanned probe microscopic 
studies, XPS investigations of galena particles (Fornasiero et al., I 994a) and plates (Kim et 
al., 1995) conditioned in neutral aqueous solutions for less than 2 hours did not detect sulfur-
rich surface phases. Moreover elemental sulfur, polysulfide or metal deficient sulfur were 
not seen on galena surfaces exposed to aqueous solutions with pH 5 and 9 (Fornasiero et al., 
1994b). More recently, Nowak et al. (2000) also noticed a lack of lead and sulfur oxidation 
products on XPS spectra of galena particles in contact with water. These XPS studies are in 

39 



(7iapter / Introduction 

agreement with the dissolution study of Hsieh and Huang (1989), which showed equal 
amounts of lead and sulfur species were released into solution irrespective of pH. 

} nn 

0.597 nm 

Figure 1.10 Schematic of galena unit cell. Large open circles represent sulfide, whilst 
small dark circles denote lead (adapted from Kim et al., 1995). 

Although the in-situ STM study of galena by Kim et al. (1996) concurred with other studies 
in that the overall dissolution of galena was a congruent process, these researchers suggested 
an initial incongruent dissolution step. This was attributed to the growth of projections on the 
galena surface during the initial 15 minutes of contact with aqueous solution at pH 3. The x,y 
dimensions of these projections were in the order of 10 nrn and their apparent height 
increased from 0.1 to 0.2 nm, which does not correlate with the unit cell dimensions of 
galena (Kim et al., 1996) (Figure 1.10). However these projections disappeared for exposure 
times beyond 15 minutes and were replaced by cavities that grew laterally and had z 
dimensions of 0.3 nm. Kim et al. (1996) proposed that oxygen reduction could explain the 
initial incongruent oxidative dissolution step of galena in aerated, acidic aqueous solutions 
(equation 1.25). The initial product of oxidative dissolution was a metastable, sulfur rich 
galena surface that had been postulated to be both polysulfide and lead deficient sulfide 
phases (Kim et al., 1996 and references therein). The observed disappearance of the 
projections with increasing exposure times to the acidic aqueous solution indicated the 
oxidation of the sulfur rich galena phase as shown in equation 1.26 (Kim et al., 1996). 
Surface atomic concentration ratios of S to Pb, determined using XPS, confirmed the 
presence of a sulfur rich phase after 15 minutes of conditioning at pH 3 and its absence after 
60 minutes, which gave credence to the proposed incongruent dissolution mechanism 
(equation 1.25) (Kim et al., 1996). The in situ STM images suggested that the lifetime of the 
sulfur rich species at the galena surface was about 10 minutes at pH 3 (Kim et al., 1996). 
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Upon the disappearance of these sulfur rich projections the dissolution becomes congruent, 
as indicated by the cavities with z dimensions equal to multiples of the Pb-S dimension of 
galena (Kim et al., 1996). In contrast no growth of surface oxidation products were detected 
on galena conditioned at neutral pH, using in situ STM and XPS. Instead only cavities 
formed in the galena surface with z dimensions equal to multiples of Pb-S dimension that 
indicated congruent dissolution (Kim et al., 1996). Other researchers may not have detected 
the short initial incongruent period due to the time selected to study the first stage of PbS 
dissolution, which was usually not less than 20 minutes. 

PbS +1/2x07 + 2xH —* Pb(I)S + xH2O + xPb2 1.25 

—* s —* sulfur oxy species 5042 1.26 

Dissolution studies of Hsieh and Huang (1989) and Fomasiero et al. (1994b) showed that the 
release of lead from PbS into solution increased rapidly when the pH was decreased. This 
trend was also observed in STM images, which showed that the x,y dimensions of 
dissolution pits, the number of pits per unit area and the rate of pit growth increased with 
decreasing pH (Kim et al., 1995). In the same study, Kim et al. (1995) observed the growth 
of dissolution pits was significantly greater in the x,y direction than in the z direction, which 
suggested that the edges or dislocations were more active toward dissolution than faces. Step 
edges and corners have atoms with incomplete coordination and were therefore more 
reactive toward oxygen adsorption and hence dissolved preferentially. However, impurity 
sites may also have enhanced reactivity and affected the position and rate of dissolution 
(Kim etal., 1995). 

Higgins and Hamers (1996a) showed that the chemical dissolution of galena in acidic 
solution was faster than that in n eutral s olutions u sing e lectrochemical (EC) S TM. These 
researchers observed two important changes when galena slabs were immersed in acidic 
solutions compared to air oxidised samples. Firstly after immersion in acidic solution, the 
short range (i.e. 100 A) surface roughness was significantly reduced while the long range 
(i.e. 1000 A) roughness increased. This increase in long range roughness was attributed to 
dissolution of at least several surface layers between the time of immersion and time of 
imaging. The dissolution of several layers was likened to the initial rapid dissolution of 
galena at low pH, which was attributed to the removal of oxidised layers (Pugh and 
Bergstrom, 1986). The second observation was that dissolution of galena plates in acidic 
solutions occurred by selective removal of step edge species (Higgins and Hamers, 1996a). 
This process was crystallographically anisotropic that resulted in steps with (110) 
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orientations, in some cases the positions of the step edges appeared to be pinned locally by 
impurities. The preferential dissolution at step edges with removal of atoms from flat planes 
has also been observed in previous STM studies of the dissolution of galena (001) (Higgins 
and Hamers, 1995; Kim etal., 1995; Higgins and Hamers, 1996b). The (110) orientation was 
also observed by Eggleston and Hochella (1991) at boundaries of oxidised and unoxidised 
patches during the ambient oxidation of galena. In contrast EC-STM images of air cleaved 
samples showed steps oriented almost entirely along the (100) directions (Higgins and 
Hamers, 1996a). There was no preferential step edge orientation under neutral pH 
conditions, which was nearly isotropic (Higgins and Hamers, 1996a). The anisotropy 
observed in acidic solutions was attributed to different kinetic rates of dissolution along the 
(110) and (100) directions (Higgins and Hamers, 1996a). 

Hsieh and Huang (1 989) proposed surface protonation (equation 1 .27) to be the first reaction 
step in a mechanism that described the pH dependency of synthetic lead sulfide dissolution. 
Hoffman et al. (1985) also suggested surface protonation to be the initial step of the 
oxidative dissolution mechanism of metal sulfides. Subsequent adsorption of dissolved 
oxygen (equation 1.28) onto the protonated surface led to the congruent dissolution (equation 
1.29) observed by Hsieh and Huang (1989). 

PbS(S)  + 2H -* PbS H72 (5) 1.27 
PbSH)2 (5)  + 202 PbSH22 •202(S) 1.28 
PbSH 2 •20S(5)  —> Pb2  + 5Q42  + 2H WAJ 

Hsieh and Huang (1989) also proposed a corresponding kinetic model (equations 1.30 and 
I .30a) that could calculate the reaction rate constant and thereby predict the dissolution 
behaviour of PbS(s) in oxygenated solutions, within the limit of experimental error. This 
kinetic model considered the dissolution reaction (equation 1.29) to be the rate-limiting step. 
Simulated results were more comparable to experimental ones at low pH, e.g. ±21% at pH 
2.5 and ±24% at p!-1 4, versus ±59% at pH 7 (Hsieh and Huang, 1989). This kinetic model 
could also be extended to other experimental conditions as shown in equations 1.30b-1 .30d. 

1-(1-x)1/3 
 = mt 1*11 

KK UKOkDO 
m= 

[PbS]0(1 + K 11  + K11K0) ; dark and oxic conditions I .30a 

im 
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KK 1kDN 
rn 

[PbS]0(l + K 11) ; dark and anoxic conditions 1.30b 

KcK  IIK 11 VK*okLo 
ITI = 

[PbS]0(1 + K 1  + KIIKh%.  + KiiKK*o) ; light and oxic conditions 1.30c 

KK 1 K11  kLN 
rn 

[PbS]0(1 + K 11  + K 11 K1 ) ; light and anoxic conditions 1.30d 

Where: 

x = fraction of PbS(s)  dissolved, i.e., x = [Pb(ll)]/[PbS]0  

t = time 

K0=27.l 1 i 2  

K 11  = KH[H]2 

K,,. = K1, [ h v 

K 0  = K0[02]2  
K*o  = K*o[02]2 

KH= 5.05 x 101 M 2  

Kh =  8.90 x 10 (WIrn2 )-' 

K0 = 1.09x 109 M 2  
K*o = 3.59 x 109  M 2  

k00, kDN, kLo, kLN = Rate constants 

[Pb] = [Pb111 ]. { 1-exp(-kt)} 1.31 

PbS(s)  —> Pb2  + S 2- ISS  

Fornasiero et al. (1994b) also proposed equation 1.31 to account for the dissolution of 

natural galena. The apparent rate constant, k, pertains to reaction 1.32 and Pb nax is the 

rnaximuni concentration of dissolved lead. The calculated apparent dissolution rate constant 

depended on 02 concentration and the maximum concentration of dissolved lead increased 

with H (Fornasiero et al., 1994b). Experimental results were in close agreement with 

equation 1.31. In the same study Fornasiero et al. (1994b) noticed a greater concentration of 

dissolved lead in aerated solutions compared to oxygenated ones. This indicated that the 

mechanism of lead dissolution not only involved 02  but also CO-,(Fornasiero et al., 1994b; 

Fornasiero et al., 1994a). The involvement of CO2  is not surprising considering that studies 

of oxidation of galena in air have identified that CO2  has an affinity for its surface as 

mentioned in section 1.3.1.  
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In the absence of oxygen PbS still dissolved (Hsieh and Huang, 1989; Fornasiero et al., 

1994b), but at a slower rate compared to that in aerated solutions. Similarly to aerated 

dissolution studies, the dissolution of PbS occurred more rapidly at lower pH (Hsieh and 

Huang, 1989; Fornasiero et al., 1994b). In addition to initiating oxidative dissolution, the 

protonated species formed in equation 1.27 may decompose to release lead into solution with 

the concomitant desorption of hydrogen sulfide (equation 1.33) (Hsieh and Huang, 1989). 

Depending on the solution pH, hydrogen sulfide generated from equation 1.33 may be 

converted to bisulfide (equation 1.34) and sulfide ions (equation 1.35) (refer to Figure 1.6). 

The non-oxidative dissolution of galena may be likened to proton-promoted dissolution as 

observed for oxides (Furrer and Stumm, 1986; Stumm and Morgan, 1996). The surface 

protonation leads to highly polarised interatomic bonds in the immediate proximity of the 

surface central ions and thus facilitates the detachment of cationic surface groups into 

solution (Stumm, 1992; Stumm and Morgan, 1996). 

PbSH72 (S)  -> Pb2  + HS 1.33 

H2S-*HS+H 1.34 

HS -* + H 1.35 

Fornasiero et al. (1994b) noticed a sulfide odour during d issolution experiments at p H 5, 

which gives credence to the dissolution step (equation 1.33) proposed by Hsieh and Huang 

(1989). Electrochemical STM studies by Higgins and Hamers (1996a) showed that 

protonation of the surface was involved in the non-oxidative dissolution of galena and 

suggested that reactions at negatively charged sulfide sites controlled the overall dissolution 

kinetics. Hsieh and Huang (1989) suggested that the pH dependency of PbS dissolution 

could be related to conditions of surface charge. A range of pH,PC  values have been reported 

as it is greatly affected by the source of the sample, preparation and experiment procedures 

(Hsieh and Huang, 1989 and references therein). However, it can be generalised that the 

surface charge of galena is constantly negative between pH 4 and 8 (Hsieh and Huang, 

1989). At pH > 8, the surface charge decreases to a more negative value. However the 

surface charge drastically increases in the positive direction at pH < 4 (Hsieh and Huang, 

1989), which substantiates the involvement of protonation in the dissolution process. 

Higgins and Hamers (1996a) proposed four reactions to account for the influence of surface 

protonation on galena dissolution in acidic, anoxic solutions: 
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[PbS]-S2  + H —* [PbS]-SH 1.36 

[PbS]-SH- [PbS] + HS (aq) 1.37 

[PbS]-SW + H —> [PbS]-SH2 1.38 

[PbS]-SH2  —* [PbS] + H2S(aq) 1.39 

[PbS] denotes bulk PbS lattice. Either reaction 1.37 or 1.39 could be responsible for 

desorption of sulfide species from the galena surface. A high activation energy, 0.73 eV, has 

been reported for the non-oxidative dissolution of galena (Awakura et al., 1980; N6fiez et al., 

1988). The high activation barrier for an ionic solid is usually attributed to overcoming the 

attractive Coulombic forces between an ion and its neighbours upon the removal of that ion 

from the surface (Higgins and Hamers, 1996a). However, the formation of a hydration 

sphere around the ion is strongly exoergic, resulting in an overall thermodynamically 

favourable process (Higgins and Hamers, 1996a). The attachment of protons (equations 1.36 

and 1.38) cannot account for the large activation barrier, as they would have little or no 

barrier (Higgins and H amers, 1996a). Similarly, the removal o f the neutral H 2S molecule 

(equation 1.39) into solution was expected to have a small activation barrier. However, the 

desorption of HS (equation 1.37) was expected to yield a large activation barrier (Higgins 

and Harners, 1996a). Bisulfide ions released into acidic solutions would immediately be 

protonated to form H2S. Awakura et al. (1980) also suggested that the dissolution rate of 

galena was controlled by the desorption of HS species from the surface. A similar reaction 

was proposed by Fomasiero et al. (1994b; 1994a) for the dissolution of galena in neutral and 

alkaline solutions: 

PbS(S)  + H Pb2  + HS 1.40 

In contrast to the studies mentioned above, Sun et al. (1991b) reported hydrogen ions can 

simply exchange with lattice bound Pb in solutions at 4.5 pH :!~ 7: 

SPb +2H SH2  + Pb2 1.41 

It must be noted that the mechanisms discussed above are only applicable for pure galena. 

The trace impurities in natural galena may affect its rate of oxidation, as mentioned in 

section 1.3.1. Kim (1998) showed the oxidation and dissolution at zinc, iron and copper 

sulfide impurity sites in natural galena were thermodynamically more favourable than those 

at pure galena sites. For example, the molar free energy change for oxidative dissolution of 

ZnS (equation 1.42) is more negative than that for reaction 1.24. The higher reactivity of 
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impurity sites may activate adjacent lead sites for subsequent oxidation and dissolution (Kim 

et al., 1995). 

ZnS(,)  + 202 - Zn2  + S042 1.42 

n(PbS) + 202  —* (n-1)(PbS) + Pb24 + s042- 1.24 

Ronngren et al. (1991; 1994) performed potentiometric titrations to study the behaviour of 

natural and synthetic ZnS in aqueous solutions. In solutions with 5 <pH < 7, Zn desorbed 

as H was adsorbed. Moreover at 3 pH 5 the ratio of adsorbed [H] to desorbed [Zn2 ] 

was very close to 2, which indicated an ion exchange reaction (Ronngren et al., 1991) similar 

to equation 1.41 proposed by Sun et al. (1991b): 

SZn +2H SH2  + Zn24 1.43 

Analysis of sulfur concentration in solution indicated that the release of Zn was not due to 

ZnS dissolution and supported reaction 1.43 (Ronngren et al., 1991). An increase in ES-H 

sites with decreasing pH was observed using both FT-JR and FT-Raman spectroscopy (Gärd 

et al., 1995), which further gave credence to the ion exchange reaction proposed by 

Ronngren et al. (1991). Experimental and computer calculations also showed that surface 

protonation (equation 1.44) was possible (Ronngren et al., 1991). A monolayer of S-H 

groups existed on the ZnS surface when immersed in acidic solutions with 3 pH 5 

(Ronngren et al., 1 991). In very acidic solutions, the protonated ZnS surface would react 

with if1  ions and result in ZnS dissolution (Ronngren et al., 1991; Ronngren et al., 1994). 

+ + ZnS+H -ZnSH 1.44 

The dissolution of cadmium sulfide at low pH was also thought to involve surface 

protonation (Tang and Huang, 1995) analogous to that for PbS (equation 1.27) proposed by 

Hsieh and Huang (1989): 

CdS(S)  + 2H CdSH22 (S) 1.45 

Hsieh and Huang (1991) identified pH could affect the dissolution of CdS, which prompted 

the consideration of surface hydroxyl groups as the initial reactants. It is well known that 

surface hydroxyl groups develop on an oxide surface in aqueous solution and behave as 
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amphoteric Brönsted acid/base (Hsieh, 1987 and references therein). Metal sulfides also 

exhibit an amphoteric behaviour when they are immersed into water (Park and Huang, 1989b 

and references therein). Surface hydroxyl groups are formed on metal oxides and metal 

sulfides, due to a chemical equilibrium between the material surface and the electrolyte with 

charge transfer through the Helmholtz double layer(Hsieh, 1987 and references therein). 

The existence of surface hydroxyl groups have been shown using a number of techniques 

including infrared surface spectroscopy, heat of adsorption, heat of immersion method, gas 

adsorption and zeta potential measurements (Park, 1987 and references therein). 

The development of surface hydroxyl groups on CdS is initiated by the strong chemisorption 

of water molecules to Cd atoms exposed on the surface, which have vacant coordination sites 

(equation 1.46) (Park and Huang, 1987; Hsieh and Huang, 1991). This is followed by charge 

neutralisation that induces proton transfer and results in the formation of surface hydroxyl 

groups on the cadmium sites and thiol groups on the sulfur sites (equation 1.47) (Park and 

Huang, 1987; Hsieh and Huang, 1991). 

CdS(s)  + H2O +-> CdS•H20 1.46 

CdS•H20 <-* HS•CdOH 1.47 

Surface hydroxyl groups exhibit amphoteric Brönsted acid and base behaviour and produce 

charged groups that are pH dependent (Hsieh and Huang, 1991): 

HS•CdOH + H HS•CdOH2 1.48 

or 

HS•CdOH + H —> H2S•Cd0H 1.49 

and 

HS•CdOH " HS•Cd0 + H' 1.50 

or 

HS•CdOH —* S•CdOH + H 1.51 

Amphoteric properties of ZnS and PbS were also observed by Ronngren et al. (1991) as well 

as Sun and co-workers (1991a; 1991b). ROnngren et al. (1994) believed that a SH group will 

be deprotonated at a lower pH than a OH group since H2S and HS are stronger acids than 

H20 and 01-1. 
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Hoffman et al. (1985) suggested that surface protonation was the initial step of the reaction 

mechanism for oxidative dissolution of metal sulfides. Hence Hsieh and Huang (1991) 

proposed hydrous CdS was firstly diprotonated (equation 1.52). This was followed by 

adsorption of oxygen molecules onto the diprotonated intermediate (equation 1.53). The 

electronegativity difference between S and H is much smaller than that between 0 and H, 

0.38 versus 1.24. Thus it was expected that the chemisorbed oxygen molecules were 

associated with the S sites rather than the Cd sites (Hsieh and Huang, 1991). Electron 

transfer then resulted in the oxidation of the lattice sulfide to sulfate, which was released into 

solution (equation 1.54) (Hsieh and Huang, 1991). Although trace amounts ofS 2O32  and 

5032 were detected by H sieh and H uang (1991), sulfate was the predominant product o f 

CdS oxidation. The complete sulfide oxidation was attributed to their use of oxygen gas for 

oxidation. The amount of 5042  produced was proportional to the concentration of dissolved 

oxygen. As DO levels decreased the amount of S042  decreased and there was a slight 

increase in 57032  and HS, a similar sulfur distribution was reported by O'Brien and Birkner 

(Hsieh and Huang, 1991 and references therein). The distribution of sulfur species was also 

reported to be temperature dependent (Hsieh and Huang, 1991). The concentration of sulfate 

increased with temperature and the amount of 5032  also became significant at high 

temperatures, which was attributed to a decrease in the solubility of DO. 

HS•CdOH2 + H4 4 H2S•CdOH2 1.52 

H,S•CdOH2  + 202 —> H204S•CdOH2 1.53 

H2O4S•CdOH2  —> Cd2 + 5042 + 2H1  + H20 1.54 

The diprotonated hydrous CdS formed in reaction 1.52 may also lead to the non-oxidative 

dissolution of CdS (Hsieh and Huang, 1991): 

H,S•CdOH74  - Cd24  + H2S + H2O 1.55 

The summation of reaction steps 1.46, 1.47, 1.48, 1.52 and 1.55 can be reduced to an overall 

reaction that is commonly attributed to the pH dependent dissolution of CdS(S)  (Hsieh and 

Huang, 1991): 

CdS + 2H Cd2  + H.S 1.56 

Dissolution of CdS under light/oxic and light/anoxic conditions was also thought to involve 

hydrous CdS (Hsieh and Huang, 1991). 
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Ronngren et at. (1991) have also acknowledged the existence of surface hydroxyl (SM0H) 

and thiol (MSH or SH) groups on metal sulfides, such as ZnS, following dissociation of 

chemisorbed water (equations 1.57 and 1.58). This process was verified by Gärd et al. (1995) 

who reported 0-H stretching and H-0-H bending frequencies in IR spectra of ZnS that had 

been immersed in aqueous solution and dried under vacuum for 12 hours. 

SZn-0H2 SZn-0H 

ZnS I  =ZnSH 

1.57 

The following equilibria accounts for the amphoteric nature of these functional groups and 

the release of metal ions by an ion exchange reaction (Ronngren et at., 1991): 

-ft 

JSM0H — J SM0H 

1MS —* MSH 

+H 

I II 

+H 

-> 

 f

--  SM0H7 

MSH 

-H 

III 

+H 

SH + + H20 

MSH 

-H 1.58 

lv 

In acid pH, Ranngren et al. (1991; 1994) reported that hydroxyl sites could undergo ion 

exchange reactions where thiol sites were formed and metal ions were released into solution 

(equations 1.58). Hence the ion exchange reactions 1.41 and 1.43, mentioned above, involve 

surface hydroxyl groups. This has been confirmed for ZnS by FT-lR and FT-Raman 

techniques (Gärd et at., 1995). 

Coordinated OH is expected to be more basic than SH thus species III is expected to form 

rather than (Ronngren et al., 1991): 

MOH 

SH,'  

Moreover, the stronger Brönsted acidity of SH implies that species I is more likely than 

(Ronngren et at., 1991): 
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SMO 

SH 

Ronngren et at. (1994) reported the significance of surface hydroxyl and thiol groups in the 

non-oxidative dissolution of synthetic and natural lead and zinc sulfides and proposed the 

mechanism: 

eSMOH *— SH 

SH + 2H —> SH + M2  + H20 1.59 

SMSH — SMOH 

SH + H2O SH + HS + H 1.60 

The summation of the ion exchange reaction (equation 1.59) with the desorption of bisulfide 

(equation 1.60) yields (Ronngren et al., 1994): 

SMSH — SH 

SH + H —* SH + M2  + HS 1.61 

The calculated equilibrium constants for reaction 1.61 were -11.4 and -13.8 for synthetic 

zinc sulfide (sphalerite and wurtzite mixture) and lead sulfide, respectively. These constants 

agreed with the solubility of wurtzite ZnS and galena as determined from equation 1.62, 

which were -10.8 and -13.6, respectively (Ronngren et al., 1994 and references therein). 

MS(S) + H -> M2  + HS 1.62 

Gärd et al. (1995) showed that carbonate species were formed on synthetic ZnS treated with 

oxic aqueous solutions, using FT-IR and FT-Raman spectroscopy: 

SZn + H20 + CO2  —* ZnOHCO2  

SH 1.63 

Oxidation of some SH sites produced insoluble sulfur species, their nature and oxidation 

state were not identified (Gärd et al., 1995). Moreover, Gärd et al. (1995) also reported two 

stretching frequencies for S-H that indicated two types of S-H groups. These are represented 

as Zn-SH (type 1) and: 
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Zn 

Zn 

SH (type 2) 

Type I SH is an adsorbed group that is in closer contact with solution and thus more 

susceptible to oxidation. Whilst type 2 SH is the group that belongs to the bulk and is 

slightly protected against oxidation (Gärd et al., 1995): 

Zn-SH Zn-S0 

SH + (0) - Zn-SH 1.64 

Zn-SH Zn- 

SH eZn-SH 

Goldhaber (1983) proposed that pyrite oxidation was initiated by direct attachment of a 

dissolved oxygen molecule on a partially protonated surface (step (a) Figure 1.11). This was 

followed by cleavage of the double bond of 02 and displacement of S201-F by water (step (b) 

Figure 1.11), which was oxidised to sulfate via sulfoxy intermediates such as thiosulfate 

(Goldhaber, 1983). 

Fe + 02 (a) 

H OH2  

Fe + 2H70 Fe + 2S70W (b) 

OH2 

Is- 

Figure 1.11 Schematic of pyrite oxidation by m olecular o xygen at c ircumneutral pH 
(Goldhaber, 1983). 
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A number of researchers have shown that pyrite oxidation was not strongly pH dependent 

(Goldhaber, 1983; McKibben and Barnes, 1986; Moses et a1., 1987). These researchers also 

observed the production and accumulation of sulfoxy intermediates during pyrite oxidation 

in oxygen saturated solutions. Moses et al. (1987) observed that total sulfur increased 

linearly with time for pyrite oxidation in solution with an initial pH of 9. Thiosulfate and 

sulfate were detected within 10 minutes of the commencement of the experiment (Moses et 

al., 1987). The rate of increase of the thiosulfate was almost double that of sulfate during the 

two hour experiment. Traces of polythionates were only observed after 80 minutes when the 

pH had dropped to about 7.5, but the levels were not quantifiable (Moses et al., 1987). In an 

analogous experiment performed at pH 7 for 24 hours, thiosulfate and polythionates were 

detected after 250 minutes of reaction when the pH had dropped to 4.1. During the course of 

the experiment, the average polythionate chain length increased from 4.23 to 5.01 (Moses et 

al., 1987). The major product under these conditions was sulfate, the amount of sulfur in 

polythionate decreased from 50% to 25% of the amount in sulfate, whereas the sulfur in 

thiosulfate was 10% of that in sulfate (Moses et al., 1987). Similarly, McKibben and Barnes 

(1986) reported sulfate as the major product of pyrite oxidation by oxygen at pH 3.6; minor 

amounts of tetra-, penta- and hexathionate were also simultaneously detected. Moses et al. 

(1987) did not detect any sulfite during oxidation of pyrite by oxygen. In the same study 

neither sulfite or polythionates were detected during sphalerite oxidation in oxygen saturated 

neutral solutions, but thiosulfate was prominent (Moses et al., 1987). 

The pH dependent distribution of sulfoxy intermediates reported by Moses et al. (1987) may 

be related to the Wackenroder reaction (equation 1.65) and reaction 1.66. Reaction 1.65 is a 

bimolecular nucleophilic displacement (SN2) reaction. Since sulfite's PKa2  is 7 and the order 

of nucleophilicity of sulfoxy intermediates is S062  < HS03 < 52032  <S03 reaction 1.65 

tends to go to the left at pH > 7 and to the right at pH < 7 (Moses et al., 1987 and references 

therein). Moreover, sulfite oxidation is greater below pH 7 as bisulfite is more susceptible to 

oxidation than sulfite. Hence the Wackenroder reaction is driven to the right at pH < 7 by the 

uptake of sulfite. Moreover at pH < 7, the combination of the lower nucleophilicity of 

bisulfite relative to thiosulfate and its faster oxidation rate relative to sulfite causes the 

depletion of thiosulfate and sulfite; and the accumulation of longer polythionates (Moses et 

al., 1987). Although thiosulfate is less sensitive to oxidation than sulfite, it will decompose at 

pH < 5 (equation 1.66) (Moses et al., 1987 and references therein). Hence in acidic solutions 

the generation of bisulfite as described by reactions 1.65 and 1.66 will promote sulfate 

production (Moses et al., 1987 and references therein). The distribution of sulfoxy species 

observed by Goldhaber (1983) and Moses et al. (1987) could be accounted for by reactions 
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1.65 and 1.66. Bonnissel-Gissinger et al. (1998) have also observed pH dependent speciation 

of aqueous sulfoxy compounds. 

s1062  + s2032 s+ O 2  + so32 1.65 

8S2032  + H —> S8  + 7S032  + HS03 1.66 

The overall reaction for the oxidation of pyrite by oxygen can be represented by: 

FeS2(S)  + 7/202 + H20 - Fe2  + 2S042  + 2H 1.10 

Moses et al. (1987) argued that dissolved oxygen (DO) was an unlikely oxidant of pyrite 

because it was paramagnetic, while pyrite was diamagnetic. Hence reaction between the two 

would be spin restricted and very unlikely. However, dissolution studies of Moses and 

Herman (1991) and Bonnissel-Gissinger et al. (1998) showed DO attacked pyrite, which 

suggested adsorbed oxygen could be activated to a diamagnetic electronic configuration. 

Molecular orbital theory indicated DO could react with pyrite, but only slowly (Luther, 

1987). An XPS study performed by Bonnissel-Gissinger (1998) confirmed the sorption of 

DO onto pyrite. 

Although Fe(III) is another important oxidant that can affect the dissolution of pyrite, and 

other metal sulfides, it has been commonly assumed that, at circumneutral pH, DO must be 

the direct oxidant (equation 1.10) due to the low solubility of Fe(III). However, Moses et al. 

(1987) have shown that Fe(III) was a very effective pyrite oxidant a circunmeutral pH. 

Although Fe(ITI) and oxygen can directly oxidise pyrite, Moses and Herman (1991) showed 

that the former is the more preferred and potent oxidant. According to oxygen isotope studies 

(Bailey and Peters, 1976; Taylor et al., 1984a; Taylor et al., 1984b; Reedy et al., 1991) of 

pyrite oxidation, water molecules is a more important source of s ulfate oxygen than DO. 

Hence reaction 1.12 may be more important than reaction 1.10. 

FeS2 ()  + 14Fe3  + 8H20 —> 15Fe2  + 2S042  + 16H 1.12 

Moses et al. (1987) showed that thiosulfate was a common intermediate in the oxidation of 

pyrite and sphalerite and thus was a key intermediate in sulfate production, regardless of the 

bonding structure of the sulfide mineral. The appearance of thiosulfate as a significant 

intermediate o f p yrite oxidation by F e(III) at c ircumneutral p H suggested to Moses e t a I. 
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(1987) that the Fe-S bond weakened and broke before the S-S bond in the disulfide group. 

To account for this, these researchers proposed the mechanism shown in Figure 1.12. 

Fe + [H70 - Fe(OH)51 3  EI 
& 

' 7 
weakened 

O3  

-* F e + [Fe(H70)5]2  + H 

Soff (a) 

—* F e + S2032  

(b) 

Figure 1.12 Schematic of pyrite oxidation by Fe(III) (adapted from Moses and co-
workers (1987; 1991)). (a) A hydroxyl group from the hydration sphere of 
Fe(II1) is transferred to a pyrite sulfur atom in exchange for an electron, 
which yields Fe(II). A sequence of hydroxyl transfer and dehydration 
reactions follow that weakens the Fe-S bond as seen in (b). Ultimately a 
nascent sulfoxy anion (thiosulfate is illustrated) is released into solution, 
where it is more stable. 

Moses et al. (1987) acknowledged that their results supported the idea that pyrite oxidation is 

controlled by a surface reaction that takes place prior to the formation of a dissolved sulfoxy 

species. This is reflected in their model (Figure 1 .12) but it does not illustrate the presence of 

partially oxidised sulfur compounds such as polysulfides, reported in studies involving 

surface analytical techniques discussed in section 1.3.1, that may lead to the formation of 

thiosulfate and ultimately sulfate. One such mechanism (Figure 1.13) has been proposed by 

Rimstidt et al. (1986). The first step is surfacial oxidation of sulfide to polysulfide, which 

can then decompose to elemental sulfur or undergoes further oxidation to polysulfoiiic acids. 

Nucleophilic attack by sulfite may then cleave terminal sulfur atoms that are released into 

solution as thiosulfate (Figure 1.13) (Rimstidt et al., 1986), which may then undergo pH 

dependent reactions (equations 1.65 and 1.66) to yield polythionates, sulfite and ultimately 

sulfate. When present at high concentrations in acidic solutions, particularly in the presence 

of Fe(lll), thiosulfate is converted to a mixture of various polymorphs of elemental sulfur, 

polysulfides as well as polythionates. Sulfate is the prominent product with low 

concentrations of thiosulfate (Rimstidt et al., 1986). Luther (1987) also believed that sulfate 

was formed by the oxidation of thiosulfate. 
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Figure 1.13 Schematic diagram showing a possible reaction scheme for sulfide 
oxidation (Rimstidt et al., 1986). 

Mycroft et al. (1990) detected polysulfide and elemental sulfur on the surface of pyrite, using 

XPS and Raman spectroscopy, following electrochemical oxidation in circumneutral 

aqueous chloride solutions. Sasaki et al. (1995b) also used XPS and Raman spectroscopy to 

monitor the oxidative dissolution of pyrite in anoxic Fe(lll) solutions at pH around 2. These 

researchers reported the formation of a sulfur rich layer on pyrite, which was mainly 

composed of elemental sulfur and some sulfoxy species such as sulfite. However, 

polysulfide was not detected by Sasaki et al. (1995b). The discrepancy between the studies 

of Mycroft et al. (1990) and Sasaki et al. (1995b) with respect to the presence/absence of 

polysulfide may be attributed to electrochernical oxidation used by Mycroft et al. (1990) 

and/or solution pH. In acidic solutions with high Fe(lll) concentrations, elemental sulfur may 

form via sulfoxy species Such as thiosulfate (Mycroft et al., 1990). This is in agreement with 

the study of McGuire et al. (2001) in which elemental sulfur was detected on Fe3  oxidised 
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pyrite surfaces, using near-infrared Raman imaging microscopy. In electrolytes with higher 

pH the Fe(III) concentrations will be lower and thus the stability of polysulfides would be 

greater (Mycroft et al., 1990). Rinker et al. (1997) observed the oxidation of disulfide to 

polysulfide on the surface of marcasite, the dimorph of pyrite, during exposure to an 

oxygenated, acidified solution. These researchers noticed fluctuations in the amount of 

sulfur, with intermediate oxidation state, released into solution and XPS evidence suggested 

this was due to the periodic release of polysulfides (Rinker et al., 1997). However, Mycroft 

et al. (1990) did not observe any polysulfides in solution, which indicated that they were 

formed on the surface and not as a result of bulk solution dissolutionlreprecipitation reaction. 

This gives credence to the model (Figure 1.13) proposed by Rimstidt et al. (1986). 

Moses and Herman (1991) noticed a rapid initial rate of pyrite oxidation in circumneutral 

anoxic ferric solutions, but this only lasted a few minutes after which the rate dropped to 

zero despite availability of Fe(III). A similar trend was observed for pyrite oxidation in 

circumneutral oxygen saturated solutions, which showed a two phase process. The initial 

rapid oxidation by oxygen (second to that in anoxic Fe(III) solutions) lasted 64 minutes. The 

reaction did not cease beyond 64 minutes, but was sustained at a slower rate. This rate was 

comparable to oxygen saturated experiments, which were spiked with Fe(II). The results 

indicated adsorption of Fe(II) blocked the attack of oxygen and Fe(III) (Moses and Herman, 

1991). According to reactions 1.10 and 1.12, 15 times more Fe(II) is produced from 

oxidation by Fe(III) than by DO. Hence the oxidation of pyrite by DO was sustained longer 

before Fe(II) accumulated on the surface to the point that it began to interfere with the direct 

reaction with DO (Moses and Herman, 1991). However, pyrite oxidation by ferric iron could 

be sustained in oxic solutions (Moses and Herman, 1991). 

At circumneutral pH, Moses and Herman (1991) noticed Fe(II) rather than Fe(III) species 

(i.e. Fe(OH)2 and Fe(OH)3) was the preferred adsorbate, which was partly attributed to its 

stronger electrostatic interaction with the pyrite surface. Moreover Fe(II) is a softer Lewis 

acid than Fe(III) and would favour its interaction with disulfide, which is a soft Lewis base. 

In light of these results Moses and Herman (1991) proposed a reaction mechanism (Figure 

1.14) for pyrite oxidation that was consistent with oxygen isotope studies. Accordingly, 

adsorbed Fe(II) forms a hydrogen-bonded termolecular complex with DO that facilitates 

electron transfer from pyrite to DO (step (a) Figure 1.14). The resulting Fe(III) rapidly 

accepts electrons from pyrite (step (b) Figure 1.14), which in turn causes an OH group to be 

transferred from the adsorbed hydrated Fe(III) species to a lattice bound S (step (c) Figure 

1.14). The process depicted in Figure 1.14 continues with intermediate rehydration of the 
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adsorbed Fe until the sulfur moiety dissociates from the surface when it is oxidised enough 

to be a stable sulfoxy anion in solution. 

(
,

j2O)4 

S 

Fe(U) 

Fe 0=0 10 

Fe(Il) 

(2O)4 

(a)  

(20)4 (1120)4  

Fe(lll) OH Fe(II) 

Mir\ 

 
Fe 

/
Fe 

H  

Fe(I1l) OH Fç
,
II) 

(H20)4 (H20)4  

(b) (c) 

Figure 1.14 Schematic sequence of reaction steps for the oxidation of pyrite sulfur 
(Moses and Herman, 1991). 

The cycling of the adsorbed Fe between +11 and +111 oxidation states, in the proposed 

reaction mechanism for pyrite oxidation (Figure 1 .1 5), is due to alternately accepting an 

electron from pyrite and passing an electron to DO. Hence the adsorbed Fe acts as a conduit 

for electrons travelling from pyrite to DO, which is the ultimate oxidant. Even though DO 

never directly reacts with pyrite, its reduction drives the oxidation of pyrite by generating 

reactive Fe(III) directly on the pyrite surface (Figure 1.15). The XPS study of Bonnissel-

Gissinger et al. (1998) indicated that Fe(II) was more likely to be oxidised on the pyrite 

surface than in solutions with pH < 4.5. Although Bonnissel-Gissinger et al. (1998) did not 

examine pyrite surface oxidation at circumneutral pH, their results gives credence to the 

mechanism featured in Figures 1 .14 and 1 . 15. 

The model (Figures 1.14 and 1.15) proposed by Moses and Herman (1991) for pyrite 

oxidation was considered to be an extension of the Singer-Stumm model because the rate 

limiting step was still the oxidation of Fe(ll) by DO. The original Singer-Stumm model 

applied to low pH where the Fe(Il) oxidation was rate limiting because it was slower than 

pyrite oxidation by Fe(lIl). Hence the slow but sustainable pyrite oxidation mechanism that 

is most important in natural waters of low or circumneutral pH is limited by the rate at which 

DO can oxidise adsorbed Fe(11) (Moses and Herman, 1991). 
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FeS2  - Fe(II)(ads) DO 

FeS2  Fe(I1l)(ads)X H2O 

FeSSOH - Fe(ll)(ads)  

FeSSOH - Fe(IIJ)(ads)X HO 

~e- 

FeSSO,H - Fe(11)(a(ls) 

S 

Figure 1.15 Schematic reaction sequence, emphasising the redox cycle undergone by 
the adsorbed Fe (Moses and Herman, 1991). The DO never directly reacts 
with the pyrite, but its reduction drives the oxidation of pyrite by 
generating reactive Fe(II1) directly on the pyrite surface. 

1.3.3 Adsorption and Lattice Exchange Reactions Involving Metal 

Sulfides 

Adsorption (equation 1.67) and lattice exchange (equation 1.68) reactions can occur in a 

heterogeneous system containing insoluble metal sulfides and aqueous metal ions. These 

reactions are governed by the relative solubilities of metal sulfides (see Table 1 .11 in section 

1.3) (Park and Huang, 1989b and references therein; Park and Huang, 1989a and references 

therein). A metal ion (M1 2 ) will adsorb onto a metal sulfide (MS) if its sulfide is more 

soluble than the adsorbent (equation 1.67). Conversely if the sulfide precipitate of the metal 

ion (M22 ) is less soluble than the metal sulfide (MS) a lattice exchange reaction will occur, 

whereby the metal ion (M22 ) will displace the metal constituent of the metal sulfide (MS) 

(equation 1.68).  

Mj2 +MS( )—MS—Ml 2+ 1.67 

M22  + MS(S)  -* M2S() + M21 1.68 

Adsorption reactions are important for understanding the distribution of ions between 

aqueous and solid phases; they govern solution concentrations, bioavailability and mobility 

of ions in the environment (Bostick et at., 2000). Park and Huang (1987; 1989a) reported the 
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amphoteric surface hydroxyl groups that developed on CdS when immersed into water were 

involved in pH dependent adsorption reactions of Ni(Il), Co(II), and Zn(II) ions. The 

comparison of the adsorption isotherms of these heavy metal ions with the corresponding 

concentrations of dissolved Cd(II) ions revealed that these transition metal ions were 

adsorbed by hydrous CdS rather than exchanged (Park and Huang, 1989a). The specific 

adsorption of these metal ions at circumneutral pH was verified by electrophoretic 

measurements (Park and Huang, 1989a). Surface precipitation may also be responsible for 

the removal of metal ions at alkaline pH and high metal concentrations (Park and Huang, 

1989a). Park and Huang (1989a) developed a surface complex formation model to account 

for the adsorption of metal ions onto hydrous CdS, which indicated that monodentate surface 

complexes were more stable than bidentate ones. Hence surface complexes can be depicted 

as the formation of BO - M, BO - M(OH) and BO - M(OH)2, where B denotes a Brönsted 

surface site of hydrous CdS (Figure 1.16). Park and Huang (1989a) acknowledged that these 

surface metal complexes may form by direct reaction between the corresponding metal 

species or through surface hydrolysis reactions, but it was not possible to differentiate the 

two mechanisms. Park and Huang (1987) also showed that Cd(II) ions could also be 

removed from solution by CdS. However, zeta potential measurements showed that the 

Cd(II) ion was not being specifically adsorbed by CdS as in the case of Ni(II), Co(II) and 

Zn(II) rather it was being exchanged for H (analogous to reactions 1.41 and 1.43 as 

observed by Sun et al. (1991b) and Ronngren et al. (1991), respectively). This indicated 

Cd(II) ions were reacting with unhydroxylated sulfur sites and showed surface hydroxyl 

functional groups were not the only active sites involved in adsorption. Upon hydration two 

types of surface sites are formed on CdS, these are Brönsted and Lewis sites (Figure 1.16). 

Persson et al. (1995) showed that ZnS could also remove Co(II) from solution, using wet-

chemical techniques and in-situ X-ray absorption fine structure (XAFS) spectroscopy. There 

was no evidence for ion exchange between Zn and Co. Rather the spectroscopic results, 

together with wet-chemical data, indicated surface complexation of Co(II) to sulfide sites. 

Higher shell extended XAFS suggested that Co(II) adsorbed to defect structural positions 

where Zn atoms were missing at the surface (Persson et al., 1995). Persson et al. (1995) 

noted that the uptake of Co(II) on ZnS followed the same trend as the adsorption on CdS. 

Hence, both Brönsted and Lewis sites of CdS may be responsible for the adsorption of 

Co(II). 
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Figure 1.16 Brönsted and Lewis sites develop on CdS upon hydration (Park and 
Huang, 1987; Park and Huang, 1989b). 

Park and Huang (1989b) have also shown that CdS can effectively remove Cu(I1) and Hg(1I) 

from solution regardless of pH. At low pH, an equivalent amount of Cd(II) ions were 

concomitantly released into solution, which indicated lattice exchange reactions as expected 

as the sulfides of Cu(I1) and Hg(1I) are less soluble than CdS. Park and Huang (1989b) 

proposed reactions 1.69 and 1.70 to describe lattice exchange reactions occurring at Brönsted 

and Lewis sites, respectively. The formation of either a CuS(S)  or HgS(S)  coat on the surface of 

CdS was confirmed by electrophoretic mobility measurements (Park and Huang, 1989b). At 

alkaline pH, the concentration of Cd(II) decreased to zero while Cu(1I) and Hg(1I) removal 

continued. This was attributed to the pH dependent readsorption of Cd(II) onto the hydrous 

surfaces of freshly formed CuS(S)  and HgS(S)  coat as well as the "free" CdS(S)  surface (Park 

and Huang, 1989b). Zeta potential measurements showed that Brönsted sites of the freshly 

formed CuS layer could become deprotonated (equation 1.71). Readsorption of Cd(II) at 

Brönsted sites (equation 1.72) could be responsible for its pH dependent removal from 

solution, which may also be due to Cd(OH)2  precipitation (Park and Huang, 1989b). 

Exchange and adsorption reactions involving CdS and heavy metals have also been reported 

in other studies (Hsieh et al., 1992; Hsieh et al., 1993; Davis et al., 1994b). 

CdOH' + M2 —> MOHX  + Cd2 1.69 

Where x=0, I and 2 and M denotes Cu or Hg. 

CdS+M2  MS+Cd2' 1.70 

Cu0H 1 CuO + xH 1.71 

130 + Cd(OH)121 BOCd(OH) 1.72 
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The concentration of trace metals in anaerobic and/or anoxic sediments may be influenced 

by their interaction with metastable sedimentary iron monosulfides (Oakley et al., 1980). 

This natural process has been adapted for the insoluble sulfide treatment of metal 

wastewater, whereby ferrous sulfide is added to it (Davis et al., 1994a and references 

therein). The dissolved metal and ferrous sulfide undergo lattice exchange reactions to yield 

the appropriate heavy metal sulfide (equation 1.73). The removal of metal by sulfide 

precipitation is more effective than the commonly used hydroxide treatment (Davis et al., 

1994a). 

FeS + M2  —> MS + Fe2 1.73 

The kinetics ofheavy metal exchange with ferrous sulfide was examined by Davis et al. 

(1994a). At neutral pH, these researchers discovered that the removal rates followed the 

order Cu(II) > Zn(II) > Pb(II) > Cd(1I). Copper sulfide is the most insoluble mineral that was 

investigated by Davis et al. (1994a), which may explain why the reaction between Cu(II) and 

FeS occurred the fastest. However, there was no correlation with removal rate and sulfide 

solubility for the other three metals; the solubility of ZnS is greater than that of CdS and 

PbS, which are similar (see Table 1.11 in section 1.3). Phillips and Kraus (1965) did not 

observe any correlation between metal sulfide exchange rates and solubility. In contrast, Wu 

and Yang (1976) reported solubility products of fresh, amorphous metal sulfides 

corresponded to reaction rates, but this was not true for crystalline sulfides. 

Phillips and Kraus (1965) as well as Jain and Fuerstenau (1985) considered the importance 

of solid state diffusion in controlling rate of lattice exchange reactions between metal ions 

and metal sulfides. Hence exchange rates (Cu > Zn > Pb > Cd) may be related to the size of 

the i on (Table 1 .12) diffusing into the metal sulfide lattice. A ccordingly the smaller i ons 

exhibit the fastest reaction rates. Copper and Fe have identical radii (Table 1.12) and 

therefore exchange of copper into the iron sulfide lattice should not be hindered (Davis et al., 

1994a). However, an exchange of Zn, Pb and Cd with lattice bound Fe would result in a 

strain in the crystal structure and consequently impeded reaction kinetics (Davis et al., 

1994a). Davis et al. (1994a) proposed a simple kinetic expression (equation 1.74) that 

adequately described removal rates for reaction 1.73. 

- d1M2 1 = k[SFe][M2 ] 1.74 

dt 

[SFe] denotes the number of exchangeable sites. 

61 



Chapter 1 Introduction 

Table 1.12 Covalent radii of metals (Davis et al., 1994a). 

Metal Covalent radius (A) 

Cu 1.17 

Zn 1.25 

Pb 1.47 

Cd 1.48 

Fe 1.17 

Davis et al. (1994a) also showed that in a mixed metal system, competition in sulfide 

formation could exist; which was confirmed by the kinetic model (equation 1.74). As several 

metals react with FeS numerous exchange and adsorption reactions between metal sulfides 

of various solubilities occurred (Davis et al., 1994a). The addition of copper and the 

formation of CuS enhanced the removal of some metals, which was attributed to adsorption. 

Adsorption or diffusion caused simulated results (calculated with equation 1.74) to deviate 

from experimental data. 

Copper/sphalerite exchange has been extensively studied for its relevance to mineral 

flotation (Jain and Fuerstenau, 1985; Pugh and Tjus, 1987; Brienne et al., 1994 and 

references therein). The activation of sphalerite by addition of Cu(II) involves replacement 

of lattice bound Zn (II) by Cu(II) so that the mineral surface behaves like copper sulfide. 

This process increases the reactivity of the mineral toward flotation collecting agents such as 

xanthates. Activation of sphalerite by exchange with Ag(I) and Pb(II) (Fuerstenau and 

Metzger, 1960 and references therein) and adsorption of Fe(II) (Brienne et al., 1994) have 

also been examined. 

1.3.4 Galvanic Interactions 

Sulfide minerals are conductors of electricity and when two sulfide minerals are in contact 

with each other in an aqueous solution, electron transfer from one to another, i.e. galvanic 

interaction, may occur (E1sherief,  1994). These galvanic effects may accelerate or retard 

metal sulfide dissolution. Galvanic interactions, or coupling, arise due to the different 

electrochemical reactivities of the sulfide mineral indicated by their rest potentials (Elsherief,  

1994). A galvanic series of sulfides is (Elsherief, 1994 and references therein; 

Venkatachalam, 1998): 
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ZnS <PbS <Cu2S - CuS <CuFeS2  < FeS-, 

According to the galvanic series, in a mixture of sulfides the sulfide with the lowest rest 

potential will be preferentially anodically oxidised and its leaching rate enhanced, while the 

sulfide with the highest rest potential will be cathodically protected and its oxidation-

leaching will be retarded, relative to individual leaching (Elsherief,  1994 and references 

therein). 

1.4 Scope of Study 

Research into sulfide mineral oxidation (SMO) have largely been concerned with the mining 

and hydrometallurgy industries. However, the awareness of environmental pollution 

consequences of this process has challenged environmental scientists to sort out the factors 

and elucidate the mechanism governing SMO, so that effective abatement strategies may be 

developed. Although there are overlaps between the two types of research, those performed 

from a hydrornetallurgy perspective may not be extrapolated to account for environmental 

situations. For example, relatively little is known about the reaction rates of galena and 

sphalerite in dilute ferric solutions similar to those found in nature; as compared to the more 

extensive hydrometallurgical research using very concentrated ferric solutions that far 

exceed natural levels (Rimstidt et al., 1994). The semiconducting nature of certain metal 

sulfides has also generated extensive interest in the fields of solid-state chemistry and solar 

energy research. A number of studies have examined the effect of photo-oxidation on the 

mobilisation of heavy metals from semiconducting metal sulfides. The great insolubility of 

metal sulfides also lends themselves to the immobilisation of metals in the wastewater 

treatment industry. 

Amongst the myriad of investigations dealing with sulfide minerals, most studies have 

largely concentrated on single metal sulfides. In regards to studies concerned with interfacial 

reactions, complex metal sulfides have received relatively little attention compared to 

individual phases and most of these were studied under metallurgical conditions. Rimstidt et 

al. (1994) have acknowledged that pyrite cannot be used as a proxy for other sulfide minerals 

when studying the details of sulfide mineral oxidation. Moreover in some cases synthetic 

metal sulfides were s tudied instead of their n atural c ounterparts, but it i s known that the 

presence of impurities can greatly influence the oxidation of natural metal sulfides. The 

coexistence of different metal sulfides, such as in anoxic sediments, and the possibility of 

galvanic and solubility reactions between metal sulfides and metal ions warrant the study of 
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the dissolution of mixed metal sulfides under natural conditions. Increased study into the 

leaching of metals from a mixed metal sulfide system may help improve selective leaching 

hydrometallurgical processes for multi-mineral complex sulfide ores, or help develop new 

methods. This will become increasingly important as non-complex deposits become 

exhausted. 

The work presented in this dissertation is an investigation of the mobilisation of heavy 

metals from a mixed metal sulfide ore concentrate (ZnS, PbS, FeS2  and CuFeS2) in an 

aqueous environment that is subjected to environmental factors. The following is an outline 

of the topics covered in the subsequent chapters. 

Chapter 2 Effect of surface area on metal mobilisation 

This chapter describes the effect of surface area on metal mobilisation from the ore 

concentrate in oxic and anoxic solutions at pH 2. Parallel experiments were performed with 

synthetic ZnS to ascertain the role of galvanic interactions, adsorption and lattice exchange 

reactions on the overall release of Zn from the ore concentrate. These experiments also 

identified an appropriate amount of ore concentrate to use for subsequent experiments. 

Chapter 3 Effect of temperature and pH on metal mobilisation 

A series of dissolution experiments using both ore concentrate and synthetic ZnS were 

performed at temperatures ranging from 15 to 55°C. Experiments were performed at pH 2 in 

oxic and anoxic solutions. Parallel experiments were also performed at circumneutral pH. 

Activation energies were calculated to give further insights into the mechanism controlling 

the mobilisation of metals from the concentrate. Activation energies for Zn dissolution from 

the ore concentrate and synthetic ZnS were compared to determine the influence of galvanic 

interactions and interfacial reactions governing the mobilisation of Zn from a mixed metal 

sulfide. 

Activation energies are known to vary with pH, due to temperature dependent shifts in 

surface speciation. The pH dependence of metal mobilisation from ore concentrate at 25°C 

was assessed in oxic solution. 
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Chapter 4 Effect of light on metal mobilisation 

The dissolution of semiconducting sulfide minerals under illumination was examined in this 

chapter. In particular, the effects o f p H, oxygen c ontent and light i ntensity on the photo-

dissolution of metal sulfides were investigated. 

Chapter 5 Influence of iron on metal mobilisation 

The effect of dilute ferric solutions on the dissolution of metals from the concentrate was 

examined in acidic solutions. The photo-reactivity of Fe(III) hydroxy species and their effect 

on sulfide mineral oxidation was also studied. In addition, the influence of adsorbed Fe(III) 

on metal mobilisation was investigated. The effect of adsorbed Fe(III) on Pb mobilisation 

from OC was further investigated with natural pure galena. Secondary ion mass spectrometry 

(SIMS) was used to analyse the surface of reacted ore concentrate to identify adsorbed 

Fe(III) species. 

Chapter 6 Influence of humic acid on metal mobilisation 

This chapter describes the effects of humic acid concentration on metal mobilisation from 

ore concentrate at pH 4 and 7. Additional experiments were performed with various oxygen 

and light conditions to examine the effect of the photosensitising property of humic acid on 

sulfide mineral oxidation. Iliev and co-workers (Iliev and Ileva, 1995; Iliev et al., 1997; They 

et al., 1999; They et al., 2000) have extensively studied the photo-oxidation of soluble sulfur 

containing compounds by singlet oxygen photosensitised by phthalocyanine complexes. The 

plethora of organic material in nature, particularly the abundance of humic material, known 

to b e a natural p hotosensitiser raises the q uestion: Can short lived h ighly reactive s inglet 

oxygen also facilitate the oxidation of sulfide in minerals and thereby enhance the 

mobilisation of potentially toxic metal constituents? Deuteriurn oxide, histidine and 

iodometric measurements were used to detect singlet oxygen. The aqueous behaviour of 

humic acid was monitored with ultraviolet-visible spectrophotometry, while SIMS was used 

to investigate the adsorption of humic acid onto the ore concentrate. 

Chapter 7 Conclusion 

This chapter will summarise the major findings detailed in the experimental chapters and 

recommend future directions for this study. 
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Chapter 2 Effect of Surface Area on Metal Mobilisation 

2.1 Introduction 

Minerals react with their environments via surfaces (Eggleston and Hochella, 1990). 

Understanding mineral reactivity, in a variety of geochemical contexts, therefore requires an 

understanding of reactions occurring at mineral surfaces (Eggleston and Hochella, 1990). 

Chemical weathering of minerals may involve several successive elementary steps (Stumm, 

1992; Stumm and Morgan, 1996): 

Mass transport of dissolved reactants from bulk solution to the mineral surface. 

Adsorption of solutes. 

Interlattice transfer of reacting species. 

Chemical reactions. 

Detachment of reactants from the surface. 

Mass transport into the bulk of the solution. 

The dissolution rates of most minerals under natural conditions are too slow to depend on 

mass transfer of the reactants or products in the aqueous phase (Stumm, 1992; Stumm and 

Morgan, 1996). Hence weathering reactions of significance are concerned with mechanisms 

that involve mass transfer of reactants and products in the solid phase or those controlled by 

a surface process and the related detachment process of reactants (Stumm, 1992; Stumm and 

Morgan, 1996). 

Two main mechanisms have been proposed to describe the dissolution of minerals (Furrer 

and Stumm, 1986; Wehrli et al., 1990; Stumm, 1992; Brezonik, 1994 and references therein; 

Stumm and Morgan, 1996): diffusion controlled and surface controlled mechanisms. 

2.1.1 Diffusion Controlled Dissolution 

Diffusion controlled mechanisms apply when the rate determining step is a transport step 

(e.g., transport of a reactant or a weathering product through a layer of the surface of the 

mineral). The parabolic rate law is used to describe a diffusion controlled reaction (Stumm, 

1992; Brezonik, 1994 and references therein; Stumm and Morgan, 1996): 
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dC 
r = = kf"2  (M s) 

dt 2.1 

The k1, term denotes the reaction rate constant (M sd ). Integration of equation 2.1 with 

respect to time shows the concentration (C) of dissolved species increases with the square 

root of time: 

C=C0 +2k t U2 2.2 

2.1.2 Surface Controlled Dissolution 

Dissolution processes are surface controlled if reactions at the surface are relatively slower 

than diffusion or other reaction steps. Equal concentrations of solutes adjacent to the surface 

and in the bulk solution is a characteristic of surface controlled dissolution (Stumm, 1992; 

Stumrn and Morgan, 1996). The kinetics of surface controlled dissolution follow a zero-

order rate law if the steady-state conditions at the surface prevail (Stumrn, 1992; Stumrn and 

Morgan, 1996): 

dC 
r kA(Ms') 

dt 2.3 

The dissolution rate r (M s1) is proportional to the surface area A (in )) of the mineral and k 

is the reaction rate constant (M rn 2  s1). Integration of equation 2.3 reveals that the 

concentration increases with time: 

C = Co  + kt 2.4 

The rate law for surface controlled dissolution is based on the concept that the attachment of 

reactants to surface sites is fast (equation 2.5) and the subsequent detachment of surface 

mineral constituents is slow and consequently rate limiting (equation 2.6) (Stumm, 1992; 

Stumm and Morgan, 1996). According to equation 2.5, dissolution of sulfide minerals, for 

example, is initiated by surface coordination with H, 01-F and ligands that polarise, weaken 

and tend to break metal-sulfide bonds in the lattice of the surface. Reaction 2.6 is rate 

determining and under steady state conditions the rate law describing the dissolution reaction 

will show a dependence on the concentration of the particular surface species (equation 2.7) 

(Stumm, 1992). The dissolution rates of minerals are commonly believed to be controlled by 
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the chemical species present at the surface (Figure 2.1) (Stumm, 1992; Brady and House, 

1996). Surface controlled mechanisms are common in mineral dissolution studies and have 

been identified for the dissolution of metal oxides and silicates (Furrer and Stumm, 1986 and 

references therein; Brezonik, 1994 and references therein; Wehrli et al., 1990 and references 

therein; Stumm, 1992 and references therein; Stumm and Morgan, 1996 and references 

therein; Brady and House, 1996). Oxidation studies of pyrite also indicate that sulfide 

mineral oxidation is a surface controlled mechanism (Moses et al., 1987) (refer to sections 

1.3.1 and 1.3.2). Hsieh and Huang (1991) have also shown that the oxidative dissolution of 

CdS at pH 4 is a surface controlled process. Moreover, the effect of ligand promoted 

dissolution on the rnobilisation of Cd from CdS is controlled by surface complexation (Davis 

et al., 1995). 

surface sites + reactants (I-f, 01-F, or ligands) 
fast 

surface species 2.5 

surface species 
slow 

2.6 
detachment of M 

Dissolution rate oc (surface species) 

Metal Oxygen 

Flf  

A 

B 

p 

p p 

p 
Solution 

R—CH 

p R-CH 3  

2.7 

Figure 2.1 Schematic of metal oxide surfaces and potentially rate-determining 
adsorbents. A, Protonated surface site; B, Deprotonated surface site; C, 
Adsorbed oxalate; D, Dissolution inhibition by adsorbed phosphate; E, 
Adsorbed magnesium; F, Adsorbed hydrophobic organic (e.g., humics, 
hydrophobic moieties of fatty acids, etc.) (Brady and House, 1996). 
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Surface controlled mineral dissolution that are far from equilibrium are generally described 

by equation 2.8; where R is the dissolution rate, k is the rate constant, [>M-L] is generally an 

adsorbed species such as proton, electronegative oxygen site, or ligand and n is the reaction 

rate order (Brady and House, 1996). 

R=k[>M-L]' 2.8 

The dissolution of mineral constituents is known to be favoured at active sites where 

reactions have lower activation energy (Stumm, 1992; Stumm and Morgan, 1996). 

Dissolution-active centres refers to surface metal centres that are localised on exposed 

surface positions (Wehrli et al., 1990). "Different sites have different structures because they 

occur on different crystallographic faces, because they are at step, kink or other defect sites 

on an otherwise flat surface and because several types of sites may exist on an ordered 

surface plane" (Eggleston et al., 1996) (Figure 2.2). Different surface defects will establish 

surface sites of different activation energy and thus different reactivity (Stumm, 1992; 

Eggleston et al., 1996). Reactions occurring at different active sites are parallel reaction steps 

occurring at different rates and the overall reaction rate is the sum of the reaction rates at 

these various sites (Lasaga, 1981a; Lasaga, 1981b; Stumm, 1992; Stumm and Morgan, 

1996). In parallel reactions, the fast reaction is rate determining (Stumm, 1992; Stumm and 

Morgan, 1996). 

Figure 2.2 Different surface sites: (1) adatom, (2) ledge, (3) kink, (4) step and (5) face 
(Stumm, 1992). 
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Conflicting experimental results of weathering studies of oxide (see Wehrli et al., 1990) and 

sulfide minerals (see section 1.3.1) may be attributed to active sites. Eggleston et al. (1996) 

acknowledged "A source of much controversy in studies of mineral-water reactions is the 

fact that surface structure and the ratio of 'more active' to 'less active' sites are usually 

unknown, are sensitive to sample preparation, and are not uniform from laboratory to 

laboratory". Knowledge of controls on the reactivity of particular sites on sulfide minerals 

would improve the ability to predict and model their oxidation rates (Eggleston et al., 1996). 

Active sites are usually expressed as the mole fraction of total active (active plus less active) 

sites (Wehrli et al., 1990). The ratio of active sites to total sites is assumed to remain 

constant during dissolution for a steady state situation, that is the active sites are 

continuously regenerated (Stumm, 1992; Sturnm and Morgan, 1996). It would therefore be 

more appropriate for rate laws to be expressed as a function of active sites. The uncertainty 

of the types and amounts of various active sites makes surface area more convenient. Rates 

are generally assumed to be proportional to the amount of mineral exposed to solution 

(Brady and House, 1996). Researchers such as Rimstidt (1994) have used surface area to 

express reaction kinetics for the oxidation of sulfide minerals by dilute acidic ferric solutions 

as shown in equation 2.9; where rIC(IlI) is the rate of reduction of Fe(III) to Fe(II), k is the rate 

constant, A is the mineral surface area (m), rnF(IJl)  is the concentration of Fe(III) (mol kg 1 ) 

and n is the reaction order. 

rl;C(IiI) = k(A)(nFC(lIf)) 2.9 

In addition to the atomic structure and morphology of the surface, its composition also 

influences mineral surface reactions (Eggleston and Hochella, 1990). A number of studies 

(Kim et al., 1994; Kim et al., 1995) have reported that impurities can greatly enhance sulfide 

mineral oxidation. In such cases oxidation at impurity sites is thermodynamically favoured, 

which in turn activates other sites for subsequent oxidation (see sections 1.3.1 and 1.3.2). 

The objective of this chapter is to ascertain the effect of surface area of a mixed metal sulfide 

ore concentrate (OC) on the mobilisation of metal constituents. An appropriate amount of 

concentrate will then be chosen for remaining experiments. The release of Zn from the OC 

willbe compared to Zn mobilisation from a pure synthetic ZnS, to identify the effect of 

exchange reactions and impurities. 
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2.2 Experimental 

All chemicals used were of analytical grade, unless stated otherwise. Ultra-pure water with 

conductivity less than 0.3 LS cm was employed for all analytical work concerned with 

dissolution experiments and the preparation of standard solutions. Prior to use, a Eutech 

Cybernetics electrode (model V21 LL9-006) attached to a Cyberscan 200c0  (con, TDS, °C) 

meter was used to ensure that the conductivity of the ultra-pure water was less than 0.3 IS 

cm1. Ultra-pure water was prepared by passing reverse osmosis (RO) water through a 

Permutit Australia Hi Pure system containing a stage of activated carbon followed by three 

stages of ion exchange. 

Prior to use, all glassware was soaked in 1% decon solution (prepared with RO water) for 24 

hours and subsequently in 10% HNO3  (BDH, prepared with ultra-pure water) for at least 48 

hours. All glassware was thoroughly rinsed with ultra-pure water, prior to and, after the acid 

soak. The cleaned glassware now denoted as acid washed was then placed in a loosely 

covered tray and dried in an oven. All dried acid washed glassware was stored inverted in a 

cupboard. Polypropylene vials (Sarstedt) and other plastic commodities were also cleaned 

using the method stated above. Once cleaned they were stored in zip-locked polyethylene 

bags until required. 

All dissolution experiments were conducted in 2 L borosilicate beakers. At the end of each 

experiment the beakers were emptied and gently scoured to remove any concentrate particles 

adsorbed onto their inside walls. The beakers were then thoroughly rinsed with RO water 

and then soaked in 5% HNO3  acid until the following experiment. Immediately prior to the 

commencement of the next experiment, the beakers were thoroughly rinsed with ultra-pure 

water. 

2.2.1 Dissolution Apparatus 

All dissolution experiments were performed in 2 L b orosilicate beakers, containing 1.8 L 

0.001 M KNO3  (Ajax chemicals) as electrolyte. The reaction vessels were immersed into 

PVC water baths that were regulated at temperatures ± 0.1°C within the desired experimental 

value. Experiments were performed at 25°C unless otherwise stated. A central Grant Y14 

water bath was fitted with a temperature control unit (Grant), a refrigeration unit (Grant) and 

a water pump (Sicce Idra) that provided continuous temperature controlled water circulation 

to the flanking PVC water baths (Plate 2.1). Two beakers were added to each PVC water 
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bath so that experiments could be duplicated simultaneously (Plate 2.2). Magnetic stirrers 

were placed under the PVC water baths and one 2.5 cm teflon coated magnetic stirrer bar 

was added to each reaction vessel. All dissolution experiments were stirred continuously. A 

400 W Powerarc metal halide lamp (Philips) could be suspended above each PVC water bath 

to allow photo-oxidation of metal sulfides to be investigated. Opaque plastic sheets could be 

used to cover the PVC water baths in order to eliminate the influence of light when desired. 

This experimental design allowed light and dark reactions to be investigated simultaneously. 

A watch glass was placed on all beakers to minimise contamination and evaporation, in the 

case of light and high temperature investigations, the spout was not sealed and allowed air 

exchange. The experimental set-up employed for dissolution experiments is shown in Plate 

2.3 and the different components are defined in the schematic presented in Figure 2.3. 

A variation of the dissolution apparatus described above was employed for anoxic studies 

(Plate 2.4). Clear tape was used to seal the watch glass onto the beakers (Plate 2.5). A plastic 

tube was introduced into each reaction solution, and left there for the duration of the 

experiment, for sample collection (Plate 2.5). 

Plate 2.1 Grant Y14 (central) water bath provides continuous water circulation to 
flanking PVC water baths. Note the temperature control unit situated on 
top of the central water bath. 
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Plate 2.2 Concentrate dissolution experiment showing 2 L beakers each containing 
ore concentrate (settled on bottom) and a magnetic stirrer bar. Note the 
temperature controlled water circulation inlet (left) and outlet (right) of the 
PVC water bath. 

Plate 2.3 Dissolution apparatus showing central water bath (covered with foam lid 
during experiments) flanked by PVC water baths on magnetic stirrers. 
Note the Powerarc lamp and refrigeration unit to the right. 
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Opaque plastic cover 
for dark reactions 

2 L beaker containing — 
KNO3  + OC + stirrer bar 

Bench —* 

Isolation 

.IIII::::7  

>1 GrantY14water 
- - bath with - 

temperature 
+ control and pump 

- 

Refri 
(for temperatures

geration unit 

less than 3 0°C) 

PVC water bath 
Magnetic stirrer plates containing reaction 

vessels 

Key 
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- Magnetic stirrer bar 
Figure 2.3 Schematic of dissolution apparatus. 
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Plate 2.4 Dissolution apparatus employed for anoxic studies. Central water bath was 
covered during experiment. Note the N2  cylinder and gas inlet hoses. 

LI 

Plate 2.5 Anoxic dissolution performed in 2 L beakers; each was sealed with a watch 
glass and clear tape. A N2  gas inlet tube and a smaller sampling tube were 
immersed in each beaker. Note the temperature control unit on the central 
Grant Y14 water bath and the immersed pump (Sicce Idra) used to 
circulate the temperature controlled water to flanking PVC water baths. 
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Prior to the addition of OC, the 2 L beakers containing 0.00 1 M KNO3  were immersed in the 

PVC water baths for at least 2 hours to allow the KNO3  to reach thermal equilibrium. During 

this time other experimental conditions, such as light, pH and anoxic conditions, were 

established. 

2.2.2 Adjustment of Solution p11 

Dissolution experiments were c onducted at specific pH values. Dilute solutions of HNO3  

(BDH) and KOH (BDH) were used to adjust and maintain the pH of reaction solutions 

within ± 0.5 units of the desired value throughout the experiment. The pH of the reaction 

solution was measured before, during and after sample collection. To monitor pH, a Pasteur 

pipette (acid washed) was used to withdraw 1.5 mL of reaction solution that was then placed 

into a s mall polypropylene vial for pH measurement. Solution pH was measured using a 

combination platinum redox/pH electrode (Activon), with a built in silver/silver chloride 

sealed reference, attached to a Cyberscan pH 300 series multipurpose (pH, mV, °C) meter. 

The pH meter was calibrated with standard buffer solutions (BDH) prior to use. 

2.2.3 Oxic and Anoxic Dissolution Experiments 

Oxic experiments were performed in air-equilibrated solutions. Nitrogen gas was used to 

purge dissolved oxygen for a noxic experiments. Two hours before the c ommencement o f 

experiments, nitrogen gas (Air Liquide, high purity) was bubbled at a rate of 2 L/minute 

into the 1.8 L 0.001 M KNO3  solutions to purge dissolved oxygen. This was continued for 

the entire duration of the experiment. A YSI DO probe (model 5739) connected to a T.P.S. 

(model WP-82 DO and temperature) meter was used to monitor the DO levels throughout 

the experiment, which was between 0-1% at all times. The DO meter was calibrated using 

the manufacturer supplied Na2SO3  before use. 

2.2.4 Mixed Metal Sulfide Ore Concentrate 

The mixed metal sulfide ore concentrate (OC) used in this study was obtained from the 

McArthur River Mine (MRM), Australia, (Bing Bong stockpile) on October 1995. The major 

metal constituents of the OC include 43% Zn, 12% Pb and 7% Fe, with minor amounts of Cu 

(0.6%) and Cd (0.1%) (MRM personal communication). The major mineralogical phases 

include sphalerite, galena, pyrite and chalcopyrite (MRM personal communication). 
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Cadmium and some Fe were substituted into the sphalerite matrix (MRM personal 

communication). The remaining Fe was present as pyrite and chalcopyrite (MRM personal 

communication). Lead, Zn, Fe and Cu containing mineral crystals were present in the same 

concentrate particles (MRM personal communication). The OC was naturally extremely fine 

grained with 75% of particles less than 10 m (McArthur River Mining Pty. Ltd., 1992) and 

thus no grinding or sieving was required. The concentrate had a specific surface area (SA) of 

2.1521 ± 0.0541 m2  g', which was determined by the Brunauer, Emmett and Teller (BET) 

method using a Micromeritics 2400 instrument at ANSTO, Sydney, Australia. The OC was 

stored in several sealed polyethylene bags in darkness. 

The d issolution experiments o ft his study were concerned with the m obilisation of h eavy 

metals from relatively unoxidised OC. Thus it was necessary to remove the outer oxidised 

layer of the OC, prior to performing experiments, which was achieved by treating it with 

dilute HC1. A 47 mm Supor 0.45 Vim membrane filter was loaded into a vacuum polysulfone 

filtration unit (Nalgene). A known quantity of OC was placed on the filter and 50 niL 1M 

HC1 (BDH) was allowed to slowly pass through the particles, 100 rnL of ultra-pure water 

was used to rinse the concentrate. At no time was air allowed to be pulled through the 

concentrate. The OC was then allowed to dry in a 30°C oven for exactly 30 minutes in air, 

immediately following this drying period a known mass of OC was weighed out and 

subsequently added to the beakers. The treated OC is denoted as acid washed. The 

fundamentals of the procedure described above was shown by Batterham (1999) to 

successfully remove the oxidised layer of the mixed metal sulfide ore concentrate. 

2.2.5 Effect of Surface Area on Metal Mobilisation 

To ascertain the effect of surface area on metal mobilisation three masses of acid washed OC 

(moc ) was used: 0.2700, 0.5400 and 1.0800 grams. Dissolution experiments were performed 

at pH 2 ± 0.1 under darkness in both oxic and anoxic solutions. Analogous experiments were 

performed with synthetic ZnS powder (Aldrich, 99.99%, <10 m), which had a BET surface 

area (SA) of 34.2384 ± 0.3195 m2  g 1  (determined at ANSTO using a Micromeritics 2400 

instrument). Three masses of ZnS (mzs ) were used: 0.1730, 0.3461 and 0.6921 grams. The 

amounts of ZnS used corresponded to the total quantity of Zn present in parallel experiments 

using concentrate: 0.1161, 0.2322 and 0.4644 grams. Synthetic ZnS was also acid washed 

prior to use. All experimental conditions are listed in Figure captions. 
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2.2.6 Sample Collection for Dissolution Experiments 

All experiments were performed over 96 hours, unless otherwise stated, with sampling times 

of 0, 0.5, 2, 6, 24, 48 and 96 hours selected to follow the course of dissolution reactions. 

Samples were collected using a 25 mL polypropylene sterile syringe (Terumo®).  Prior to 

each sample collection the syringe was rinsed once with ultra-pure water, followed by 3 x 15 

mL 5% HNO3  (BDH) and 3 x 25 mL ultra-pure water. At each designated sampling time, 

11.5 mL of sample was withdrawn from each reaction vessel; 10 mL of which was 

immediately filtered by passing it through a 25 mm acrodisc filter containing a 0.45 .im 

Supor membrane (Pall Gelman). This membrane was shown by Batterham (1999) to 

effectively retain ore concentrate particles. The acrodisc filters were flushed with ultra-pure 

water before use. Filtrates were collected in acid washed 10 mL polypropylene vials 

(Sarstedt). Following collection, metal samples were acidified to 1% acid by addition of 110 

iL of concentrated HNO3  (BDH). Acidified samples were then refrigerated until metal 

analysis. The remaining 1.5 mL sample was used to determine the pH at the time of 

sampling. Two sets of syringe and acrodisc filters were used for sample collection, one set 

for each duplicate. A new acrodisc filter was used for each sample. However syringes were 

reused, after each sample they were rinsed with ultra-pure water and acid rinsed, as 

described above, in preparation for the next sample or soaked in a beaker containing 5% 

HNO3  for a minimum of 48 hours, at the end of the experiment. 

2.2.7 Preparation of Stock Solutions and Metal Analysis 

Mixed metal stock solutions were prepared by diluting metal nitrate standard 1000 ppm 

solutions (BDH) for Zn, Pb, Fe, Cu and Cd. Standard solutions, used in the quantification of 

metals, were prepared by serial dilution of the appropriate stock solution. Dilute HNO3  (1%) 

was used for all dilutions. 

For all dissolution experiments, metal samples were analysed for Zn, Pb, Fe, Cu and Cd by 

inductively coupled plasma-mass spectrometer (Perkin Elmer Sciex Elan 6000 ICP-MS), 

which was optimised prior to use. The mass numbers, detection limits and other instrumental 

parameters used in the quantification of dissolved metals are outlined in Tables 2.1 and 2.2. 

IN 



Chapter 2 Ejfect of Surface Area on Metal Mobil/sat/on 

Table 2.1 Elemental isotope masses, equations and corrections for isobaric 
interferences and detection limits for ICP-MS quantification of metals. 

Detection limit 

Element Elemental equation (ppt) M (x 1012) 

Fe 37M 21 37601 

Cu 63
m3 47.21 

Zn (ô4M)(0.0353l3*ô°M) 2 30.59 

Cd HIM0.2 1.78 

Pb (206M)+(207M)+(208M) 0.5 2.41 

Table 2.2 Instrument parameters for Elan 6000 ICP-MS determination of metals. 

ICPRFPower 1120W 

Argon plasma gas flow 17 L/min. 

Argon auxiliary gas flow 1.2 L/min. 

Argon nebuliser gas flow 0.84 L/min. 

Glass cyclone spray chamber Maintained at 9°C 

Vacuum 1.7 x 10-5  Torr 

Sample rinse 20 s at 16 rpm 

Sample uptake 20 s at 48 rpm 

20 s at 16 rpm 

Scan mode Peak hopping 

Sweeps/reading 8 

Reading time 14 s 

Reading/replicate 1 

Replicates 3 

Replicate time 14 s 

Dwell time/AMU 100 ms 

Integration time/AMU 800 ms 

Acquisition dead time 60 ns 

Analysis time/sample 42 s 

Total volume used 1.5 mL 
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2.3 Results and Discussion 

Suspension of metal sulfides is common in sulfide mineral oxidation studies (Wiersma and 

Rimstidt, 1984; Hsieh et al., 1992; Hsieh et al., 1993; Sasaki et al., 1995b; Davis et al., 

1994b). Whilst dissolution experiments, performed in 2 L beakers, were continuously stirred 

with 2.5 cm teflon coated stirrer bars, they were performed with settled OC particles (Plate 

2.2). This experimental design may also better simulate dissolution in natural systems as in 

the case of limnological changes. The vortex created by the stirring adequately stirred the 

reaction solution. This not only sufficiently aerated solutions, for oxic dissolution studies, 

but also allowed adequate flow of reaction solution over the OC particles without suspending 

them. Moreover, the transport o r diffusion kinetics of reactants and products in this well 

mixed system should not be impeded as only small amounts of OC particles were used (0.15-

0.60 g L). In addition, the experimental design should not affect surface controlled 

dissolution, as an equal concentration of solute adjacent to the surface and in the bulk 

solution is a characteristic on this process (Stumm, 1992; Stumm and Morgan, 1996). 

The study of settled OC for dissolution experiments avoided loss of mineral particles during 

sampling, which is quite important considering the low amounts of OC used. Moreover, a 

relatively constant surface area is required to promote steady state conditions. Dissolution 

experiments were designed to have a low solid to liquid ratio such that the total volume 

removed for samples was negligible. During the course of the experiment the total volume 

only decreased by 5% and therefore volume correction was not undertaken. Experimental 

design tried to conserve the ratio of mineral surface area to volume as much as possible, 

however undeniably the surface area of OC particles used in each experiment would change 

due to dissolution but this may have been offset by the reduction in the volume of the 

reaction solution. However, the surface area of reacted OC particles were not determined to 

confirm this. The ratio of mineral surface area to volume is important for the derivation of 

specific rate constants, particularly for studies using the batch reactor method (McKibben 

and Barnes, 1986 and references therein) as is the case for experiments in this study. 

Performing dissolution experiments with settled, rather than suspended, OC particles 

allowed better control of this ratio. 

Abrasion of mineral particles can also alter surface area and consequently surface chemistry. 

In this experiment there is the possibility of concentrate being ground by the stirrer bar as 

noticed by Batterharn (1999), who used 6 cm stirrer bars. However, the use of 2.5 cm stirrer 

bars circumvented these mechanical changes to OC particles. During dissolution experiments 

the stirring rate was fast enough to fling OC particles to the outer perimeter of the beaker, 
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away from the stirrer bar, where they settled and avoided grinding (Plate 2.2). The OC 

particles settled well within 30 minutes and therefore were not inadvertently removed when 

the first sample was collected. The ability of this experimental desigii to produce consistent 

data is reflected by relatively small error between duplicated experiments as seen in 

dissolution graphs below. This in turn may indicate consistency of OC surface area in 

duplicated dissolution experiments. To avoid inadvertent loss and abrasion of reacting 

minerals, some researchers clamped metal sulfides between two nylon mesh screens, which 

was then mounted in a batch reactor (McKibben and Barnes, 1986) or a mixed flow reactor 

(Rimstidt et al., 1986; Rimstidt et al., 1994). The size of mineral particles used in such a set 

up is limited by the nylon mesh size. Mineral grains greater than 100 p.m were used by 

McKibben and Barnes (1986) as well as Rimstidt and Dove (1986). Whilst smaller mesh size 

can be used to study smaller particles, this may reduce flow rates over the sample (Rimstidt 

and Dove, 1986). The very small size of OC particles used in this study would therefore 

complicate such a system. 

The rates of chemical reactions are usually studied using three types of reactors: batch, 

mixed flow and plug flow (Rimstidt and Dove, 1986 and references therein; Brezonik, 

1994). Geochemists often use batch reactors, to study equilibrium and rate experiments, 

because of their simplicity. However, Rimstidt and Dove (1986) have acknowledged 

inherent problems in studying mineral/solution reaction kinetics in batch reactors that make 

measurements difficult to interpret; many of these can be avoided by using mixed flow 

reactors. In the case of batch reactors, reaction rates are not directly measured. Instead 

concentration versus time data is fitted to an integrated form of the rate law. If the fit appears 

good, the rate law is accepted and the reaction mechanism is interpreted from the form of the 

differential rate law (Rimstidt and Dove, 1986). This procedure is problematic as too few 

experimental data may inadvertently lead to choosing the wrong rate law, alternatively data 

may fit more than one model (Rimstidt and Dove, 1986). Batch reactors were used in this 

study, thus caution must be taken when deciding which rate law to use to fit the data. Batch 

reactors also suffer from the effects of transient dissolution of high energy sites and the build 

up of components in solution (Rimstidt and Dove, 1986; Brady and House, 1996). Despite 

the inherent problems of batch reactors, they are still used to study sulfide mineral oxidation. 

However, precautions pertaining to experimental design and sample treatment must be taken 

to minimise these problems. 

The initial rates measured in batch reactor experiments are usually too large and do not 

represent the bulk solid, but rather are attributed to highly reactive surfaces due to adhering 

small grains, sharp edges and stressed areas (McKibben and Barnes, 1986; Rimstidt and 
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Dove, 1986; Brady and House, 1996). These data are usually discarded as they are too 

complicated to interpret. Following this rapid dissolution, the process evolves to a steady 

state that reflects the slower rate of dissolution of the bulk solid. To ensure that a steady state 

was reached, the duration of each dissolution experiment in this study was 96 hours. 

Cleaning and pre-leaching mineral grains to expose bulk, undamaged mineral surfaces can 

avoid the induction period of a nomalously high dissolution rates (McKibben and Barnes, 

1986 and references therein; Brady and House, 1996 and references therein). A number of 

studies (McKibben and Barnes, 1986; Sasaki et al., 1994; Prestidge et al., 1995; Sasaki et al., 

1995b) ultrasonically cleaned sulfide minerals to remove ultra-fine particles. McKibben and 

Barnes (1986) as well as Sasaki and co-workers (1994; 1995b) further treated ultrasonically 

cleaned minerals with I M HNO3  to dissolve any remaining powder, sharp edges or damaged 

surfaces. Whilst the OC in this study was not ultrasonically cleaned it was treated with 1 M 

HCl; during this treatment the majority of ultra-fine particles were separated from the bulk 

solid. Hydrochloric acid rather than HNO3  was chosen because it is not an oxidising acid and 

hence would dissolve highly reactive surfaces without simultaneously oxidising the mineral 

surface. 

The closed system of batch reactors make reaction solutions susceptible to saturation 

(Rimstidt and Dove, 1986; Brady and House, 1996). The study of the effect of OC surface 

area on the rnobilisation ofmetal constituents was performed in acidic conditions, which 

should preclude precipitation of dissolved reaction products. The accumulation of mineral 

components in solution can lead to the formation of secondary phases, consequently the 

dissolving mineral may approach equilibrium with the solution (Brady and House, 1996). 

The onset of equilibrium will make dissolution rates slower relative to dilute solutions, 

owing to a ppreciable b ack reaction and the change in the affinity to dissolve (Brady and 

House, 1996). To avoid the adverse affect ofsaturation on dissolution rates, experiments 

were performed with small amounts of OC (0.15-0.60 g L1). Moreover, reaction times can 

also be adjusted. 

2.3.1 Surface Analysis of Acid Washed Ore Concentrate 

A sample of the acid washed concentrate was sent to the Ian Wark Research Institute at the 

University of South Australia and analysed using X-ray photoelectron spectroscopy (XPS). 

The results are shown in Figure 2.4. The Zn 2p, Pb 4f and Cu 2p spectra (Figures 2.4a, b and 

d) are indicative of relatively unoxidised sphalerite (Brion, 1980; Buckley et al., 1988; 

Brienne et al., 1994; Kartio et al., 1998a), galena (Fornasiero et al., 1994b; Kim et al., 1994; 
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Nowak et al., 2000) and chalcopyrite (Brion, 1980; Buckley et al., 1988; Mielczarski et al., 

1996), respectively. Little if any peak shoulders to high binding energy for peaks in Zn 2p, 

Pb 4f and Cu 2p spectra (Figures 2.4a, b and d) indicates relatively little oxidation to 

sphalerite, galena and chalcopyrite, respectively. Zinc, lead and copper oxide and hydroxide 

oxidation products are known to have similar binding energies as ZnS, PbS and CuFeS2, 

respectively in Zn 2p, Pb 4f and Cu 2p spectra (Brion, 1980; Fornasiero et al., 1994b; 

Skinner et al., 1996; Buckley et al., 1988). Hence the relatively larger signals for the sulfide 

minerals may obscure the observation of minute amounts of these oxidation products. A 

slight shoulder on the high binding energy side of the Zn 2p peak (Figure 2.4a) and the larger 

of the two Pb 4f peaks (Figure 2.4b) may indicate the presence of Zn and Pb sulfoxy species 

(Brion, 1980; Fornasiero et al., 1994b). 

The Fe 2p spectrum is noisier than the other metals (Figure 2.4c). However, two peaks at 

707 and —708 eV are indicative of Fe in FeS2  and CuFeS2, respectively (Brion, 1980; 

Mycroft et al., 1990; Karthe et al., 1993; Eggleston et al., 1996; Bonnissel-Gissinger et al., 

1998). The broad peak adjacent to Fe signals for FeS7 and CuFeS2  (Figure 2 .4c) may be 

attributed to iron oxides, hydroxides and sulfates, which have Fe 2p signals between 709 and 

714 eV (Brion, 1980; Karthe et al., 1993; Eggleston et al., 1996; Bonnissel-Gissinger et al., 

1998). It is obvious that Fe-bearing sulfides are more oxidised than ZnS and PbS. Laajalehto 

et al. (1997) showed that FeS2  oxidation in air is much more rapid than that for PbS. The 

order of sulfide mineral oxidation has been reported to be FeS2  > CuFeS2  > PbS > ZnS 

(Brion, 1980). The Cd 3d spectrum could not be interpreted due to a lack of literature. 

The inability to clearly detect lead sulfoxy species in the Pb 4f spectrum may indicate that 

galena undergoes limited oxidation during sample preparation. Moreover, these oxidation 

products may be below the detection limit of conventional XPS. S ulfoxy species may be 

identified in the S 2p spectrum, which has lower sensitivity than Pb 4f (Fomasiero et al., 

1994b). Oxidation products of galena and sphalerite may be more easily observed with 

synchrotron radiation XPS, which has greater surface sensitivity than conventional XPS 

(Laajalehto et al., 1997). 
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Sulfide present in ZnS, PbS, FeS2  and CuFeS2  have binding energies ranging from 160.1 to 

163.1 eV (Brion, 1980; Buckley et al., 1988; Karthe et al., 1993; Laajalehto et al., 1997; Kim 

et al., 1994; Kartio et al., 1998a; Gerson and Bredow, 2000; Klauber et al., 2001). The 

predominant peak in the S 2p spectrum is attributed to the composite of sulfide minerals in 

OC (Figure 2.40. However, the tailing of the peak beyond 166 eV may indicate the presence 

of metal-deficient sulfide and polysulfide (163-165 eV), elemental sulfur (163.7-164.2 eV) 

and sulfite (-166 eV) (Fornasiero et al., 1994b; Laajalehto et al., 1997; Bonnissel-Gissinger 

et al., 1998). Other su1foxy species occur between 167 and 169 eV (Laajalehto et al., 1997); 

these would explain the smaller broad peak centred at 169 eV in the S 2p spectrum. 

The major peak in the 0 is spectrum (Figure 2.4g) is not very discriminative of oxidation 

products containing oxygen. Oxides, hydroxides, carbonates and sulfoxy species have 

binding energies that would be enveloped by the large, broad peak c entred at --532.5 e V 

(Fornasiero et al., 1994b; Bonnissel-Gissinger et al., 1998). Adsorbed water(532.l-533.9 

eV) may also contribute to the major 0 is peak (Fornasiero et al., 1994b). Silica is a known 

Impurity of OC (MRM personal communication), its oxygen is believed to be mostly 

responsible for the 0 is peak centred at --532.5 eV (Figure 2.4g). The intensity of this signal 

supports this proposition. Moreover, the presence of silica is substantiated by the Si 2p 

spectrum (Figure 2.41). The other 0 Is peak at --524 eV could not be assigned. 

The large peak centred at --285 eV in the C Is spectrum has been attributed to hydrocarbon 

type carbon (Figure 2.4h) (Fornasiero et al., 1994b; Nowak et al., 2000). This may be 

attributed to decomposition products of xanthate, which was used during mineral processing. 

Carbon contamination during sample preparation in the laboratory would be limited, as 

acetone and ethanol was not used to clean OC as in some studies (McKibben and Barnes, 

1986; Moses et al., 1987; Moses and Herman, 1991). Further, detergent was not employed to 

clean equipment used for acid washing OC. The smaller peak in the vicinity of 288 eV is 

indicative of carbonate or hydroxycarbonate (Figure 2.4h) (Fornasiero et al., 1994b; Kim et 

al., 1994; Nowak et al., 2000). The peak centred at -294 eV could not be defined. 

The above XPS results indicate relatively little oxidation products on the surface of OC 

following the acid washing process. This verifies the effectiveness of the cleaning process 

employed to remove any existing oxidation layer on OC. 
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2.3.2 The Effect of OC Surface Area on Mobilisation of Metals 

Surface morphology and their reactions have been identified by surface analytical techniques 

to be integral to sulfide mineral oxidation (sections 1.3.1 and 1.3.2). Hence the availability of 

metal sulfide surface would be an important parameter in oxidation and subsequent 

mobilisation of metal constituents. The effects of surface area on the release of Zn, Pb, Fe, 

Cu and Cd from OC into oxic and anoxic solutions at pH 2 are shown in parts (a) and (b) of 

Figures 2.5 to 2.9. The influence of OC surface area (SA0 ) on metal mobilisation in oxic 

and anoxic solutions is also assessed by normalising the concentration of dissolved metals to 

per squared metre of OC exposed, as illustrated in parts (c) and (d) of Figures 2.5 to 2.9. It 

must be mentioned that normalised data are based on the total surface area of the OC rather 

than the mineralogical phases of the respective metals concerned. Nonetheless, the general 

trends of metal mobilisation should be maintained. The surface area of each mineral phase 

may be calculated based on the percent composition of the metals in OC and its surface area 

(i.e. SA 11  = 43% of SA0 ). However, this may not be possible for Fe, which not only exists 

in pyrite and chalcopyrite, but is also substituted in sphalerite. Cadmium does not exist as a 

discrete mineral, but is also substituted into the sphalerite matrix. Because of the complexity 

in determining individual mineral surface areas, and in the case of Cd not appropriate, the 

OC surface area was used to normalise data. Figure 2.10 shows the influence of surface area 

on the release of Zn from synthetic ZnS. 

The mobilisation of all metals in solutions at pH 2, with the exception of Cu in anoxic 

solution, is proportional to the amount of OC exposed to solution (Figures 2.5a and b - 2.9a 

and b). Irrespective of the surface area of OC investigated, the kinetics for the mobilisation 

of Zn and Cd in acidic, oxic solutions appears to be governed by a zero-order rate law 

according to Figures 2.5a and 2.9a. The linearity of Zn and Cd dissolution in oxic solutions 

at pH 2 supports a surface controlled mechanism and suggests the existence of steady state 

conditions at the surface. This indicates that, during the course of the experiment, the OC 

surface area was relatively constant and a constant distribution of the various active surface 

sites were maintained. The overall mobilisation of Fe and Cu in acidic, oxic solutions 

(Figures 2.7a and 2.8a) also appears to be governed by surface controlled dissolution under 

steady state conditions. However, an initial non-linear release of these two metals was also 

observed. The length of non-linear dissolution is more pronounced for Cu, especially for the 

low and intermediate surface areas studied, which may be attributed to lattice exchange 

reactions as discussed below. It must be noted that mobilisation rather than dissolution is the 

term often used to describe the release of metals from the mixed metal sulfide ore 

concentrate, which may be due to interfacial reactions as well as dissolution processes. 
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Figure 2.5 Normalised Zn mobilisation from OC of varying surface area (0.58, 1.16 
and 2.32 m) in (c) oxic and (d) anoxic solutions (0.001 M KNO3, 25°C, pH 
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Figure 2.6 Normalised Pb mobilisation from OC of varying surface area (0.58, 1.16 
and 2.32 m2) in (c) oxic and (ci) anoxic solutions (0.001 M KNO3, 25°C, pH 
2, mo(-: 0.27, 0.54 & 1.08 g, BET SAoc: 2.15 m2 g'). 
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Figure 2.6 A comparison of experimental data with simulated (Sim.) Pb mobilisation 
from OC of varying surface area (0.58, 1.16 and 2.32 m2) in (e) oxic and (1) 
anoxic solutions (0.001 M KNO3, 25°C, pH 2, m0( : 0.27, 0.54 & 1.08 g, BET 
SAoc: 2.15 m2 g 1 ).  
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Figure 2.7 Effect of OC surface area (0.58, 1.16 and 2.32 m) on Fe mobilisation in (a) 
oxic and (b) anoxic solutions (0.001 M KNO3, 25°C, pH 2, moc: 0.27, 0.54 & 
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Figure 2.7 Normalised Fe mobilisation from OC of varying surface area (0.58, 1.16 
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Figure 2.8 Effect of OC surface area (0.58, 1.16 and 2.32 m) on Cu mobilisation in (a) 
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Figure 2.8 Normalised Cu mobilisation from OC of varying surface area (0.58, 1.16 
and 2.32 in2) in (c) oxic and (d) anoxic solutions (0.001 M KNO3, 25°C, pH 
2, moc: 0.27, 0.54 & 1.08 g, BET SAOC: 2.15 m2 g'). 
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Figure 2.9 Effect of OC surface area (0.58, 1.16 and 2.32 m2) on Cd mobilisation in (a) 
oxic and (b) anoxic solutions (0.001 M KNO3, 25°C, pH 2, mOC : 0.27, 0.54 & 
1.08 g, BET SAo( : 2.15 m2 g'). 
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Figure 2.9 Norinalised Cd mobilisation from OC of varying surface area (0.58, 1.16 
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Figure 2.10 Normalised Zn mobilisation from ZnS of varying surface area (5.92, 11.85 
and 23.70 m) in (c) oxic and (d) anoxic solutions (0.001 M KNO3, 25°C, pH 
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It is known that the initial non-linearity of otherwise linear dissolution curves may be 

attributed to high energy surface sites produced by particle grinding and/or incomplete 

removal of ultra-fine particles (McKibben and Barnes, 1986; Rimstidt and Dove, 1986; 

Brady and House, 1996 and references therein). The OC particles used in this study were 

naturally very fine. Although the ore was crushed to extract sulfide minerals no grinding was 

performed at the mine or in the laboratory. Pyrite oxidation studies have observed the 

presence of FeS-like defects (Eggleston et al., 1996; Karthe et al., 1993 and references 

therein). These monosulfides may be natural impurities in pyrite but Karthe et al. (1993) 

have shown that these defects can also be created when the pyrite surface is mechanically 

destroyed. Karthe et al. (1993) observed greater extent of oxidation on particle compared to 

fractured samples of pyrite. This was attributed to the greater number of FeS-like defects on 

powdered samples. Considering that the major mineralogical phases in OC containing Fe and 

Cu are FeS2  and CuFeS2, respectively, it is possible that natural FeS-like impurity defects 

may have been partly responsible for the initial non-linear release of Fe and Cu. 

It is also known that early dissolution of high energy sites may be avoided by simply storing 

the ground mineral for long periods of time before measuring rates, but exposure to 

atmosphere may also change surface chemistry (Brady and House, 1996). At the time of 

dissolution experiments, the OC particles were 3 years old. The FeS-like defects created at 

the surface by mechanical destruction of surface FeS2  and CuFeS2  would have been oxidised. 

Whilst the OC was treated with 1M HCl (see section 2.2.4) to dissolve highly reactive 

surfaces, ultra-fine OC particles were not removed ultrasonically. However, during the acid 

treatment, most of these fine particles were separated from the bulk. The initial non-linear 

release of Fe and Cu may be attributed to the remnants of natural FeS-like impurities and/or 

of ultra-fine particles. Iron monosulfide should have Fe 2p and S 2p XPS signals at 707.5 eV 

(Eggleston et al., 1996) and 161.1 eV (Bonnissel-Gissinger et al., 1998), respectively. The 

XPS spectra of acid washed OC cannot rule out the presence of these FeS-like species 

(Figures 2.4c and 
. 

Dissolution studies of as received OC, performed by Batterham (1999), showed a 

characteristic initial rapid non-linear release of all metal constituents. This was attributed to 

the presence of an oxidation layer on the OC (Batterham, 1999), but may also be due to high 

energy sites and ultra-fine particles. This short term accelerated dissolution of metals from 

an acid washed OC was minimised if not completely removed and suggests that the IM HCI 

treatment effectively removed the oxidation layer, high energy sites and ultra-fine particles. 

The former is supported by XPS data in Figure 2.4. As mentioned above an initial non-linear 

phase is observed for an otherwise linear dissolution of Fe and Cu from acid washed OC. 

102 



Chapter 2 Effect of Surface Area on Metal ivfobilisation 

This s uggests that, in a ddition to high energy s ites and u Itra-fine p articles, the release o f 

loosely sorbed surface oxidation products formed during the drying of the acid washed OC, 

may also be responsible for the initial non-linear dissolution. Following the drying period, 

Batterham (1999) noticed negligible air oxidation for Zn and Cd, limited oxidation for Cu 

and appreciable oxidation for Pb. Batterham (1999) did not report the effect of drying on the 

aerial oxidation of Fe. However, it i s known that pyrite undergoes r apid oxidation in air 

(Laajalehto et al., 1997) and thus oxidation products are expected after drying. These are 

observed in Figure 2.4c. 

The relative susceptibility of pyrite, chalcopyrite, galena and sphalerite to oxidation in air 

was observed by Brion (1980) to be FeS2  > CuFeS2  > PbS > ZnS. Apart from galena, the 

order agrees with the observations made by Batterharn (1999) and pyrite oxidation studies 

(Laajalehto et al., 1997). The presence of impurities may account for the greater than 

expected rate of PbS oxidation (see sections 1.3.1 and 1.3.2). The mobilisation of Pb will be 

discussed in detail later. The relatively lower sensitivity of ZnS oxidation in air compared to 

FeS2  and C uFeS2  may explain the a bsence o f t he initial a ccelerated dissolution for Zn in 

acidic, oxic solutions (Figure 2.5a). Negligible oxidation of ZnS is observed in Figure 2.4a. 

This may also be true for sulfides of Cd, which is a congener of Zn in the periodic table. 

Furthermore, according to the mineralogy of the OC, Cd is substituted into the sphalerite 

matrix (MRM personal communication). Therefore it is not surprising to see the mobilisation 

of Cd behaving similarly to that of Zn. 

The anoxic dissolution for Zn, Fe, Cu and Cd also features two phases (Figures 2.5b, 2.7b, 

2.8b and 2.9b). The initial rapid dissolution again may be attributed to the release of loosely 

sorbed oxidation products and rapidly dissolving surfaces. The subsequent linear 

mobilisation of Zn, Fe, Cu and Cd in acidic, anoxic solutions is again attributed to surface 

controlled dissolution, which is initiated primarily by coordination of hydrogen ions; i.e. 

proton promoted dissolution. The absence of the initial non-linear phase for Zn and Cd 

dissolution in oxic solutions may be attributed to greater rates of dissolution due to the 

cumulative effects of oxidative and proton-promoted dissolutions; which masks the release 

of oxidation products and dissolution of highly reactive sites. In the mixed metal sulfide 

system of this study, interfacial reactions are also possible. Hence the mobilisation of Zn, Fe 

and Cd may be enhanced by exchange reactions involving sulfides of these metals and 

dissolved Cu (equation 2.10) and Pb (equation 2.11). Reactions involving dissolved Cu 

would be more e fficient than those with Pb  2  due to solid-state diffusion c onstraints (see 

section 1.3.3). However, exchange reactions involving dissolved Pb would be more 

important owing to the greater concentration of Pb mobilised from OC (Figure 2.6). These 
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interfacial reactions and proton promoted dissolution of metal sulfides appear to be the 

predominant reactions governing the mobilisation of metals in anoxic solutions of this study. 

Figure 2.8a shows that the rate of Cu dissolution, from OC with low and intermediate surface 

areas, in the acidic, oxic solution, generally slows down as the reaction proceeds. This may 

indicate interfacial reactions that remove dissolved Cu from solution are competing with Cu 

mobilisation, which is more pronounced for lower reacting surface areas. Having said this 

the second phase of Cu dissolution in oxic solution is still relatively linear and thereby 

indicates a surface controlled mechanism under steady state conditions. If this is true, 

depletion of Cu active sites can be ruled out as an explanation for the decrease in reaction 

rate. Moreover the acidic conditions can exclude precipitation as a process that would reduce 

the rate of Cu mobilisation. The mobilisation of Cu in anoxic solution further supports the 

existence of interfacial reactions (Figure 2.8b). 

MS(S)  + Cu2  - CuS()  + M21 2.10 

M = Fe, Zn, Cd, Pb 

MS(S)  + Pb2  - PbS(S)  + M2 2.11 

M = Fe, Zn, Cd 

Unlike the other metals, Cu mobilisation in anoxic solutions varies inversely to the surface 

area (Figure 2.8b). This is attributed to reduced dissolution in the absence of dissolved 

oxygen and interfacial reactions that remove dissolved Cu, namely exchange reactions 

(equation 2.10) that outweigh mobilisation processes. Dissolved Cu may be more likely to 

participate in exchange reactions in a noxic solutions as it does not have to c ompete with 

oxygen as well as hydrogen ions for active dissolution sites. Hence Cu removal from anoxic 

solution would be more evident than in oxic conditions. As a consequence of the inverse 

relationship, anoxic Cu mobilisation is the reverse of the oxic one. That is dissolution of OC 

with the lowest surface area yields the greatest concentration of dissolved Cu, which is 

followed by medium and high surface areas. Furthermore, in anoxic solution, the second 

phase of Cu dissolution from the OC with the lowest surface area is linear whilst those from 

medium and high surface areas are curved. This, is completely opposite to the trend in oxic 

solutions and, suggests that in anoxic conditions there is an increase in the tendency to 

remove dissolved Cu by interfacial reactions as the surface area increases. 

The occurrence of interfacial reactions and its effect on the concentration of dissolved Cu 

may be better deduced from normalised dissolution graphs (Figures 2.8c and d). According 
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to equation 2.4 (section 2.1.2), under steady state conditions, dissolution graphs normalised 

to per squared metre of reacting material should resemble one another, irrespective of the 

initial quantity used. (Care needs to be taken as normalised data are based on 1 m2  of OC and 

not CuFeS7). However, an inspection of Figure 2.8d suggests that steady state conditions for 

Cu mobilisation from OC into anoxic solutions was not maintained. This may indicate that 

active Cu dissolution sites were not being regenerated, which may be attributed to interfacial 

reactions. That is readsorption of mobilised metals would block active Cu sites. This is 

plausible considering that CuFeS2  is the most insoluble metal sulfide constituent of OC 

(Table 1.11, section 1.3). The anoxic Cu dissolution curve featured in Figure 2.8b shows a 

linear release following the initial non-linearity, particularly from the OC with a surface area 

of 0.58 m2, which supports steady state conditions. If steady state conditions did prevail 

during Cu mobilisation, then exchange reactions involving dissolved Cu (equation 2.10) may 

account for normalised anoxic Cu mobilisation varying inversely to surface area (Figure 

2.8d). Mobilised Cu may also adsorb onto the pyrite component of OC, which is less soluble 

than CuS (Table 1.11, section 1.3). Removal of Cu from solution could give the impression 

that active Cu dissolution sites were exhausted. The normalised data for Cu mobilisation in 

oxic solutions (Figure 2.8c) is similar to that for anoxic conditions, but not as extreme. This 

indicates that although Cu mobilisation in oxic solutions is proportional to the amount of OC 

exposed (Figure 2.8a), adsorption and/or exchange reactions still occur but at a lower rate 

compared to that for mobilisation. 

The normalised anoxic dissolution for Zn and Cd (Figures 2.5d and 2.9d) also illustrate the 

existence and importance of interfacial reactions in a mixed metal sulfide system. However, 

since the corresponding anoxic dissolution curves for Zn and Cd are proportional to the 

surface area of OC (Figures 2.5b and 2.9b) it appears that these interfacial reactions are 

relatively insignificant compared to those that mobilise metals. In contrast, the normalised 

dissolution curves for Zn in oxic solutions (Figures 2.5c) are relatively consistent, 

particularly within 24 hours; the variation beyond 24 hours may be due to the heterogeneity 

of the OC and/or interfacial reactions. This observation is also true for Cd, but has a cut off 

point of 6 hours (Figure 2.9c). Hence steady state conditions prevail for Zn and Cd 

dissolution, at least in oxic solutions. The difference between the normalised dissolution 

curves for Zn and Cd for oxic and anoxic conditions may indicate that interfacial reactions, 

particularly those that remove Zn and Cd (i.e., exchange and adsorption reactions) are more 

important in anoxic solutions, as the case for Cu. 

The similarity of normalised anoxic Fe dissolution curves (Figure 2.7d) suggests that 

interfacial reactions under the experimental conditions studied are not as important for 
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mobilised Fe as compared to Zn, Cu and Cd (Figures 2.5d, 2.8d and 2.9d). A comparison of 

solubility products (Table 1.11, section 1.3) reveals FeS (i.e. FeS-like defects) is the most 

soluble among the monosulfides of the five metals in OC. Bearing in mind that normalised 

anoxic dissolution graphs for Zn, Cu and Cd vary inversely to the OC surface area exposed 

(Figures 2.5d, 2.8d and 2.9d); it may be deduced that these metals undergo exchange 

reactions with FeS-like defects and thereby maintain Fe mobilisation. Hence the similarity of 

the normalised Fe dissolution graphs. There is also the possibility that mobilised Fe can 

readsorb onto the more insoluble monosulfides of the other metals in OC, which would also 

explain the trend of the normalised dissolution for Zn, Cu and Cd in anoxic solutions 

(Figures 2.5d, 2.8d and 2.9d). However, the corresponding normalised anoxic Fe dissolution 

graphs (Figure 2 .7d), which resemble one another irrespective ofinitial OC surface area, 

indicates adsorption of dissolved Fe is a minor reaction relative to mobilisation processes. 

In the case of interfacial processes, the above results suggest that, under experimental 

conditions of this study, exchange reactions involving FeS-like defects are preferred over 

adsorption of Fe2 . However, the reactivity of FeS-like defects cannot account for the overall 

mobilisation of Fe, considering that the Fe mainly exists as FeS2  and CuFeS2  and to a lesser 

extent is substituted into sphalerite. The fact that normalised data for anoxic mobilisation of 

Fe resemble one another (Figure 2.7d) and that Figure 2.7b shows that the release of Fe is 

proportional to surface area indicates that lattice exchange reactions are insignificant. This is 

supported by the large solubility products for FeS2  and CuFeS2  (Table 1.11, section 1.3); 

thus one would expect mobilised metal ions to adsorb onto these minerals. If mobilised 

metals adsorb onto pyrite, the normalised dissolution graphs for Fe indicate that it does not 

impede Fe mobilisation. Hence it would appear that dissolution processes, rather than 

exchange reactions, govern the mobilisation of Fe in anoxic solutions. A comparison of 

Figures 2.7a and 2.7c indicates that this also appears to be true for Fe mobilisation in oxic 

solutions. The greater mobilisation of Fe in acidic, oxic solutions (Figure 2.7a) compared to 

analogous anoxic solutions (Figure 2.7b) indicates the cumulative effect of oxidative and 

proton promoted dissolution. 

The general linearity for the dissolution of Zn, Fe, Cu and Cd (Figures 2.5, 2.7, 2.8 and 2.9) 

support a surface controlled dissolution mechanism. The importance of surface sites in the 

mobilisation of metals from OC can also be supported by the linearity of the plot of surface 

area against the concentration of the mobilised metals after 96 hours (Table 2.3). 

Mobilisation of all metals, except for anoxic Zn and Cu dissolutions, after 96 hours varies 

linearly with the OC surface area. The non-linearity for anoxic Cu mobilisation can be 

understood by the inverse relationship between surface area and Cu mobilisation shown in 
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Figure 2.8b. The non-linearity for the plot of anoxic [Zn  2 ]96  against surface area is a little 

more difficult to rationalise and could be due to the heterogeneity of OC. However, this plot 

becomes more linear when errors are taken into account (Table 2.3). With the exception of 

anoxic Cu mobilisation, the linearity of the release of metals after 96 hours of reaction 

(Table 2.3) supports the use of OC surface area for the norrnalisation of data. 

Table 2.3 Linearity of the concentration of mobilised metals after 96 hours as a 

function of surface area. 

Metal Material Condition RL  value 
Oxic 0.9364 

Zn OC Anoxic 0.8397(0.9107) 

Oxic 0.9942 
Pb OC Anoxic 0.9971 

Oxic 0.9995 
Fe OC Anoxic 0.9990 

Oxic 0.9658 
Cu OC Anoxic 0.7062 

Oxic 0.9702 
Cd OC Anoxic 0.9678 

Oxic 0.9939 
Zn ZnS Anoxic 0.9976 

0 value shown in parenthesis was calculated using error data. 

Irrespective of oxygen conditions, the kinetics of the release of Pb is non-linear (Figures 2.6a 

and b). In fact Pb mobilisation appears to obey the parabolic rate law suggesting diffusion 

controlled dissolution. According to equation 2.2 diffusion controlled dissolution can be 

linearised by plotting concentration against the square root of time: 

C = C0  + 2 k1 t 2 2.2 

The results shown in Table 2.4 reveals that the parabolic rate law can adequately describe Pb 

mobilisation from a mixed metal sulfide OC, particularly at the medium and high surface 

areas studied. However, Pb dissolution from OC with the lowest surface area does not fit the 

parabolic rate law as strongly as the other two surface areas. This highlights the problem of 

fitting dissolution data to an integrated form of a rate I aw when using batch reactors for 

studying mineral/solution reaction kinetics as acknowledged by Rimstidt and Dove (1986). It 

can be seen that as the surface area increases the likelihood of diffusion mechanisms 

controlling Pb dissolution also increases (Table 2.4). It was shown above that interfacial 
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reactions might have a significant influence on the concentration of mobilised metals. It was 

speculated that interfacial reactions were responsible for the normalised concentration of 

mobilised metals varying inversely with OC surface area; in particular the anoxic dissolution 

of Zn, Cu and Cd (Figures 2.5 d, 2.8d and 2.9d) as well as oxic Cu dissolution (Figure 2.8c). 

Hence the metal oxide/hydroxide and/or metal sulfide layer covering active Pb dissolution 

sites, which apparently increases as surface area increases, would establish diffusion 

controlled conditions for Pb mobilisation. 

Table 2.4 Linearity of Pb mobilisation as a function of the square root of time. 

Conditions Surface Area (m2) R2  value 
0.58 0.8001 

Oxic 1.16 0.9444 
2.32 0.9669 

0.58 0.7200 
anoxic 1.16 0.9530 

2.32 0.9835 

Adsorption and/or exchange reactions involving lattice bound Pb with mobilised Zn, Cu and 

Cd appear to be favoured in anoxic solutions and may contribute to the curvature of Pb 

dissolution in anoxic solutions (Figure 2.6b). Whilst Pb dissolution from OC may fit the 

parabolic rate law the shape may not have any mechanistic significance. As discussed by 

Rimstidt and Dove (1986), the parabolic rate law (equation 2.2) fails the test of 

thermodynamic compatibility. That is, as the system evolves the predicted concentration 

exceeds the equilibrium (for OC surface area of 0.58 m2) or maximum (for OC surface areas 

of 1.16 and 2.32 m2) Pb concentration (Figures 2.6a and b) and proceeds towards infinity at 

infinite time. The derivation of a first order rate law (see equation 2.24 below) may better 

represent the dissolution of PbS. Rimstidt and Dove (1986) pointed out that since 

transcendental functions can be expanded as power series, there is a good correlation 

between the integrated form of the first order rate law and the parabolic rate law. Hence care 

must be taken when fitting data to the parabolic rate law as results may also fit a first order 

rate law, which may even be more appropriate as it is constrained by an 

equilibrium/maximum value whereas the parabolic rate law goes to infinity. 

Rather than describing diffusion controlled dissolution, the shape may indicate the removal 

of dissolved Pb from solution by interfacial reactions (Figure 2.6). Parts a and b of Figures 

2.5, 2.6, 2.7, and 2.9 show that the concentrations of dissolved Zn, Pb, Fe and Cd are 
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proportional to the OC surface area. The increase in dissolution of these metals is attributed 

to the increase in surface area. Moreover the mobilisation of Zn, Fe and Cd would be 

enhanced due to a greater number of exchange reactions involving the elevated Pb2  

concentration as surface area is increased (equation 2.11). This in turn would remove Pb 

from solution and possibly yield a parabolic-like dissolution curve. Adsorption reactions 

involving dissolved Pb cannot be disregarded. However, adsorption of Pb onto Zn, Fe and 

Cd active dissolution sites would impede their dissolution and contradict their dissolution 

shown in Figures 2.5, 2.7 and 2.9, respectively. Moreover, ZnS, FeS and CdS are more 

soluble than PbS (Table 1.11, section 1.3), therefore adsorption of dissolved Pb onto 

monosulfides of Zn, Fe and Cd may not be likely. However, pyrite and chalcopyrite are more 

insoluble than PbS (Table 1 .11, section 1 .3), hence dissolved Pb may preferably adsorb onto 

these mineral phases. If Pb does adsorb onto FeS2  and CuFeS2  it would impede Fe and Cu 

dissolution. However, this is more apparent for Cu mobilisation, particularly in anoxic 

solutions, as discussed above. Hence if adsorption does play a role in the removal of Pb from 

solution then mobilised Pb would have to readsorb onto PbS constituents of OC. Sun et al. 

(1991b) also suggested dissolved Pb could adsorb onto PbS, they proposed reaction 2.12 to 

describe the process. 

PbS + Pb2  + nH-,O —> PbSPb(OH) 2 ' + nH 2.12 

The normalised Pb dissolution curves (Figures 2.6c and d) reveal that steady state conditions 

at the OC with regard to PbS are non-existent, which supports the proposition that Pb2  

and/or other metal ions are adsorbing onto Pb dissolution sites. This impedes the attack of 

H and 02, which in turn would reduce dissolution rate as experiments progress, as viewed 

by non-linear Pb dissolution curves (Figure 2.6). It is known that ions identical to the 

constituents of a hydrous non-oxide solid surface can behave as potential determining ions 

(PDI). Park and Huang (1987) showed that CdS could remove Cd" from solution; zeta 

potential measurements ruled out specific adsorption, instead Cd2  replace H as the PDI in 

the low p1-I region. This was attributed to the reaction between Cd  21  ions and the surface 

Lewis sites, namely the unhydroxylated sulfur sites (Park and Huang, 1987). Similar ion 

exchange reactions have been reported for PbS (Sun et al., 1991b) and ZnS (Ronngren et al., 

1991) (see section 1.3.2). 

Irrespective of the shape of Pb dissolution curves (Figures 2.6a and b), a plot of surface area 

against the concentration of dissolved Pb after 96 hours reveals a linear trend (Table 2.3). 

This highlights the importance of surface sites in Pb dissolution and may refute the 

possibility of diffusion controlled dissolution. However, it is known that mixed transport- 
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surface controlled kinetics is possible (Stumrn, 1992). Hence Pb mobilisation from OC may 

be an intermediate process governed by both diffusion and surface controlled processes. This 

may explain the results of Table 2.3 and the parabolic-like kinetics of Pb mobilisation 

(Figure 2.6). 

The Pb dissolution trend shown in Figures 2.6a and 2.6b is not unique for the experimental 

conditions studied. In a similar study, Batterham (1999) investigated the mobilisation of Pb 

from the same OC as in this study and also observed parabolic-like dissolution in seawater. 

The curvature of Pb dissolution in both oxic and anoxic solutions at pH 2 may be attributed 

to readsorption and/or exchange reactions involving mobilised Pb2 ; indicative of a mixed 

metal sulfide system. Furthermore, the shape of the Pb dissolution curve is not unique for a 

mixed metal sulfide. Similar patterns for Pb dissolution have also been observed when using 

synthetic PbS (Hsieh and Huang, 1989) and highly pure natural galena (Fornasiero et al., 

1994b). Fomasiero et al. (1994b) showed that the Pb dissolution curves in their study could 

be described by equation 1.31, where k is the apparent dissolution rate constant for reaction 

1.32. 

[Pb] = [Pb x ].{1-exp(-kt)} 1.31 

PbS(S)  —> Pb2  + S2 1.32 

If interfacial reactions are responsible for the curvature of Pb mobilisation then this needs to 

be addressed in rate laws. The rate law that Fomasiero et al. (1994b) used to describe Pb 

dissolution is similar to kinetic expressions describing reversible reactions as discussed by 

Brezonik (1994). Although Fornasiero et al. (1994b) do not show the derivation of their rate 

law and the significance of the rate constant, they do acknowledge that it is only an apparent 

rate constant. Hence the rate law may describe a net dissolution process whereby 

readsorption of Pb onto PbS is possible. A derivation of a rate law based on a simplified 

dissolution reaction (equation 2.13), taking into account readsorption, is shown below. 

The initial dissolution of galena is known to be incongruent (see section 1.3.2). Hence 

dissolution of Pb from an activated Pb dissolution site on the surface of the mixed metal 

sulfide (MS) ore concentrate can be expressed as: 

MS(S) Pb* <4 MS(5)  +  Pb 21 2.13 
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The formation of active Pb dissolution sites are assumed to be fast and therefore not rate-

limiting. If MS(S)Pb*  is denoted as A, Pb dissolution can be described by equation 2.14; 

where kd is the forward dissolution rate constant and kr  is the reverse readsorption rate 

constant. 

d[Pb2 ]/dt = kd[A] - k5[MS(5)] [Pb  2 ] 2.14 

Excluding other reactions involving MS except reaction 2.13, it is assumed that [MS(S)] 

remains constant. Thus equation 2.14 can be expressed as equation 2.15, where kR = 

kr[MS(s)]. 

d[Pb24 ]/dt = kd[A] - kR[Pb2 ] 2.15 

If [A]0  is the initial concentration of A and[ Pb  2+]  is the net c oncentration of A that has 

reacted at time t, then [A] = [A]0 — [Pb  2 ]. Equation 2.15 can now be written as: 

d[Pb2 ]/dt = kd[A]0 - (k + kR)[Pb2 ] 2.16 

Letting a = kd  + kR and b = kd[A]0, equation 2.16 can be simplified to equation 2.17, which 

has the general form dx/(ax + b) = dt. 

d[Pb2 ]/dt = b - a[Pb2 ] 2.17 

The indefinite integral of dx/(ax + b) is a standard form: (1/a)lniax + hi + C. Considering that 

the initial Pb concentration, denoted as [Pb](,, in dissolution experiments is negligible it is 

assumed that [Pb]0  = 0. Now, integration of equation 2.17 between t = 0 and t = t yields: 

-(1/a)ln{(b - a[Pb2 ])/b} = t 

Rearranging equation 2.18 and substituting a and b back into the equation gives: 

[Pb2 ] = (kd[A]0(1-exp-{kd + k j }t))/(kd  + k1 ) PALI 

The equilibrium expression for equation 2.13 is shown in equation 2.20, which can be 

rearranged to give equation 2.21. 

Keq  = [MS(s)]cq[Pb2 ]eq/[A]cq  = kd/kr 2.20 
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[A]cq  = (kR/k i)[Pb24 ]eq 2.21 

Given that: 

[A]eq  = [A]0  [Pb  2 ]cq 2.22 

Equating 2.21 and 2.22 yields an expression for [A]0  (equation 2.23), which can be 

substituted into equation 2.19 to give a rate law for Pb dissolution (equation 2.24). It can be 

seen that the kinetic equation 1.31 used by Fomasiero et al. (1994b) to describe the 

dissolution of Pb from highly pure natural galena closely resembles equation 2.24. Where the 

[Pb]inax  term in equation 1.31 is equivalent to the [Pb]eq  term of equation 2.24. Furthermore 

the apparent rate constant k used by Fomasiero et al. (1994b) appears to be a composite 

value representing dissolution and adsorption processes. 

[A]0  = (kd  + kI)[Pb2 ]eq/kd 2.23 

[Pb2 ] = [Pb2 ]eq(1 - exp-{ kd  + kR}t) 2.24 

[Pb] = [Pb iiiax]. 11  - exp(-kt)} 1.31 

Whilst it is not feasible to calculate individual values for kd  and kR with the current data to 

verify the derived kinetic model (equation 2.24); equation 1.31 can be used as a proxy for 

equation 2.24 due to their similarities. If dissolution curves calculated using equation 1.31 

are comparable to experimental results it can be deduced that both dissolution and 

readsorption processes control the concentration of dissolved Pb. A comparison of simulated 

Pb dissolution, constructed using values determined from equation 1.31, with experimental 

results are shown in Figures 2.6e and 2.6f. Irrespective of dissolved oxygen content and 

surface area, it is obvious that equation 1.31 underestimates the initial rapid mobilisation of 

Pb from the mixed metal sulfide OC. However, at 40 hours and beyond, equation 1.31 

appears to adequately describe Pb dissolution from OC as indicated by the convergence of 

simulated and experimental data. For both oxic and anoxic conditions, equation 1.31 best 

describes Pb dissolution from OC, with the lowest surface area studied, during the later 

stages where Pb dissolution appears to have reached equilibrium. This may provide indirect 

evidence that readsorption and other processes that remove dissolved Pb compete with 

mobilisation processes; which is more pronounced toward the later stages of the experiment. 

Hence a rate law that is used to describe the mobilisation of Pb in a mixed metal sulfide 
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system should also acknowledge exchange reactions involving mobilised Pb and, depending 

on pH, also precipitation reactions. 

Whilst Fornasiero et al. (1994b) found that equation 1.31 could accurately describe Pb 

dissolution from highly pure galena, even during the initial stages. The underestimation of 

the initial release of Pb  21  from OC by equation 1.31 may indicate that there are processes 

other than dissolution that influence Pb mobilisation. These include galvanic interactions as 

well as exchange reactions involving dissolved Cu and lattice bound Pb (equation 2.10). 

However, the latter may be a minor reaction, owing to the relatively low abundance of Cu in 

OC. Galvanic interactions and exchange reactions (these include processes that mobilise Pb 

and remove it from solution) should also be included in rate laws describing Pb mobilisation 

from a mixed metal sulfide system. 

The discrepancy between the results of this study and that of Fornasiero et al. (1994b) may 

simply reflect the composition of galena samples studied. Fornasiero et al. (1994b) used a 

highly pure natural galena sample that contained Fe, Cu and Zn impurities at ppm levels. 

However, the levels of these metals in OC, particularly Zn and Fe, far exceed those in the 

galena sample used by Fornasiero et al. (1994b). Hence exchange reactions, involving 

dissolved Cu, that mobilise Pb (equation 2.10) from OC would be more significant than for 

highly pure galena. Also, as mentioned in section 1.3.1 and 1.3.2, preferential oxidation of 

Zn, Fe and Cu sulfide impurities can enhance galena oxidation by activating Pb sites for 

oxidation and dissolution (Kim et al., 1995). Moreover, Fe and other transition metal 

impurities of diamagnetic sphalerite renders the mineral paramagnetic (Vaughan and Craig, 

1978) and thus susceptible to direct attack by paramagnetic oxygen (Moses et al., 1987). 

This may also apply to other diamagnetic metal sulfides such as PbS and CdS. Hence Fe 

impurities of OC may enhance the oxidative dissolution of PbS as well as ZnS and CdS. 

Sulfide mineral oxidation may also be driven by the redox properties of Fe (i.e. Fe2+  /Fe3+  

cycling) (refer to section 1.3.2). However, at the low pH studied, this process would be 

limited by the low Fe oxidation rates. 

Sample treatment and preparation may also influence the initial Pb dissolution. Although OC 

was treated with dilute HC1 to remove the oxidised layer, some oxidation may have occurred 

during the drying period. Oxidation of galena has been reported to occur in minutes (see 

section 1.3.1); so oxidised Pb species are expected to form on the surface of the OC during 

the 3 0 m in drying period. This i s reflected in Figure 2.4. These o xidised species may be 

partly responsible for the rapid non-linear release of Pb (Figures 2.6a and b), but highly 

reactive surfaces cannot be ruled out. Fornasiero et al. (1994b) used freshly prepared galena 
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particles, that were ground in a glove box to prevent oxidation prior to dissolution 

experiments. These researchers did not ultrasonically clean the freshly ground galena to 

remove ultra-fine particles, nor were the particles treated with dilute acid to dissolve highly 

reactive sites. It was therefore surprising to not see an initial rapid release of Pb in the galena 

dissolution study by Fornasiero et al. (1994b). This may indicate that dissolution of bulk PbS 

is as rapid as dissolution from disturbed surfaces and therefore not observed. Hence the 

release of oxidised Pb species appears to be responsible for the initial rapid mobilisation of 

Pb in this study (Figures 2.6e and 0. In contrast to galena, oxidation of natural sphalerite is 

relatively slow (Buckley et al., 1988), which may explain why an initial rapid dissolution for 

Zn was not observed (Figures 2.5a and b). Brion (1980) also noticed that galena oxidised 

faster than sphalerite. 

A comparison of Figures 2.5c and 2.10c reveals that Zn mobilisation from OC in acidic, oxic 

solution is more rapid and extensive than from pure synthetic ZnS. This may be attributed to 

the presence of impurities in OC that activate Zn sites for dissolution. Furthermore, it may 

also highlight the importance of exchange reactions in the mobilisation of Zn, and other 

metals, in a mixed metal sulfide system. The slight curvature of oxic and anoxic ZnS 

dissolution (Figures 2.10a and b) suggests readsorption of mobilised Zn. Ronngren et al. 

(1991) showed that Zn mobilisation from ZnS in acidic solution could be described by an 

exchange reaction: 

SZn +2H SH + Zn2 1.43 

Equation 1.43 also suggests that dissolved Zn may become adsorbed onto ZnS by displacing 

surface protons. A similar concept has been proposed by Park and Huang (1987) for the 

adsorption of Cd2  onto CdS. Readsorption of mobilised Zn is supported by the inverse 

relationship between normalised concentration of dissolved Zn and ZnS surface area 

(Figures 2.10c and d). Nonetheless, the linearity of the plot of [ZnS]96  against ZnS surface 

area (Table 2.3) illustrates the importance of surface controlled dissolution. Hence the 

dissolution of pure ZnS may be another example of a mixed transport - surface controlled 

process. Ronngren et al. (1991) also showed a linear relationship between dissolved Zn and 

the concentration of ZnS, which suggested surface controlled reactions were responsible for 

the release of Zn21 . 

Dissolution of pure ZnS in anoxic solutions (Figure 2.10b) are slightly greater than that in 

oxic conditions (Figure 2.1Oa). Hence Zn mobilisation from ZnS is predominantly due to 

proton promoted dissolution; whilst oxidative dissolution appears to be relatively 
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insignificant in acidic solutions. It appears that oxic conditions facilitate removal of 

dissolved Zn and thereby giving the impression of lower Zn mobilisation compared to that in 

anoxic solutions. However, this is not true for Zn mobilisation from OC, where the 

concentration of mobilised Zn in oxic solutions far exceeds that in anoxic solutions (Figure 

2.5). This may be attributed to presence of impurities in OC. Transition metal impurities of 

sphalerite can alter its magnetic properties to facilitate direct attack of oxygen (Moses et al., 

1987). This is not an issue in anoxic solutions and may partly explain the similarity in 

normalised concentrations of dissolved Zn mobilised from OC and ZnS after 96 hours 

(Figures 2 .5d and 2 .lOd). These results also highlight the importance ofproton promoted 

dissolution (equation 2.25) in the mobilisation Zn from OC in acidic solution. This has also 

been acknowledged by Ronngren et al. (1991) and Gärd et al. (1995) for ZnS dissolution in 

very low pH. Exchange reactions (1.43) involving protons may also occur, however this has 

been shown to mainly occur in solutions at 4 pH 7 (Ronngren et al., 1991). Galvanic 

interactions and metal sulfide exchange reactions (equations 2.10 and 2.11) will also 

contribute to Zn mobilisation from OC compared to ZnS. The greater Zn mobilisation from 

OC in oxic solutions compared to anoxic solutions illustrates the importance of oxidative 

dissolution of ZnS components of OC. Moreover exchange reactions involving dissolved Cu 

may be more efficient in oxic than anoxic solutions owing to the greater amount of Cu 

mobilised from OC (Figures 2.8a and b). However, this may not be true for Zn mobilisation 

involving dissolved Pb as equivalent amounts of Pb are mobilised in oxic and anoxic 

solutions (Figures 2.6a and b). 

ZnS(S)  + 2H - Zn2  + H2S 2.25 

Similarly to the dissolution of synthetic pure ZnS, oxic and anoxic Pb mobilisation from OC 

in acidic solutions resembles one another (Figures 2.6a and b). This may indicate that under 

the experimental conditions of this study, proton promoted dissolution of PbS is more 

important than oxidative dissolution; interfacial reactions that mobilise Pb should not be 

greatly affected by oxygen conditions. The release of Pb from PbS in acidic solutions may 

also be attributed to protons exchanging with lattice bound Pb (equation 1.41), but this 

reaction mainly occurs at 4.5 pH 7 (Sun et al.,1991b). 

SPb +2H -* SH2  + Pb2 ' 1.41 

Iron mobilisation in acidic solutions also appear to be governed by proton related processes 

rather than oxidative dissolution, but it can be seen that mobilisation is slightly enhanced by 
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processes in oxic solutions (Figures 2.7a and b). In contrast, oxidative dissolution rather than 

proton induced mobilisation appears to greatly influence the release of Zn (Figures 2.5a and 

b), Cu (Figures 2.8a and b) and Cd (Figures 2.9a and b), which are an order of magnitude 

greater in oxic solutions than anoxic solutions. The greater effect of oxygen on Zn and Cd 

mobilisation compared to Pb and Fe may be attributed to the magnetic properties of their 

respective sulfide minerals. It is known that ZnS, CdS, FeS2  and PbS are all diamagnetic 

(Vaughan and Craig, 1978). Mineralogical data indicate Fe and Cd are substituted into the 

sphalerite matrix. Iron impurities are known to make ZnS paramagnetic (Vaughan and Craig, 

1978). Hence the Fe impurities facilitate oxidation of ZnS and CdS by oxygen. However, Fe 

impurities in ZnS do not appear to affect the magnetic properties of PbS and FeS2  in OC. 

Hence galena and pyrite are predominantly governed by proton promoted dissolution. 

Paramagnetic oxygen appears to readily react with CuFeS2, which is anti ferromagneti c 

(Vaughan and Craig, 1978). 

Hsieh and Huang (1989) also observed equivalent PbS dissolution in oxic and anoxic 

solutions at pH 2.5. As the pH increased there was a slight increase in PbS dissolution in 

oxic solutions compared to that in anoxic solutions (Hsieh and Huang, 1989). This suggests 

oxidative dissolution of PbS becomes more important at higher pH. The importance of 

acidity and oxygen in PbS dissolution has been acknowledged in a kinetic model proposed 

by Hsieh and Huang (1989) (equation 1.30, section 1.3.2). 

2.4 Conclusion 

The results shown above illustrate the importance of surface sites in the mobilisation of 

metals from a mixed metal sulfide ore concentrate. The relatively linear kinetics describing 

the dissolution of Zn, Fe, Cu and Cd, indicated the process was governed by a surface 

controlled mechanism that was at steady state. This was further supported by the 

concentration of dissolved Zn, Fe and Cd varying proportionally to OC surface area exposed. 

Whilst the curvature of Pb mobilisation suggested diffusion controlled dissolution, the linear 

plot of dissolved Pb concentration after 96 hours against OC surface area elucidated the 

importance of surface sites. The combined results indicated a mixed transport-surface 

controlled dissolution of Pb from OC. Moreover, the curvature of Pb mobilisation might also 

indicate the occurrence of interfacial reactions, which was not surprising considering the 

mixed metal sulfide system of this study. Interfacial reactions were also postulated to be 

responsible for the inverse relationship between anoxic Cu mobilisation and OC surface area. 

This trend was also seen in the normalised mobilisation graphs of Zn, Pb, Cu and Cd. 
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A comparison of simulated Pb dissolution curves, based on a first order rate law, with 

experimental data (used to generate the simulations) showed the rate law underestimated the 

initial dissolution. This was attributed partly to exchange reactions, impurities and oxidised 

products formed during sample preparation. The greater release of Zn from OC as compared 

to pure ZnS indicated impurities, galvanic interactions and exchange reactions enhanced 

metal mobilisation. 

Proton promoted dissolution rendered metals soluble in anoxic solutions at pH 2. The release 

of Zn, Cu and Cd from OC were further enhanced in aerated solutions by oxidative 

dissolution. However, the mobilisation of Pb and Fe were mostly driven by proton promoted 

dissolution irrespective ofoxygen conditions. This was attributed to the diamagnetism of 

PbS and FeS2. 
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Chapter 3 Effect of Temperature and pH on Metal 

Mobilisation 

3.1 Introduction 

Sulfide mineral oxidation (SMO), like other heterogeneous reactions, is mechanistically 

complex and the rate-limiting step may involve a chemical reaction at the mineral surface or 

diffusion of a reactant to, or product from, the surface (Brezonik, 1994). The effect of 

temperature on reaction rates can be used to distinguish diffusion control from chemical 

(surface reaction) control. It is well known that the kinetics of chemical reactions vary 

proportionally with temperature (Brezonik, 1994). A rise in temperature by 10°C is usually 

accompanied by an increase in the rates of chemical reactions by a factor of 1.5 to 3.0 times. 

Physical processes such as diffusion are also temperature dependent and generally increase 

by a factor of 1.1 to 1.4 for a 10°C rise (Brezonik, 1994). 

Surface controlled mineral dissolution that is far from equilibrium can be expressed by 

equation 2.8 (see section 2.1.2); where R is the dissolution rate, k is the rate constant, [>M-

LI is generally an adsorbed species such as proton, electronegative oxygen site, or ligand and 

n is the reaction rate order (Brady and House, 1996). 

R = k[>M-L]° FM 

Rates of surface controlled dissolution that change with temperature can be attributed to 

changes in surface equilibria and hence concentration of surface species (Brady and House, 

1996). Moreover, temperature (T) affects rates most importantly by changing the value of the 

rate constant, k, which can be quantified using the Arrhenius equation (Brady and House, 

1996): 

d lnk / d (1/T) = 3.1 

where E is the activation energy and R is the gas constant. Equation 3.1 can be used to 

predict the effect of T on k, provided that Ea  is constant (or a simple function of temperature) 

(Brezonik, 1994). If Ea  is constant, equation 3.1 can be integrated to: 

Ink = -E/RT + InA 3.2 
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The symbol A is the pre-exponential factor or frequency factor. Integrating equation 3.1 

between T and T2  gives: 

In {k7/k 1  } [(T7 - T j)Ea]/(RT1T7) 3.3 

lnR2/R1 } [(T7 - Ti)EaI4W ]/(RTT2) 3.4 

Equation 3.4 is a form of the Arrhenius equation that can be used to calculate energies 

directly from dissolution rates, R (Brady and House, 1996). 

Whilst the concept of E. was developed to explain the effect of temperature on single-step 

chemical reactions, it has also been applied to quantify the effects of temperature on 

chemical reactions with multistep mechanisms and various physical and biological processes 

(Brezonik, 1994). When applied to such processes, E should be referred to as an "apparent 

activation energy" and is denoted as Ea'  as shown in equation 3.4. 

The apparent activation energy for surface controlled dissolution processes groups together 

Ea  and any effects of temperature on the concentration of the rate-controlling species at the 

mineral surface (Brady and House, 1996). Equation 3.4 is commonly used with measured 

rates at two or more temperatures to determine an apparent activation energy, Ea I (Brady 

and House, 1996). If the Arrhenius equation 3.2 is obeyed, the apparent activation energy 

can also be determined from the gradient of the linear plot of Ink against l/T, which can then 

be used to estimate k at any temperature. 

Activation energies can also be used to distinguish diffusion and surface controlled 

processes. The former are characterised by low activation energies (2 to 5 kcal mo1 1  or —8 to 

21 kJ mol '), whilst chemical processes have larger E5  values (>7 kcal or --29 kJ moi') 

(Brezonik, 1994; Brady and House, 1996). The nonoxidative dissolution of mackinawite, a 

crystalline form of FeS, is catalysed by H at pH <4.5, but is independent of H at higher pH 

(Brezonik, 1994 and references therein). The Ea  for catalysed and uncatalysed dissolution is 

about 6.7 kcal mol'; this value is at the low end of chemical control and suggests that 

diffusion limitation also may play a role (Brezonik, 1994). 

A change in activation energy with temperature for chemical reactions is usually considered 

to indicate a change in reaction mechanism (Brezonik, 1994). Rimstidt et al. (1994) studied 

the rates of reaction of galena, sphalerite, chalcopyrite and arsenopyrite with Fe(III) in acidic 

solutions at different temperatures. The activation energy for galena, sphalerite and 
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chalcopyrite were determined to be 40, 27 and 63 kJ mol', respectively. Hence oxidation of 

these sulfide minerals by Fe(IIT) were surface controlled. Rimstidt et al. (1994) reported an 

activation energy of 18 kJ mol', from 0-25°C, for arsenopyrite, which suggested the 

reaction rate was controlled by a diffusion mechanism. For higher temperatures, 26-60°C, an 

activation energy of -6 kJ mol' was determined (Rimstidt et al., 1994). The negative 

activation energy was attributed to a sequence of reactions that contain a branch where one 

reaction path is dominant at all temperatures while the less vigorous side reactions that 

produces an inhibitor, speculated to be an As species, of the rate-limiting step becomes 

increasingly important at higher temperatures. Hence there is a change in the reaction 

mechanism of arsenopyrite as temperature increases. Moreover, the fact that each mineral 

had a different activation energy indicated that the details of the SMO reaction mechanism 

differ among the various sulfide minerals. This was supported by each mineral having 

different reaction rates and reaction orders (Rimstidt et al., 1994). 

In this chapter, the effect of temperature on rates of metal mobilisation will be used to 

substantiate findings from Chapter 2. Temperature changes to reaction rates and calculation 

of apparent activation energies will help identify whether the rate determining step of metal 

mobilisation from OC is surface controlled or diffusion controlled. A comparison of these 

two factors with corresponding values c alculated for analogous experiments performed in 

circumneutral, oxic and anoxic solutions may give further insights into the importance of 

proton promoted dissolution and oxidative dissolution for the mobilisation of metals from 

OC. A series of experiments were also performed to investigate the influence of pH on the 

dissolution of metals from OC. 

3.2 Experimental 

To gain further insights into the type of mechanisms controlling metal mobilisation from a 

mixed metal sulfide ore concentrate, dissolution experiments were performed at 

temperatures: 15, 25, 35, 45 and 55°C. The effect of temperature on the mobilisation of 

metals from the OC was studied in both oxic and anoxic solutions at pH 2 ± 0.1 under 

darkness. For comparison, analogous experiments were also performed at pH 7 ± 0.5. To 

minimise saturation and back reactions, experiments were performed with 0.2700 grams of 

OC for 24 hours. All other experimental conditions and procedures were the same as those 

outlined in C hapter 2. To ascertain the influence o f a mixed metal sulfide system on the 

release of Zn, parallel temperature experiments were performed with 0.1730 grams ZnS, 

which is equivalent to the total Zn present in OC experiments. 
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To identify the influence of pH on the mobilisation of metals from a mixed metal sulfide OC, 

experiments were performed in oxic solutions at 25°C and pH: 2, 3, 4, 6, 7 and 8. 

3.3 Results and Discussion 

3.3.1 Effect of Temperature on Metal Mobilisation 

The influence of temperature on the mobilisation of metals from OC in acidic solutions are 

shown in parts a and b of Figures 3.1 to 3.5. It can clearly be seen that the release of metals 

from the OC is temperature dependent. The mobilisation of all metals, except Cu, in acidic 

solutions increases with increasing temperature; this is true irrespective of oxygen content. It 

was established in Chapter 2 that the zero order rate law could adequately describe the 

mobilisation of Zn, Fe, Cd and Cu, whilst the parabolic rate law could be fitted to Pb 

dissolution. These findings indicated surface controlled processes influenced the 

mobilisation of Zn, Fe, Cd and Cu, whereas diffusion or a mixture of transport and surface 

kinetics controlled Pb dissolution. Observing the effect of temperature on reaction rates and 

calculation of apparent activation energies will now substantiate these propositions. All 

activation energies reported in this chapter are tenned "apparent" as the effect of temperature 

on surface speciation has not been accounted for. 

Similarly to results presented in Chapter 2, the mobilisation of Zn, Fe, Cu and Cd in acidic 

solutions (parts a and b of Figures 3.1, 3.3-3.5) follow a two phase process, where an initial 

rapid non-linear period precedes linear dissolution. To only account for the dissolution of 

bulk s ample, rate constants and c orresponding activation energies were c alculated for the 

secondary phase of dissolution between 2 and 24 hours. In some cases the reaction period 

was limited between 2 and 6 hours to only account for dissolution and not competing 

reactions that remove mobilised metals from solution; as seen for acidic, anoxic Zn 

dissolution at 15 and 25°C (Figure 3.1b). Rate constants and activation energies were also 

determined for the initial stages of dissolution to identify whether highly reactive surfaces 

were responsible for the initial non-linear dissolution. Moreover, these calculated data may 

also give an indication on the mechanism controlling dissolution prior to the effects of 

competing reactions that remove mobilised metals from solution. The possibility of 

competing reactions as well as side reactions interfering with the evaluation of rate constants 

increases during the time course of a reaction (Brezonik, 1994). Rate data for the 
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mobilisation of metals in acidic solutions are shown in Table 3.1. The corresponding 

calculated apparent activation energies are listed in Table 3.3. Apparent activation energies, 

Ea , were calculated using Arrhenius equation 3.2; where k is the rate constant, R is the gas 

constant, T is the temperature in K and A is the pre-exponential factor or frequency factor. 

Table 3.1 show that the rate constants for metal mobilisation vary with oxygen condition. 

Researchers have also reported that the rate constants for the oxidation of galena (Fornasiero 

et al., 1994b) and sphalerite (Harvey et al., 1993) are dependent on oxygen. 

Ink = Ea/RT + InA 3.2 

The average change in the secondary dissolution rate constant accompanying a rise in 

temperature by 10°C, Ak2AvE/10°C, for Zn, Fe and Cd in acidic, oxic solutions indicate the 

mobilisation of these metals is governed by a chemical rate limiting step (Table 3.1). The 

corresponding apparent activation energies for the dissolution of Zn, Fe and Cd are 31.6, 

50.9 and 33.9 kJ mo11 , respectively (Table 3.3). These values also suggest a surface 

controlled rate-limiting step for the mobilisation of Zn, Fe and Cd from OC in acidic, oxic 

solutions. Similarly, the Ak2Av E/10°C and an apparent activation energy (Ea ') of 44.4 Id 

rnol 1  indicate that a chemical process governs the mobilisation of Fe in acidic, anoxic 

solutions (Tables 3.1 and 3.3). A comparison of the apparent activation energies for the 

secondary stage of Fe mobilisation reveals that the oxic value is greater than that for anoxic 

conditions. This may indicate the activation barrier for oxidative dissolution is greater than 

that for proton-promoted dissolution. This may give credence to the proposition that surface 

protonation is the initial step in the mechanism for oxidative dissolution of metal sulfides 

(Hoffman et al., 1985; Hsieh and Huang, 1989) as discussed in section 1.3.2. The Ea 'pp 
 

for 

the secondary phase of Zn and Cd mobilisation in oxic solutions is also greater than its 

corresponding value for non-oxidative dissolution. The Ea  A
p, of 23.7 kJ mol1  for the second 

stage of Zn mobilisation in acidic, anoxic solutions is at the low end of chemical control and 

suggest that diffusion may also play a role. Under the same conditions, the mobilisation of 

Cd appears to be governed by diffusion as indicated by an Ea'" of 16.4 kJ moF'. The 

reduced activation energies for Zn and Cd mobilisation in acidic, anoxic solutions may be a 

consequence of interfacial reactions and indicate a diffusion controlled rate limiting step. It 

was established in Chapter 2 that exchange and/or adsorption reactions in acidic, anoxic 

solutions that remove mobilised Zn and Cd are more likely than those that involve dissolved 

Fe. Hence giving the impression of reduced dissolution rates for Zn and Cd, which in turn 

would give lower than expected activation energies. 
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Figure 3.1 The effect of temperature (15, 25, 35, 45 and 55°C) on Zn mobilisation from 
OC in acidic, (a) oxic and (b) anoxic solutions (0.001 M KNO3, pH 2 ± 0.1, 
moc: 0.27 g, SA0( : 0.58 m2). 
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Figure 3.1 The effect of temperature (15, 25, 35, 45 and 55°C) on Zn mobilisation from 

OC in circumneutral, (c) oxic and (d) anoxic solutions (0.001 M KNO3, pH 

7 ± 0.5, moc: 0.27 g, SAo(:: 0.58 m2). 
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Figure 3.2 The effect of temperature (15, 25, 35, 45 and 55°C) on Pb mobilisation from 
OC in acidic, (a) oxic and (b) anoxic solutions (0.001 M KNO3, pH 2 ± 0.1, 
moc: 0.27 g, SAoc: 0.58 m2). 
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Figure 3.2 The effect of temperature (15, 25, 35, 45 and 55°C) on Pb mobilisation from 
OC in circumneutral, (c) oxic and (d) anoxic solutions (0.001 M KNO3, pH 
7 ± 0.5, moc: 0.27 g, SAo : 0.58 m2). 
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Figure 3.3 The effect of temperature (15,25,35,45 and 55°C) on Fe mobilisation from 
OC in acidic, (a) oxic and (b) anoxic solutions (0.001 M KNO3, pH 2 ± 0.1, 
moc: 0.27 g, SA0ç: 0.58 m2). 
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Figure 3.4 The effect of temperature (15, 25, 35, 45 and 55°C) on Cu mobilisation from 
OC in acidic, (a) oxic and (b) anoxic solutions (0.001 M KNO3, pH 2 ± 0.1, 
moç: 0.27 g, SAoc: 0.58 m2). 
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Figure 3.5 The effect of temperature (15, 25,35,45 and 55°C) on Cd mobilisation from 
OC in acidic, (a) oxic and (b) anoxic solutions (0.001 M KNO3, pH 2 ± 0.1, 
moc: 0.27 g, SAoc: 0.58 2)  
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Figure 3.5 The effect of temperature (15, 25, 35, 45 and 55°C) on Cd mobilisation from 
OC in circumneutral, (c) oxic and (d) anoxic solutions (0.001 M KNO3, pH 
7 ± 0.5, moç: 0.27 g, SAoc: 0.58 m2). 

130 



(a) 

20 
N 

E 

15 

N 

10 

25 

a 

5 

0 

(b) 

cJ 

N 

20 

N 15  

© 

30 

10 

5 

0 

Chapter 3 Effect of Temperature and pt1 on Metal Mobilisation 

0 6 12 18 24 
Time (hours) 

Figure 3.6 The effect of temperature (15, 25, 35, 45 and 55°C) on Zn mobilisation from 
ZnS in acidic, (a) oxic and (b) anoxic solutions (0.001 M KNO3, pH 2 ± 0.1, 
n1: 0.17 g, SAzs: 5.92 m2). 
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Table 3.1 Rate data for mobilisation experiments performed at pH 2. 

Rate constants 

_____________ (Fe, Cu, Zn and Pb: tM m 2  1' Cd: nM m 2  h') AkAvF/ 

Metal Condition I k/R2  15°C I 25 °C 35 °C I 45 °C 55 °C 10°C 
Ore concentrate 

Oxic k1  5.4627 6.8634 10.7150 12.8810 16.0360 1.32 
R1 2  N/A N/A N/A N/A N/A 
k7  1.0597 1.6411 3.4212 3.8233 5.0986 1.52 

zil R-,2  1 1 0.9994 0.9967 0.9965  

Anoxic k1  2.4711 4.9190 4.8437 82114 9.6847 1.46 
R1 2  N/A N/A N/A N/A N/A 
k2  0.5956 0.8424 1.4849 1.6122 1.9137 1.36 
R, 2 N/A N/A 1 0.9987 0.9975  

Oxic k1  26.7020 40.7530 56.7810 68.5560 80.2700 1.32 
R1 2  N/A N/A N/A N/A N/A 
#k 0.2108 0.2555 0.2999 0.2815 0.3270 1.12 
R,2  0.9238 0.8555 0.8810 0.7903 0.8414 
4k 0.1855 0.2154 0.2583 0.2307 0.2705 1.11 

Pb R, 2  0.9637 0.9273 0.9349 0.8862 0.9097  

_________ 

Anoxic k1  38.8520 46.4620 60.7290 67.6590 81.4410 1.21 
R1 2  N/A N/A N/A N/A N/A 
#k 0.2989 0.2851 0.3241 0.3000 0.3958 1.08 
R72  0.8489 0.8797 0.9104 0.8069 0.9101 
#k 0.2512 0.2440 0.2835 0.2487 0.3452 1.10 
R7.2  0.9227 0.9391 0.9541 0.8914 0.9559  

Oxic k1  0.5269 0.9361 1.9320 3.5159 4.1519 1.96 
R1 2  N/A N/A N/A N/A N/A 
k7 0.0551 0.0982 0.2402 0.3922 0.6977 1.91 

F e R72  0.9927 0.9956 0.9999 0.9973 0.9963 
_ 

Anoxic k1  0.4899 1.0153 1.9598 3.3957 4.1433 1.74 
R1 2  N/A N/A N/A N/A N/A 
k, 0.0429 0.0641 0.1312 0.2365 0.3758 1.73 
R- 2  0.9931 0.9854 0.9913 0.9973 0.9964  

Oxic k1  0.3471 0.4230 0.3255 0.2628 0.2608 0.95 
R1 2  N/A N/A N/A N/A N/A 

Cu k7 0.0656 0.0821 0.0820 0.0618 0.0509 0.96 
R,2  0.9816 0.9889 0.9825 0.9869 0.9930  

Anoxic k1  0.1059 0.2259 0.6120 0.3737 0.2383 1.52 
R 1 2  N/A N/A N/A N/A N/A  

Oxic k1  8.1142 10.2576 16.8408 26.0266 35.2125 1.45 
R 1 2  N/A N/A N/A N/A N/A 
k, 1.3080 2.0607 4.1712 5.5368 6.8188 1.54 

Cd R,2  0.9991 0.9990 0.9994 0.9956 0.9975  

_ 

Anoxic k1  7.0425 8.2673 10.6403 12.2478 16.8408 1.25 
R1 2  N/A N/A N/A N/A N/A 

k2 0.2280 0.3725 0.4266 0.5351 0.5308 1.25 

R.,2  0.9895 0.9976 0.9943 0.9945 0.9998  

Synthetic zinc sulfide  

Oxic k1  0.9647 1.9157 4.2107 5.1787 5.4429 1.62 

R1 2  N/A N/A N/A N/A N/A 
k2  0.3559 0.4535 0.6355 0.7651 0.6342 1.17 

Zn  R, 2 0.9982 0.9878 0.9968 0.9948 0.9940  

Anoxic k1  1.1037 3.2776 4.2626 4.6345 6.3135 1.68 
R12  N/A N/A N/A N/A N/A 

k7 0.3926 0.5719 0.6314 0.8446 0.6855 1.18 

R72  0.9997 0.9918 0.9886 I  0.9830 0.9925  

k1  denote rate constants calculated for the first halfan hour ofreaction, whereas k 2  represents the 
reaction beyond 2 hours. The average change in k for 10°C rise in temperature is given by 
Ak, 1]10°C. R2  marked not applicable (N/A) denote k values calculated using only two data points. # 
indicate values calculated using [Pb] = [Pb,, \].{1 - exp(-kt)}. 
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Table 3.2 Rate data for mobilisation experiments performed at pH 7. 

Rate constants 
(Zn and Pb: iM m 2  h, Cd: nM rn 2  h 1 ) 

Metal I  Condition k/R2  15°C 25 °C 35 °C 45 °C 55 °C 10°C 
Ore concentrate 

Oxic k1  2.1700 3.1369 4.1768 10.0690 15.6001 1.68 
R1 2  N/A N/A N/A N/A N/A 

k2 0.4847 0.6752 0.7978 1.4301 2.1583 1.47 

__________ 
R22  0.9997 0.9999 0.9809 0.99999 0.9982  

Anoxic k1  1.5791 3.7233 3.8036 4.2376 5.6882 1.46 

R1 2  N/A N/A N/A N/A N/A 
k2  0.3233 0.8619 1.3330 1.6347 2.6420 1.77 
R22  N/A N/A N/A N/A N/A  

Oxic k1  6.7828 9.4197 14.9821 25.9774 34.2461 1.51 

Pb R1 2  N/A N/A N/A N/A N/A  

Anoxic k1  11.4082 18.2631 20.6217 24.8728 34.6752 1.33 
R1 2  N/A N/A N/A N/A N/A  

Oxic k1  4.1336 5.8177 9.1859 9.3390 11.9420 1.32 
R1 2  N/A N/A N/A N/A N/A 
k-, 0.7332 0.9203 1.4214 1.7168 2.8847 1.42 
R72  0.9992 0.9978 0.9968 0.9996 0.9999 Cd 
kINT 1.0717 1.5055 2.0413 3.0109 2.9599 1.30 

RINT2  N/A N/A N/A N/A N/A  

Anoxic k1  4.4398 5.5881 6.1239 6.2770 6.7363 1.12 

R1 2  N/A N/A N/A N/A N/A 
k2  0.0383 0.1531 0.1914 0.1531 -0.1148 2.02 
R22  N/A N/A N/A N/A N/A (15-45°C) 
kINT 0.4083 0.3827 0.5103 0.9696 1.0717 1.32 

RINT2  N/A N/A N/A N/A N/A  

k1  denote rate constants calculated for the first haifa n hour of reaction, whereas k 2  represents the 
reaction beyond 2 hours. kINT denote rate constants calculated between 0.5-2 hours. Correlation 
coefficients niarked not applicable (N/A) denote k values calculated using only two data points. The 
average change in k for 10°C rise in temperature is given by AkAvE/IO°C. 

Ahlberg and Asbjornsson (1994) studied the temperature dependence of sphalerite 

dissolution in acidic perchiorate, chloride and sulfate solutions. The activation energy, over a 

temperature range of 25-95°C, determined in the different media was 60 ± 2 kJ moY1 . This 

value, although being larger than the apparent activation energies shown in Table 3.3, 

concurs with the postulate that Zn mobilisation from the OC in acidic solutions is govemed 

by a surface controlled mechanism. Majima et al. (1981) as well as Crundwell and Verbaan 

(1987) have also observed the dissolution of sphalerite in acidic media, especially in H2SO4  

and HC1 solutions, to be a surface controlled process. Activation energies from 41 to 90 kJ 

mo1' have been reported for surface controlled dissolution of sphalerite (Vaughan and Craig, 

1978; Majima et al., 1981; Bobeck and Su, 1985; Crundwell and Verbaan, 1987; Kammel et 

al., 1987; Kametani and Kobayashi, 1988). 
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Table 3.3 Calculated a pparent a ctivation e nergies for metal m obilisation from OC 
and ZnS. 

'Initial dissolution 2Stage two dissolution 
Metal pH Condition Ea  (kJ moFt ) R2  F, App  (kJ mol ) R2  

Ore concentrate 

Zn 2 Oxic 21.9 0.9827 31.6 0.9510 
Anoxic 25.6 0.9246 23.7 0.9378 

7 Oxic 40.0 0.9550 29.2 0.9588 
Anoxic 21.4 0.8105 38.4 0.9444 

Pb 2 Oxic 21.6 0.9712 #77  0.8540 
#6 5* 0.7658 

Anoxic 14.6 0.9895 #4•7  0.5304 
# 5.0* 0.4848 

7 Oxic 33.4 0.9886 ND ND 
Anoxic 20.0 0.9607 ND ND 

Fe 2 Oxic 43.1 0.9775 50.9 0.9935 
Anoxic 43.3 0.9778 44.4 0.9915 

7 Oxic ND ND ND ND 
Anoxic ND ND ND ND 

Cu 2 Oxic ND ND ND ND 
Anoxic ND ND ND ND 

7 Oxic ND ND ND ND 
Anoxic ND ND ND ND 

Cd 2 Oxic 30.4 0.9859 33.9 0.9674 
Anoxic 16.7 0.9770 16.4 0.8834 

7 Oxic 20.6 0.9427 26.3 0.9708 
216NT 0.9525 

Anoxic 7.6 0.8874 59.9 (15-35°C) 0.8653 
-18.2 (35-45°C) N/A 
22 31NT 0.8522 

Synthetic zinc sulfide 

Zn 2 Oxic 35.5 0.9029 20.1 (15-45°C) 0.9908 
-16.3 (45-55°C) N/A 

Anoxic 30.6 0.8417 18.3 (15-45°C) 0.9612 
-18.1 (45-55°C) N/A 

7 Oxic ND ND ND ND 
Anoxic ND ND ND ND 

Calculated using k1  data. 
2  Calculated using k2  data. 
ND = Not determined. 
# denote values based on k determined using equation 1.31. 
* determined using k with better colTelation coefficients. 
INT denote Ea App. values evaluated using kINT  
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The leaching of sphalerite in mineral processing has been described as an electrochemical 

process (Ahlberg and Asbjömsson, 1994, and references therein). Ahlberg and Asbjömsson 

(1994) showed that the activation energy for electrochemical dissolution of sphalerite with 

high levels of Fe impurities was affected by an external voltage. In perchlorate solutions at 

pH 2 the activation energy was 60 ± 2 kJ mo1 1  over the entire potential region studied (0.25-

I V). This value is comparable to the activation energy determined from chemical leaching, 

shown in the previous paragraph (Ahlberg and Asbjörnsson, 1994). However, the activation 

energy determined in acidic chloride and sulfate solutions varied from 10.6 to 62.3 kJ mol1, 

depending on the potential. For potentials between 750 and 810 mV, Ahlberg and 

Asbjömsson (1994) reported activation energies around 34 kJ mo1', which is comparable to 

values determined in this study. This may indicate galvanic interactions between metal 

sulfides in this study. 

Ferric ions are often used in hydrometallurgy to leach sphalerite. In the presence of ferric 

ions, the anodic potential at the sphalerite surface is increased and thereby facilitates its 

dissolution (Ahlberg and Asbjornsson, 1994). Rimstidt et al. (1986) showed that acidic dilute 

ferric solutions can influence the oxidation of sphalerite, which had an activation energy of 

27 kJ mo1 1  over 40-60°C. This value is comparable to the activation energies determined for 

Zn mobilisation from bulk OC in acidic solutions and suggests that mobilised Fe is involved 

in the dissolution of Zn and possibly other metal constituents of OC. It must be noted that the 

Fe(II) mobilised from OC would be the source of Fe(III). However, oxidation rates, in the 

absence of Thiobacillusferrooxidans and related bacteria, would be quite slow. Hence ferric 

catalysed oxidation of metal sulfides would be a minor reaction pathway for metal 

mobilisation at pH 2 without added Fe(III). 

Exchange reactions involving mobilised Pb and to a lesser extent Cu and Cd, due to their 

lower abundance, can enhance the mobilisation of Zn from the sphalerite component of OC; 

which may reduce the activation energy. The lower activation energy for Zn mobilisation 

determined in this study, compared to published values, may also reflect the mixed mineral 

composition of the OC. Mun and Mehta (1983) reported that the release of Zn from 

sphalerite was accelerated when it was in contact with pyrite. The absence of ferric sulfate 

ruled out ferric catalysed oxidation of sphalerite (Mun and Mehta, 1983). Moreover, the 

concentration of dissolved Fe did not rise above 1% of the available Fe and in many cases 

was less than 1 mg U1  (Muff and Mehta, 1983). Hence dissolved Fe did not account for the 

enhanced leaching of Zn. The increased Zn dissolution was, instead, attributed to galvanic 

interaction between sphalerite and pyrite. Hence the pyrite constituent of OC would enhance 

the reactivity of the sphalerite component, which may explain the lower calculated Ea 1)  
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when compared to other studies using pure sphalerite. Moreover, galena and chalcopyrite of 

OC may also act as the cathodic member in galvanic interactions involving sphalerite. 

Pure sphalerite is considered to be an insulator with a band gap of 3.6-3.9 eV. However, a 

bad gap of 0.5 eV has been observed for sphalerite containing 12.4% Fe (Keys et al., 1968). 

Cadmium impurities are also known to reduce the band gap of sphalerite, essentially making 

it a semiconductor (Ahlberg and Asbjornsson, 1994 and references therein). Mineralogical 

data for OC indicated that sphalerite contains Fe and Cd impurities. Hence the band gap of 

the sphalerite component is expected to be low. At the temperatures studied, thermal 

excitation may induce the semiconducting behaviour of the impure ZnS, which can enhance 

oxidative dissolution. This may also contribute to the lower than expected activation energy 

for Zn mobilisation. It must be noted that galena, chalcopyrite and pyrite are also 

semiconductors with low band gaps of 0.41, 0.53 and 0.95 eV, respectively. Hence thermal 

excitation may also influence the mobilisation of Pb, Cu and Fe. Photo-excitation has been 

shown to increase the oxidative dissolution of semiconducting CdS (Hsieh and Huang, 1991; 

Hsieh et al., 1992; Hsieh et al., 1993; Davis et al., 1994b) and PbS (Hsieh and Huang, 1989). 

Photo-oxidation of metal sulfides will be investigated in the following chapters. 

The activation energy for the dissolution of CdS in aqueous, acidic solutions has been 

reported to be 59.4 kJ moF' (cited in Hsieh and Huang, 1991). While this value is almost 

double the value determined for Cd mobilisation from OC in acidic, oxic solutions (Table 

3.3) it supports a surface controlled dissolution mechanism. The lower EaApp-  determined in 

this study for Cd mobilisation may be explained by the same factors mentioned above for Zn 

mobilisation. Hsieh and Huang (1991) reported an activation energy of 18.4 U mol1, over 

10-40°C, for the photo-oxidative dissolution of synthetic CdS in acidic solutions. This value 

is comparable to the Ea  App.of  16.4 U moY' for Cd mobilisation from OC in acidic, anoxic 

solutions. However, the value determined by Hsieh and Huang (1991) for the photo-

oxidative dissolution of CdS is lower than the activation energy determined for Cd 

dissolution in acidic, oxic solutions under darkness. It is known that illumination of 

semiconducting metal sulfides such as CdS can enhance oxidative dissolution, which may 

indicate that the activation b arrier required for the release o f C d i s reduced under photo-

irradiation. It must be acknowledged that Cd exists as a substitution impurity of sphalerite, 

this may also explain the discrepancy between the activation energy reported by Hsieh and 

Huang (1991) and values calculated in this study. 

McKibben and Barnes (1986) studied the oxidation of pyrite in acidic, oxygenated solutions 

These researchers observed that the rate of oxidation, based on the concentration of 
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dissolved Fe, was negligibly dependent on proton concentration from pH 2-4. Hence 

McKibben and Barnes (1986) were able to determine an E of 56.9 ± 7.5 kJ mol' over a 

temperature range of 20-30°C. This value is in agreement with the Ea of 50.9 kJ moY1  for 

the mobilisation of Fe from OC in acidic, oxic solutions. Schoonen et al. (2000) also studied 

the effect of temperature on pyrite oxidation and reported the rate of oxidation to be strongly 

dependent on temperature. Pyrite oxidation in acidic solutions (pH 2.3-3), in darkness, were 

followed by measuring the rate of release of H, sulfate and total Fe. The activation energy, 

over the range 20-47°C, determined from each of the three reaction progress variables were 

reasonably consistent and ranged from 46.2 to 56.3 kJ mol' (Schoonen et al., 2000). These 

values concur with the apparent activation energies for Fe mobilisation listed in Table 3.3. 

The activation energy for the oxidation of pyrite under darkness at pH 2.3 based on the 

release of Fe and sulfate were 46.2 and 50.7 kJ moY1 , respectively (Schoonen et al., 2000). In 

their study, Schoonen et al. (2000) noticed that the activation energy, based on the release of 

proton, sulfate and Fe, would vary as much as 40 kJ mol', which suggested the oxidation 

mechanism of the sulfur component of pyrite differs from that for the iron constituent. Hence 

the apparent activation energies calculated in this study for oxic conditions pertain to metal 

mobilisation, but may also be loosely related to the oxidation of the parent sulfide mineral. 

However, care must be taken as interfacial reactions may influence rate constants and in turn 

affect activation energy values. 

The lower E,"'P for the initial Zn dissolution in acidic, oxic solutions relative to the latter 

stages (Table 3.3) may indicate that highly reactive surfaces are responsible for the 

preliminary release of Zn. This also appears to be true for Fe and Cd mobilisation under the 

same conditions. In acidic, anoxic solutions, the difference between the apparent activation 

energies for the initial and secondary stages of Fe mobilisation is not as large as seen for Fe 

dissolution in corresponding oxygenated solutions. The lower activation energy at the 

beginning still suggests that the initial rapid non-linear dissolution of Fe, seen in Figure 3.3b, 

may be attributed to highly reactive sites. However, the closeness of the activation energies 

suggests that the initial dissolution is not solely attributed to these highly reactive sites. The 

results for Zn and Cd dissolution in acidic, anoxic solutions are a little more difficult to 

rationalise. An initial rapid non-linear dissolution is observed for the mobilisation of Zn and 

Cd (Figures 3.1b and 3.5b), which is indicative of the dissolution of highly reactive sites. 

However, this is not reflected in the activation energies, as the initial value is greater than 

that for secondary dissolution. In the case of Cd, the two values are very close which 

contradicts the notion that highly reactive sites are responsible for the initial non-linear 

dissolution (Figure 3.5b). It is believed that the lower apparent activation energy for Zn and 
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Cd dissolution for the secondary phase is attributed to interfacial reactions that remove 

mobilised Zn and Cd. Thereby giving lower rate constants and in turn a lower than expected 

activation energy. 

It was e stablished in the previous c hapter that the curvature o f Pb m obilisation might be 

attributed to the removal of d issolved Pb either by a dsorption a nd/or exchange reactions. 

Moreover, adsorption of other metals onto active lead dissolution sites may also contribute to 

the non-linear dissolution kinetics. To avoid the effects of interfacial reactions on rate 

constants and d etermine an E s olely for d issolution, reaction rate c onstants, k 1  (Table 

3.1), describing the first 30 minutes of dissolution were used for calculations. The Ea  A
pp for 

the initial mobilisation of Pb from the OC in acidic, oxic solutions is 21.6 kJ mol 1  (Table 

3.3). This value indicates a surface controlled rate-limiting step for the Pb mobilisation in 

acidic, oxygenated solutions; however it appears that diffusion may also play a minor role. 

This certainly appears to be the case for Pb mobilisation in acidic, anoxic solutions according 

to the apparent activation of 14.6 kJ moF' (Table 3.3). 

The curvature of the Pb dissolution in acidic, oxic solution (Figure 3.2a) suggests that the 

mechanism progressively changes from surface to diffusion controlled as the reaction 

proceeds. In order to verify this, an E value for the overall Pb mobilisation was determined 

using rate constants calculated using equation 1.31, which can be used to simulate Pb 

mobilisation from OC as shown in Chapter 2. However, this kinetic model underestimated 

the initial Pb mobilisation and thus care should be taken when interpreting Ea' calculated 

using rate constants determined using equation 1.31. An EaAPP  of 7.7 kJ mo1' (Table 3.3) 

was determined for the overall Pb dissolution in acidic, oxygenated solutions, which 

indicates a diffusion controlled rate-limiting step. As aforementioned care needs to be taken 

in making mechanistic deductions based on kinetic data calculated using equation 1 .31. This 

is highlighted by the low correlation coefficient for EaAPP  (Table 3.3), indicating that the 

kinetic model chosen to fit the data was not adequate as seen from the correlation 

coefficients of rate constants (Table 3.1) used to evaluate EaAPP.  No improvement in the 

correlation coefficient for Ea (Table 3.3) was seen when rate constants with better 

correlation coefficients (k7 in Table 3.1), also determined using equation 1.31, were used. 

However, the two Ea are comparable (Table 3.3). Irrespective of the low correlation 

coefficients, the two E  '
App. values concur with an activation energy of 6.7 kJ moF' for photo-

dissolution of PbS (cited in Hsieh and Huang, 1989). The low Ea  values (Table 3.3) indicate 

Pb mobilisation changes from surface control to one that is more strongly controlled by 

diffusion. This trend is also observed for Pb mobilisation in acidic, anoxic solutions. It is 

noticed that the initial dissolution activation energy already suggests a diffusion controlled 
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process (Table 3.3). However, this value is larger than the Ea describing overall 

dissolution (Table 3.3) and may indicate some influence of surface processes on the initial 

anoxic Pb dissolution. 

[Pb] = [Pbinax]. { I - exp(-kt)} 1.31 

The parabolic rate law (equation 2.2) is also used to calculate rate constants (Table 3.4) for 

the overall mobilisation of Pb in acidic, oxic and anoxic solutions. The resulting Ea App. for the 

release of Pb in oxic and anoxic solutions are 11.6 and 11.8 kJ mo1' (Table 3.4), 

respectively. The low correlation coefficient for rate constants (Table 3.4) indicates the 

parabolic rate law is not appropriate for Pb mobilisation from OC. This suggests Pb 

mobilisation from OC is not solely governed by transport controlled dissolution. Hence care 

should be taken when interpreting the apparent activation energy determined from the rate 

data. This caution is reflected by the low correlation coefficients for Ea App, values (Table 3.4). 

The low EaA1  values support the proposition of diffusion controlled dissolution. The 

similarity of E1'' for Pb mobilisation in oxic and anoxic solutions at pH 2 (Table 3.4) 

indicate proton promoted dissolution is more important than oxidative dissolution. This may 

also be determined from Ea values determined from equation 1.31 (Table 3.3). 

Table 3.4 Rate data, determined using equation 2.2, and activation energy for Pb 
mobilisation from OC in oxic and anoxic solutions at pH 2. 

Temperature Rate constant (jiM m 2  h 112 Activation energy (kJ mof') 
Condition (°C) k R2 Ea App. R2  

15 5.2455 0.8388 
25 6.9180 0.8615 

Anoxic 35 8.7995 0.8303 11.8 
45 9.5155 0.8257 
55 9.3560 0.7660 

C=C0 +2k1,t'2 2.2 

Figures 3.1-3.3 and 3.5 show that the mobilised concentrations of Zn, Pb, Fe and Cd 

increased with increasing temperature. Whilst this is partly true for Cu mobilisation in acidic, 
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oxic solutions (Figure 3.4a) when going from 15 to 25°C, any further increase results in an 

inverse relationship between dissolved Cu concentration and temperature. This is reflected in 

the calculated reaction rate constants listed in Table 3.1. The lowered dissolution rates are 

attributed to processes that remove dissolved Cu, which appear to outweigh mobilisation 

processes. It was s hown in C hapter 2 that dissolved Cu i s easily removed from solution, 

which was attributed to interfacial reactions. The removal of Cu was particularly noticeable 

in acidic, anoxic solutions as the surface area of OC was increased. Figure 3.4b shows 

dissolved Cu can also be removed from anoxic solutions at temperatures greater than 25°C. 

The concentration of dissolved Cu varies with temperature, as is the case for mobilisation in 

acidic, oxic solutions. At temperatures above 25°C, it is believed that the increase in thermal 

energy of the system overcomes any activation barrier required by exchange and/or 

adsorption reactions and thereby facilitates the removal of dissolved Cu. The AklAvE/10°C 

for Cu mobilisation in anoxic solutions at pH 2 suggests a surface controlled process (Table 

3.1). The dissolution of pure chalcopyrite is known to be a chemically controlled reaction; 

the reaction rate is strictly dependent on temperature and surface area of particles (Buttinelli 

et al., 1992). Hence the low AkAv E/lO°C values determined for Cu mobilisation in oxic 

solution are due to removal of dissolved Cu by interfacial reactions (Table 3.1). 

According to AklAvE/10°C values (Table 3.1) the initial dissolution of pure synthetic ZnS in 

acidic, oxic and anoxic solutions are governed by a chemical rate-limiting step. However, the 

mechanism appears to change as the reaction proceeds as indicated by Ak2AvE/10°C for the 

secondary dissolution phase; which is indicative of a diffusion controlled rate-limiting step. 

This is supported by the corresponding activation energies for the initial and secondary phase 

of ZnS dissolution as listed in Table 3.3. The secondary dissolution phase of ZnS in acidic 

solutions only appears to be controlled by a diffusion controlled rate-limiting step for 

temperatures between 15 and 45°C as indicated by Ea 

App.of  20.1 and 18.3 kJ moY' for oxic 

and anoxic solutions, respectively. However, negative activation energies were evaluated 

over 45-55°C. The negative value may be a consequence of Zn2  readsorption onto ZnS, 

which becomes more important at higher temperatures. This is illustrated in Figures 3.6a and 

b by the curvature of dissolution graphs, which become more pronounced as the temperature 

increases. As a consequence reaction rates decrease and is reflected in the rate constants for 

the secondary dissolution phase as seen in Table 3.1. Rimstidt et al. (1994) have also 

reported a negative activation energy for the reaction of arsenopyrite with ferric ions in 

acidic solutions at high temperatures between 25 to 60°C; but evaluated 18 kJ mol' for 

temperatures less than 25°C. These researchers attributed the negative energy to a sequence 

of reactions that contains a branch where one reaction path is dominant at all temperatures 
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while the less vigorous side reaction that produces an inhibitor of the rate-limiting step 

becomes increasingly important at higher temperatures. This may also be the case for the 

dissolution of ZnS in acidic solutions. 

Table 3.1 shows that Ea' values, determined using the initial rate method, for the 

mobilisation of Zn from OC are lower than corresponding values for ZnS. This may indicate 

that the reactivity of ZnS present in OC is greater than its pure synthetic counterpart, which 

may illustrate that impurities can accelerate dissolution. Moreover, exchange reactions and 

galvanic interactions may also account for the lower EaAPP  for Zn mobilisation from 0G. 

The temperature dependent mobilisation of metals from the OC was also studied in 

circumneutral solutions. Rate data is only reported for Zn, Pb and Cd (Table 3.2). Solubility 

limitations prevented the mobilisation of Cu and Fe under these conditions to be kinetically 

scrutinised. The activation energies for Zn mobilisation at pH 7 (Table 3.3) indicate that the 

mechanism is controlled by a chemical processes and is supported by AkAvE/10°C values 

(Table 3.2). In aerated solutions the Ea calculated using the initial method is greater than 

that calculated for the secondary phase. This is opposite to the trend seen for Zn mobilisation 

in acidic solution under the same conditions, which may indicate that a different mechanism 

controls Zn dissolution at different pH values. Although, Ea P determined for the first 30 

minutes of Zn dissolution in anoxic solution is less than that evaluated for stage two 

dissolution the trend is reversed compared to that in corresponding acidic solutions. Care 

must be taken when interpreting the Ea1\P1)  value for the secondary phase of Zn mobilisation 

in circumneutral, anoxic solutions, as this was based on limited data that is between 2-6 

hours; beyond 6 hours reaction rates slowed down, reached equilibrium or decreased (Figure 

3.ld). 

The only trend in Ea  A
pp. calculated in circumneutral solutions that conformed with trends 

identified for acidic solutions is the mobilisation of Cd in oxic solutions. Table 3.3 shows 

that both Ea calculated using initial methods and for the second phase of Cd mobilisation 

in neutral, oxic solutions indicate s ome influence of surface controlled dissolution and i s 

supported by the corresponding Ak2AvE/10°C value (Table 3.2). Moreover, the E,App  based on 

initial methods is smaller than the value calculated for the secondary phase and may be 

indicative of highly reactive sites. The calculated E App. for stage two Cd mobilisation in 

anoxic, circumneutral solutions also suggests a chemical rate limiting step, again, this is also 

supported by the corresponding Ak2AvE/10°C value (Table 3.2). The Ea P of 59.9 kJ mol' is 

very much larger than the corresponding value determined for the second phase of Cd 
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mobilisation in oxic solutions (Table 3.3). The Ea calculated for the anoxic release of Cd 

from OC was determined over 15-35°C, using limited data compared to the more reliable 

value evaluated for Cd mobilisation in oxic solutions at pH 7. For temperatures 35-45°C, the 

E  '
Ap,, is  -18.2 kJ moF' for Cd mobilisation in anoxic solutions at pH 7 (Table 3.3). The 

negative value may be explained by the same arguments made above for dissolution of 

synthetic ZnS in acidic solutions. An E1  including 55°C could not be determined due to a 

negative rate constant (Table 3.2) that is attributed to readsorption, exchange and/or 

precipitation reactions. The results of this study are unable to distinguish between these 

processes, which may partly be responsible for the negative Ea' determined for 3 5-45°C. 

In order to compare activation energies, following the initial period of dissolution, over the 

entire temperature range studied, additional E" calculations were performed for Cd 

mobilisation in circumneutral, oxic and anoxic solutions before the onset of processes that 

remove Cd from solution. From rate constants, kINT (Table 3.2) calculated for the release of 

Cd in circumneutral solutions between 0.5-2 hours, the EaAPP  are 21.6 and 22.3 kJ moY1  

(Table 3.3) for oxic and anoxic conditions, respectively. These values support surface 

controlled dissolution, and verifies that the Ea calculated for the secondary phase of Cd 

dissolution in circumneutral, oxic solutions is more reliable than its anoxic counterpart. 

Another unusual feature of Cd mobilisation in anoxic solutions is the low Ea P evaluated 

using initial methods, which indicates diffusion controlled dissolution outweigh surface 

controlled dissolution that may involve highly reactive sites (Table 3.3). However, EaAPP 

increases as the reaction proceeds (Table 3.3). Hence Cd mobilisation in circumneutral, 

anoxic solutions appear to be controlled by mixed transport-surface controlled kinetics. 

The AkAvE/1O°C data for Pb mobilisation in circumneutral, anoxic solutions suggest a 

diffusion controlled process (Table 3.2). This is reflected by the corresponding EaAPP  (Table 

3.3), but it is at the high end of diffusion control and suggests that surface processes may 

also play a role. Both AkAvE/10°C and EaAPP  show that the initial mobilisation of Pb in oxic, 

circumneutral solutions is controlled by a chemical rate-limiting step. It was not possible to 

estimate rate data using equation 1.31 and calculate an Ea for the entire mobilisation of Pb 

due to the readsorption of mobilised Pb as shown in Figures 3.2c and d. Eadington and 

Prosser (1969) investigated the rate of synthetic PbS oxidation in simple aqueous solution at 

neutral pH and found that the rate did not change by more than 10% between 25 and 50°C. 

This indicates that PbS has a relatively low activation energy; while this cannot be compared 

to an overall EaAPP  for mobilisation of Pb in circumneutral, oxic solutions it is in agreement 

with the low E  '
Appdetermined for the overall Pb mobilisation in acidic, oxic solutions (Table 

3.3). 
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It has been speculated that different Ea' at pH 2 and 7 for Zn mobilisation may indicate 

different reaction mechanisms. Schoonen et al. (2000) also attributed a change in reaction 

mechanism to the different activation energies calculated for pyrite oxidation at different pH. 

However, it should be noted that activation energies measured on the same mineral at 

different p1-Is tend to differ (Brady and House, 1996). The variation in activation energies as 

a function of pH has been attributed to temperature dependent shifts in surface speciation 

(Brady and House, 1996). To understand the energetics of reactions at the microscopic level, 

the effect of temperature on the rate constant must be separated from the independent effect 

of temperature on surface speciation (Brady and House, 1996). Decreases in pH,PC  values 

have been observed with increasing temperature (Brady and House, 1996 and references 

therein). Proton adsorption isotherms have the greatest pH dependency at pH > pH,PC. This is 

important because any increase in the pH dependence of proton adsorption should cause 

rates to be more pH dependent. Also, at constant pH increased temperature leads to increased 

cation adsorption and decreased anion adsorption (Brady and House, 1996). This supports 

the proposition made in the aforementioned paragraphs that lower than expected EaAPP 

attributed to reduced rate constants caused by readsorption. Greater readsorption at high 

temperatures was also postulated to be responsible for the negative Ea App. values determined 

for dissolution of synthetic ZnS in acidic solutions (Table 3.3). 

Activation energies give information about reaction dynamics, separating temperature 

dependent surface charging effects is an important step to understanding detailed rate 

mechanisms (Brady and House, 1996). In particular, the enthalpies of proton 

adsorptionldesorption must be subtracted from activation enthalpies to examine detailed 

bonding scenarios (Brady and House, 1996). Hence, care should be taken when using 

activation energy to distinguish mechanisms for mineral dissolution at different pHs. This 

highlights the use of the term apparent activation energy, EaAPP,  throughout this chapter. 

3.3.2 pH Dependence of Metal Mobilisation 

This section investigates the pH dependence of metal mobilisation from OC at 25°C (Figures 

3.7-3.11). Experiments were performed in oxic solutions to minimise readsorption/exchange 

processes that are more important in anoxic solutions. It can clearly be seen in Figures 3.7, 

3.9, 3.10 and 3.11 that the amount of Zn, Fe, Cu and Cd, respectively, mobilised increases 

sequentially as the pH decreases. This may indicate the importance of exchange reactions 

involving protons. This process has been identified for the mobilisation of Zn (equation 1.43) 
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and Pb (equation 1.41) from ZnS (Ronngren et al., 1991) and PbS (Sun et al., 1991b), 

respectively. Equation 1.43 is known to occur in solutions at 4 :!~ pH 7 (Ronngren et al., 

1991) and equation 1.41 has been observed at 4.5 pH :!~- 7 (Sun et al., 1991b). At lower pH, 

surface protonation of metal sulfides can also lead to proton promoted dissolution of metal 

sulfides (equation 3.5) andlor oxidative dissolution. Surface protonation has been postulated 

to be the initial step of the oxidative dissolution mechanism as exemplified by PbS 

dissolution (equation 1.27-1.29) (Hoffman et al., 1985; Hsieh and Huang, 1989). Adsorption 

of hydrogen ions onto metal sulfides supports the proposition of surface controlled 

mechanisms for mobilisation of metals identified using AkAvE/1O°C data and EaAPP  values. 

SZn +2H SH2  + Zn2 1 1.43 

SPb +2H5 SH2  + Pb 21 1.41 

MS(S)  + 2H —> M25  + H2S 3.5 

PbS(S)  + 2H PbSH225(5) 1.27 

PbSI-122 (5)  + 202 PbSH22 •202(5) 1.28 

PbSH72 •2O2(5)  —p Pb2 + 50 42 + 2H' 1.29 

Although the mobilisation of Pb is clearly influenced by solution pH, there is not an inverse 

relationship with concentration of mobilised metal and pH as seen for the other metals. 

Figure 3.8 shows that as the pH increases from 2 to 4 the concentration of mobilised Pb also 

increases. However, Pb mobilisation at pH 2, 3 and 4 are similar according to the error bars 

of each dissolution curve (Figure 3.8). Hence the unexpected trend of increasing 

concentration of dissolved Pb with decrease in hydrogen ion concentration is thought to be 

due to the heterogeneity of the OC and possibly interfacial reactions. In contrast, Hsieh and 

Huang (1989) observed that the dissolution of synthetic PbS increased with increasing 

hydrogen ion concentration. The discrepancy between the results of Hsieh and Huang (1989) 

and those of this study may be attributed to the mixed sulfide system and the possibility of 

interfacial reactions and other interactions such as galvanic coupling. The similarity of Pb 

mobilisation at pH 2, 3 and 4 (Figure 3.8) suggests that proton promoted dissolution is a 

predominant process governing the release of Pb in acidic, oxic solutions. This supports the 

proposition that proton promoted dissolution is more important than oxidative dissolution for 

Pb mobilisation from OC. 
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Figure 3.7 Mobilisation of Zn from OC as a function of pH in oxic solutions (0.001 M 
KNO3, 25°C, moc:  0.27 g, SAoc: 0.58 m2). 
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Figure 3.8 Mobilisation of Pb from OC as a function of pH in oxic solutions (0.001 M 
KNO3, 25°C, moc:: 0.27 g, SAoc: 0.58 m2). 
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Figure 3.9 Mobilisation of Fe from OC as a function of pH in oxic solutions (0.001 M 
KNO3, 25°C, mOe : 0.27 g, SA0 : 0.58 m2). 
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Figure 3.10 Mobilisation of Cu from OC as a function of pH in oxic solutions (0.001 M 
KNO3, 25°C, mOe : 0.27 g, SAo : 0.58 in2). 
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Figure 3.11 Mobilisation of Cd from OC as a function of pH in oxic solutions (0.001 M 
KNO3, 25°C, m0 : 0.27 g, SAoc: 0.58 m). 

Another unexpected feature of the pH dependence of Pb mobilisation is the initial rapid 

release of Pb at pH 6 (Figure 3.8). This may be due to the presence of bicarbonate (HCO3 ). 

Fornasiero et al. (1994b) have shown that galena dissolution at pH 5 was greater in air than 

in oxygenated solutions. These researchers acknowledged the mechanism of lead dissolution 

depends on oxygen but must also involve CO2. Moreover, Fornasiero et al. (1994b; 1994a) 

observed lead carbonate species on the surface of reacted galena and suggested that these 

resulted from precipitation of lead carbonate compounds formed in solution. Gärd et al. 

(1995) also observed carbonate species on ZnS exposed to oxic, alkaline solutions. These 

researchers proposed equation 1.63 to account for the adsorption of CO2  onto ZnS. However, 

carbonate species were not detected on ZnS exposed to acidic and neutral solutions. 

Hydrogen ions may desorb CO2  and Zn2  (equation 3.6) (Gärd et al., 1995). Equations 1.63 

and 3.6 may also be partly responsible for Zn mobilisation illustrated in Figure 3.7. 

SZn + H20 + CO2 —* ZnOHCO2 

eSH 1.63 

ZnSZn + 3H —* ZnSH + 2Zn2  + H20 

S Zn0HC07 SH + CO2 3.6 
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The decline in the concentration of mobilised Pb in solutions at pH 6, 7 and 8, after initial 

release, indicates readsorption and/or precipitation (Figure 3.8). However, following this 

phase it a ppears that e quilibrium i s e stablished b etween m obilisation processes and those 

that remove dissolved Pb from solution. 

3.4 Conclusion 

The results of this study showed that the mobilisation of Zn, Fe and Cd from OC in acidic 

solutions were controlled by a chemical limiting step. This was supported by the pH 

dependence of the mobilisation of these metals; which showed that reaction rates were 

dependent on hydrogen ion concentration and indicated surface protonation was important in 

the release of metals. Apparent activation energies for the initial release of Pb in acidic 

solutions suggested a surface controlled process. However as the reaction proceeded a 

reduction in the apparent activation energy indicated that the rate limiting step converted to 

diffusion controlled. Hence the overall mobilisation of Pb appeared to be controlled by a 

mixture of transport and surface controlled processes. According to the pH dependence of Pb 

mobilisation, it appeared that proton promoted dissolution was more important than 

oxidative dissolution. This was supported by the closeness of Ea' for Pb mobilisation in 

acidic, oxic and anoxic solutions. It was not possible to obtain rate data and activation 

energies to corroborate the proposition that Cu mobilisation was surface controlled due to the 

effects of interfacial reactions. Nonetheless, the linearity of Cu mobilisation over time 

supported a chemical controlled rate limiting step. 
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Chapter 4 Effect of Light on Metal Mobilisation 

4.1 Introduction 

Sulfide minerals are very insoluble, yet they are also thermodynamically unstable in oxic 

conditions and thus susceptible to aqueous environmental oxidation (Hsieh and Huang, 

1991; Hsieh et al., 1993; Davis et al., 1994b; Das and Pradip, 1997). The stability of metal 

sulfides is affected by numerous physicochemical factors, such as temperature, pressure and 

Eh-pH conditions (Hsieh et al., 1993; Das and Pradip, 1997). The unusual electrical 

properties of metal sulfides may also affect their solubility. Some metal sulfides possess 

semiconducting properties and thus have light dependent stabilities (Henglein, 1982; Hsieh 

and Huang, 1989; Hsieh and Huang, 1991; Hsieh et al., 1992; Osseo-Asare, 1992 and 

references therein; Hsieh et al., 1993; Davis et al., 1994b; Wei and Osseo-Asare, 1997). 

4.1.1 Semiconductors 

A semiconductor can simply be described as a solid with electrical conductivity intermediate 

between a metal and an insulator (Bums, 1985). Metals have conductivities in the order of 

10 ohm' cm', which decreases with increasing temperature; whereas insulators have 

conductivities as low as 1028  ohm 1  cm that rise with temperature (Tanner, 1995). The 

conductivities of semiconductors also increase with increasing temperature 

The e lectronic properties of solids can be described by various theories that c omplement 

each other. The band theory is used to analyse the effect of a crystal lattice on the energy of 

the electrons (Stumm, 1992). Inorganic solid materials contain in the order of 5x1022  

atoms/cm3  (Osseo-Asare, 1992; Stumm, 1992 and references therein; Stumm and Morgan, 

1996 and references therein). When the isolated atoms, which are characterised by filled or 

vacant orbitals, are assembled into a lattice new molecular orbitals form. Hence for a 

particular atomic orbital, the resulting molecular orbitals generated from the interaction of 

around 1022  atoms will be numerous and being confined in such a limited space appear as a 

band of closely spaced molecular orbitals (Osseo-Asare, 1992; Stumm, 1992). The occupied 

bonding orbitals form the valence band (vb), which is filled by valance electrons, and the 

vacant anti-bonding orbitals form the conduction band (cb) (Meyers, 1990; Stumm and 

Morgan, 1996). The vb and cb correspond to the highest occupied molecular orbitals and the 

lowest unoccupied molecular orbitals, respectively (Brezonik, 1994 and references therein). 
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In general, valence and conduction bands do not overlap, but are separated by a forbidden 

region or band gap of energy, Eg, which is usually expressed in electron volts (eV) or 

equivalent wavelength of light energy (Table 4.1) (Meyers, 1990; Brezonik, 1994; Stumm 

and Morgan, 1996). The Eg  value of a material determines whether it is a metal, 

semiconductor or insulator (Figure 4.1) (Osseo-Asare, 1992). Metals are characterised by the 

presence of energy bands that are partially filled, or by occupied energy levels that overlap 

with unfilled or partially occupied bands (Osseo-Asare, 1992). Generally, energy gaps of>2 

eV and <2 eV are observed for insulators and semiconductors, respectively (Figure 4.1) 

(Osseo-Asare, 1992). The band gap values for a selection of metal sulfide semiconductors 

are listed in Table 4.1. 

Table 4.1 Band gap energies for a selection of metal sulfide semiconductors (Osseo- 
Asare, 1992 and references therein). 

Metal Type of Band gap energy Mobilityt 

sulfide Semiconductor (eV) X (nm) e (m2/V.S) h (m)/V.S) 

FeS p-type very low 
ZnS n-type 3.67 338 1.7 x 10 2 5.0 x 10 

CdS n-type 2.42 51714 3.4 x 10 5.0 x 10 

PbS n, p-type 0.4 11 3024t 6.0 x 10 2 7.0 x 102 

FeS2 Usually ntype& 0.95& 1309& 

CuFeS2  0.53* 

x Schoonen et al. (2000 and references therein) 
Hsieh and Huang (1989 and references therein) 

* Tributsch and Rojas-Chapana (2000) 
Hsieh et al. (1993) 

tChrist rnan  (1988) 

conduction 

conduction conduction band 

band band 

energy gap 
energy gap 

valence 
band valence 

band 
valence band 

(a) (b) (c) 

Figure 4.1 Representative band models for (a) metal, (b) semiconductor and (c) 
insulator. (Adapted from Osseo-Asare (1992)). 
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The relationship between band model and molecular orbital theory for sphalerite and pyrite 

are illustrated in Figures 4.2 and 4.3, respectively. The crystal structure of sphalerite consists 

of a tetrahedral arrangement of four S atoms around a central Zn atom (Vaughan and Craig, 

1978). The molecular orbitals of each ZnS4  cluster is formed by a combination of Zn 4s and 

4p orbitals and S 3s and 3p orbitals; the resulting bonding () and antibonding (*) 

molecular orbitals are separated by an energy (A) as shown in Figure 4.2a (Osseo-Asare, 

1992). In a solid ZnS material, the molecular orbitals associated with the individual ZnS4  

clusters overlap with each other to give and o' bands (Figure 4.2a). The broadened 

orbitals give rise to the valence band, whereas the conduction band is formed from the 

broadened * orbitals (Figure 4.2b). The band gap is the energy separation between the top 

of the broadened cy band and the bottom of the broadened o band. 

' p 
,I  cIY1IIx" 

* 

cccz 
4s 0 

" A 
3p 

3s 

Z112 ZnS4 S2  
Atomic Molecular Atomic 
Orbitals Orbitals Orbitals 

(a) (b) 

Figure 4.2 A comparison of (a) the molecular orbital diagram for the ZnS4  cluster and 
(b) the band model for ZnS (Osseo-Asare, 1992 and references therein). 

In pyrite each S atom is in tetrahedral coordination with one S and three Fe atoms; and each 

Fe2  is in octahedral coordination with six S atoms (Osseo-Asare, 1992). The tetrahedral 

coordination of S is attributed to hybrid sp3  orbitals resulting from the interaction of 3s and 

3p atomic orbitals. The molecular orbitals of the FeS6  cluster in pyrite results from the 

interaction between the 3d, 4s and 4p orbitals of the central Fe  21  ion and the six sp3  orbitals 

of the six sulfur ligands (Figure 4.3a). More specifically, the Fe 4s, three 4p orbitals and two 

3d orbitals (namely the eg  orbitals) of the octahedral complex interact with the hybrid atomic 
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orbitals of S to yield six bonding (i.e. 1 as, 3 a,, and 2 ci) and six antibonding molecular 

orbitals (i.e. I o', 3 * and 2 o*);  which form the valence and conduction bands, 

respectively (Osseo-Asare, 1992). The remaining t2g  orbitals are not involved in cy bonding 

are thus nonbonding orbitals. The energy gap (A) represents the separation between the 

nonbonding t2  and antibonding o (eg*)  orbitals (Figure 4.3). 

conduction band 

, 
p * 

4p 
, 

1 '  

çy* (e) 

4s 0 
' 

* (e) 

IA A - 1 eV 
3d  

t2g 
, 

t2g 

'I 
0 

sp3  

Cy 

IIIIII _IIytIi 

Fe2 FeS6 S22 valence band  
Atomic Molecular Atomic 
Orbitals Orbitals Orbitals 

(a) (b) 

Figure 4.3 A comparison of (a) the molecular orbital diagram for the FeS6  cluster and 
(b) the band model for FeS2  (Osseo-Asare, 1992 and references therein). 

Any process that excites an electron from the valence band to the conduction band produces 

two charge carriers for electrical conduction, namely the electron and the positive hole left in 

the valence band (Meyers, 1990). Thermal and optical excitation processes are two important 

ways of inducing semiconducting behaviour, which normally involves both electrons and 

holes (Meyers, 1990). When the magnitude of Eg  is sufficiently low, thermal agitation may 

promote an electron from the valence band into the conduction band of a pure material and 

concomitantly produce an electron hole in the valence band (Osseo-Asare, 1992). This 

material is labelled an intrinsic semiconductor and is characterised by an equal density of 
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positive and negative charge carriers (Osseo-Asare, 1992; Stumm, 1992). An extrinsic 

semiconductor is a material that contains impurities; these may be donor or acceptor species 

that provide electrons to the conduction band and holes to the valence band (Osseo-Asare, 

1992; Stumm, 1992). If donor i mpurities (donate electrons) are present, electrons w ill be 

responsible for conduction and the semiconductor is termed n-type. If the major impurities 

are acceptors then conduction will be mainly by way of holes and the semiconductor is 

labelled p-type (Stumm, 1992). Table 4.1 lists the type of semiconductor of some common 

metal sulfides. 

4.1.2 The Semiconductor/Electrolyte Interface 

In an aqueous environment, the charge carriers of a semiconductor may be involved in 

interfacial electrochemical reactions with redox sensitive aqueous species. In order for 

charge transfer to occur, the energy level of the aqueous species must fluctuate to the same 

energy as the conduction or valence band in the solid (Osseo-Asare, 1992). The alignment of 

energy levels in the solid and the aqueous species permits charge transfer to occur without an 

energy change (Osseo-Asare, 1992). Charge transfer may involve either conduction band or 

valence band. The type of charge transfer depends on the energy levels of cb (E h) and vb 

(Eb) relative to the energy levels of the redox couple (Ered, E0 ). When E0  is in close 

proximity to E h, electron transfer from the conduction band is favoured (Figure 4.4a), 

whereas hole exchange occurs if E0  is closer to E h  than Eb (Figure 4.4b) (Osseo-Asare, 

1992). 

An important parameter characterising the electrochemical properties of a semiconductor is 

its Fermi energy level, EF (Osseo-Asare, 1992). This is the energy where the probability of a 

level being occupied by an electron is 'A, that is equally probable that the level is occupied or 

vacant (Stumm, 1992). For an intrinsic semiconductor EF lies essentially midway between 

the cb and vb. For an n-type solid E1  lies slightly below the conduction band, while for a p-

type solid EF lies slightly above the valence band (Figures 4.5a and c) (Osseo-Asare, 1992; 

Stumm, 1992). 
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Figure 4.4 Transfer of (a) electron and (b) positive hole from the conduction and 
valence bands, respectively, to the redox couple of aqueous species (Osseo-
Asare, 1992). 

When the surface of a semiconductor is brought into contact with an electrolyte containing 

one or more redox couples, charge transfer between the two phases occurs until electrostatic 

equilibrium is attained or equivalently, the Fermi levels in the solid and the solution become 

equal (Figures 4.5b and d) (Osseo-Asare, 1992; Stumm, 1992). In the case of an n-type 

semiconductor, where its Fermi level lies above that in the solution, electrons will flow from 

the semiconductor to the aqueous phase; which raises its Fermi level (Figure 4.5 b). This 

renders the solid positively charged and the adjacent solution negatively charged (Osseo-

Asare, 1992; Stumm, 1992). The excess positive charge acquired by the semiconductor does 

not reside on the surface, as the case for a metal, but is distributed within a thin volume of 

the semiconductor, termed the space charge region (W) (Figure 4.5b) (Stumm, 1992; Osseo-

Asare, 1992). This charge distribution is analogous to that encountered in the diffuse double 

layer on the solution side (Stumm, 1992). The resulting electric field that forms in the space 

charge region is represented by bending of the bands. In an n-type semiconductor the bands 

are bent upwards (Figure 4.5b). The Fermi level in a p-type semiconductor is lower than that 

in the aqueous phase (Figure 4.5c). Hence electrons will move from the solution to the solid 

and thereby rendering the solid negative relative to the ambient solution. The corresponding 

electric field in the space charge region results in a downward bending of the band edges 

(Figure 4.5d) (Sulzberger, 1990; Osseo-Asare, 1992; Stumin, 1992). Band bending provides 

efficient means of separating the electron-hole pairs as electron and holes move in opposite 

directions in the electric field (Sturnm, 1992). 
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Figure 4.5 Formation of a space charge region, W, after electrostatic equilibration of 
(b) n-type and (d) p-type semiconductors with a solution containing a redox 
couple, (0, R). The equilibrium band bending is denoted as A1. The energy 
levels for n-type and p-type semiconductors before contact with the 
electrolyte in the dark are shown in parts (a) and (c), respectively. 
(Adapted from Osseo-Asare (1992) and Stumm (1992)). 

4.1.3 Photochemistry at the Semiconductor/Electrolyte Interface 

When a semiconductor is illuminated with light energy equal or higher than its band gap 

energy, photons are absorbed in the space charge region resulting in a band to band transition 

(Sulzberger, 1990; Hsieh and Huang, 1991 and references therein; Stumrn, 1992; Brezonik, 

1994). As a consequence of electronic excitation by light, a strongly reducing electron 

(photoelectron) and a strongly oxidising hole (photohole) are formed (Hsieh and Huang, 

1991; Stumm, 1992). These charge carriers move in opposite directions owing to the electric 

field caused by the band bending. The movement of electrons and holes in a semiconductor 

is analogous to ions in solution, but their mobility are orders of magnitude larger than those 

of ions in solutions (Stumm, 1992). Table 4.1 shows the mobility of electrons and holes in 
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selected metal sulfides. The charge carriers that reach the surface can undergo redox 

reactions with adsorbed species at the solid/liquid interface. The thermodynamic requirement 

for such a redox reaction to occur is that the redox potential of the electron donor is smaller 

than that of the valence band edge and that the redox potential of the electron acceptor 

exceeds that of the conduction band (Figures 4.5 and 4.6) (Sulzberger, 1990; Stumm, 1992). 

The redox reaction at the solid/liquid interface is in competition with the recombination of 

photo-generated electron-hole pairs; its efficiency depends usually on how rapidly the 

minority carriers - the photoholes in a n-type semiconductor and the photoelectrons in a p-

type semiconductor - reach the surface of the solid and how rapidly they are captured 

through interfacial electron transfer from or to a thermodynamically suitable reductant or 

oxidant of the electrolyte (Stumm, 1992). Plausibly, the redox reaction at the semiconductor-

electrolyte interface is facilitated if the reductant and/or the oxidant is adsorbed (by inner- or 

outer-spheric coordination) at the semiconductor surface (Stunim, 1992). When both 

reductants and oxidants are adsorbed on a semiconductor, oxidative and reductive exchanges 

may occur at the same surface (Figure 4.7) ((Sturnm, 1992; Stumm and Morgan, 1996). 

cb 
- - - 

Recombination hv 
e 

vb 

n-type semiconductor/solution 

interface 

cb - 

0 
Recombination liv R 

vb 

p-type semiconductor/solution 

interface 

(a) (b) 

Figure 4.6 Light induced redox interactions at the (a) n-type and (b) p-type 
semiconductor - electrolyte interface. The redox couple in the electrolyte is 
denoted 0 and R. Photoholes in the valence band are able to oxidise R and 
photoelectrons in the conduction band are able to reduce 0. (Adapted from 
Stumm (1992)). 
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Figure 4.7 Reactions of photoelectrons and photoholes at the semiconductor-
electrolyte interface (Stumm and Morgan, 1996). 

When an e7li pair forms as a result of photon absorption in the space charge region of an n-

type semiconductor, the electron migrates toward the interior of the crystal in the almost-

empty conduction band (Figure 4.6a) (Brezonik, 1994). The hole migrates to a surface site 

(by inward migration of valence band electrons), where it acts as a strong oxidising agent, 

accepting an electron from an adsorbed solute (Figure 4.6a) (Brezonik, 1994). 

The build up of electrons in the lattice makes particles electrophoretically mobile, but 

electrons do not build up indefinitely. Conduction band electrons have three possible fates: 

(1) they migrate to other surface sites that act as reducing agents for sorbed species; (2) they 

can be discharged at a cathode in a photo-electrochemical cell; or (3) they may cause photo-

reductive dissolution of the semiconductor solid (Brezonik, 1994). 

The effectiveness of semiconductors as photo-redox catalysts depends on at least five 

factors: (1) the positions of cb and vb, i.e. potentials of the & and h (reducing and oxidising) 

sites; (2) the band gap energy, which determines the maximum wavelength of light capable 

of exciting the semiconductor; (3) interfacial charge-transfer kinetics; (4) stability of the 

semiconductor toward photo-reductive or photo-oxidative dissolution; and (5) sorption 

characteristics of the surface and possible reactions, e.g., extent of surface coverage, 

proximity of sorbate reactive sites to oxidising or reducing sites at the interface (Brezonik, 

1994). 
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4.1.4 The Role of Electrons and Holes in Dissolution Reactions 

Photo-generated electron-hole pairs are not only involved in redox reactions at the 

semiconductor-electrolyte interface, but may also mediate the dissolution of the 

semiconductor by reacting with atoms in the crystal 1 attice (Hsieh and H uang, 1 991). To 

discuss the influence of electrons and holes on dissolution, consider two surface atoms 

joined by a covalent bond (A:A). When an electron hole is created, an electron from a 

bonding orbital in the valence band is excited to an antibonding orbital in the conduction 

band. The loss of the bonding electron weakens the interaction between the two adjacent 

atoms. An electron from an aqueous nucleophilic species (X) may fill the vacancy in the 

valence band, left by the excited electron, resulting in a new chemical bond between one of 

the surface atoms and the nucleophilic species (equation 4.1) (Osseo-Asare, 1992 and 

references therein). The remaining electron, originally involved in the A :A bond remains 

with the second surface atom as an unpaired electron (equation 4.1). 

A:A + h' + X-  —> A:X+K 4.1 

Electron transfer from the aqueous species X into the conduction band of the solid will also 

break surface bonds (Osseo-Asare, 1992 and references therein): 

A:A+XA:X+A+e 4.2 

Surface atoms with unpaired electrons have the characteristics of a radical and is, therefore, 

more reactive than the surface atoms that have no disrupted bonds (Osseo-Asare, 1992). 

These radical like surface atoms can undergo further nucleophilic reactions involving hole 

consumption (equation 4.3) and electron injection (equation 4.4) (Osseo-Asare, 1992). 

A+h+X-A:X 4.3 

44 

The decomposition of a semiconductor material (by disruption of surface bonds) can occur 

via a hole or an electron reaction as shown in reactions 4.1 and 4.2. The magnitude of the 

band gap energy determines which pathway is preferred. The anodic decomposition of a 

wide band gap semiconductor proceeds primarily via a mechanism involving holes. 

Experimental data indicate that materials with a band gap greater than 0.66 eV are expected 

to undergo hole decomposition during electrochemical oxidation (Osseo-Asare, 1992 and 
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references therein). Many minerals of interest in hydrometallurgy have band gaps that 

exceed 0.66 eV and thus their anodic dissolution would be expected to be dominated by a 

hole pathway (Osseo-Asare, 1992 and references therein). Hence any factors that increase 

hole concentration at the semiconductor/aqueous interface should enhance the rate of 

oxidative dissolution. The surface concentration of holes can be altered by doping the solid, 

by controlling the thermal history of the material, by introducing aqueous species that can 

inject holes into the solid, and by irradiating the solid/aqueous interface with light of 

appropriate energy (Osseo-Asare, 1992). As far as semiconductor properties are concerned, 

any variables that significantly affect the transport of charge carriers, adsorption at the 

interface, and the making and breaking of bonds at the interface, will be expected to 

influence dissolution rate (Osseo-Asare, 1992). 

4.1.5 Photo-Oxidative Dissolution of Metal Sulfide Semiconductors 

Metal sulfides are thermodynamically unstable in oxic solutions (Hsieh and Huang, 1991; 

Hsieh et al., 1993; Davis et al., 1994b; Das and Pradip, 1997) and thus susceptible to 

oxidative dissolution; which can be represented by (Hsieh and Huang, 1989; Hsieh and 

Huang, 1991): 

MS(S)  + 202  —> M ')+(aq) + S042 (aq) 4.5 

Photo-irradiation of serniconducting metal sulfides can enhance their oxidative dissolution, 

due to the generation of photoelectrons and photoholes. It can be seen from Table 4.1 that 

some of the metal sulfides of interest in this study are n-type semiconductors with band gaps 

greater than 0.66 eV. Following illumination of an n-type semiconductor, with light energy 

greater than its band gap, holes migrate to the solid-liquid interface. The hole can be 

involved in anodic dissolution of the semiconductor or react with an aqueous electron donor 

such as water (equation 4.6) to yield reactive intermediates such as 0H and H202  (equation 

4.7), which may also promote metal sulfide oxidation. A number of researchers have 

observed the photo-oxidative dissolution of semiconducting metal sulfides (Eadington and 

Prosser, 1969; Hsieh and Huang, 1989; Hsieh and Huang, 1991 and references therein; 

Osseo-Asare, 1992 and references therein; Hsieh et al., 1992; Hsieh et al., 1993; Davis et al., 

1994b; Davis et al., 1995). 

h + H70 —> H + 0H 4.6 
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20H -* H07 4.7 

Photo-oxidative dissolution of CdS was reported by Hsieh and Huang (1991) to occur 

rapidly in solutions at pH 6. Hence, these researchers proposed a dissolution mechanism 

(equations 4.8-4.11) that involved hydrous CdS (HS.CdOH) as the initial reactant; its neutral 

charge would facilitate the generation of electron-hole pairs (Hsieh and Huang, 1991). In 

oxic conditions, dissolved oxygen molecules adsorb onto the sulfur sites (equation 4.8). 

Following photo-excitation, the photoholes migrate towards the surface S sites, whereas the 

photoelectrons are transferred to and combine with adsorbed oxygen molecules, converting 

them to superoxide ions, 02  (equation 4.9). Subsequently, the photoholes oxidises surface 

sulfide to sulfur, which in turn is oxidised by superoxide ions to yield sulfate (equation 4.10) 

that is concomitantly released into solution along with Cd2  (equation 4.11). 

HS•CdOH + 207 -* 202•HS•CdOH 4.8 

202•HS•CdOH — 202.HS(2h).CdOH 4.9 

207.HS(2h)•Cd0H —* HOS•CdOH 4.10 

H04 0H > Cd21 aq  + 5042 (aq) + H20 4.11 

A similar dissolution mechanism (equations 4.12-4.15) involving protonated surfaces has 

also been proposed by Huang and co-workers (1989; 1995) to describe the photo-oxidative 

dissolution of PbS and CdS in acidic solutions. 

MS(S) + 2H —> MSH22 (S) 4.12 

MSH22 (S) MSH22 (S)(e7h) 4.13 

MSH224 ()(e7h) + 02 _> MSH22 •202()(e7h) 4.14 

MSH22 '• 202(S)(e7h) + M (aq)  + S042 (aq)  + 2H 4.15 

A number of researchers (Henglein, 1982; Hsieh et al., 1992; Hsieh et al., 1993; Davis et al., 

I 994b) have also shown that the presence of heavy metal ions in solution can either enhance 

or retard the photo-oxidative dissolution of the metal sulfide semiconductors. Henglein 
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(1982) demonstrated that Tl and Pb  21  increased the photo-degradation of CdS by 3-4 times; 

however its degradation was inhibited in the presence of Cu" and Ag. The increase in the 

rate of photo-dissolution may be attributed to electron scavenging by adsorbed metal ions 

(equation 4.16) and subsequent re-oxidation of the reduced metal by oxygen (equation 4.17); 

which concomitantly produces the superoxide ions that are able to contribute to the oxidation 

of lattice bound sulfide to sulfate (equation 4.10). The remaining photoholes are therefore 

available to also promote the oxidation of the metal sulfide semiconductor. However, metal 

ions that are less electronegative and thus less efficient electron scavengers can inhibit the 

photo-degradation of metal sulfide semiconductors by consuming holes after becoming 

reduced (equation 4.18). 

ne-  + Mad,
41+ 

M1lS 4.16 

Mads  + fl02 + n02 4.17 

M ads  + nh —> Mads 4.18 

Huang and co-workers (1991; 1992; 1993; 1994b) have extensively studied the photo-

oxidation of CdS and effects of heavy metals ions on the release of Cd. Under dark, oxic 

conditions Cu24  ions rapidly displaced Cd  21  from CdS (equation 4.19) (Davis et al., 1994b). 

This exchange reaction between Cu2  and lattice Cd only slightly increased under 

illumination (Hsieh et al., 1992; Davis et al., 1994b). In the presence of low concentration of 

dissolved Cu, Cd mobilisation from CdS under illumination was governed by exchange 

reactions and photo-oxidative dissolution (equation 4.20). As the concentration of Cu2  

increased, Cd release was governed by exchange reactions. The formation of an overlying 

layer of CuS impeded the photo-oxidative dissolution of CdS, owing to the stability of CuS 

against photo-oxidation (Hsieh et al., 1992; Davis et al., 1994b). Davis et al. (1994b) also 

demonstrated that exchange reactions dominated Cd mobilisation at pH<6. However, at 

pH>6 the availability of Cu2  became limiting and the mechanism responsible for Cd 

mobilisation changed to photo-oxidative dissolution 

Cu24  + CdS(S) CuS(5)  + Cd2 4.19 

CdS(5)  + 202 hv>  Cd24  + SO42 4.20 

Huang and co-workers (1992; 1993) showed that Pb2  was able to undergo chemical 

displacement with lattice bound Cd (equation 4.21). This is expected as the solubility 

product of PbS is slightly less than that of CdS (Table 1.11, section 1.3). However, unlike 
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exchange between CdS and Cu2  (Hsieh et al., 1992; Davis et al., 1994b) very little reaction 

transpired between CdS and Pb2  in solutions at pH 4 in darkness, irrespective of oxygen 

content (Hsieh et al., 1992; Hsieh et al., 1993). Hsieh et al. (1993) attributed this to the 

difference in solubilities between PbS and CdS, which is less than a magnitude (Table 1.11). 

Under illumination, the release of Cd in anoxic solutions increased markedly and so too did 

the concentration of removed Pb. The lead removed/Cd released was approximately 

stoichiometric. This indicated that dissolved Pb exchanged with lattice Cd and thereby 

formed an overlying layer of PbS on CdS. The results also indicated that the mobilisation of 

Cd by lattice exchange under anaerobic conditions is photochemically enhanced. It was 

postulated that the added light energy assisted in overcoming any activation energy needed 

to produce the most thermodynamically favourable product, that is PbS(S)  (Hsieh et al., 

1993). It was shown that equation 4.21 prevailed at pH<6, but the reaction should take place 

efficiently at pH up to 7 where lead hydrolysis and adsorption onto the CdS(5)  is relatively 

insignificant (Hsieh et al., 1993). 

The photo-dissolution of CdS in the presence Ph  21  was further enhanced in oxic solutions at 

pH 4. A comparison of illuminated oxic and anoxic solutions showed that the presence of 

Pb2  greatly enhanced the photodecomposition of CdS over the pH range 2-10, this effect 

was more pronounced in oxic solutions (Hsieh et al., 1993). Whilst the removed Pb was 

approximately equal to the dissolved Cd for illuminated, anoxic solutions at pH<6, the 

removal of Pb in illuminated, oxic solutions is not significant until pH>6. This indicated to 

Hsieh et al. (1993) that the newly formed PbS layer on CdS underwent photo-oxidative 

dissolution and thereby released Pb back into solution. Hence Pb-  was able to further 

replace lattice bound Cd to propagate CdS dissolution (Hsieh et al., 1993). The overall 

oxidative dissolution of CdS (equation 4.20) is catalytically represented by the summation of 

equations 4.21 and 4.22. At pH>7.5 equation 4.21 is inhibited due to the formation of lead 

hydroxide precipitates and the slowed photo-dissolution of PbS(5)  (Hsieh and Huang, 1989). 

Equations 4.20, 4.21 and 4.22 are all photosensitive. Hence photo-irradiation may enhance 

chemical displacement of the lattice Cd by Pb2  and in oxic solutions the newly formed 

PbS(5)  will undergo photo-oxidative dissolution, producing an overall catalytic dissolution of 

CdS(5)  without changing the net removal o f P b  21  (Hsieh et al., 1993). The enhanced C dS 

photo-dissolution in the presence of Pb2  was also observed by Henglein (1982), who 

described the effect of Pb2  by equations 4.16 and 4.17 

Pb2 + CdS(S)  —> PbS(5)  + Cd 21 4.21 

PbS(S)  + 202  - Pb2  + S042 4.22 
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There is growing interest in the role semiconducting minerals have in natural environments. 

Recently, Schoonen et al. (2000) examined the photo-oxidation of natural pyrite and its 

implication to acid mine drainage as mine waste is often exposed to sunlight. The objective 

of this chapter is to determine the influence of photo-irradiation on the mobilisation of 

metals from a mixed metal sulfide ore concentrate containing known semiconductors. 

4.2 Experimental 

Light e xperiments were performed, over 24 h ours, u sing a 4 00 W P owerarc in etal halide 

lamp (Philips) that was suspended above one of the PVC water baths (Plate 2 .3, section 

2.2.1). Parallel experiments were also performed in darkness to identify the effect of photo-

irradiation on the mobilisation of metals. An opaque plastic sheet was used to cover the 

second water bath to simulate dark conditions (Plate 2.1, section 2.2.1). Thereby allowing 

light and dark reactions to be performed simultaneously. The lamp was switched on at least 

two hours prior to the commencement of experiments to allow it adequate time to warm up, 

as well as to establish other experimental conditions such as temperature. The reaction 

vessels placed under the lamp were each covered with a borosilicate watch glass to minimise 

evaporation but also allowed air exchange through the beaker spout. 

The lamps employed in this study emitted a broad spectral output similar to that of natural 

sunlight (Brezonik, 1994), most of which was visible light (Figure 4.8) (Salisbury and Ross, 

1992). The borosilicate watch glass not only served as a cover, but was also used to absorb 

any light below 305 nm and thereby eliminated problems of spurious reactions induced by 

low-wavelength light (Brezonik, 1994). Experimental light intensities were measured at 

watch glass level, using a LI-COR LI-bOO Data Logger attached to a quantum sensor that 

measured photosynthetically active radiation (PAR = 400-700 nm). The intensity of natural 

sunlight in north Australia range between 1500-2000 tM m 2  s' (PAR). 

Initial experiments were performed with a light intensity of 1000 iM m 2  s' in oxic solutions 

at 25°C with solution pH ranging from 2-8. The results are compared to those of analogous 

dark experiments, presented in Chapter 3, to distinguish the affect of photo-oxidation from 

proton-promoted dissolution. 

Further experiments were performed with light intensities of 500 and 2000 M m 2  s', at pH 

3 and 6, to ascertain the effect of light intensity on the release of metals from OC. 
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Experiments at 500 and 2000 iM m 2  s were performed simultaneously by suspending 

another metal halide lamp above the water bath that was normally used to study dark 

reactions. 

metal halide 

Figure 4.8 Emission spectrum of a metal halide lamp (Salisbury and Ross, 1992). 

The importance of oxygen in the photo-oxidative dissolution of semiconducting metal 

sulfides was demonstrated by performing light and dark experiments in oxic and anoxic 

solutions at pH 6. 

Solution pH of 3 and/or 6 were selected for the additional light experiments, as they were 

also control experiments for investigations presented in the following chapters. All 

experimental conditions are listed in Figure captions. Details on OC preparation, sample 

collection, pH adjustment and dissolved oxygen purging are outlined in section 2.2. 

4.3 Results and Discussion 

4.3.1 Effect of pH on Metal Mobilisation under Illumination 

The influence of p hoto-irradiation on the mobilisation of metals from OC in solutions at 

various pH values are presented in Figures 4.9-4.15. It was shown in Chapter 3 that the 
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amount of Zn, Fe, Cu and Cd mobilised in darkness increased sequentially as the pH 

decreased. This was attributed to exchange reactions involving hydrogen ions and proton-

promoted dissolution. The mobilisation of Zn, Fe, Cu and Cd under illumination also 

increases with decreasing pH (Figures 4.9, 4.12, 4.13 and 4.15). It could be argued that this 

is also due to surface protonationlproton exchange reactions and not photo-irradiation. To 

appreciate the influence of the semiconducting nature of metal sulfide components of OC on 

Zn, Fe, Cu and Cd mobilisation, corresponding light and dark dissolution curves are 

presented along side each other in Figures 4.9, 4.12, 4.13 and 4.15. It can clearly be seen that 

photo-irradiation enhances the mobilisation of Zn, Fe and Cd (Figures 4.9, 4.12 and 4.15). 

This is expected considering the mineralogical phases of OC (sphalerite (ZnS), pyrite (FeS2) 

and hawleyite (CdS — cubic, same as sphalerite as Cd is an impurity)) that comprises Zn, Fe 

and Cd are known semiconductors (Table 4.1). The results of Cu mobilisation are more 

complicated and are discussed in detail below. 

Table 4.2 clearly shows hydrogen ion concentration is important to metal mobilisation from 

OC under light and in darkness. Moreover, the rate data indicate that illumination promotes 

the mobilisation of Zn, Fe and Cd. Closer inspection of the rates of mobilisation reveal the 

enhancement in Zn mobilisation under illumination, relative to mobilisation in darkness, 

increases as the pH decreases from 6 to 2. This is generally true for Fe and Cd mobilisation 

(Table 4.2) and indicates photo-oxidation is more efficient at low pH. This is in agreement 

with the mechanism (equations 4.12-4.15) proposed by Huang and co-workers (1989; 1995) 

for the photo-oxidative dissolution of PbS and CdS in acidic solutions; where surface 

protonation is the initial reaction step (equation 4.12). 

MS(S)  + 2H —> MSH7 2 () 4.12 

MSH22() _J2Y.>  MSH72(S)(e7h) 4.13 

MSH22 ()(e7h) + 02 —> MSH22  202()(e7h) 4.14 

MSI-I22 ' 202(S)(e7h) + M aq) + S042 (aq)  + 2H 4.15 

165 



Chapter / Effect of Light on Metal lylobilisation 

72 
pH2, Light —A-- pH2,Dark 

63 0 pH3, Light —+ —pH 3, Dark 
0 pH4,Light • p114,Dark 

54 pH 6, Light pH 6, Dark 

45 
—> - pH8,Light U pH8,Dark 

:1 

' 36 
N 

27 
I- 

0 
0 6 12 18 24 

Time (hours) 

Figure 4.9 Effect of pH and light on Zn mobilisation from OC (0.001 M KNO3, 25°C, 
Light = 1000 jiM m 2  s1, mo(:: 0.27 g, SA0 : 0.58 m2). 
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Figure 4.10 Effect of pH and light on Pb mobilisation from OC (0.001 M KNO3, 25°C, 
Light = 1000 jiM m 2 s 1, moc: 0.27 g, SAO( : 0.58 m2). 
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Figure 4.11 Effect of pH on 24 hour concentrations of mobilised Pb under light and in 
darkness (0.001 M KNO3, 25°C, Light = 1000 tM m 2  s ', moc: 0.27 g, SAoc: 
0.58 m2). 

6 

5 

C 

E 4 

© 2 

1 

A pH2,Light A pH2,Dark 
—o.- pH3,Light • pH3,Dark 
- - pH 4, Light • pH 4, Dark 

pH 6, Light pH6,Dark 
—*— pH 8, Light U pH 8, Dark 

0 — - ==.------ -_ 

0 6 12 18 24 
Time (hours) 

Figure 4.12 Effect of pH and light on Fe mobilisation from OC (0.001 M KNO3, 25°C, 
Light = 1000 p.M m 2  s ', mOe : 0.27 g, SAoc: 0.58 m2). 
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Figure 4.13 Effect of pH and light on Cu mobilisation from OC (0.001 M KNO3, 25°C, 
Light = 1000 p.M n12  s, moc: 0.27 g, SAO( : 0.58 in2). 
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Figure 4.14 Effect of pH on 24 hour concentrations of mobilised Cu under light and in 
darkness (0.001 M KNO3, 25°C, Light = 1000 p.M m 2  s ', m0 : 0.27 g, SAoc: 
0.58 m2). 
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Figure 4.15 Effect of pH and light on Cd mobilisation from OC (0.001 M KNO3, 25°C, 

Light = 1000 iM m 2 s, mO : 0.27 g, SAO( : 0.58 m2). 

Table 4.2 Effect of light and pH on rates of metal mobilisation. 

Rate of mobilisation 

Metal Condition (Zn, Fe are expressed in tM 1112 li_I  and Cd is expressed in nM in h-1 ) 
pH2 pH3 pH4 pH6 pH8 

Zn Light 2.53 1.56 1.37 0.91 0.54 
Dark 1.64 1.00 0.96 0.81 8.72x10 2  

Fe Light 13.26x10 2  8.60x10 2  8.64 x102 ND ND 

Dark 9.82x10 2  7.63x10 2  7.53x102 ND ND 

Cd Light 2.80 2.08 2.02 1.03 0.57 
Dark 2.06 1.52 1.33 1.00 0.41 

Rates determined between 2 and 24 hours. Not determined is denoted by ND. 

In a study that examined the photo-oxidation of 2,4-dichlorophenol in the presence of CdS, 

Tang and Huang (1995) also observed an increase in CdS photo-dissolution with decreasing 

pH. These researchers proposed that the above mechanism (equations 4.12-4.15) was 

responsible for CdS dissolution in solutions at pH 3-7. Tang and Huang (1995) suggested 

that the solution pH had a dual effect on the dissolution of the CdS semiconductor under 

illumination. Firstly, the dissolution rate of CdS increased as the pH was lowered due to an 

increase in surface protonation (equation 4.12) (Tang and Huang, 1995); this is observed for 

Cd mobilisation from OC in darkness (Figure 4.15). In addition, upon illumination the 
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positive holes generated in the valence band are better oxidants in the low pH range (Stumm, 

1992; Tang and Huang, 1995). Hence the increase in concentration of mobilised Cd under 

illumination as the pH decreases (Figure 4.15) is attributed to the cumulative effects of 

surface protonation and the intrinsic photo-dissolution (equation 4.23). In oxic solution, 

dissolved oxygen will adsorb onto CdS (equations 4.8 and 4.14) where it acts as an electron 

acceptor (equations 4.9 and 4.15) becoming reduced to superoxide ions (Hsieh and Huang, 

1991). Photoho1e concomitantly oxidise sulfide to sulfur, which reacts with the superoxide 

ions to yield sulfate (equation 4.10) (Hsieh and Huang, 1991). This enhances Cd 

mobilisation under photo-irradiation compared to that in darkness, which is only attributed to 

proton promoted dissolution and proton exchange reactions (Figure 4.15). These arguments 

can also explain the dissolution trends for Zn and Fe (Figures 4.9 and 4.12). Exchange 

reactions involving dissolved Pb and Cu may also mobilise Zn, Fe and Cd under illumination 

and in darkness. However, the enhanced mobilisation of Cd, Zn and Fe under illumination 

indicates exchange reactions are more efficient under photo-irradiation. Huang and co-

workers (1992; 1993; 1994b) showed light enhanced exchange reaction involving CdS and 

Pb" (equation 4.21) and, to a lesser extent, Cu2  (equation 4.19). 

CdS(S)  + 2h Cd2 (aq)  + S( S ) 4.23 

Pb2  + CdS()  - PbS(S)  + Cd2 4.21 

Cu2  + CdS(5)  -> CuS(5)  + Cd2 4.19 

Hsieh and Huang (1991) also reported that the photo-oxidative dissolution of CdS at pH 4 

was greater than dissolution in darkness. However, these researchers reported pH had a 

variable effect on the photo-oxidative dissolution of CdS. In the pH range of 2.5 to 9, Hsieh 

and Huang (1991) observed peaks in dissolved Cd at pH 3 and 6. This bimodal relationship 

was also observed for homogeneous sulfide oxidation (Hsieh and Huang, 1991 and 

references therein). Hence Hsieh and Huang (1991) proposed that the pH effect might be 

partially attributed to the formation of intermediate sulfur oxidation products on the colloidal 

CdS surface. It is interesting to note that Tang and Huang (1995) used the same type of CdS 

as Hsieh and Huang (1991). The discrepancy in the effect of pH on the photo-oxidation of 

CdS may be attributed to the type of electrolyte used in each study. Hsieh and Huang (1991) 

used perchlorate (0.05 M), which is known to be an inert electrolyte. However, Tang and 

Huang (1995) used sulfate (0.05 M) which may adsorb onto the CdS and act as an electron 

scavenger thereby preventing the recombination of the charge carriers and allowing 
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photoholes to oxidise CdS. This may also be the case for the nitrate electrolyte used in this 

study. It should be mentioned that Tang and Huang (1995) studied CdS dissolution in the 

presence of 2,4-dichlorophenol. 

The enhanced mobilisation of Fe from OC under light in acidic solutions has been attributed 

to proton promoted and photo-oxidative dissolution of Fe-bearing sulfide minerals of OC. 

Other researchers (Wei and Osseo-Asare, 1997; Schoonen et al., 2000) have shown that 

pyrite oxidation increased under illumination. Wei and Osseo-Asare (1997) also recognised 

that the photo-dissolution of n-type FeS2  in acidic solution involved electrochemical 

oxidation and, to a lesser extent, chemical decomposition (equations 4.24 and 4.25). 

Electrochemical experiments showed that illumination enhanced the concentration of holes 

in the valence band of n-type FeS7, which underwent electrochemical reactions that 

promoted its dissolution (Wei and Osseo-Asare, 1997). Anodic dissolution of FeS2  may 

involve direct oxidation of disulfide by photoholes (equation 4.26). However, Wei and 

Osseo-Asare (1997) showed that water and holes were both essential for electrochemical 

oxidation as shown in equations 4.27-4.30. Surfacial hydroxyl groups, generated from water, 

facilitated the transfer of holes from pyrite non-bonding orbitals to the S22  sites, resulting in 

the oxidation of the sulfides (Wei and Osseo-Asare, 1997). 

FeS2 + H (aq)  —> FeS7H f (ads) 4.24 

FeSgHdS)  —> FeHS2 (ads)  —* Fe2  (aq) + HS2  (aq) 4.25 

FeS7 + 2h —> Fe24  + 2S° 4.26 

FeS7 + H2O + h -> Fe(OH)S7 + I-I 4.27 

Fe(OH)S <-> FeS2(OH) 4.28 

FeS2(OH) + 3H20 + 3h -* Fe(OH)2S7(OH)7 + 3ff 4.29 

Fe(OH)2S2(OH)2  + 2h4 Fe2  + S2032  + 2H + H7O 4.30 

Figure 4.12 and Table 4.2 show that Fe mobilisation from OC under illumination increases 

as pH decreases from 6 to 2. The results may suggest that the photo-oxidation of FeS2  and 

CuFeS2  increases as the hydrogen ion concentration increases. However, this is contrary to 

the results o f S choonen e t a 1. (2000). The release o f sulfate indicated that rates o f p yrite 

oxidation under photo-irradiation increased with pH from 2.3 to 6 (Schoonen et al., 2000). 

Calculation of activation energies indicated that the mechanism for Fe release differed to that 

for sulfate (Schoonen et al., 2000). Moreover, photoelectron spectroscopic investigations of 
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pyrite oxidation showed that Fe  21  oxidised before disulfide (Nesbitt and Muir, 1994; 

Eggleston et al., 1996). Hence it would be inappropriate to compare Fe mobilisation with 

sulfate release with respect to FeS2  oxidation. Further, pyrite interaction with other metal 

sulfides and dissolved metals in this study would complicate such comparisons. 

Schoonen et al. (2000) also monitored the release of Fe during pyrite oxidation. However, no 

correlation between Fe mobilisation and pH was determined, as dissolved Fe was not 

detected in solutions above pH 3 (Schoonen et al., 2000). Irrespective of pH, Schoonen et al. 

(2000) showed that illumination increased pyrite oxidation. At pH 3, the release of Fe 

increased under illumination. The activation energy calculated for pyrite oxidation based on 

the rate ofFe released at pH 3 was slightly reduced under illumination (Schoonen et al., 

2000). This may indicate light facilitates Fe mobilisation, which is observed in Figure 4.12. 

It must be mentioned that the change in activation energy for FeS2  oxidation at pH 3 based 

on Fe release was relatively small compared to values calculated using rate data for sulfate 

release. Hence Schoonen et al. (2000) tentatively proposed that illumination did not change 

the mechanism by which Fe was released. However, these researchers did acknowledge that 

further investigation was required to verify the proposition. 

Although illumination increased the oxidative dissolution of FeS2, Schoonen et al. (2000) 

reported the effect of light was relatively subtle and generally only accelerated the rate of 

oxidation by a factor less than two. Table 4.2 also shows that light only increases the rate of 

Fe mobilisation by a factor of 1.35 at pH 2, this enhancement generally diminishes with 

increasing pH. The relatively subtle enhancement in the mobilisation of Fe from OC under 

illumination may not be solely due to subtle effects of photo-oxidation of Fe-bearing 

semiconducting s ulfide minerals. I nterfacial reactions e stablished by s olubility d ifferences 

between metal sulfides may influence the fate of mobilised metals. Hence the readsorption of 

mobilised Fe onto OC may be more efficient under illumination, the added light energy may 

overcome any activation barrier required for readsorption. A similar concept has been 

proposed by Hsieh et al. (1993) for exchange reactions under light. However, it must be 

mentioned that Hsieh et al. (1992) did not observe an increase in adsorption of Zn2 , CO2  

and N12  on CdS under illumination. Irrespective of light condition, the reduction in 

mobilised Fe with increasing pH may be attributed to the formation of hydrolysis products 

and eventual precipitation. An increase in Fe hydrolysis with increasing pH will favour its 

removal via readsorption. It has been established that hydrolysed rather than unhydrolysed 

metal ions interact more favourably with sulfide mineral surfaces, due to a combination of 

their lower energy of solvation as well as entropic effects (Prestidge et al., 1995). 
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Oxidative species such as 0H and H202, generated from reaction of photoholes with water 

molecules (equations 4.6 and 4.7) adsorbed on the surface of semiconducting metal sulfides, 

may also play a role in the enhanced mobilisation of Zn, Fe and Cd under illumination 

(Figures 4.9, 4.12 and 4.15). This has also been speculated by Schoonen et al. (2000) for 

increased FeS, oxidation under photo-irradiation. These researchers acknowledged the 

enhanced oxidation may also be attributed to light induced heating of the pyrite surface, 

which occurs when photoelectrons and photoholes recombine. The importance of 

temperature on metal mobilisation from OC has been addressed in Chapter 3. However, 

experiments were regulated at 25±0.1°C, thus any light induced heating of the OC surface 

may only have a negligible effect on the rate of metal mobilisation. This concurs with the 

results of Schoonen et al (2000). The rate of Fe released from FeS, at pH 3 in darkness and 

under illumination was reported to be 0.033 and 0.035 VLM01 mm', respectively (Schoonen et 

al., 2000). The dark experiment was performed at 25°C, however illuminated solutions had a 

temperature of 26°C (Schoonen et al., 2000). 

Previous studies (Hsieh and Huang, 1991; Hsieh et al., 1992; Hsieh et al., 1993; Wei and 

Osseo-Asare, 1997; Schoonen et al., 2000) have demonstrated the photo-oxidative 

dissolution of FeS2  and CdS when illuminated with visible light. This may explain the 

enhanced mobilisation of Fe and Cd from OC under light (Figures 4.12 and 4.15). However, 

the band gap energy of pure ZnS indicates that only wavelengths below 338 nrn can photo-

excite ZnS (Table 4.1). Irradiation of sphalerite with UV light is known to enhance Zn 

dissolution (Osseo-Asare, 1992 and references therein). Whilst the metal halide lamp used in 

this study may emit some near UV light, it mainly emits visible light (Figure 4.8). Moreover, 

the borosilicate watch glass covers would filter out wavelengths below 305 nm (Brezonik, 

1994). The fact that the mobilisation of Zn from OC is greater under illumination than in 

darkness (Figure 4.9) suggests that the sphalerite component of OC can be photo-excited by 

visible light. While this contradicts theory, the ability to undergo photo-oxidative dissolution 

can be rationalised by the presence of Cd and Fe impurities of the sphalerite constituent of 

OC. Studies have shown that the presence of impurities can alter the magnitude of the band 

gap of sphalerite; a sample containing 12.4% Fe reduces the band gap from 3.6 to 0.5 eV 

(Osseo-Asare, 1992 and references therein; Ahlberg and Asbjörnsson, 1994 and references 

therein), which would allow it to become photo-excited by visible light. It would appear that 

the Fe and possibly Cd impurities of the sphalerite component of OC lowers its band gap to 

an extent where it is able to absorb photons in its space charge region to generate photoholes 

that enhance its photo-oxidative dissolution. Moreover, studies (Serpone et al., 1995 and 

references therein) have shown that photoholes can be transferred between coupled 
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semiconductors. Hence the enhanced mobilisation of Zn from OC under illumination may 

also be due to photo-oxidative dissolution of sphalerite by photoholes generated by FeS2, 

CdS, CuFeS2  and PbS following absorption of visible light. 

The mobilisation of Zn, Fe, Cu and Cd under illumination are greatly influenced by pH 

(Figures 4.9, 4.12, 4.13 and 4.15). Irrespective of pH, light promotes the Zn, Fe and Cd 

mobilisation (Table 4.2) as discussed above. Mobilisation of Cu at pH 2 is also greater under 

illumination and reflects the semiconductor nature of CuFeS2  (Figure 4.13). However, at pH 

3 the promotion of Cu mobilisation by light decreases as seen by the concentration of 

dissolved Cu within 6 hours (Figure 4.13). Beyond 6 hours it appears that light inhibits the 

release of Cu. This is also true for Cu mobilisation in solutions at pH 4 for the whole 24 hour 

reaction period (Figure 4.13). It is known that amongst the monosulfides of the five metals 

concerned in this study, CuS is the most insoluble (Table 1.11, section 1.3). Hence it is 

believed that exchange reactions remove mobilised Cu from solution. While this also occurs 

in dark experiments, it is believed that light facilitates exchange reactions involving 

mobilised Cu and metal sulfides that are more soluble than CuS, i.e. FeS, ZnS, CdS and PbS 

(Table 1.11, section 1.3). Researchers (I-lsieh et al., 1992; Davis et al., 1994b) have observed 

a slight increase in exchange reactions involving Cu2 ' and CdS (equation 4.19). The added 

light energy may help overcome any activation barrier required for exchange reactions. This 

concept has also been proposed by Hsieh et al. (1993). The enhanced removal of mobilised 

Cu by exchange reactions under illumination would give the impression that light inhibits Cu 

mobilisation. Mobilised Cu may also readsorb onto highly insoluble pyrite and chalcopyrite, 

which may also be facilitated under light. At pH>2, Figure 4.13 indicates that processes that 

remove dissolved Cu outweigh those that mobilise it. Mobilised Cu becomes hydrolysed as 

the pH increases. These are more likely to adsorb onto the OC surface than non-hydrolysed 

Cu and may explain the low levels of mobilised Cu at pH!~6. Precipitation may explain the 

very low levels of mobilised Cu in solutions at pH 8, given that Cu(OH)2  becomes stable at 

pH 6.5. 

Cu2  + CdS() CuS()  + Cd2 4.19 

Although light promotes Cu mobilisation at pH 2, the enhancement is not as great as seen for 

Zn, Fe and Cd (Table 4.3). This may indicate that ZnS, FeS2  and CdS are more susceptible to 

anodic dissolution involving photoholes than CuFeS2. This is supported by the fact that the 

band gap for CuFeS2  is less than 0.66 eV, whereas the other sulfide minerals have larger 

band gaps (Table 4.1). Semiconductors with band gap greater than 0.66 eV are more likely to 

undergo hole decomposition during electrochemical oxidation (Osseo-Asare, 1992 and 
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references therein). Figure 4.13 indicates that photoholes promote Cu mobilisation at pH 2. 

Whilst the photoholes may not directly oxidise CuFeS2, they may react with adsorb water to 

yield 0H and H202 (equations 4.6 and 4.7). These oxidative species would promote Cu 

mobilisation under illumination at pH 2 (Figure 4.13). Photoho1es generated by CuFeS2  may 

also be involved in the anodic dissolution of sphalerite as speculated above. 

Table 4.3 Percent increase in dissolved metal concentration after 24 hours under 
illumination. 

Metal 

Zn 52.76 
Pb  7.53 

Fe 42.10 
Cu 8.48 
Cd  39.49 

Values determined from pH 2 data. 

The low band gap of PbS (Table 4.1) may also explain the low enhancement in Pb 

mobihsation at pH 2 under illumination (Table 4.3). The issues discussed above for CuFeS2  

may also a pply for P bS. H sieh and H uang (1989) also noted that p hoto-irradiation had a 

slight effect on the dissolution of synthetic PbS. The researchers reported an increase in the 

oxidative dissolution of PbS under illumination in solutions with pH ranging from 2.5 to 9 

(Hsieh and Huang, 1989). However, this is only true for Pb mobilisation from OC in 

solutions at pH 2 (Figure 4.10). However, Pb mobilisation at pH 3 and 4 are greater in 

darkness than under illumination (Figure 4.10). This is also observed for Cu mobilisation and 

may indicate that mobilised Pb is also involved in interfacial reactions, particularly exchange 

reactions as it is the second most insoluble monosulfide in the system (Table 1.11, section 

1.3). 

It was discussed in Chapter 3 that Pb mobilisation in the dark increased as the pH increased 

from 2 to 4. However, the opposite trend occurs for Pb mobilisation in solutions at pH 2-4 

under illumination (Figure 4.10). Hsieh and Huang (1989) also observed an increase in the 

dissolution of pure PbS with decreasing pH, irrespective of light conditions. The discrepancy 

between the study of Hsieh and Huang (1989) and the results of Pb mobilisation in darkness 

(Figure 4.10) is partly attributed to heterogeneity of the OC. This may also explain why Pb 

mobilisation in solution at pH 4 in the dark yields greater concentration of dissolved Pb than 

in solution at pH 2 under illumination (Figure 4.10). Hence it is proposed that the cluster of 

curves that illustrate Pb mobilisation in solutions at pH 2-4, irrespective of light condition, 
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are similar (Figure 4.10). This supports the proposition that acidity has a greater effect on Pb 

mobilisation than oxygen (see section 3.3.2) and also light. 

The greater Pb mobilisation in darkness at pH 3 and 4 may also be attributed to 

heterogeneity (Figure 4.10). However, it is believed that more efficient exchange reactions 

involving dissolved Pb result in an apparent reduction in Pb mobilisation under light at pH 3 

and 4 (Figure 4.10). It should be noted that light and dark reactions at a particular pH were 

performed simultaneously using the same batch of acid washed OC. However, experiments 

at different pH were performed with different batches of acid washed OC and were not 

performed simultaneous. Hence it is believed that enhanced exchange reactions rather than 

heterogeneity is responsible for the lower concentration of Pb mobilised, in solutions at pH 3 

and 4, under illumination relative to that in darkness. Hsieh et al. (1993) demonstrated that 

the exchange reaction between CdS and Pb" was more efficient under illumination in 

solutions at pH 4. Hsieh et al. (1993) postulated that the added light energy assisted 

overcoming any activation energy needed to produce the most thermodynamically 

favourable product that is PbS, as it is more insoluble than CdS. This may also be the case 

for mobilised Pb in solutions at pH 3 and 4 under illumination, resulting in greater 

mobilisation in darkness (Figure 4.10). 

Figure 4.11 illustrates the difference between trends in the 24 hour concentration of Pb 

mobilised under light and in darkness. The reduction in Pb mobilisation under light 

decreases as pH decreases from 4 to 3. This may indicate exchange reactions involving 

mobilised Pb and metal sulfides, with solubility greater than PbS, become less important as 

the pH decreases from 4 to 3. These exchange reactions appear not be as important at pH 2 

as the concentration of mobilised Pb determined under illumination is greater than that in 

darkness. Davis et al. (1994a) observed a sequential decrease in the exchange rates for the 

reaction between FeS and Pb'-'(equation 4.31) on going from pH 7 to 6 to 5. The isoelectric 

point of FeS has been reported to be 5.7 (Liu and Huang, 1992). Hence Davis et al. (1994a) 

postulated that the increase in electrostatic repulsion between Pb 2+  and the positive FeS 

surface as the pH decreases might be responsible for the reduced reaction rates. Moreover, at 

lower pH exchange reactions involving Ph  21  would have to compete with proton promoted 

dissolution of FeS (Davis et al., 1994a). These two factors may also be responsible for the 

trend in the 24 hour concentrations of dissolved Pb in solutions at pH 2-4 (Figure 4.11). A 

similar trend is also observed for mobilised Cu (Figure 4.14) thus exchange reactions 

involving dissolved Cu may also decrease with decreasing pH. A wide range of isoelectric 

points for ZnS (2.3-8), CdS (1.8-7.5) and PbS (2.2-8.6) have been reported in literature 

(Bebie et al., 1998 and references therein). It has been shown that surface oxidation greatly 
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influences surface charge development on sulfides. Fornasiero et al. (1991) showed that the 

pH111  for pyrite increased from 1.2 to 7 upon oxidation. Bebie et al. (1998) have 

demonstrated ZnS, PbS, CuFeS, FeS, FeS2, NiS2, CoS2  and MnS-, in aqueous solutions with 

low metal activity have estimated pHiEl' values between 0.6 and 3.3, with most below 2.0. 

The pH11  of sulfide minerals of OC are expected to increase as mobilisation experiments 

progress, which would affect metal sulfide exchange reactions. 

FeS(S)  + Pb -> PbS(s)  + Fe2 4.31 

Although the trend in 24 hour concentrations of Cu and Pb are similar, the same cannot be 

said about their mobilisation curves at pH 2-4 (Figures 4.10 and 4.13). Unlike Cu, the 

similarity of Pb mobilisation at pH 2-4 (Figure 4.10) indicates newly formed PbS, resulting 

from exchange reactions, is rapidly dissolved by proton promoted dissolution (equation 4.32) 

and possibly photo-oxidation (equation 4.33). The remobilised Pb can undergo further 

exchange reaction to perpetuate the mobilisation of Zn, Fe and Cd. This has been observed 

by Hsieh and co-workers (1992; 1993) for the exchange reaction involving CdS and Pb2 . 

The dissimilarity of Cu mobilisation at pH 2-4 (Figure 4.13) may indicate newly formed CuS 

is not as susceptible to proton promoted dissolution as PbS. Further, CuS is stable against 

photo-oxidation. Another explanation why Cu mobilisation decreases as pH increases from 

2-4, whereas Pb does not may be attributed to faster exchange reactions involving Cu2  than 

Pb2 . Hsieh et al. (1992) demonstrated exchange reactions involving CdS and dissolved Cu 

were more efficient than those with Pb2 '. This has also been observed for FeS (Davis et al., 

1994a). Moreover, Phillips and Kraus (1965) showed that Cu2  underwent rapid exchange 

with ZnS, CdS and PbS. 

PbS(s)  + 2H - Pb2  + H7S 4.32 

PbS(S)  + 207 _h Pb2  + SO42- 4.33 

Although exchange reactions are determined by relative solubility of metal sulfides, the 

kinetics of the reaction depends on solid-state diffusion. (Phillips and Kraus, 1965; Jain and 

Fuerstenau, 1985; Davis et al., 1994a). Davis et al. (1994b) showed that the lattice exchange 

reaction between Cu2' and CdS is not j ust a surfacial reaction, but can continue through 

multiple layers of formed CuS(5)  into the bulk of the particles. This illustrates the importance 

of solid-state diffusion in exchange reactions. Moreover, Davis et al. ( 1994a) studied the 

exchange reactions between FeS and Zn2 , Cd2 , Pb2 ' and Cu" and found that removal rates 

followed the order: CU21 > Zn 21 > Pb2  > Cd2 . Davis et al. (1994a) noted a correlation 
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between the covalent radius of each of the four exchanging metal ions (Table 1 .12, section 

1.3.3) with their order of removal. Davis et al. (1994a) observed that the smaller ions 

exhibited higher exchange rates. Copper and Fe have identical radii, thus the exchange 

between Cu2  and FeS should not be hindered. The slower exchange rates observed for the 

other metals studied by Davis et al. (1994a) was attributed to their larger radii compared to 

that of Fe. Hence exchange with lattice bound Fe would result in a strain in the crystal 

structure and consequently impeded reaction kinetics (Davis et al., 1994a). Although 

exchange reactions involving mobilised Cu would be more efficient than dissolved Pb, 

reactions involving the latter would be more important in mobilising metal constituents of 

OC. This is attributed to the greater amounts of Pb mobilised (an order of magnitude greater 

than Cu, see Figures 4.10 and 4.13) and its greater abundance in the OC. Moreover, Pb 

appears to be more readily remobilised from newly formed PbS than Cu from CuS. This has 

been attributed to greater proton promoted dissolution of PbS and its photosensitivity. 

Although exchange reactions involving dissolved Cu can mobilise sulfide bound metals. The 

formation of an overlying layer of CuS may decrease the photo-oxidation of the parent metal 

sulfide, due to the stability of CuS against photo-oxidation. This has been observed by Davis 

et al. (1994b) for the reaction between dissolved Cu and CdS. This was attributed to the 

stability of CuS against photo-oxidation (Davis et al., 1994b). Although exchange reactions 

involving mobilised Cu are believed to be involved in the mobilisation of metals from OC 

under light, the newly formed CuS should not greatly affect the photo-oxidative dissolution 

of ZnS, PbS and CdS - considering the low abundance of Cu in the system relative to the 

other metals. Davis et al. (1994b) showed that low amounts of dissolved Cu did not interfere 

with the photo-oxidative dissolution of CdS. However, as the concentration of dissolved Cu 

increased the mechanism for Cd mobilisation was dominated by exchange reactions, the 

overlying layer of CuS inhibited CdS photo-oxidation. This is clearly not the case for Zn and 

Cd mobilisation under light (Figures 4.9 and 4.15). However, at pHs 3 and 4, Pb 

mobilisation is lower under light than in darkness (Figure 4.10). This has already been 

attributed to exchange reactions, which appears more plausible considering that Pb 

mobilisation at pH 2 is greater under illumination. 

Although Figure 4.10 illustrates light enhances Pb mobilisation at pH 2, Figure 4.11 shows 

that the 24 hour concentration of mobilised Pb at pH 2 under illumination lies within the 

error of the corresponding dark value. This may indicate that light decreases Pb mobilisation 

from OC at pH 2-4 (Figure 4.11). Eadington and Prosser (1969) showed that the dissolution 

of p-type PbS decreased under illumination. This was attributed to a reduction in oxygen 

adsorption (equation 4.34) at the PbS/aqueous interface. When p-type PbS is illuminated 
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electrons are ejected into the conduction band, but band bending causes electrons to move to 

the interior of PbS and therefore not available for cathodic reaction at the surface. The 

migration of holes to the surface, caused by band bending, caused the desorption of oxygen 

(equation 4.35) and thus a decrease in PbS dissolution. Hence the results in Figure 4.11 may 

indicate that the galena component of OC is p-type. However, it is believed that the PbS 

constituent of OC is n -type and that illumination does promote Pb mobilisation at pH 2, 

whereas more efficient exchange reactions at pH 3 and 4 reduce the concentration of 

mobilised Pb under illumination (Figures 4.10 and 4.11). The results in section 4.3.3 support 

n-type PbS. 

02 + e - 07(ads) 4.34 

02(ads) + h 02 4.35 

Another possibility that may account for the lower than expected photo-oxidation of PbS are 

galvanic interactions. The rest potential for PbS is intermediate between Fe-bearing sulfides 

and sphalerite. Coupling with FeS2  and CuFeS2  should promote the anodic dissolution of 

PbS. However interaction with sphalerite will impede oxidation of PbS. Hence the low 

photo-oxidation of PbS may indicate that galena interacts more with sphalerite than the other 

sulfide minerals of OC. This would not be surprising as sphalerite is the most abundant 

mineral of OC. 

The unexpected peak in Pb dissolution at pH 6 seen previously for Pb mobilisation in 

darkness (see section 3.3.2) also occurs under illumination at the same pH (Figure 4.10). 

Since this is not observed for Pb mobilisation at other pH values, it may indicate that 

aqueous species that are predominant at pH 6, such as bicarbonate, are responsible for the 

relative fast rate of mobilisation that yield the peak. The role of CO2  in PbS dissolution was 

discussed in section 3.3.2. The peak in dissolved Pb concentration at pH 6 surprisingly 

exceeds the concentration of mobilised Pb at the same time in solutions at pH 2 (Figure 

4.10). The accelerated dissolution, resulting in the peak may also be attributed to highly 

reactive surfaces such as those of ultra-fine particles or possibly due to release of oxidised 

species formed during sample preparation. However, since OC samples used for experiments 

at pH 6 were handled and treated the same as those used in experiments at other pH values 

then the explanation of species prevalent at pH 6 is more plausible. It can be seen that Pb 

mobilised in darkness at pH 6 is slightly greater than that under illumination. However, since 

Pb mobilised under light and in the dark are within experimental error it can be concluded 

that light does not influence Pb mobilisation at pH 6 as greatly as it does at the lower pH 

values studied. This is also true for Pb mobilisation at pH 8. These observations support the 
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fact that photo-oxidation is more likely at low pH due to the greater surface protonation and 
oxidative properties of photoholes. Whilst this may be true the oxidative properties of 
photoholes is only observed at pH 2, at pH 3 and 4 the photo-oxidation ofPbS and the 
subsequent mobilisation of Pb is concealed by interfacial reactions that remove Pb from 
solution. A reduction in the photo-dissolution of PbS at pH>7.5 has been reported by Hsieh 
and co-workers (1989; 1993). 

4.3.2 Role of Oxygen in Photo-Dissolution of Metal Sulfides 

Figures 4.16-4.20 illustrates the effect of different oxygen and light conditions on the 
mobilisation of metals from OC in solutions at pH 6. 

Figures 4.16 and 4.20 further illustrate the semiconducting properties of ZnS and CdS, 
respectively, as seen by the enhanced mobilisation of Zn and Cd under illumination, 
irrespective of oxygen condition. It can clearly be seen that oxygen greatly influences the 
release of Zn and Cd from OC (Figures 4.16 and 4.20). Henglein (1982) as well as Hsieh and 

Huang (1991) reported that the stability of CdS depended on the concentration of oxygen in 

solution. These researchers demonstrated that the oxidation of CdS increased rapidly at low 
oxygen concentrations and approached a plateau at an oxygen concentration around 2-3x10 4  
M. In the absence of oxygen no degradation of CdS was observed by Henglein (1982), not 
even under illumination. However, Henglein (1982) reported that the photo-dissolution of 
CdS was accelerated in oxic solutions. This is reflected in Figure 4.20. However, contrary to 
the results of Henglein (1982), Figure 4.20 also illustrates Cd mobilisation in anoxic 
solutions under illumination and in darkness. This may be attributed to exchange reactions 
between CdS and dissolved Pb and Cu. Hsieh and Huang (1991) have shown pure CdS 
dissolved in anoxic solutions at pH 4 under illumination and in darkness. These researchers 

proposed the following mechanism for the dissolution of CdS in dark, anoxic solutions: 

CdS(,) + H70 > CdSH20 1.46 

CdS-H2O -> HS•CdOH 1.47 

HS•CdOH + H HS•CdOH, 1.48 

HS•CdOH2 + H H2S•CdOH7 1.52 

H7S•CdOH2  - Cd2  + H2S + H70 1.55 
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Figure 4.16 The iiifluence of light and oxygen on Zn mobilisation from OC (0.001 M 
KNO3, 25°C, light = 1000 p.M m 2  s1, pH 6, m0C : 0.27 g, SA0c: 0.58 m2). 
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Figure 4.17 The influence of light and oxygen on Pb mobilisation from OC (0.001 M 
KNO3, 25°C, light = 1000 p.M m 2  s ', pH 6, m0c: 0.27 g, SAoc: 0.58 m2). 
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Figure 4.18 The influence of light and oxygen on Fe mobilisation from OC (0.001 M 

KNO3, 25°C, light = 1000 tM m 2  s, pH 6, moc: 0.27 g, SAoc: 0.58 m). 
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Figure 4.19 The influence of light and oxygen on Cu mobilisation from OC (0.001 M 

KNO3, 25°C, light = 1000 iM m 2  s1, pH 6, moc: 0.27 g, SAoc: 0.58 m2). 
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Figure 4.20 The influence of light and oxygen on Cd mobilisation from OC (0.001 M 
KNO3, 25°C, light = 1000 jiM m 2  s ', pH 6, m0(: 0.27 g, SA0( : 0.58 m). 

The summation of reaction steps 1 .46, 1 .47, 1.48, 1.52 and 1.55 can be reduced to an overall 
reaction that is commonly attributed to the pH dependent dissolution of CdS(S)  (Hsieh and 
Huang, 1991): 

CdS + 2H Cd2  + H2S 1.56 

Under illumination, the diprotonated CdS (equation 1.52) may become excited and produce a 
photoliole-photoelectron pair. In the absence of dissolved oxygen as an electron acceptor the 
CdS can only undergo photodecomposition and release Cd2  and H2S into solution, 
analogous to equation 1.56. This has been postulated by Hsieh and Huang (1989) for anoxic 
PbS dissolution. 

Figures 4.16 and 4.20 illustrate that an increase in Zn and Cd mobilisation in the four 
different environments follows the order: light & oxic> dark & oxic> light & anoxic> dark 
& anoxic. Hsieh and Huang (1991) also studied the dissolution of CdS under these four 
conditions at pH 4 and observed a similar trend, except that light & anoxic conditions 
resulted in greater Cd dissolution than dark & oxic. The significant photo-dissolution of CdS 
in anoxic solutions was attributed to the generation of oxygen at the semiconductor- 

183 



Chapter 4 Effect of Light on Metal Mobilisation 

electrolyte interface (reaction 4.36); the adsorbed oxygen would be involved in the photo-

oxidative dissolution of CdS (equations 4.9-4.11) (Hsieh and Huang, 1991). The fact that Cd 

mobilisation in dark & oxic exceeds that in light & anoxic conditions may indicate oxidation 

of CdS constituent of OC is more efficient that than photo-generation of oxygen (equation 

4.36) and subsequent photo-oxidation (equation 4.9-4.11). Oxidative dissolution of CdS in 

darkness has been described by equations 4.37 and 4.38 (Hsieh and Huang, 1991). 

HS•CdOH + 4H20 — 202•HS•CdOH + 4H2 4.36 

202•HS•CdOH hv>202 •HS(2h)•Cd0H 4.9 

20;.HS(2h4 )•CdOH —> H04SCd0H 4.10 

H04SOH + Cd  21  aq  + S042 (aq)  + H20 4.11 

H2S•CdOH2  + 202 H204S•CdOH2 4.37 

H204S.CdOH2 * Cd2  + S042 (aq)  + 2H4  + H20 4.38 

The discrepancy between the results of Hsieh and Huang (1991) and this study, regarding the 

order of Cd mobilisation, may also be attributed to the mixed metal sulfide system, where 

exchange reactions influence dissolved metal ions. Mobilised Cd may be involved in 

exchange reactions with ZnS and FeS, if present. Furthermore, Hsieh et al. (1992) reported 

dissolved Zn has an affinity to adsorb onto CdS, which may block active dissolution sites 

and hinder Cd mobilisation. The study of Hsieh and Huang (1991) was performed at pH 4 

compared to pH 6 in this study. The more acidic conditions would favour the production of 

oxygen (equation 4.39), as the photoholes are stronger oxidants at lower pH. The absence of 

exchange reactions and the greater oxidising capabilities of photoholes may explain why 

light & anoxic conditions yield greater concentration of dissolved Cd than dark & oxic 

solutions in the study of Hsieh and Huang (1991). Figures 4.16 and 4.20 illustrate that the 

mobilisation of Zn and Cd in anoxic solutions under light and in darkness are similar withm 

6 hours of reaction. However, beyond 6 hours, Zn and Cd mobilisation is greater under 

illumination. This may indicate incipient oxygen generated at the ZnS- and CdS-water 

interface (equation 4.39) enhances Zn and Cd mobilisation under illumination. However, 

light enhanced exchange reactions involving dissolved Pb that promote the mobilisation of 

Zn and Cd cannot be ruled out. 

2H,0 + 4h —* 02 + 4H 4.39 
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The order of increasing Cd mobilisation with respect to light, dark, oxic and anoxic 

conditions observed by Hsieh and Huang (1991) in solutions at pH 4 was also observed by 

the same researchers (Hsieh and Huang, 1989) for PbS dissolution in solutions with pH 

ranging from 2.5 to 9. However, this is not reflected in the mobilisation of Pb from OC 

presented in Figure 4.17. Exchange reactions in the mixed metal sulfide system may explain 

the discrepancy between results of this study and those of Hsieh and Huang (1989). 

Moreover, the PbS dissolution curves observed by Hsieh and Huang (1989) were generally 

hyperbolic in shape, irrespective of pH. However, it can be seen in Figure 4.17 that Pb 

mobilisation can be described by three distinct phases. There is an initial rapid release of Pb, 

followed by an equally rapid removal of mobilised Pb possibly due to exchange reactions 

with metal sulfides more soluble than PbS. Hsieh et al. (1993) found the exchange between 

Pb and CdS (equation 4.28) took place efficiently at pH<7 where Pb hydrolysis and 

adsorption onto CdS and Pb(OH)2  precipitation are negligible. Hence the removal of Pb as 

shown in Figure 4.17 cannot be attributed to adsorption of Pb hydrolysis products onto OC 

or precipitation of Pb(OH)2. It may be possible that readsorption of mobilised Zn and Fe 

onto PbS may reduce Pb mobilisation by blocking the attack of protons and oxygen. There is 

also the possibility that mobilised Pb could readsorb onto PbS components of OC and FeS2  

and CuFeS, constituents of OC that are more insoluble than PbS (Table 1.11). The final 

horizontal phase of the release of Pb suggests an equilibrium between mobilisation and 

removal processes. The general shape for Pb mobilisation (Figure 4.17) supports the 

existence of exchange reactions that remove mobilised Pb. 

Another prominent feature of Figure 4.17 is that the illumination of OC containing the 

known semiconductor PbS generally results in less dissolved Pb than corresponding 

mobilisation in darkness. In contrast, Hsieh and Huang (1989) observed enhanced PbS 

dissolution under photo-irradiation. The lower than expected concentration of dissolved Pb 

under light compared to that in darkness may indicate light enhanced exchange reactions 

involving ZnS, CdS and, possibly, FeS as speculated above. The similarity of Pb 

mobilisation under illumination and in darkness, irrespective of oxygen conditions, supports 

the notion that Pb is remobilised from the newly formed PbS to perpetuate the mobilisation 

of Zn, Cd and, possibly, Fe. This has been observed for the reaction between CdS and 

dissolved Pb (Hsieh e t al., 1 992; H sieh et al., 1993). The similarity o flight and dark Pb 

dissolution curves (Figure 4.17), irrespective of oxygen condition, may also indicate that 

light and oxygen are not as important for Pb mobilisation as for Zn and Cd mobilisation from 

OC (Figures 4.16 and 4.20). Hsieh and Huang (1989) acknowledged that the affect of light 

and oxygen on PbS dissolution is not as pronounced as that of CdS. Copper released from 

CuFeS2  may enhance Pb mobilisation under illumination. Huang and co-workers (1992; 
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1994b) have observed a slight enhancement in the exchange reaction between CdS and Cu' . 

Formation of an overlying layer of CuS on PbS would decrease the photo-oxidation of PbS 

and may explain the lower concentration of Pb under light (Figure 4.17). However, exchange 

reactions involving dissolved Cu are not expected to greatly contribute to Pb mobilisation at 

pH 6 considering the low Cu2  concentrations (Figure 4.19), which are three orders of 

magnitude less than those of dissolved Pb (Figure 4.17). 

The general Cu dissolution curves shown in Figure 4.19 also feature three phases analogous 

to Pb mobilisation. The reduction in mobilised Cu, following the initial release may be 

attributed to readsorption onto FeS2  components of OC. Formation of hydrolysis products of 

dissolved Cu is likely to occur at pH 6. These would also adsorb onto OC, which has the 

potential to hinder the mobilisation of other metals by blocking active dissolution sites. 

However, this would also be relatively insignificant considering the very low concentration 

of mobilised Cu (Figure 4.19). Exchange reactions involving ZnS, PbS, CdS and FeS, if 

present, would also contribute to the rapid Cu removal. Irrespective of oxygen conditions, 

Figure 4.19 illustrates that light experiments yield less dissolved Cu than corresponding dark 

experiments, which indicates that exchange reactions are enhanced by photo-irradiation. 
Davis et al. (1994b) reported that equation 4.19 was slightly enhanced by photo-irradiation, 

but not by dissolved oxygen. The reduction in Cu mobilisation (Figure 4.19) in oxic solution 

under light is more pronounced than that for Pb (Figure 4.17). This indicates that photo-

oxidation does not facilitate remobilisation of Cu from newly formed CuS unlike that for Pb. 

Hsieh et al. (1992) recognised that oxygen was considerably more important for equation 

4.21 than equation 4.19. 

Cu2  + CdS()  _* CuS(,)  + Cd2 4.19 

Pb2  + CdS(5)  —+ PbS + 4.21 

Similarly to Pb and Cu, the mobilisation of Fe from OC also features three phases 

irrespective of experimental condition (Figure 4.18). However, unlike Pb and Cu, the 

removal of mobilised Fe from solution is attributed to readsorption onto the sulfide minerals 

of OC, which are all more insoluble than FeS. The formation of hydrolysed Fe at pH 6 would 

facilitate adsorption onto OC. Unlike PbS, the semiconducting properties of Fe-bearing 

sulfide minerals are reflected in Figure 4.18 as seen by light experiments yielding more 

dissolved Fe than in darkness between 0.5 to 6 hours of reaction. This reaction period also 

coincides with the second phase of Fe mobilisation where removal of dissolved Fe is 

prominent. Light does not appear to affect readsorption of mobilised Fe (Figure 4.18) to the 
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same extent as exchange reactions involving mobilised Pb and Cu (Figures 4.17 and 4.19). It 
appears photo-oxidative dissolution of Fe-bearing sulfide minerals is not overwhelmed by 
readsorption of mobilised Fe within 6 hours of the experiment. Although the majority of Fe 
is expected to be mobilised from the more abundant FeS7, dissolution of CuFeS2  would also 
contribute to concentration of dissolved Fe. Hence the greater mobilisation of Fe under 
illumination than in darkness not only reflects the semiconducting properties of FeS2  but also 
CuFeS2, which could not be deduced from Figure 4.19 due to the rapid exchange reactions 
that remove mobilised Cu and appear to be enhanced under illumination. Exchange reactions 
between dissolved Cu with ZnS, CdS, PbS and FeS are known to be rapid and efficient 
(Phillips and Kraus, 1965; Park and Huang, 1989b; Hsieh et al., 1992; Davis et al., 1994a; 
Davis et al., 1994b). 

Iron mobilised from OC at pH 6 will be rapidly oxidised, which may occur in solution or at 
the mineral-water interface. Ferric species are expected to contribute to metal mobilisation 
from OC and will be investigated in Chapter 5. 

4.3.3 The Effect of Light Intensity on Metal Mobilisation 

The effect of light intensity on the mobilisation of metals from OC in solutions at pH 3 are 
shown in Figures 4.2 1-4.25. The influence of light intensity on mobilisation of Zn, Pb and 
Cd at p H 6 are a iso presented in Figures 4.21b, 4.22b and 4 .25b, respectively. H owever, 
results for Fe and Cu mobilisation at pH 6 are not presented due to erratic trends possibly 
due to solubility limitations. 

The photo-enhanced mobilisation of Zn from OC in solutions at pH 3 are further illustrated 
in Figure 4.21a. It can be seen that the concentration of dissolved Zn increases with 
increasing light intensity. The inset of Figure 4.21a shows a linear relationship exists 
between the 24 hour concentration of dissolved Zn and light intensity. These observations 
for Zn mobilisation are also true for Cd mobilisation in solutions at pH 3 as seen in Figure 
4.25a and its inset. The dissolution of CdS under illumination and in the presence of 
dissolved Pb was also reported by Hsieh et al. (1993) to vary linearly with light intensity less 
than 300 Wm 2. Further increase in light intensity resulted in a negative deviation in the 
concentration of dissolved Cd, which reached a plateau at 700 Wm 2. This trend resembled 
CdS photo-oxidation in the absence of dissolved Pb, however the presence of Pb greatly 
promoted Cd mobilisation (Hsieh and Huang, 1991; Hsieh et al., 1993). Hsieh et al. (1993) 
noticed the amount of dissolved Pb removed from solution was very small and nearly 
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independent of light intensity. This is also reflected in Figure 4.22a for Pb mobilisation from 
OC at pH 3. The results of Hsieh et al. (1993) supported their proposition that dissolved Pb 
was involved in exchange reactions with CdS; and that dissolved Pb was regenerated upon 
photo-oxidative dissolution of the newly formed PbS. It is believed that this photocatalysed 
process is partly responsible for Cd mobilisation under illumination (Figure 4.25 a). 

Light enhanced exchange reactions involving mobilised Pb (equation 4.40) are also expected 
to facilitate Zn mobilisation. Moreover in the mixed metal sulfide system of this study, 
similar reactions involving dissolved Cd (equation 4.41) should also enhance Zn 
mobilisation under illumination. However, it is believed that the interaction between 
dissolved Pb and ZnS is the dominant exchange reaction that mobilises Zn considering the 
greater abundance of Pb in OC. The exchange rates for 4.40 and 4.41 are expected to be 
similar, due to the similarity in the covalent radii of Pb and Cd (Table 1.12, section 1.3.3). 
Figure 4.25a shows that the amount of dissolved Cd at pH 3 increases with increasing light 
intensity. If mobilised Cd is involved in chemical displacement reactions with ZnS then it 
must be remobilised by photo-oxidative dissolution or possibly by exchange reactions with 
the more abundant dissolved Pb. The results in this study indicate that photo-oxidation of 
CdS is greater than PbS. Hence it is considered that reaction 4.41 may be more efficient than 
reaction 4.40, given that dissolved Pb also mobilises Cd. However, equation 4.40 would be 
more i mportant to Zn m obilisation than e quation 4 .41, given the greater c oncentration of 
mobilised Pb relative to Cd (Figures 4.22 and 4.25). Nonetheless, Zn mobilisation would be 
photocatalysed by both dissolved Cd and Pb. 

Pb2  + ZnS(S)  —+ PbS(,)  + Zn2 4.40 

Cd2 + ZnS(S)  —> CdS()  + Zn 21 4.41 
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Figure 4.21 Effect of light intensity (0, 500, 1000 and 2000 tM m 2  s ') on Zn 
mobilisation from OC in solutions at (a) pH 3 and (b) pH 6 (0.001 M KNO3, 
25°C, moc: 0.27 g, SAo ': 0.58 m2). Inset: Correlation between light 
intensity and concentration of Zn mobilised after 24 hours. 
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Figure 4.22 Effect of light intensity (0, 500, 1000 and 2000 jiM m 2  s') on Pb 
mobilisation from OC in solutions at (a) pH 3 and (b) pH 6 (0.001 M KNO3, 
25°C, moe: 0.27 g, SAoc: 0.58 m2). 
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Figure 4.25 Effect of light intensity (0, 500, 1000 and 2000 tM m2 s) on Cd 
mobilisation from OC in solutions at (a) pH 3 and (b) pH 6 (0.001 M KNO3, 
25°C, m0 : 0.27 g, SAoç: 0.58 m2). Inset: Correlation between Light 
intensity and concentration of Cd mobilised after 24 hours. 
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The photo-oxidative dissolution of ZnS and CdS and proton promoted dissolution, if 
photoholes and photoelectrons recombine, will also mobilise Zn and Cd. Exchange reactions 
between lattice bound Zn and Cd with Cu mobilised from CuFeS2  are also possible. 
However, light intensity is not expected to affect exchange reactions involving dissolved Cu 
to the same extent as Pb, as newly formed CuS is not photosensitive unlike PbS. Davis et al. 
(1994b) investigated the affect of dissolved Cu on the dissolution of CdS under several light 
intensities. Lattice exchange reactions between CdS and dissolved Cu was favoured over the 
photo-oxidative dissolution of CdS (Davis et al., 1994b). Davis et al. (1994b) observed little 
change i n either released Cd a nd removed C U24  with i ncreasing light intensity. The rapid 
formation of an overlying layer of non-photosensitive CuS over CdS reduced its dissolution 
dependence on light intensity (Davis et al., 1994b). 

A comparison of Figures 4.21a and b illustrates light intensity has a greater affect on Zn 
mobilisation at pH 3 than at pl-T 6, particularly noticeable at light intensities of 500 and 1000 
LM m 2  s 1 . In fact there does not seem to be any increase in the 24 hour concentration of 

dissolved Zn at pH 6 on going from 500 to 1000 tM m2 s  (Figure 4.21b), whereas a 
distinct increase is observed in solutions at pH 3 (Figure 4.21a). This further supports the 
proposition that surface protonation is involved in photo-oxidative dissolution of 
semiconducting metal sulfides (Hsieh and Huang, 1989; Hsieh and Huang, 1991). The 
greater affect of light intensity seen at pH 3 than pH 6 is not only attributed to an increase in 
surface protonation but also the greater oxidising properties of photoholes at the lower pH. 
The increase in light intensity would increase the concentration of photo-holes at the 
ZnS/electrolyte interface and thereby increase the photo-oxidative dissolution of sphalerite; 
yielding an increase in the concentration of mobilised Zn. Similar results are seen for Cd 
mobilisation (Figures 4.25a and b). Hsieh et al. (1991) have shown that the CdS dissolution 
increased as the light intensity increases from 0-700 Wni 2, but no further increase was 
observed above 700 Wm 2. 

It must be noted that at pH 6, light intensity of 500 LM m 2  s' yields slightly more dissolved 
Cd than 1000 iM m 2  s 1  (Figure 4.25b). This may be attributed to OC heterogeneity. 
Another possibility is exchange reactions involving Cd24  are enhanced as the light intensity 
increases from 500 and 1000 jiM m 2  s1. If this is the case then the similarity of Cd 
mobilisation under 500 and 1000 jiM m 2  s1  indicate that sulfide bound Cd is remobilised. 
However, it can clearly be seen that a further increase in light intensity to 2000 jiM m2 s 
does not yield a corresponding reduction in Cd mobilisation. Instead a further increase in Cd 
mobilisation is observed (Figure 4.25b). This may support heterogeneity as the reason for the 
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switch in dissolved Cd trends at the lower light intensities. However, it may also indicate that 
the further increase in light energy overcomes any activation barrier to (re)-mobilise Cd. 
Photo-oxidative dissolution of CdS may also be more efficient at 2000 p.M m 2  s' due to an 
increase in concentration of photoholes, which outweighs processes that remove dissolved 
Cd. 

Figure 4.22a illustrates that the affect of light intensity on Pb mobilisation in oxic solutions 
at pH 3 is not as pronounced as Zn and Cd (Figures 4.21a and 4.25a). This has been 
attributed to the smaller band gap of PbS compared to ZnS and CdS. It is quite possible that 
proton promoted dissolution rather than photo-oxidative dissolution governs Pb mobilisation 
under the conditions studied. This is deduced by the similarity of the Pb dissolution curves, 
irrespective of light. The importance of p1-I on the dissolution of PbS has been discussed 
previously. Hsieh and Huang (1989) have also noticed the effect of light and oxygen on PbS 
dissolution is not as pronounced as that of CdS. Nonetheless these researchers showed that 
the amount of dissolved Pb increased with light intensity from 100 to 700 Wm 2, however no 
further increase in dissolved Pb was seen at light intensities greater than 700 Wm 2. In 
contrast the effect of light intensity on Pb mobilisation in a mixed metal sulfide system is 
relatively negligible as seen by the similarity of Pb dissolution curves irrespective of light 
intensity (Figure 4.22a). Actually light intensities of 500 and 1000 p.M m 2  s 1  yield slightly 
less dissolved Pb than in darkness (Figure 4.22a). 

Hsieh et al. (1993) observed an increase in the mobilisation of Cd from CdS in the presence 
of Pb 2 + 

21  as the light intensity increased. However, relatively little Pbwas removed owing to 
the photo-oxidative dissolution of the newly formed PbS as aforementioned. Similar 
interactions and processes between mobilised Pb and ZnS as well as CdS may explain the 
slightly lower concentration of mobilised Pb under illumination at intensities of 500 and 
1000 p.M m 2  s compared to that in darkness (Figure 4.22a). Moreover, the similarity 
between Pb mobilisation in darkness and those illuminated with 500 and 1000 p.M m 2  s1, 
supports the proposition that proton promoted dissolution is more important than photo-
oxidation in remobilising Pb from newly formed PbS. The photo-decomposition of excited 
protonated PbS (equation 4.42) may also be possible and has been suggested by Hsieh and 
Huang (1989) for the photo-dissolution of PbS in anoxic solutions. However, these 
researchers propose that photo-oxidative dissolution would take place in oxic solutions as the 
dissolved oxygen would act as a photoelectron acceptor and thereby allow photoholes to 
initiate surface oxidation of lattice sulfide. 
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PbSH22+(s)* - Pb2  + H2S 4.42 

The greater Pb mobilisation at pH 3 under illumination with intensity of 2000 iM m 2  s 
compared to that in darkness illustrates the ability of PbS to undergo photo-oxidation; which 
apparently outweigh exchange reactions that remove dissolved Pb at the lower light 
intensities studied (Figure 4.22a). The further increase in light intensity from 1000VLM m 2 s' 
would increase the concentration of photoholes, which would favour PbS photo-oxidation 
(Figure 4.22a). Photo-oxidative dissolution of PbS was also observed under 1000 M m 2  s 

but only at pH 2 where photoholes are stronger oxidants (Figure 4.10, section 4.3.1). It must 
be acknowledged that the differences in the Pb dissolution curves (Figure 4.22a) may be due 
to the heterogeneous nature of the OC. Hence the light intensities studied may not enhance 
Pb mobilisation relative to that in darkness. Thus lattice exchange reactions involving 
dissolved Pb and proton promoted dissolution of existing and newly formed PbS would 
govern the behaviour of dissolved Pb in the mixed sulfide system of this study. 

Unlike at pH 3, Pb mobilisation in solutions at p1-I 6 under the various light intensities are 
not similar (Figure 4.22b). With the exception of Pb mobilisation under 500 iM m2 s,  it 
can be seen that the concentration of dissolved Pb generally decreases as the light intensity 
increases. This may be attributed to exchange reactions but Pb would be rernobilised from 
the newly formed PbS as discussed above. Greater readsorption of Pb as light intensity 
increases may explain the observed trend in Pb mobilisation at pH 6 (Figure 4.22b). Hsieh et 
al. (1993) have shown that pH>6 marks the onset of Pb  2'  removal from solution by 
adsorption of Pb hydrolysis products on CdS; which becomes particularly noticeable at 
pH>7 due to adsorption of hydrolysed products and precipitation of Pb(OH)2. Greater 
adsorption of Pb hydrolysis products onto OC may partly explain the lower than expected 
dissolved Pb concentration under 500 jiM m 2  s' compared to mobilisation in darkness 
within 2 hours of mobilisation. If this is the case then the converse occurs beyond 2 hours as 
the concentration of mobilised Pb is greatest under 500 jiM m2 s.  The anomalous Pb 
dissolution curve under 500 jiM m 2  s 1  may be attributed to the heterogeneous nature of OC 
rather than interfacial reactions. 

Lead mobilisation in solutions at pH 6, irrespective of light condition, have a characteristic 
peak around 0.5-2 hours into the experiment, which is followed by a decline due to 
interfacial reactions (Figure 4.22b). These peaks were also observed for Pb mobilisation in 
anoxic solutions at pH 6 (Figure 4.17, section 4.3.2), which supports the proposal that 
bicarbonate contributes to the initial rapid PbS dissolution at pH 6 (section 3.3.2). However, 
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it is conceivable that highly reactive surfaces and release of oxidation products formed 
during sample preparation may also be responsible for the initial rapid Pb mobilisation. The 
greater maximum concentration of Pb mobilised in oxic solutions than in anoxic solutions 
supports the notion that bicarbonate is involved in PbS dissolution (Figure 4.17, section 
4.3.2). 

The trend in Fe mobilisation from OC in solutions at pH 3 (Figure 4.23) is similar to that of 
Pb under the same conditions (Figure 4.22a). It can be seen that Fe mobilisation in darkness 
and under 500 and 1000 LM m 2  s1  are very similar. There is a slight increase in the 
concentration of dissolved Fe within 6 hours of dissolution from OC illuminated with 1000 
jiM m 2  s1. However, the enhancement is rather meagre compared to the concentration of 
mobilised Fe under 2000 jiM m 2  s 1 , which can be attributed to a greater concentration of 
photoholes at the surface of FeS2  and CuFeS2. The photo-oxidative dissolution of Fe-bearing 
serniconducting sulfides are particularly noticeable under 2000 jiM m 2  s '  and increases the 
rate in Fe mobilisation (between 2-24 hours) by —32% relative to that in darkness. The solar 
intensity (PAR = 400-700 nm) in northern Australia was measured to be 1500-2000 jiM m 2  
s thus light appears to be an important parameter in the mobilisation of Fe from 
semiconducting sulfides in nature. In contrast, Schoonen et al. (2000) reported that "it is 
doubtful that the effect of light has significant consequence on the rate of pyrite oxidation in 
the environment". These researchers found that the oxidation of pyrite under a light intensity 
approximately ten times that of normal solar intensity on Earth was relatively subtle. 
Schoonen et al. (2000) reported that the overall effect of light on the rate of pyrite oxidation 
was typically less than a doubling in rate and in some experiments not more than a 20 to 30 
% increase in rate was seen. In contrast, a similar increase in the concentration of dissolved 
Fe was observed at 2000 jiM m 2  s 1 , which is similar to the intensity of solar radiation 
measured in north Australia. The discrepancy between the results of this study and those of 
Schoonen et al. (2000) may be attributed to interactions present in the mixed metal sulfide 
system of this study. For instance transfer of photoholes generated by photo-excited ZnS, 
CdS and PbS to FeS2  and CuFeS2  would result in greater photo-oxidative dissolution of the 
Fe-bearing sulfides than if they were alone. 

The concentration of mobilised Cu generally decreases with increasing light intensity (Figure 
4.24). This suggests that light is involved in the removal of dissolved Cu possibly by helping 
to overcome any activation barrier required for exchange reactions between mobilised Cu 
and ZnS, CdS, PbS and FeS (if present). It can be seen that all the curves describing Cu 
mobilisation under illumination are similar in shape. That is a gradual increase in the 

196 



Chapter 4 Effect of Light on Metal Mobilisation 

concentration of dissolved Cu, which plateaus around 6 hours for 500 and 1000 tM m 2  s or 
2 hours for 2000 jiM m 2  s1. This suggests an equilibrium between Cu mobilisation and 
processes that remove dissolved Cu, most likely exchange reactions. If Cu of newly formed 
CuS, resulting from exchange reactions, is rernobilised it must be due to light independent 
processes such as proton promoted and normal oxidative dissolution as CuS is not 
photosensitive. It is noted that under 1000 jiM m 2  s 1 , Cu mobilisation exceeds that in 
darkness during the first 6 hours (Figure 4.24). This feature is also observed for Fe 
mobilisation under the same conditions (Figure 4.23), which may reflect the photo-oxidative 
dissolution of CuFeS2. Table 4.1 (section 4.1.1) shows that CuFeS2  has a smaller band gap 
than FeS2 and thus would be more photosensitive. However, owing to the smaller abundance 
of CuFeS7, the enhanced Fe mobilisation under 1000 jiM m 2  s1  during the first 6 hours of 
the experiment must b e due to the photo-oxidative d issolution of both Fe-bearing sulfide 
minerals. Moreover, despite the fact that CuFeS2 would be more easily photo-excited than 
FeS,, the latter would be more prone to oxidation by photoholes. This is attributed to the 
band gap of FeS2  that is greater than 0.66 eV, whereas CuFeS2  has a band gap less than 0.66 
eV. The heterogeneity of OC cannot be ruled out as a factor that yields the slight 
enhancement. This may also explain why Cu mobilisation at 500 jiM m 2  s yields less 
dissolved Cu than 1000 jiM m 2  s1. The similarity of the dissolved Cu concentrations at 500 
and 1000 jiM m 2  s' is considered to be due to heterogeneity rather than effects of light. 

4.4 Conclusion 

The results of this chapter showed that the mobilisation of metals from OC in solutions was 
affected by illumination with visible light. It was shown that the lower the pH of the solution 
the greater the effect of light on the mobilisation of metals from semiconducting sulfides. 
The mobilisation of Zn, Fe and Cd under illumination increased with decreasing pH. This 
was attributed to the greater oxidising property of photoholes and increased surface 
protonatlon. At pH 2, Pb and Cu mobilisation were greater under illumination than in 
darkness. However at higher pH values the concentration of dissolved Pb and Cu were 
greater under darkness. This was attributed to dissolved Pb and Cu participating in exchange 
reactions with metal sulfides of greater solubility than PbS and CuS. 

The importance of oxygen in the photo-dissolution of light sensitive metal sulfides was 
demonstrated. The enhancement in metal mobilisation by light might be direct as in photo-
oxidative dissolution of the respective semiconducting metal sulfides, or indirectly by 
photosensitive exchange reactions. The importance of light was further illustrated by studies 
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involving different light intensities. The mobilisation of Zn and Cd in solutions at pH 3 
increased with increasing light intensity. This was attributed to an increase in the 
concentration of photoholes. The concentration of dissolved Pb at pH 3 was not affected very 
much by changes to light intensity. This was attributed to the photosensitive exchange 
reactions that involved dissolved Pb. Only light intensity of 2000 M m 2  s1  had a 
pronounced effect on Pb and Fe mobilisation at pH 3. In contrast, increased light intensity 
apparently facilitated the removal of dissolved Cu. The effect of light intensity on metal 
mobilisation was more difficult to identify at pH 6 owing to reduced photo-dissolution, 
solubility limitations, formation of hydrolysis products of metals and their adsorption onto 
OC. 
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Chapter 5 Influence of Iron on Metal Mobilisation 

5.1 Introduction 

Although sulfide minerals are highly insoluble, they become unstable in aqueous 
environments where they are exposed to dissolved oxygen and ferric ions. Reactions 1.10 
and 1.12 exemplify the dissolution of pyrite in the presence of oxygen and ferric ions, 
respectively. Although Fe(lII) and oxygen can directly oxidise pyrite, Moses and Herman 
(1991) showed that the former is the more preferred and potent oxidant. Moreover, oxygen 
isotope studies (Bailey and Peters, 1976; Taylor et al., 1984a; Taylor et al., 1984b; Reedy et 
al., 1991) of pyrite oxidation indicate water molecules are a more important source of sulfate 
oxygen than dissolved oxygen (DO). Hence reaction 1.12 may be more important than 
reaction 1.10. Moses et al. (1987) proposed the mechanism depicted in Figure 1.12 to 
describe the reaction of pyrite with ferric ion. Ferric catalysed oxidation of pyrite can be 
sustained if the ferrous product is reoxidised, reactions 1.12 and 5.1 illustrates the 
propagation cycle proposed by Singer and Stumm (1970). At c ircumneutral pH, Fe(II) is 
rapidly oxidised to Fe(IIJ). However, in the absence of Thiohacillusferrooxidans and related 
bacteria, the oxidation of ferrous ions in acidic solutions via the inorganic route is quite slow 
and has been identified as the rate determining step of ferric catalysed dissolution of pyrite 
(Singer and Stumm, 1970; Moses and Herman, 1991). McKibben and Barnes (1986) studied 
the oxidation of pyrite in ferric solutions and concluded that the rate of pyrite oxidation at 
low pH was only a ffected by F e(IlI) and not F e(II) or the F e(III)/Fe(IJ) ratio. As the pH 
increases the pyrite oxidation becomes more dependent on Fe recycling and less on the 
reservoir of dissolved Fe(III) (Moses et al., 1987). 

FeS2(S)  + 7/202 + H20 —> Fe2 + 25042 + 2H4 1.10 

FeS7() + 14Fe3  + 8H70 —> 15Fe2 + 25042 + 16H 1.12 

14Fe2 ' + 7/202  + 14H —> 14Fe3F + 7H70 5.1 
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Fe + {H70 - Fe(OH)513  
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Figure 1.12 Schematic of pyrite oxidation by Fe(1II) (adapted from Moses and co-
workers (1987; 1991)). (a) A hydroxyl group from the hydration sphere of 
Fe(III) is transferred to a pyrite sulfur atom in exchange for an electron, 
which yields Fe(II). A sequence of hydroxyl transfer and dehydration 
reactions follow that weakens the Fe-S bond as seen in (b). Ultimately a 
nascent sulfoxy anion (thiosulfate is illustrated) is released into solution, 
where it is more stable. 

It has been commonly assumed that, at circumneutral pH, DO must be the direct oxidant of 

pyrite (equation 1.10) due to the low solubility of Fe(I1I). Moses et al. (1987) showed that 

Fe(111) was a very effective pyrite oxidant at circumneutral pH. However, the reaction could 

not be sustained in the absence of oxygen even when excess Fe(Ill) was available. Moses 

and Herman (1991) attributed this to the preferential adsorption of the ferrous, rather than 

ferric, ions on pyrite. The adsorbed Fe(11) apparently blocked the surface reaction sites at 

which Fe(111) would oxidise pyrite. Moreover, Moses and Herman (1991) showed that 

adsorbed Fe(11) also interfered with the oxidative dissolution of pyrite (reaction 1.10). 

However, the reaction of pyrite with ferric ions was sustained in oxic solutions. Although 

oxygen can directly oxidise pyrite, it is believed that the reoxidation of the adsorbed ferrous 

ion is the primary role of oxygen. Moses and Herman (1991) postulated a reaction 

mechanism for pyrite oxidation that involved adsorbed Fe(II) giving up electrons to 

dissolved oxygen and the resulting Fe(111) rapidly accepting electrons from pyrite (Figure 

1.14). The adsorbed Fe is cyclically oxidised and reduced as it acts as a conduit for electrons 

travelling from pyrite to dissolved oxygen (Figure 1.15). Oxygen is transferred from the 

hydration sphere of the adsorbed Fe to pyrite S (Figure 1 . 14). The cycle of adsorbed Fe 

oxidation and reduction and successive addition of oxygen to pyrite S continues until a stable 

sulfoxy species dissociates from the surface, as seen in Figure 1.12. Thiosulfate is a common 
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intermediate in the oxidation of pyrite and sphalerite (Moses et al., 1987). This may suggest 
that a mechanism similar to that outlined in Figure 1 .12 may apply to monosulfide minerals, 
but the presence of thiosulfate may also result from homogeneous sulfide oxidation (Moses 
et al., 1987). 

(720)4 

Fe(11) 

re/s 
 

/ Fe 00 

H 

S.  
Fe(11) 

(20)4 

(a) 

(720)4 ()20)4 
Fe(111) 01-1 Fe(1I) 

So  H 

0 

Fe(III) OH Fç(II) 

(H)0)4 (H20)4  

(b) (c) 

Figure 1.14 Schematic sequence of reaction steps for the oxidation of pyrite sulfur 
(Moses and Herman, 1991). 

The model (Figures 1.14 and 1.15) proposed by Moses and Herman (1991) for pyrite 
oxidation was considered to be an extension of the Singer-Stumm model because the rate 

limiting step was still the oxidation of Fe(lI) by DO. The original Singer-Stumm model 
applied to low pH where the Fe(11) oxidation was rate limiting because it was slower than 
pyrite oxidation by Fe(lll). Hence the slow but sustainable pyrite oxidation mechanism that 
is most important in natural waters of low or circumneutral pH is limited by the rate at which 
DO can oxidise adsorbed Fe(Il) (Moses and Herman, 1991). 

The reaction of pyrite with ferric ions have been studied extensively owing to its 
geochemical importance and because pyrite may serve as a model system for all sulfide 
mineral oxidation (Rimstidt et al., 1994). However, Rimstidt et al. (1994) showed that pyrite 
cannot be used as a proxy for other sulfide minerals when studying the details of sulfide 
mineral oxidation. These researchers studied the reaction of Fe(I1I) with galena, sphalerite, 
chalcopyrite and arsenopyrite and showed that reaction rates, the reaction orders and 
activation energies varied substantially from mineral to mineral. This indicated that the 
details of the reaction mechanism differed among the various sulfide minerals. 
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FeS7 — Fe(lI)(ads)   

FeS2  — Fe(lll)(ads))<

DO 

HO 

DFeSSOH - Fe(I!)(ads)  

FeSSOH - Fe(lll)(ads)XH2O 

FeSS02H - Fe(ll)(ads)  

Figure 1.15 Schematic reaction sequence, emphasising the redox cycle undergone by 
the adsorbed Fe (Moses and Herman, 1991). The DO never directly reacts 
with the pyrite, but its reduction drives the oxidation of pyrite by 
generating reactive Fe(II1) directly on the pyrite surface. 

Extensive research has been performed on the reaction of Fe(III) with nonferrous metal 

sulfides to improve hydrometallurgical recovery of metals. However, these studies often use 

very concentrated ferric solutions and conditions that exceed those found in nature. The 

overall reaction of ferric ion with galena, sphalerite and chalcopyrite are given by reactions 

5.2, 5.3 and 5.4, respectively. Rimstidt et al. (1994) have acknowledged that relative little is 

known about the reaction rates of galena and sphalerite in dilute Fe(llI) solutions, similar to 

those found in nature, compared to the stronger oxidising solutions used in hydrometallurgy. 

Research performed from a hydrometallurgy perspective may not be extrapolated to account 

for environmental situations. For example, hydrornetallurgical studies indicated that a 

significant amount of elemental sulfur is produced by intense oxidation of chalcopyrite, but 

elemental sulfur is not produced when the mineral is treated with dilute ferric solution 

(Rimstidt et al., 1994). 

PbS + 8Fe3  + 4H20 —> Pb' + 8Fe2 + 8H + S042 5.2 

ZnS + 8Fe3  + 4H2O —> Z112  + 8Fe2 + 8H + S042 5.3 

CuFeS2  + 16Fe3  + 8H20 —* Cu2  + 17Fe2  + 16H 4  + 2S042 5.4 

The objective of this study is to determine the influence of ferric ion on the mobilisation of 

metals from OC at pH 2 under various oxygen and light conditions. Analogous mobilisation 

experiments will be performed with iron treated OC to investigate the effect of adsorbed 
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Fe(lII) on the initial mobilisation of metals from OC. The potential of photoredox reactions 

involving Fe(III) and its affect on metal mobilisation is also examined. 

5.2 Experimental 

5.2.1 Effect of Ferric Ion on the Mobilisation of Metals from OC 

Mobilisation experiments were performed in aerated 1.8 L 0.001 M KNO3  at pH 2 with 

ferric ion concentrations: 0, 10, 5x10 and 102  M, which were prepared using iron (III) 

nitrate 9-hydrate (BDH, AnalaR). These experiments were performed under light and in 

darkness over 24 hours. Parallel experiments were also performed in anoxic solutions. Light 

experiments were performed at an intensity of 1000 iM m 2  s1. Samples collected for pH 

were also used to monitor Eh throughout the experiment. All experimental conditions are 

listed in Figure captions. Details on OC preparation, pH adjustment and sample collection 

are outlined in section 2.2. Whilst details on light experiments can be found in section 4.2. 

5.2.2 Photoredox Reactions of Iron(III) and its Effect on Metal 

Mobilisation from OC 

Further light experiments were performed with 5x10 4  M Fe(NO3)3  at pH 3. The light 

intensity was varied from 0 to 2000 iM m 2  to investigate the potential of enhanced metal 

mobilisation from OC upon the photoreduction of Fe(III) hydrolysis species. At pH 3, 

FeOH2  would be the predominant ferric species, which has a half life of 20 minutes (Faust, 

1994). Hence ferric solutions were stirred in darkness prior to the commencement of 

experiments. An additional 1 mL was removed from the reaction solution at each designated 

sampling time. These samples were filtered (0.45 him) into glass vials, each containing 0.6 

mL of phenanthroline reagent, and stored at 4°C until ready for Fe(II) analysis. Experimental 

conditions are listed in Figure captions. 

5.2.3 Determination of Fe(II) using 1,10-Phenanthroline 

The concentration of Fe(II) in certain experiments was determined using the 1,10-

phenanthroline method outlined in the Standard Methods for examination of water and 

wastewater (Greenberg et al., 1992). One rnL samples were added to vials containing a 
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phenanthroline reagent: 0.2 mL ammonium acetate buffer and 0.4 mL 1,10-phenanthroline 

solution. Ferrous ion was detected by measuring the absorbance of the solution at 510 nm 

using a Varian Cary 1 UV-visible spectrophotometer. The Fe(II) concentration was 

interpolated from a plot of the absorbance of Fe(II) standards: 1.12x10 5, 3.13x10 5, 6.27x10 5  

and 1.25x10 4 M. 

The ammonium acetate buffer was prepared by dissolving 62.5 grams ammonium acetate 

(BDH, AnalaR) in 37.5 mL ultra-pure water, 175 mL concentrated (glacial) acetic acid 

(BDH, AnalaR) was then added. The phenanthroline solution was prepared by dissolving 0.4 

grams 1, 10-phenanthroline monohydrate (BDH, AnalaR) in 100 mL ultra-pure water; 2 

drops of concentrated HCl (BDH, AnalaR) was added to assist dissolution. 

5.2.4 Influence of Adsorbed Iron on the Mobilisation of Metals 

Acid washed OC was exposed to various ferric solutions at pH 4 to increase its Fe content, 

see section 5.2.5. To ascertain the effect of adsorbed Fe/Fe content on the mobilisation of 

metals from OC, the Fe conditioned OC was subjected to the same pH, light and oxygen 

conditions as experiments outlined in section 5.2.1. An additional I mL was removed from 

the reaction solution at each designated sampling time for Fe(TI) determination. Analogous 

experiments were also performed on Fe-treated galena. 

5.2.5 Adsorption of Iron(III) onto OC and PbS 

Dried acid washed OC particles were treated with ferric concentrations: 10, 5x10 and 10 2  

M. This involved placing 4.5 grams of acid washed OC particles into a 250 mL three neck 

round bottom flask containing 100 mL of ferric nitrate solution, which was freshly prepared 

using iron (III) nitrate 9-hydrate (BDH, AnalaR). The aqueous Fe-OC slurry was stirred 

continuously for an hour. The experimental set up used to coat Fe onto OC is shown in 

Plates 5.1 and 5.2, the components are described in Figure 5.1. At least two hours prior to the 

addition of OC, the Fe(III) solution was bubbled with high purity nitrogen gas (Air Liquide) 

at a flow rate of -2 L/min. to purge dissolved oxygen. The pH was also adjusted to pH 4, 

during this pre-conditioning period, using dilute HNO3  and KOH. These anoxic and pH 

conditions were maintained throughout the conditioning period, after which the Fe-treated 

OC was transferred to a filter stack (Plate 5.3) and the excess Fe solution was vacuum 

filtered under nitrogen. A control sample of OC was also subjected to the same treatment 

without added Fe(III). 
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Set up for adsorption of Fe onto OC. 
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Plate 5.2 Apparatus used to adsorb Fe onto OC. 
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pH 4.00 500 mV 
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HNO3  or KOH 

Combination redoxlpH electrode 

Glass tube Port used 
for pH 
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Figure 5.1 Three neck round bottom flask used to treat OC with Fe. 
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Plate 5.3 Filtration stack used to elute excess aqueous Fe and dry Fe-treated OC. 

Figure 5.2 Apparatus used to filter, rinse and dry Fe-treated OC. 
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After filtering the excess Fe solution, the vacuum was turned off to collect 10 mL of filtrate 

for metal analysis (Figure 5.2). Forty mL of anoxic pH 4 adjusted ultra-pure water (Figure 

5.2) was used to briefly re-suspend the Fe-OC, which was then vacuum filtered. This was 

repeated twice. A 10 rnL sample ofthe filtrate was collected after eluting the third rinse 

solution to determine whether loosely sorbed Fe was removed from the surface of OC. The 

rinsed Fe-treated OC was dried by pulling nitrogen gas through it. When the OC had dried a 

small portion of the sample was placed into a 1.5 mL Eppendorf tube containing I mL pH 4 

controlled water. The slurry was immediately snap frozen by immersing into liquid nitrogen 

and retained for surface analysis using secondary ion mass spectrometry (SIMS). The 

remainder of the Fe-treated OC was stored in a de-aerated desiccator until required for 

experiments as stated in section 5.2.4. When OC was removed from the desiccator, nitrogen 

gas rather than air was used to equalise pressure. 

Galena was also treated with 0 and 102  M Fe(III) at pH 4 using the above method. Galena 

(Reynolds County, Missouri) crystals were purchased from Ward's Natural Science 

Establishment, Inc. Adsorption experiments were performed using these crystals as well as 

galena particles. The latter were ground using a ceramic mortar and pestle. The galena 

particles were dry sieved to less than 63 tim, and had a BET surface area of 0.3355 ± 0.0042 

m2  g (determined at ANSTO using a Micromeritics 2400 instrument). Both galena crystals 

and particles were acid washed prior to adsorption experiments. Four and a half grams of 

dried acid washed galena powder or 2 galena crystals were used for each adsorption 

experiment. The Fe-treated galena powder was used for mobilisation experiments, whereas 

the galena crystals were retained for surface analysis using SIMS. No further sample 

preparation was required for these crystals as they were large enough to be inserted directly 

into the SIMS instrument. Surface analysis and leaching experiments indicated that galena 

was of high purity and contained negligible quantities of Zn, Fe, Cu and Cd. 

5.2.6 Preparation of Samples for SIMS 

The grain size of the OC particles were too small to load straight into the SIMS instrument, 

instead these were embedded into epoxy resin (Epirez-133) to form a disc compatible with 

SIMS sample holders. When these resin discs were first made, it was discovered that 

concentrate was completely enveloped in the resin, due to seepage of resin through the 

interstitial space between concentrate particles. At first this was not a problem because the 

overlying layer of resin precluded further oxidation and thus preserved the surface chemistry 

of the concentrate. In order to analyse the sample, it was necessary to grind away the resin to 
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expose the concentrate. However, this had the potential to remove the surface species of 

interest, as layers of oxidation can be one monolayer to five nanometres in thickness (Smart 

et al., 2000). Moreover, the intimate mixture of resin and OC of the SIMS sample discs 

would interfere with the analysis of carbon on the OC surface, which was required for the 

humic acid experiments in Chapter 6. 

An alternative sample mounting method for the reacted OC particles was devised to 

circumvent the need to grind and avoid carbon interference. This involved preparing resin 

discs with wells (Plate 5.4a). When these were ready, a frozen OC sample was rapidly 

thawed. The slurry was immediately centrifuged and the supernatant decanted. The 

remaining OC with a paste consistency was transferred to the well and levelled off flush to 

the face of the disc. The OC was then dried in a vacuum desiccator to form an aggregate with 

a flat surface, some Epirez resin was then used to secure this aggregate in the well (Plate 

5.4b). The assembled sample was then vacuum sealed in a plastic bag containing silica beads 

until ready for analysis at the Australian Nuclear Science and Technology Organisation 

(ANSTO) in Sydney, Australia. Plate 5.4c shows a sample disc coated with gold to increase 

the conductivity of the sample for SIMS analysis. 

(a) (b) (c) 

/ 

JIfflfflhTtff[i IIIllII1ffl f 
IJllJIJIT jT T1TT1 T1TTUTU 

0  MM  10 20 30 40 50 60 70 So 90 100 110 1  

VNIH3 N :-4v

Am 

Plate 5.4 SIMS discs (a) empty well, (b) well filled with reacted OC and secured with 
Epirez resin (c) coated with gold for SIMS analysis. 
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5.2.7 Surface Analysis of Reacted Samples using SIMS 

Mass scans of the surface and depth profiles of reacted samples were determined using a 

Cameca ims 5f dynamic SIMS (ANSTO). Prior to analysis the assembled samples were 

coated with gold (Plate 5.4c) and then placed into a vacuum chamber to out gas for 12 hours. 

The conditions of analysis are shown in Tables 5.1 and 5.2. Each sample was analysed with a 

raster of 250 JIm2. The results were considered to be representative of the bulk as 75% of OC 

particles were less than 10 tm. Hence only one area was analysed per sample. A few 

samples were analysed at two different sites to verify that the 250 i 2  m  raster was 

appropriate. 

Table 5.1 SIMS parameters for depth profiling of Fe(III)-treated OC and PbS. 

Parameter Value 

Acquisition time 500 or 990 s 

Primary beam 

Primary HV 12.5 kV 

Primary current —40 nA 

Arc current —8 mA 

Raster size 250 tm 

Secondary HV 4.5 kV 

Dead time 25 ns 

Table 5.2 SIMS parameters for mass scan of Fe(III)-treated OC and PbS. 

Parameter Value 

Acquisition time 250 or 350 s 

Mass (amu) 0.5-250 or 0.5-350 

Primary beam 

Primary HV 12.5 kV 

Primary current 43-50 nA 

Are current 8 mA 

Raster size 250 im 

SecondaryHV 4.5kV 

Dead time 25 ns 
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5.3 Results and Discussion 

5.3.1 Effect of Ferric Ions on the Mobilisation of Metals from OC 

The effect of dilute ferric ion on the mobilisation of metals from OC was investigated at pH 

2 in oxic and anoxic solutions; the results are shown in parts (a) and (b), respectively, in 

Figures 5.3-5.7. It has been reported that dissolved iron concentrations in acidic mine waters 

are often as high as 2-9 mlvi, with pH less than 2 (Rimstidt et al., 1994 and references 

therein). The mobilisation of metals from OC was studied at pH 2 in the presence of ferric 

ion with concentrations: 0, i0, 5x10 4  and 102  M. 

Studies (Wiersma and Rimstidt, 1984; McKibben and Barnes, 1986; Sasaki et al., 1995a; 

Sasaki et al., 1995b) on the reaction of pyrite with ferric ions often monitor the reduction of 

Fe(III) to determine reaction rates. However, Fe(II) was not used as a reaction progress 

variable to study the mobilisation of metals from OC in the presence ferric ion. In the mixed 

metal sulfide system of this study, exchange reactions and galvanic interactions would 

complicate the interpretations of the concentration of metals mobilised relative to the 

reduction of iron. Moreover, Rimstidt et al. (1994) studied the reaction of ferric iron with 

galena, s phalerite and c halcopyrite, in s eparate e xperiments, and s howed that the ratio of 

dissolved Pb, Zn and Cu to the amount of Fe(III) reduced never matched exactly the ratios of 

reactions 5.2, 5.3 and 5.4, respectively (section 5.1). This was attributed to incomplete 

oxidation of sulfide to sulfate. McKibben and Barnes (1986) have also acknowledged that 

production of metastable sulfur oxyanions may result in actual rates of change of some 

products and reactants, per mole of pyrite oxidised, to be different from that suggested by 

reaction 1.12. 

Although the enhancement in the mobilisation of Zn, Pb, Cu and Cd in the presence of 10 

M Fe(III) is negligible, this is clearly not the case in the presence of 5x10 4  and 102  M ferric 

ion (Figures 5.3, 5.4, 5.6 and 5.7). Table 5.3 shows that the rate of metal mobilisation is 

proportional to the initial ferric concentration. This relationship was found to obey equation 

5.5 as shown in Table 5.4. Rimstidt et al. (1994) have also applied this rate law in their study 

of the reaction of sulfide minerals with Fe(III) in acidic solutions (Table 5.5). 
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Figure 5.3 Effect of light on Zn mobilisation from OC in the presence of various 
concentrations of Fe(III) in (a) oxic and (b) anoxic solutions (0.001 M 
KNO3, 25°C, pH 2, Light = 1000 tM m 2  s ', mO(: 0.27 g, SA0 : 0.58 m2). 
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Figure 5.4 Effect of light on Pb mobilisation from OC in the presence of various 
concentrations of Fe(III) in (a) oxic and (b) anoxic solutions (0.001 M 
KNO3, 25°C, pH 2, Light = 1000 p.M m 2  s ', moc: 0.27 g, SAoc: 0.58 m2). 
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Figure 5.5 Concentration of dissolved Fe in (a) oxic and (b) anoxic solutions (0.001 M 
KNO3, 25°C, pH 2, Light = 1000 M m 2  s, moc: 0.27 g, SAoc: 0.58 m). 
Inset: Effect of light on Fe mobilisation from OC without added ferric ion. 
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Figure 5.6 Effect of light on Cu mobilisation from OC in the presence of various 
concentrations of Fe(II1) in (a) oxic and (b) anoxic solutions (0.001 M 
KNO3, 25°C, pH 2, Light = 1000 jiM m 2  s, moC: 0.27 g, SAo : 0.58 m). 
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Figure 5.7 Effect of light on Cd mobilisation from OC in the presence of various 
concentrations of Fe(III) in (a) oxic and (b) anoxic solutions (0.001 M 
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Table 5.3 Rate data for ferric catalysed mobilisation of metaLs at pH 2. 

Rates of mobilisation 
(Zn,Pb and Cu: iM m 2  h, Cd: nM m 2  h) 

0 M Fe3  10 M Fe3  5x10 4  M Fe3  102 M Fe3  
Metal Conditions r1  r2  r7 r1  r2  r1  

Light & Oxic 7.97 2.53 2.43 27.27 9.09 73.71 22.89 
Dark&Oxic 6.90 1.64 

14444 

2.11 23.71 9.14 58.04 20.06 n 
Light&Anoxic 4.74 0.64 1.36 17.32 7.04 59.11 20.23 
Dark&Anoxic 5.02 0.22 . 1.35 23.60 7.46 64.93 19.76 
Light &Oxic 43.43 - 56.09 - 70.50 - 101.46 - 

Dark&Oxic 40.75 - 45.51 - 55.40 - 100.76 - Pb 
Light &Anoxic 38.42 - 41.36 - 45.39 - 96.30 - 

Dark&Anoxic 46.46 - 58.52 - 60.11 - 89.69 - 

Light &Oxic 0.41 0.09 0.85 0.10 3.29 0.13 5.75 0.31 
Dark&Oxic 0.42 0.08 0.72 0.08 3.00 0.09 4.90 0.27 Cu  
Light & Anoxic 0.07 0.01 0.33 0.01 2.41 0.07 5.02 0.21 
Dark&Anoxic 0.23 0.02 0.71 -0.01 2.39 0.06 4.93 0.31 
Light &Oxic 15.02 2.80 16.14 3.11 42.58 10.08 103.28 27.24 
Dark&Oxic 10.32 2.06 12.78 2.16 36.95 10.42 84.14 24.21 Cd 
Light &Anoxic 11.01 0.87 11.48 0.79 30.76 8.17 84.53 24.98 
Dark&Anoxic 8.27 0.37 14.18 0.47 34.06 8.74 93.68 24.33 

r1  denote reaction rates calculated for the first half an hour, whereas r2  represents the reaction rate 
beyond 2 hours. 

log r = n.log [Fe3 ] + log k 5.5 

Where r, n and k denote rate of metal mobilisation, reaction order for Fe(III) and reaction 

rate constant, respectively. 

The reaction rates for the mobilisation of Zn, Pb, Cu and Cd in the presence of ferric ion 

were calculated for both the initial and later stages of the experiment as shown in Table 5.3. 

In the absence of ferric ion the initial rate of release (r1 ) of Zn, Pb and Cd in oxic, acidic 

solutions are greater under light than in darkness and is attributed to the semiconductor 

nature of ZnS, PbS and CdS, respectively (Table 5.3). This is also observed for the 

mobilisation of Zn, Pb and Cd in oxic ferric solutions (Table 5.3). Whilst initial rates for the 

release of Cu under light and darkness are similar in the absence of added ferric ions, it can 

be seen that the initial mobilisation of Cu in oxic ferric solutions is greater under 

illumination. This is expected, as chalcopyrite is a semiconductor. 
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Table 5.4 Rate laws determined from best fit of experimental data. 

Rate laws 
Metal Conditions Based on r1  R2  Based on r2  R2  

L & 0 log r = 0.29.log [Fe3 ] + 2.43 0.9958 log r = 0.33.log [Fe3 ] + 2.02 0.9993 
D & 0 log r = 0.31.log [Fe3F] + 2.38 0.9998 log r = 0.33.log [Fe34] + 1.99 0.9908 Zn 
L & A log r = 0.33.log [Fe3 ] + 2.40 0.9876 log r = 0.39.1og [Fe3 ] + 2.11 0.9975 
D & A log r = 0.24.1og [Fe3 ] + 2.24 0.9583 log r = 0.39.log [Fe3 ] + 2.11 0.9936 
L & 0 log r = 0.08 log [Fe3 ] + 2.16 0.9575 - - 

D & 0 log r = 0.11.log [Fe34 ] + 2.19 0.8758 - - Pb 
L & A log r = 0.12.1og [Fe3 ] + 2.16 0.7706 - - 

D & A log r = 0.06.log [Fe3 ] + 2.04 0.7323 - - 

L & 0 log r = 0.28.log [Fe3 ] + 1.36 0.9747 log r = 0.16.log [Fe3 ] -0.25 0.8595 
D & 0 log r = 0.28.log [Fe3 ] + 1.31 0.9610 log r = 0.17.log [Fe3 ] -0.34 0.7555 

CLI 
L & A log r = 0.40.1og [Fe3 ] + 1.57 0.9674 log r = 0.5 1.log [Fe3 ] + 0.39 0.9860 
D & A log r = 0.28.1og [Fe3 ] + 1.27 0.9954 log r = 0.57.log [Fe3 ] + 0.63 N/A 
L & 0 log r = 0.27.log [Fe3 ] + 2.54 0.9975 log r = 0.31 log [Fe3 ] + 2.05 0.9992 
D & 0 log r = 0.27.1og [Fe3 ] + 2.47 1 log r = 0.35.log [Fe3 ] + 2.12 0.9907 Cd 
L & A log r = 0.29.log [Fe3 ] + 2.48 0.9930 log r = 0.51.log [Fe3 ] + 2.47 0.9845 
D & A log r = 0.27.1og [Fe3 ] + 2.48 0.9861 log r = 0.58.1og [Fe3 ] + 2.66 0.9625 

Three data points were used in regression to determine rate laws, the correlation coefficient of which 
are reflected by R2. However, where R2  is denoted by N/A only two data points were used. Symbols 
L, D, 0 and A denote light, dark, oxic and anoxic, respectively. 

Table 5.5 Rate laws determined by Rimstidt et al. (1994) for the reactions of minerals 
with Fe(III) in acidic solutions at 25°C. 

Mineral Rate law 

Sphalerite log r = 0.58(±0.09).log mFe3+ 6.09(±2.45) 

Galena log r = 0.98(±0.06).log mFC3+ -2.55(±3.05) 

Chalcopyrite log r = 0.43(±0.10).log 1T1Fe3+ 6.75(±0.54) 

Irrespective of light conditions, the initial reaction rates for the mobilisation of Zn, Pb, Cu 

and Cd, in oxic solution, increases with increasing ferric ion concentration (Table 5.3). This 

is attributed to ferric catalysed dissolution of ZnS, PbS, CuFeS (reactions 5.2-5.4) and CdS. 

However, it a ppears that ferric ions also enhance the p hoto-oxidative d issolution o ft hese 

semiconducting metal sulfides. This can be deduced by the enhanced initial release of Zn, Cu 

and Cd mobilisation under light, which increases with increasing initial ferric ion 

concentration (Table 5.3). This is generally true for Pb mobilisation. Although the initial 
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release of Pb in the presence of 102  M Fe3  is greater under light, the enhancement in 

mobilisation compared to that in darkness is not as great as that in the presence of the 5x10 4  

M ferric ion (Table 5.3). This may reflect the heterogeneity of the OC or exchange reactions 

involving dissolved Pb being more efficient under illumination. Alternatively, the similarity 

between the light and dark initial rates of Pb mobilisation may indicate that ferric catalysed 

mobilisation is the predominant process that controls the initial release of Pb at high ferric 

ion concentrations. 

It is believed that ferric ions can be reduced by photoelectrons, preventing the recombination 

with photoholes and thus promotes the photo-oxidative dissolution of ZnS, PbS, CuFeS, and 

CdS. Unlike in oxygenated solutions, the initial mobilisation of Zn and Cd in anoxic ferric 

solutions is less under light than in darkness (Table 5.3). An increase in the ferric ion not 

only increases the rates but also the difference between light and dark initial reaction rates 

for Zn and Cd(Table 5.3). In the absence ofoxygen, the reduced Fe m ay c ompete w ith 

lattice bound sulfur for photoholes and thereby reduce the photo-dissolution of ZnS and CdS. 

The initial release of Pb and Cu in anoxic 10 M Fe(III) solution is also lower under 

illumination than in darkness, but this trend is not consistent in all anoxic ferric solutions 

studied (Table 5.3). Exchange reactions involving dissolved Pb and Cu may explain the 

inconsistent trend i n a noxic solutions. In the a bsence o fo xygen, Zn and Cd mobilisation 

would be more dependent on exchange reactions involving dissolved Pb and Cu. The 

removal of mobilised Pb and Cu would affect the accuracy of reaction rates that are based on 

the concentration of dissolved Pb and Cu. Caution must be taken when interpreting the initial 

rates, owing to the influence of highly reactive sites and oxidation products that may form 

during sample preparation. The r2  values may be more reliable, however, they are also 

subject to question owing to reactions that compete with mobilisation, which are more likely 

to have a greater influence on the fate of mobilised metals towards the end of the experiment. 

The rates (r,) describing the mobilisation of Zn during the later stages of the experiments 

also increase with increasing ferric ion concentration (Table 5.3). However, unlike the initial 

rates, there is little difference between r, values determined in oxic ferric solutions under 

light and in darkness. This is also true for anoxic solutions. These results indicate ferric 

catalysed dissolution of sphalerite is not influenced by light. Moreover, it appears that ZnS 

dissolution mediated by Fe(III) outweigh photo-dissolution processes. A combination of 

oxidative d issolution and ferric c atalysed d issolution of Z nS a ppear to b e responsible the 

larger reaction rates determined for Zn mobilisation in oxic solutions, in the presence of iO 

and 5x10 4  M Fe(III), compared to corresponding values determined in anoxic experiments 

(Table 5.3). However, further increase in Fe(III) concentration yields equivalent r2  values in 
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oxic and anoxic conditions (Table 5.3). This indicates that ferric catalysed dissolution of ZnS 

outweighs photo-dissolution and oxidative dissolution processes. However, reaction rates for 

Zn mobilisation under light, particularly in oxic solutions, are greater than those determined 

for dark reactions (Table 5.3). This indicates photo-oxidative dissolution is still a minor 

reaction pathway for Zn mobilisation. The above observations also apply to Cd mobilisation. 

The r7 values for Cu mobilisation also increase with increasing ferric solutions (Table 5.3). 

In oxic solutions, Cu mobilisation is again greater under illumination than in darkness. 

Similar to Zn and Cd mobilisation, light and dark r2  values for Cu mobilisation are similar, 

but it also appears that the difference between light and dark r2  values incrementally increase 

with increasing ferric ion. This trend is similar to that of corresponding r1  values and is 

attributed to ferric ion enhanced photo-oxidative dissolution of CuFeS2. There is no apparent 

trend i n the r7 values for C u mobilisation in anoxic solutions, which may be a ffected by 

exchange reactions involving dissolved Cu as speculated above for corresponding r1  values. 

The hyperbolic shape of Pb mobilisation complicated the interpretation of the effect of ferric 

ion on reaction rates towards the end of the experiment, and therefore no r2  values were 

calculated. 

The rates of reaction outlined in Table 5.3 indicate that both light and oxygen conditions 

influence the mobilisation of metals from OC. Although the rate laws in Table 5.4 do not 

attempt to a ddress these p arameters, they a dequately d escribe the e ffect o f F e(III) on the 

mobilisation of Zn, Cu and Cd from OC as determined by the correlation coefficients. These 

rate laws give insights into the order of reaction with respect to ferric ion. Further, a 

comparison of rate laws derived from corresponding r1  and r2  values may elucidate how the 

order of reaction in Fe(III) for the mobilisation of each metal changes during the course of 

the experiment. 

The rate laws describing the initial mobilisation of Zn are similar irrespective of 

experimental conditions (Table 5.4). This is also true for Cu and Cd mobilisation. These 

results indicate that ferric catalysed dissolution of ZnS, CuFeS2  and CdS is not affected by 

light and oxygen conditions. However, initial rates for the mobilisation of each metal vary 

with experimental conditions (Table 5.3). This indicates the initial mobilisation of Zn, Cu 

and Cd is not solely governed by ferric catalysed dissolution of their respective sulfide 

minerals. Hence (photo)-oxidative and proton-promoted dissolution are still reaction 

pathways. Moreover, the tendency of a sulfide mineral to oxidise and thus release its metal 

constituent would be influenced by galvanic interactions in the mixed metal sulfide system 

of this study. Exchange reactions involving mobilised Pb and to a lesser extent Cu, would 
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also affect rates of mobilisation of metals in this study. Conversely this would lower the rate 

of Pb mobilisation, which may explain the generally low correlation coefficients for the rate 

laws describing the effect of ferric ion on the release of Pb (Table 5.4). The newly formed 

PbS may undergo further dissolution by reaction with Fe(III). Remobilisation of Pb would be 

more likely in o xic solution under light, where p hoto-oxidative dissolution of P bS would 

also occur. This may explain why the rate law for Pb mobilisation in oxic ferric solutions 

under light has a high correlation coefficient (Table 5.4). 

According to the rate laws based on r values, galena is the least reactive of all the sulfide 

minerals of OC (Table 5.4). This is in contrast to the results of Rimstidt et al. (1994), where 

galena was found to be more reactive than sphalerite and chalcopyrite (Table 5.5). These 

researchers reported the reaction rate for galena in the presence of 10 molal Fe(III) was 300 

times greater than that of sphalerite. Table 5.3 also shows the rate of Pb mobilisation in the 

presence of 102  M Fe(III) is greater than that of Zn mobilisation. However, when these 

reaction rates are compared to the control experiments, without added Fe(III), the initial 

mobilisation of Zn is enhanced by a factor of-l0 compared to about 2 for Pb mobilisation. 

The initial rate of mobilisation of Cu and Cd also increase by a factor of 10 when 102  M 

Fe(III) is present. It is therefore not surprising to see that the order of reaction in Fe(III) for 

Pb mobilisation being less than those for Zn, Cu and Cd (Table 5.4). 

Rimstidt et al. (1994) determined a reaction order for Fe(III) of 0.98 for the dissolution of 

galena, which is an order of magnitude greater than the one determined in this study for Pb 

mobilisation from OC in oxic solutions under light. Rimstidt et al. (1994) studied the 

reaction of galena with Fe(III) separately to sphalerite and chalcopyrite. Hence the 

discrepancy between results of this study and that of Rimstidt et al. (1994) may be aifributed 

to exchange reactions involving dissolved Pb and galvanic interactions with sphalerite, 

which can lower the oxidation potential of galena. These will lower the rate of Pb 

mobilisation and the order of reaction in Fe(III) for Pb mobilisation. 

Rimstidt et al. (1994) showed that the reactivity of sulfide minerals with Fe(III) increased in 

the following order: chalcopyrite < sphalerite < galena. This is reflected by the order of 

reaction in Fe(III) as seen in Table 5.5. Table 5.4 also shows that sphalerite is more reactive 

than chalcopyrite, which in turn is slightly more reactive than CdS in the mixed metal sulfide 

system. The order of reaction in Fe(III) determined for Zn and Cu mobilisation are about 

0.31 and 0.28, respectively (Table 5.4). These values are lower than corresponding values 

calculated by Rimstidt et al. (1994) for individual sphalerite and chalcopyrite dissolution 

(Table 5.5). This may indicate that mobilisation of metals from a mixed metal sulfide system 
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does not rely on Fe(III) as much as reactions with individual minerals; as other reaction 

pathways can mobilise metals. This is plausible considering that the order of reaction is 

determined from the rate of change of dissolved metals rather than the rate of Fe(III) 

reduction. 

The results above have shown that Fe(III) plays an important role in the mobilisation of Zn 

and Cu. Moreover, pyrite may be involved in galvanic interaction with sphalerite and 

chalcopyrite that may also mobilise Zn and Cu from OC. This has been observed by Murr 

and Mehta (1983). These researchers noticed greater Cu mobilisation from CuFeS2  in the 

presence of FeS2. Although ferric sulfate was produced, it alone could not account for the 

enhanced dissolution of CuFeS2; which was attributed to galvanic interaction with FeS2  

(Murr and Mehta, 1983). Sphalerite dissolution was also enhanced in the presence of FeS2  in 

the presence of low or negligible aqueous Fe concentration (Murr and Mehta, 1983). 

Scanning electron microscopy revealed little surface corrosion of FeS2  compared to CuFeS2, 

which was in contact with FeS2. This illustrated reduced leaching of the cathodic member of 

a galvanic couple (Murr and Mehta, 1983). 

The rate laws describing the mobilisation of Zn toward the end of the experiment are no 

longer universal for the four experimental conditions studied. Instead they are grouped 

according to oxygen content (Table 5.4). These results reveal different reaction mechanisms 

for the mobilisation of metals in oxic and anoxic conditions. These observations also apply 

to the mobilisation of Cu and Cd (Table 5.4). Table 5.4 shows the order of reaction in Fe(III) 

generally increases, which may indicate that ferric catalysed dissolution of sulfide minerals 

becomes more important as the reaction progresses. This increase is more pronounced for 

mobilisation of metals in anoxic solutions, which indicates that ferric catalysed dissolution of 

sulfide m inerals is more important in the absence o f oxygen. The s mailer increase in the 

reaction order for Fe(III) for the mobilisation of Zn and Cd in oxic solutions indicate other 

reaction pathways are available. Oxidative dissolution of ZnS, CuFeS2  and CdS plays an 

important role in the mobilisation of their metal constituents and is believed to be a minor 

reaction pathway in the presence of Fe(III) as determined by r2  values in Table 5.3. 

Moreover, exchange reactions involving dissolved Pb and Cu would b e more efficient in 

oxic solutions as the potential to remobilise Pb and Cu from newly formed PbS and CuS is 

greater. The remobilised Pb and Cu would propagate the mobilisation of Zn and Cd. 

The reaction orders for Fe(III) generally increase as the reaction progresses. However, the 

only exception is Cu mobilisation in oxic conditions, where the reaction order decreases by 

about 0.11. It is also noted that the corresponding rate laws have low correlation coefficients 
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(Table 5.4). This is attributed to exchange reactions involving dissolved Cu, which would 

influence the accuracy of reaction rates and orders of reaction in Fe(III) based on Cu 

mobilisation. 

It was discussed above that Fe(III) appears to facilitate the photo-dissolution of 

semiconducting metal sulfides in oxic solutions. However, according to the rate laws in 

Table 5 .4, light does not have an effect on the reaction order for Fe(III). This may only 

indicate that the direct oxidation of the sulfide minerals by Fe(III) is not enhanced under 

light. However, it does not rule out the postulate that Fe(III) enhances the photo-dissolution 

of the metal sulfides by preventing the recombination of photoholes and photoelectrons. 

Additional experiments in the following section will confirm the role of Fe(III) in photo-

reactions. 

5.3.2 Effect of Light on the Mobilisation of Metals from OC in the 

Presence of Fe(III) 

Experiments were performed with 5x10 4  M Fe(III) under various light intensities to 

ascertain whether Fe(III) enhances the photo-oxidative dissolution of semiconducting metal 

sulfides. The results are shown in Figures 5.8-5.12. In order for Fe(III) to influence the 

photo-oxidative dissolution of sulfide minerals, adsorption of Fe(III) onto the surface of OC 

is required. It is known that hydrolysed rather than unhydrolysed metal ions interact more 

favourably with sulfide mineral surfaces (Prestidge et al., 1995 and references therein). 

Hence experiments were performed at pH 3, which yields FeOH2  as the predominant ferric 

species (Prestidge et al., 1995). Figure 5.10 shows that the aqueous concentration of Fe 

decreases during the course of the experiment, however this was not observed in 

corresponding experiments performed at pH 2 (Figure 5.5). This indicates that Fe(OH)2 ' 

does adsorb onto OC, which does not appear to be influenced by light intensities less than or 

equal to 1000 iM m 2  s1  (Figure 5.10). The greater removal of Fe under 2000 M m 2  s' may 

indicate greater adsorption ofFe. Itmustbe noted that ferrihydrite (amorphous Fe(OH)3) 

and/or iron oxyhydroxide precipitates were present toward the end of all light experiments. 

The amount of precipitate formed increased with increasing light intensity. The similarity 

between the removal o f Fe in darkness c ompared to that under 5 00 and 1 000 1.iM m 2  

indicate that relatively little aqueous Fe(III) was converted to precipitates. However, the 

dramatic decrease in aqueous Fe under 2000 iM m 2  s1  may be attributed to a greater 

amount of Fe(OH)3  and/or iron oxyhydroxide (Figure 5.10). The presence of these iron 

precipitates does not appear to adversely effect the mobilisation of metals from OC. 
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Moreover the metal dissolution curves do not suggest adsorption onto the precipitate 

(Figures 5.8, 5.9, 511 and 5.12). 

The mobilisation of Zn and Cd in the presence of 5x10 4  M Fe(III) increases with increasing 

light intensity (Figures 5.8 and 5.12). This may be attributed to the semiconductor nature of 

the respective sulfide minerals as the same trend is observed in the absence of added Fe(III). 

However, it can be seen that the concentration of mobilised Zn and Cd are greater in ferric 

solutions for each light intensity (Figures 5.8 and 5.12). This may give credence to the 

postulate that Fe(III) enhances the photo-oxidative dissolution of semiconducting metal 

sulfides. The mobilisation of Zn and Cd in darkness is greatly enhanced by ferric catalysed 

dissolution of ZnS and CdS (Figures 5.8 and 5.12), which may also contribute to the greater 

concentration of metals mobilised in ferric solutions under light. Hence the greater 

concentration of mobilised Zn and Cd under light may simply indicate the cumulative effects 

of ferric catalysed dissolution and photo-dissolution of metal sulfides. Table 5.6 lists the net 

rate for the mobilisation of Zn and Cd in solutions containing 0 and 5x10 4  M Fe(III). It can 

be seen that the enhancement in the mobilisation of these metals in ferric solutions increases 

when the light intensity is increased from 500 to 2000 jiM m 2  s '. This cannot be attributed 

to ferric catalysed dissolution of ZnS and CdS as this process is not photo-sensitive, as 

determined in the previous section. Hence the results in Table 5.6 supports the proposition 

that Fe(III) enhances the photo-oxidative dissolution of ZnS and CdS. The photo-reduction 

of FeOH2  may be another plausible explanation for the enhanced photo-dissolution of ZnS 

and CdS in ferric solutions. 

Table 5.6 Net rates of metal mobilisation in 5x10 4  and 0 M ferric solutions under 
differing light intensities. 

Net rate of mobilisation 
(Zn: jiM m 2  h 1 , Cd: nM m 2  h') 

Metal 500 jiM m 2 s1  1000 jiM m 2 s 2000 jiM m 2 s' 

Zn 0.11 0.18 0.20 

Cd 0.11 0.19 0.24 
Rates were determined between 2 and 24 hours. 
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Figure 5.8 Effect of light intensity (LI) on Zn mobilisation from OC in the presence of 
5x10 4  M Fe(III) (0.001 M KNO3, 25°C, pH 3, LI: D, 0.5L, L & 2L = 0, 500, 
1000 & 2000 p.M in 2  s 1, moç: 0.27 g, SAoc : 0.58 m2). 
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Figure 5.9 Effect of light intensity (LI) on Pb mobilisation from OC in the presence of 
5x10 4  M Fe(III) (0.001 M KNO3, 25°C, pH 3, LI: D, 0.5L, L & 2L = 0, 500, 
1000 & 2000 p.M m 2 s 1 , m0 : 0.27 g, SA0 : 0.58 m2). 
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Figure 5.10 Concentration of dissolved Fe (EFe(III)l = 5x10 4  M, 0.001 M KNO3, 25°C, 
pH 3, LI: D, 0.5L, L & 2L = 0, 500, 1000 & 2000 [Mm 2  s, moC: 0.27 g, 
SA0( : 0.58 m2). Inset: Effect of light intensity (LI) on Fe mobilisation from 
OC without added ferric ion. 
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Figure 5.11 Effect of light intensity (LI) on Cu mobilisation from OC in the presence of 
5x10 4  M Fe(II1) (0.001 M KNO3, 25°C, pH 3, LI: D, 0.5L, L & 21, = 0, 500, 
1000 & 2000 p.M m 2  s, mo(:: 0.27 g, SAo( : 0.58 m2). 
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Figure 5.12 Effect of light intensity (LI) on Cd mobilisation from OC in the presence of 
5x10 4  M Fe(1II) (0.001 M KNO3, 25°C, pH 3, LI: D, 0.5L, L & 2L = 0, 500, 
1000 & 2000 tM m 2 s 1 , moc:  0.27 g, SA0 : 0.58 m2). 

It is known that many ferric species including ferric (hydrous) oxides and Fe(III) complexed 

to 01-1 and H20 are capable of absorbing sunlight with wavelengths greater than 300 nm 

(Faust, 1994). This may initiate a series of reactions (5.6-5.8) that ultimately results in the 

transfer of one electron from a ligand(L)-centred orbital to an Fe(lII)-centred orbital, forming 

free Fe(ll) and a ligand free radical. The photolysis of Fe(OH)2  has been determined to be a 

source of Fe(lI) in acid mine drainage streams (Faust, 1994 and references therein). This 

reaction is accompanied by the formation of hydroxyl radicals (reaction 5.9), which may 

partly be responsible for the enhanced photo-dissolution of ZnS and CdS in ferric solutions 

at pH 3 (Figures 5.8 and 5.12). It is believed that both aqueous and adsorbed FeOH2  are 

capable of generating hydroxyl radicals to enhance the dissolution of sulfide minerals of OC. 

Studies have shown that photoredox reactions can take place on the surface of ferrihydrite 

and iron oxyhydroxide (Sturnm, 1992; Faust, 1994 and references therein). Hence the 

reductive dissolution of these iron precipitates at the surface of OC may also be a reaction 

pathway for metal mobilisation. This explains why the presence of these iron precipitates 

does not have any observable adverse effects on mobilisation of Zn and Cd from OC. The 

increase in Fe(I1) production with increasing light intensity supports the role of Fe(HI) 

species in photo-reactions that enhance Zn and Cd mobilisation (Figure 5.13). 

Fe(lIl)-L + photons - [Fe(IIl)_L]* 5.6 
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Figure 5.13 Production of FeH) under differing light intensities (LI) during 
mobilisation experiments (0.001 M KNO3, pH 3, LI: D, 0.5L, L & 2L = 0, 
500, 1000 & 2000 tM m 2  s'). 

In the absence of added Fe(III) the concentration of mobilised Cu decreases with increasing 

light intensity (Figure 5.11). This was attributed to enhanced exchange reactions as discussed 

in Chapter 4. However, Cu mobilisation in ferric solutions outweighs processes that remove 

dissolved Cu (Figure 5.11). Moreover, the dissolution of Cu increases with increasing light 

intensity. This may be attributed to photo-oxidative dissolution of CuFeS2. However, Fe(III) 

enhanced photo-oxidative dissolution of CuFeS-, and/or the photo-reduction of aqueous, 

adsorbed and particulate ferric species may also contribute to Cu mobilisation. 

In contrast to Zn, Cu and Cd mobilisation, there does not appear to be any relationship 

between Pb mobilised in ferric solutions and light intensity (Figure 5.9). This is also true for 

Pb dissolution in the absence of added Fe(III) (Figure 5.9). The results presented in Chapter 

4 indicated that Pb mobilisation in acidic solutions was not greatly influenced by light. 

Instead proton promoted dissolution appeared to be the predominant reaction pathway rather 
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than photo-oxidative dissolution. This also appears to be the case in acidic ferric solutions 

considering that the dissolution of Pb in ferric solutions under 2000 tM m 2  s' closely 

resembles Pb mobilisation in darkness without added Fe(TII) (Figure 5.9). These dissolution 

curves also indicate ferric catalysed dissolution of PbS at pH 3 is a minor reaction. 

Moreover, it can be seen that Pb mobilisation in ferric solutions is less than corresponding 

dissolution curves without added Fe(III) (Figure 5.9). These results suggest that the 

adsorption of FeOH2  onto OC impedes Pb mobilisation, possibly by blocking the attack of 

H+ 
. Hence it cannot be generalised that adsorbed FeOH2+  enhances the dissolution of metal 

sulfides. Prestidge et al. (1995) studied the interaction of Fe(III) species with galena surfaces 

using XPS. The results indicated a metal deficient sulfide, which suggested incongruent 

dissolution of galena (reaction 5.10) (Prestidge et al., 1995). The XPS results of Prestidge et 

al. (1995) also showed that iron oxides/hydroxides were strongly bound onto galena surfaces 

following treatment with iron solutions at pH 3-5. The absence of adsorbed Fe(II) indicated 

that ferric catalysed oxidation of galena was not an important reaction. Prestidge et al. (1995) 

acknowledged "at present it is not known whether the hydrolysed ferric ions catalyse the 

oxidation of galena". Results of this study suggest the strong adsorption of FeOH2  onto 

galena impedes the mobilisation of Pb from OC. Moreover galvanic interactions with 

sphalerite will reduce the oxidation potential of galena, which may partly explain why ferric 

catalysed dissolution is not an important mechanism for Pb mobilisation. 

n(PbS) + 2Fe3  —> Pb1. S,, + Pb2  + Fe2 5.10 

5.3.3 The Influence of Adsorbed Fe on Metal Mobilisation 

The adsorption o f F e  24 onto p yrite has been i dentified to b e important in its oxidation at 

circunmeutral pH (Moses and Herman, 1991). At lower pH, Fe(III) rather than Fe(II) may be 

an important adsorbate on the pyrite surface (Moses and Herman, 1991). The results in the 

above section suggests that adsorption of ferric hydrolysis products onto OC at pH 3 

enhances the mobilisation of Zn, Cu and Cd. However, the adsorbed Fe species appeared to 

inhibit Pb mobilisation. To verify these findings, Fe was adsorbed onto OC at pH 4 (Figure 

5.14). Mass scans of Fe-treated OC surface revealed the presence of FeOH2F  and Fe(OH)2  

(Figures 5.15a and b). Mobilisation experiments were performed on the Fe-treated OC under 

the various light and oxygen conditions studied in section 5.3.1. The results are shown in 

Figures 5.16-5.20. The objective of these experiments was to determine the influence of 

adsorbed FeOH24 /Fe(OH)2 on the initial release of metals from OC. Hence mobilisation 

experiments were performed at pH 2 rather than pH 4 to ensure that Fe(III) that desorbed 
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from OC did not readsorb as hydrolysis products of Fe(111), but this allows ferric catalysed 

reactions to occur. 
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Figure 5.14 SIMS Fe depth profiles of OC exposed to various concentrations of Fe(III). 
Note: Depth profiles were performed for 533 seconds (Table 5.1). However 
this was converted to approximate depth determined using a profilometer. 

Ore concentrate was treated with various concentrations of Fe(III) in anoxic conditions to 

allow Fe to adsorb onto the OC surface. It has been established that hydrolysed rather than 

unhydrolysed metal ions interact more favourably with sulfide mineral surfaces, due to a 

combination of their lower energy of solvation as well as entropic effects (Prestidge et al., 

1995 and references therein). Hence Fe adsorption was performed at pH 4. Prestidge et al. 

(1995) showed the greatest adsorption of Fe(III) on galena surface occurred at pH 4, owing 

to the presence of FeOH2  and/or Fe(OH)2 . Figure 5.14 illustrates Fe depth profiles of 

Fe(1I1)-treated OC. The results clearly show the adsorption of Fe, which increases with 

increasing initial Fe(llI) concentration used to treat the OC. The initial SIMS measurements 

between 0-0. 15 im should be disregarded owing to their ambiguity due to surface conditions 

at the onset of measurement (Wilson et al., 1989). Iron adsorption onto OC can also be 

determined from the decrease in the aqueous Fe concentration after treating OC with 5x10 4  

and 102  M Fe(III) (Table 5.7). 
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The Fe signals in Figure 5.14 are due to surface Fe species that are not desorbed by the 

washing procedure. Table 5.7 shows the concentration o f F e in the final rinse solution is 

negligible (less than 16 jiM), indicating that loosely sorbed Fe is removed during the 

washing stage. Hence Figure 5.18 illustrates desorption of strongly bound FeOH2+  and 

Fe(OH)2 . The amount of Fe leached from OC (Figure 5.18) generally reflects the amount of 

Fe sorbed onto its surface during adsorption experiments (Figure 5.14). However, it can be 

seen that the amount of Fe leached from OC treated with I O M Fe(III) is less than that from 

OC treated at pH 4 without added Fe(III) (Figure 5.18). Table 5.7 indicates the concentration 

of Fe leached from OC treated with I 0 M Fe(III) is greater than the concentration of the 

Fe(III) solution that OC is exposed to. Moreover, the amount of Fe leached during treatment 

of OC with 0 and 10 M Fe(III) are similar (Table 5.7). Hence the slightly greater 

concentration of surface Fe of OC treated with 10 M Fe(III) compared to OC not exposed 

to Fe(III) may reflect Fe constituents of OC (Figure 5.14). The discrepancy between the Fe 

data for the two OC samples may be due to heterogeneity of OC. It has been established that 

the conditions of the adsorption experiments not only allow sorption of Fe, but also leach 

metals from OC. The concentration of leached metals (Table 5.7) is negligible compared to 

the total metals available (Table 5.8). 

Table 5.7 Metal concentrations determined during adsorption of Fe(III) onto OC. 

Concentration 
[Fe(III)] Adsorptionl (Zn, Pb, Fe: jiM; Cu, Cd: nM)  

(M) Rinse 
Zn Pb Fe Cu Cd 

Before 0.63 0.02 0.16 3.54 1.36 

0 After 306.31 482.50 56.77 12.40 620.41 

Final rinse 21.73 74.33 2.81 3.44 71.04 

Before 0.96 0.01 8.35 3.07 4.59 

10 After 223.02 1251 52.58 43.26 540.87 

Final rinse 11.11 108.83 1.57 9.03 33.64 

Before 1.68 0.12 458.83 2.08 13.25 

5x10 4  After 259.69 394.57 87.81 20.52 458.02 

Final rinse 15.59 85.3 4.35 4.93 57.97 

Before 7.99 0.25 10011 2.11 12.70 
102 After 279.22 2105 364.72 389.30 662.09 

Final rinse 8.72 91.45 15.41 68.85 25.72 
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Table 5.8 Total c onceiitration of metals that may be leached from 0 C in 100 in L 
during adsorption experiments. 

Metal Composition  
(%) Mass (g) in 4.5 g OC 

Concentration 
(Zn, Pb, Fe: jiM; Cu, Cd: nM) 

Zn 43 19.35x101  2.96x105  

Pb 12 5.40x10' 8.50x104  

Fe 7 3.15x101  5.64x104  

Cu 0.6 2.70x10 2  4.25x106  

Cd 0.1 4.50x10 3  4.00x105  

It has been established that the amount of Fe leached from OC treated with 10 M Fe(III) is 

similar to OC exposed to pH 4 water during conditioning. Hence it may be expected that the 

mobilisation of metals from the two OC samples would be similar. Although the trend in the 

mobilisation of Zn, Cu and Cd from OC treated with 10 M Fe(III) is similar to OC not 

exposed to Fe(III) (Figures 5.16, 5.19 and 5.20), the concentration of these metals mobilised 

from the Fe-treated OC is clearly lower. This is also true for OC treated with 5x10 4  M 

Fe(III). The apparent inhibition could be attributed to depletion of Zn, Cu and Cd from OC 

during Fe adsorption. That is excessive leaching in Fe(III) solutions may decrease the metal 

content of OC, thereby giving a lower rate of dissolution and giving the impression of 

inhibited dissolution. However, the results in Table 5.7 do not show any correlation between 

concentration of metals leached with concentration of Fe(III) used to treat OC. The lower 

concentration of metals mobilised from OC treated with 10 and 5x10 4  M Fe(III) may 

indicate that adsorbed Fe(III) inhibits the mobilisation of Zn, Cd and Cu. However, Figures 

5.16, 5.19 and 5.20 clearly show that mobilisation of Zn, Cu and Cd, respectively, are greatly 

enhanced from OC treated with 102  M Fe(III). Heterogeneity of OC may possibly explain 

the lower concentration of mobilised Zn, Cu and Cd from OC treated with 10 5  and 5x10 4  M 

Fe(III) compared to OC not exposed to Fe(III). It is interesting to note that the mobilisation 

of Pb is not influenced by whether OC is treated with 0-5x10 4  M Fe(III). This supports the 

notion that proton promoted dissolution governs Pb mobilisation from OC. 

Ore concentrate treated with 102  M Fe(III) enhances the mobilisation of Zn, Cu and Cd 

(Figures 5.16, 5.19 and 5.20). This is more noticeable in anoxic solutions, which supports the 

proposition that ferric catalysed dissolution is more important in the absence of oxygen 

(section 5.3.1). Irrespective of the oxygen conditions, a lag phase in the initial mobilisation 

of Zn and Cd from OC treated with 102  M Fe(III) is evident compared to OC not exposed to 

Fe(III). It is quite possible that the adsorption of FeOH2  and Fe(OH)2  onto Zn and Cd 
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dissolution sites block the adsorption of oxygen and protons; thereby hindering oxidative and 

proton promoted dissolution. As the FeOH2  and Fe(OH)2  is leached from the OC at pH 2, 

the resulting Fe34  may back react to enhance the dissolution of ZnS and CdS. 

The initial Cu mobilisation is greatly increased from OC treated with 102  M Fe(III) (Figure 

5.19). The absence of a lag phase suggests that surface reduction of FeOH21  and Fe(OH)2  

vicinal to Cu dissolution sites enhances the mobilisation of Cu from the Fe-treated OC. 

Figure 5.21a shows the presence of Fe(II) within 5 minutes of the commencement of the 

experiment. This may support the reduction of sorbed Fe(III) species at the OC surface, 

which facilitates the mobilisation of Cu and perhaps Zn and Cd, to a lesser extent. According 

to HSAB theory, Cu24  is harder than Zn2  and Cd24  (Ross, 1994a and references therein). 

Hence the adsorption of FeOH2  and Fe(OH)Y at Cu dissolution sites is expected to be more 

favourable than that for Zn and Cd. This may partly explain why the initial Cu mobilisation 

is greatly enhanced (Figure 5.19). During the treatment of OC with Fe(III), any Fe(II) that is 

produced may adsorb onto the sulfide mineral constituents of OC. Hence Fe(II) desorption 

from OC cannot be excluded as a source of Fe(II) during the initial stages of mobilisation 

experiments. Moreover, Fe mobilisation in Figure 5.18 would be attributed to desorption of 

Fe(II) as well as FeOH24  and Fe(OH)2' from the OC surface. Iron mobilisation from Fe-

bearing sulfide minerals cannot be excluded. 

Ferrous ion adsorbed onto Zn and Cd dissolution sites may also contribute to the observed 

lag in the initial release of these metals from OC treated with 102  M Fe(III) (Figures 5.16 

and 5.20). The interaction of soft Fe(II) with Zn and Cd dissolution sites would be stronger 

than that for Cu dissolution sites. This would explain why a lag in the initial mobilisation is 

observed for Zn and Cd and not Cu. Adsorption of Fe(II) onto FeS2  has also been observed 

to inhibit FeS, oxidation (Moses and Herman, 1991). 

Following the initial rapid release, a relatively slower rate of Cu mobilisation from OC 

treated with 102  M Fe(III) is observed in oxic solutions (Figure 5.19a). This may indicate 

ferric catalysed dissolution. At pH 2, ferric ions would be derived from FeOH2  and 

Fe(OH)2 that desorb from OC, as suggested above for Zn and Cd mobilisation. Ferrous ion 

would not be a likely source of Fe(IlI) owing to slow oxidation rates in acidic solutions, in 

the absence of Thiobacillus Jirrooxidans and related bacteria. The reduced rate of Cu 

mobilisation in oxic solutions beyond 2 hours (Figure 5.19a) may also indicate the 

involvement of dissolved Cu in exchange reactions. These reactions apparently outweigh Cu 

mobilisation in anoxic solutions, as indicated by the reduction in dissolved Cu following its 

rapid initial dissolution (Figure 5.19b). 
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Chapter 5 Influence of Iron on Metal Mobilisation 

Cupric ion mobilised from OC may oxidise sulfide minerals of OC. However, this would be 
insignificant compared to other modes of metal mobilisation owrng to the relatively low 
concentration of Cu mobilised from OC. Cupric ion is known to oxidise sphalerite (Zuo et 
al., 1993 and references therein). Moreover, the presence of Cu" and Fe  31  synergistically 
enhanced sphalerite oxidation. This was attributed to the ability of Cu" to oxidise Fe"  
and/or Fe  31  to oxidise Cu (Zuo et al., 1993 and references therein). Oxidation of ferrous ion 
by Cu'', rather than dissolved oxygen, may regenerate Fe3  at low pH. Preliminary 
investigation has been performed to assess the effect of Fe3  and Cu2  on metal mobilisation 
from OC. However, results are not reported due to incomplete data. 

Total dissolved Fe released from OC treated with 10.2  M Fe(III) (Figure 5.21b) are greater 
than corresponding Fe(II) (Figure 5.21a), particularly at reaction times greater than 6 hours. 
During the earlier stages o f the experiment, this difference i s not easily discernible from 
Figure 5 .21. H owever, Table 5 .9 clearly shows that the total Fe i s generally greater than 
Fe(II) during the initial stages of the experiment. This supports the proposition that FeOH2  
and Fe(OH)21  may desorb from OC. The production of Fe(II) during the experiment 
indicates that desorbed ferric species can oxidise sulfide minerals. However, the similarity 
between the total Fe and Fe(II) during the first 2 hours of reaction suggests that adsorbed 
ferric species may be reduced at the OC surface and subsequently released into solution as 
Fe(II). This would concomitantly oxidise sulfide minerals and thus release metal constituents 
into solution. The similarity between total Fe and Fe(II) during the early stages of the 
experiment may also be attributed to desorption of Fe(II) from OC as speculated above. 
During the first two hours, the total Fe in the light & anoxic experiment is less than Fe(II) 
(Table 5.9). This discrepancy may highlight the greater sensitivity and accuracy of ICP-MS 
used to determine FeTotal  compared to spectrophotometry used to measure Fe(II). In contrast 
to FeTota,, duplicate samples were not used to determine Fe(II), which could have clarified the 
anomaly of [Fe(II)] > [Fe1otai]. 

It is interesting to note that total Fe and Fe(II) diverge during the later stages of the 
experiment (Table 5.9). This may indicate adsorption of Fe(II). Oxidation of Fe(II) by Cu"  
may also be a p ossibility, b ut reaction with dissolved oxygen would be slow considering 
experiments were performed at pH 2. Moreover, the difference between total Fe and Fe(II), 
after 24 hours, is similar irrespective of oxygen content and light conditions. Hence 
adsorption of Fe(II) is the most obvious mechanism that would explain the deviation of total 
Fe from Fe(II). Moses and Herman (1991) showed that Fe(II) rather than Fe(III) was the 
preferred adsorbate on FeS2 at circumneutral pH. This may also be the case at pH 2. The soft 
Fe(II) would interact more favourably with lattice sulfide than Fe(III). 
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Table 5.9 Concentrations of total Fe and Fe(H) during experiments performed with 
OC treated with 102  M Fe(II1). 

Concentration (tM) 
Time Light & Oxic Dark & Oxic Light & Anoxic Dark & Anoxic 
(hour) 

Fe(II) FeTotal Fe(II) FeTOtaI Fe(II) FeTOta i Fe(II) FeTOta l 

o <dl <dl <dl <dl <dl <dl <dl <dl 
0.5 6.05 7.29 5.74 6.05 7.45 6.28 4.50 6.19 

2 20.06 24.11 18.82 19.43 21.24 21.09 18.55 20.59 

6 25.44 34.60 23.31 31.74 26.32 33.67 25.18 33.48 

24 28.75 38.75 25.76 36.70 27.62 36.76 27.67 37.96 
Below detection limit is denoted by <dl. Total Fe, expressed as FeTOtaI, is non-normalised data featured 
in Figure 5.18 

In contrast to Zn, Cu and Cd, the mobilisation of Pb from OC treated with 10.2  M Fe(III) is 
not enhanced. In fact Figure 5.17 shows the concentration of dissolved Pb derived from this 
OC is less compared to OC treated with 0-5x10 4  M Fe(III). This may be attributed to 
heterogeneity of OC. Depletion of Pb during treatment of OC with 102  M Fe(III) cannot be 
disregarded. Table 5.7 shows 2105 iM of Pb is leached from OC following treatment with 
102 M Fe(III). However, this only represents 2.5% of total available Pb in OC (Table 5.8). 
Hence, if the amount of Pb leached during adsorption experiments does influence the 
concentration of Pb mobilised during experiments, then it would be negligible. Moreover, 
1251 tM o f P b is leached from OC following treatment with 1 0 M Fe(III) (Table 5.7). 
However, no noticeable reduction in Pb mobilisation from OC treated with 10 M Fe(III) is 
observed (Figure 5.17). The inhibited mobilisation of Pb from OC treated with 102  M Fe(III) 
maybe attributed to the adsorption of FeOH2  and Fe(OH)2  onto Pb dissolution sites. 

The HSAB theory indicates Pb2  is harder than Zn2 , Cd2  and Cu2  (Ross, 1994a and 
references therein). Hence the interaction between FeOH2  and Fe(OH)2  with Pb surface 
sites would be stronger than those of the other metals. Similar favourable interaction 
between adsorbed Fe(III) species with Cu dissolution sites was postulated to be responsible 
for the enhanced Cu mobilisation. However, the strong interaction with FeOH 2+  and 
Fe(OH)2  appears to hinder proton promoted and oxidative dissolution of PbS throughout the 
experiment (Figure 5.17). Brion (1980) reported that CuFeS2  was more susceptible to 
oxidation than PbS. This concurs with Pb and Cu mobilisation in Figures 5.17 and 5.19, 
respectively. Moreover, Pb mobilisation will be reduced if PbS is the cathodic member of 
galvanic interactions with sphalerite. Inhibited Pb mobilisation would be more pronounced 
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in the presence of adsorbed FeOH2  and Fe(OH)2 , which would block the adsorption of 
protons and oxygen onto Pb dissolution sites. 

It was speculated that adsorbed ferric species may contribute to the lag phase of the initial Zn 
and Cd mobilisation, but the weaker interaction between Zn and Cd with adsorbed Fe would 
allow desorption of FeOH2  and Fe(OH)2  from the surface as the reaction proceeds. Thereby 
allowing ZnS and CdS to undergo proton promoted and oxidative dissolution. The strong 
interaction between Pb dissolution sites and adsorbed ferric species, together with the lower 
oxidation potential of galena in the presence of sphalerite may partly explain the lower rate 
of mobilisation of Pb from OC treated with 102  M Fe(III). This inhibition may not be 
evident for mobilisation from OC treated with more dilute concentrations of Fe(III), due to 
lower amounts of Pb sites being occupied by adsorbed Fe. If this is the case, then galvanic 
interactions seems like a plausible explanation for the reduced Pb mobilisation. 

The interaction of Pb dissolution sites with FeOH2  and Fe(OH)2  was further investigated 
by treating galena with 0 and 102  M Fe(III) at pH 4. Depth profiles of galena, determined 
using SIMS, clearly show the adsorption of Fe(III) species on PbS treated with 102  M Fe(III) 
(Figure 5.22). Once again, the initial SIMS measurements between 0-0.15 j.tm should be 
disregarded owing to their ambiguity due to surface conditions at the onset of measurement 
(Wilson et al., 1989). Mass scan (not shown) of the Fe(IlI)-treated galena surface indicate the 
presence of FeOH2  and Fe(OH)2 , which are also present on Fe(III)-treated OC (Figure 
5.15b). The relatively lower Fe signal of PbS not exposed to ferric ion indicates the presence 
of Fe impurities in the galena sample (Figure 5.22). Figure 5.22 also shows negligible 
change in the surface concentration of Pb following exposure of galena to Fe(III). 

The Fe(III)-treated PbS was subjected to the same experiments as above. Figure 5.23 shows 
adsorbed Fe enhances the initial Pb dissolution, irrespective of experimental conditions. The 
formation of Fe(III) in solution, following desorption of FeOH2  and Fe(OH)2  from the 
surface, would contribute to enhanced dissolution of PbS during the later stages of the 
reaction. The results in Figure 5.23 indicate the strong adsorption of Fe hydrolysis products 
to Pb dissolution sites alone does not inhibit Pb mobilisation. However, this does not rule out 
the possibility that adsorbed Fe coupled with galvanic interactions in the mixed metal sulfide 
system is partly responsible for the observed inhibited Pb mobilisation from OC treated with 
102 M Fe(III) (Figure 5.17). However, the apparent inhibition of Pb mobilisation from OC 
treated with 102  M Fe(III) may simply be due to heterogeneity of OC. 
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Figure 5.22 SIMS Fe and Pb depth profiles of galena treated with 0 and 10 mM Fe(III). 
Note: Depth profiles were performed for 990 seconds (Table 5.1). However, 
this was converted to approximate depth determined using a profilometer. 

A comparison of Figures 5.17 and 5.23 show the trend in Pb mobilisation from OC differs to 

that from galena. The initial mobilisation of Pb from OC is extremely rapid compared to 

galena. This has been partly attributed to desorption of Pb oxidation products formed during 

sample preparation. However, Figure 5.23 reveals that this is not an issue for galena. Hence 

the rapid initial release of Pb from OC may reflect the dissolution of PbS rather than 

desorption of oxidation products. It is known that galena oxidation increases in the presence 

of impurities (Kim et al., 1994; Kim et al., 1995). Oxidation at these impurity sites is more 

thermodynamically favourable than those at galena sites, especially non-defect sites, and 

may activate adjacent Pb sites for subsequent oxidation (Kim et al., 1994; Kim et al., 1995). 

This may explain the higher initial dissolution rate for Pb from OC compared to galena. 

However, a greater amount of Pb oxidation products would also be expected to form on OC 

than galena during sample preparation. Hence desorption of Pb oxidation products cannot be 

rule out as a contributing factor to the rapid initial Pb mobilisation from OC. 
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Figure 5.23 Effect of light on Pb mobilisation from PbS, treated with 0 and 102  M 
Fe(III), in (a) oxic and (b) anoxic solutions (0.001 M KNO3, 25°C, pH 2, 
Light = 1000 tM m 2  s ', mpl)s. 0.27 g, SAPhS: 0.09 m2). 
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The difference in composition of OC and galena is also reflected in the general shape of Pb 

mobilisation (Figures 5.17 and 5.23). In the absence of other metal sulfides, Pb mobilisation 

is relatively linear. However, this is not the case for Pb mobilisation from OC, which 

exhibits a hyperbolic s hape. Its curvature has been attributed to dissolved Pb undergoing 

exchange reactions. Adsorption of Pb  21  onto PbS, FeS2  and CuFeS2  components of OC may 

also occur. The contrast in Pb dissolution from galena and OC highlights the importance of 

interfacial reactions and galvanic interactions when more than one metal sulfide is present, 

as the case in nature. 

The above results show that adsorb Fe can enhance metal mobilisation from metal sulfides. 

This may indicate that the Fe content of OC influences the mobilisation of metals. Perez and 

Dutrizac (1991) have shown that rate of sphalerite dissolution increased with increasing Fe 

content, which was attributed to charge transfer at the sphalerite surface. Similar 

observations were made by Kammel et al. (1987). Although Figure 5.14 clearly shows an 

increase in the Fe content of OC, only the sample treated with 102  M Fe(III) showed 

increased rates of Zn, Cd and Cu mobilisation (Figures 5.16, 5.19 and 5.20). It has been 

reported that dissolution of sphalerite with 109/0 Fe was sluggish in the presence of Cu2 , 

which hinders dissolution by forming a sulfide film on the surface of sphalerite (Perez and 

Dutrizac, 1991 and references therein). Hence interfacial reactions may complicate observed 

trends in metal mobilisation from OC. 

The Fe content of sphalerite can also increase the photo-oxidative dissolution of this mineral 

by lowering the band gap energy (Osseo-Asare, 1992 and references therein). This may 

contribute to the enhanced photo-dissolution of Zn from OC treated with 102  M Fe(III) 

compared to OC that was not exposed to ferric ion (Figure 5.16). In addition to influencing 

the electronic properties of sphalerite, the presence of Fe impurities causes the mineral to 

become paramagnetic and thereby more susceptible to direct attack by paramagnetic oxygen 

(Moses et al., 1987 and references therein). Moses et al. (1987) stated "This susceptibility 

may be in proportion to the amount of impurity but the variable iron content of sphalerite has 

yet to be correlated with variation in sphalerite reactivity in aqueous solutions". Although 

SIMS data shows an increase in adsorbed Fe following treatment of OC with ferric ions 

(Figure 5.14), there is no corresponding increase in Zn mobilisation except from OC treated 

with 102  M Fe(III) (Figure 5.16). Cadmium sulfide is also diamagnetic like pure ZnS, but Fe 

impurities of the ZnS component of OC may also render CdS paramagnetic, as CdS is also 

an impurity of ZnS. This would increase the reactivity of CdS toward oxidation by oxygen, 

as the case stated above for sphalerite, which is reflected by the greater Cd mobilisation from 

OC treated with 102  M Fe(III) compared to OC not exposed to Fe" (Figure 5.20). 
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5.4 Conclusion 

The results above illustrated the importance of Fe(IIl) species on the mobilisation of metals 
from sulfide minerals. The reaction rates and reaction orders for Fe(III) were different for the 
mobilisation of Zn, Pb, Cu and Cd from OC at pH 2. Similar results were observed by 
Rirnstidt et al. (1994). These researchers studied the reaction of Fe(III) with galena, 
sphalerite and chalcopyrite and showed that activation energies, reaction rates and reaction 
orders varied substantially from mineral to mineral. This indicated the reaction mechanism 
for sulfide mineral oxidation is not universal. The results of this study concur with the 
conclusions ofRimstidt et al. (1994), that is the details ofthe reaction mechanism differ 
among the various sulfide minerals. Moreover, the fact that the reaction orders in Fe(III) for 
the mobilisation of Zn, Pb and Cu from OC were not the same as those determined for 
individual sphalerite, galena and chalcopyrite indicated additional processes take place in a 
mixed metal sulfide system. These include interfacial reactions and galvanic interactions that 
need to be considered when studying the oxidation of sulfide minerals in the environment; 
such as in anoxic sediments where they are more likely to occur as a composite of sulfide 
minerals rather than single phases. 

The reaction order in Fe(III) for the mobilisation of metals from OC were similar 
irrespective of light and dark conditions. However, reaction rates were greater under 
illumination than in darkness. This suggested adsorbed Fe(III) not involved in ferric 
catalysed dissolution of metals sulfides could be reduced by photoelectrons at the 
semiconductor-water interface to promote the photo-dissolution o ft he metal sulfide. This 
was confirmed by the increase in the enhanced photo-dissolution of metal sulfides in ferric 
solutions with increasing light intensity. The enhancement in metal mobilisation in ferric 
solutions under light might also be attributed to the production of hydroxyl radicals formed 
upon the photo-reduction of FeOH2 . 

The adsorption of FeOH2  and Fe(OH)2  onto OC greatly promoted the initial mobilisation 
of Cu from OC. This was attributed to the direct reduction of the adsorbed Fe(III) species 
vicinal to Cu dissolution sites. Following the initial release, enhanced Cu mobilisation was 
maintained. This was attributed to ferric catalysed dissolution, the Fe(III) would be derived 
from the desorption of unreacted Fe(III) species from the OC surface. Ferric catalysed 
dissolution was also thought to be responsible for the elevated mobilisation of Zn and Cd 
from Fe-treated OC. However, a lag in their initial release was observed, which was 
attributed to the same Fe(III) surface species that enhanced Cu mobilisation. A greater 
interaction between Cu and hydrolysis products of Fe(III) was thought to be the reason why 
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Cu mobilisation was enhanced. A similar strong interaction between Pb and adsorbed Fe(III) 
species was expected. However, the mobilisation of Pb from Fe-treated OC was inhibited. 
The interaction between Pb dissolution sites and FeOH2  and Fe(OH)2  would be stronger 
than that with Cu sites, according to HSAB theory. Mobilisation experiments showed that 
these strongly adsorbed Fe species enhanced Pb mobilisation from pure galena. The inhibited 
Pb mobilisation from OC might be due to galvanic interactions that reduce the oxidation of 
PbS in OC. Hence, the strong adsorption of FeOH2  and Fe(OH)7 at Pb dissolution sites 
would block the attack of protons and oxygen. 
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Chapter 6 Influence of Humic Acid on Metal Mobilisation 

6.1 Introduction 

Humic substances are the most ubiquitous forms of organic carbon on the Earth's surface. 
They are present in all terrestrial and aquatic environments; they occur in soils, natural 
waters, sewage, compost heaps, marine and lake sediments, peat bogs, carbonaceous shales, 
lignities, brown coals and miscellaneous other deposits (Stevenson, 1994). Humic substances 
is a generic term used to categorise organic material in the environment that do not fall into 
discrete classes of compounds such as proteins, polysaccharides, and polynucleotides 
(MacCarthy and Suffet, 1989). 

6.1.1 Definition of Humic Substances 

Humic substances are naturally occurring, biogenic, heterogeneous organic substances that 
are yellow to black in colour, of high molecular weight and refractory. They are an 
extraordinarily complex mixture of compounds and not a unique chemical entity. Thus these 
heterogeneous organic substances cannot be described in unambiguous structural terms 
(MacCarthy and Suffet, 1989; Aiken et al., 1985). Furthermore, humic substances do not 
appear to have a predestined biochemical role and therefore cannot be defined in functional 
temis (Aiken et al., 1985). This inability to define humic substances in specific terms leads 
to the adoption of operational definitions. 

Humic substances can be categorised into three major fractions, defined according to their 
solubility in alkali and acid (Manahan, 1984; Aiken et al., 1985). The three principal types of 
humic substances are: (1) Humin, which is insoluble in water at any pH value; (2) Humic 
acid (HA), which is insoluble in water under a cid conditions (below p H 2), but becomes 
soluble at greater pH; and (3) Fulvic acid (FA), which is soluble under all pH conditions. 

6.1.2 Chemical Characteristics and Structure of Humic Acids 

Elemental assays (Table 6.1) reveal humic acids are made up mostly of C and 0, with minor 
amounts of H, N, S and P (Stevenson, 1994; Schnitzer, 1986; Thurman, 1985). It is therefore 
not surprising that the acidic nature of humic acid is attributed to oxygen containing 
functional groups such as ionisable OH (presumed to be phenolic OH) and particularly 
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COOH groups (Gjessing, 1976; Schnitzer and Khan, 1972; Stevenson, 1994; Stevenson, 

1985). The distribution of oxygen containing functional groups in humic and fulvic acids are 

summarised in Table 6.2 (Schnitzer, 1977). It is apparent in Table 6.2 that the total acidity of 

FA is greater than HA, by virtue of containing more COOH groups. The lower carboxylic 

acid content of HA lowers its aqueous solubility; this is the main reason why most natural 

waters contain 5 to 25 times more fulvic acid than humic acid (Thurman, 1985). 

A combination of chemical and '3C NMR spectroscopic methods have shown that all COOH 

groups in HA and FA are attached to aromatic structures (Schnitzer, 1986). This concurs 

with oxidative degradation studies of HAs and FAs, which yield benzenecarboxylic acids. 

Other important degradation products include aliphatic and phenolic acids; n-alkanes and n-

fatty acids have also been observed (Schnitzer, 1977). The major chemical building blocks of 

HAs and FAs are shown in Table 6.3. The combination of chemical methods and '3C NMR 

also revealed that proteins, polysaccharides, alkanes and fatty acids of HA are not chemically 

bonded but only associated by H bonds (Schnitzer, 1986). 

Table 6.1 Elemental content of humic acids (Stevenson, 1994). 

Element Humic Acid (%) 

C 50-60 

0 30-35 

H 4-6 

N 2-6 

S 0-2 
P* 0-0.5 

'thurman (19S5) 
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Table 6.2 Distribution of oxygen-containing functional groups in humic and fulvic 

acids isolated from soils of widely different climatic zones (all numbers in 

units of meq/lOOg) (Schnitzer, 1977). 

Climatic zone 

Functional group Artic 

Cool, temperate j 
Subtropical Tropical Range Acid soils Neutral soils 

Humic acid 

 

Total acidity 560 570-890 620-660 630-770 620-750 560-890 

COOH 320 150-570 390-450 420-520 380-450 150-570 

Acidic OH 240 320-570 210-250 210-250 220-300 210-570 

Weakly acidic + 

Alcoholic OH 490 270-350 240-320 290 20-160 20-490 

Quinone CO 230 
10-180 450-560 80-150 30-140 10-560 

KetonicC=O 170 
OCH3  40 40 30 30-50 60-80 30-80 

Fulvic acid 

 

Total acidity 1100 890-1420 - 640-1230 820-1030 640-1420 

COOH 880 610-850 - 520-960 720-1120 520-1120 

Acidic OH 220 280-5 70 - 120-270 30-250 30-570 

Weakly acidic + 

Alcoholic OH 380 340-460 - 690-950 260-520 260-950 

QuinoneC=O 200 
170-340 - 120-260 

30-150 
120-420 

Ketonic CO 200 160-270 

OCH3  60 30-40 - 80-90 90-120 30-120 

Table 6.3 Major chemical structures in HA and FA (Schnitzer, 1977). 

Major Product HA (%) FA (%) 

Aliphatic acids 24.0 22.2 

Phenolic acids 20.3 30.2 

Benzenecarboxylic acids 32.0 23.0 

Total 76.3 75.4 

AromaticityA 69 71 

I phenolic + benzenecarboxylic 
xlOO 

total I 

The reactivity of humic substances is largely attributed to oxygen containing functional 

groups, including COOH, phenolic-, enolic-OH and alcoholic OH as well as C=O of 

quinones, hydroxyquinones and a,f3-unsaturated ketones (Stevenson, 1994). In contrast to 

fulvic acids, not all of the oxygen content of HA can be accounted for in COOH, OH and 

C=O functional groups; rather a high portion occur as structural components, such as ether 
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and ester linkages (Stevenson, 1994). Although certain monomeric units and functional 

groups are common to all humic macromolecules found in a given aquatic environment, the 

precise structural arrangements of these units is most likely different for each individual 

humic material (Tuschall and Brezonik, 1983). 

Stevenson (1994) has acknowledged that many of the important functions of humic acids, 

including their effect on soil structure, chelation of heavy metals and adsorption of pesticides 

and other toxic pollutants would benefit from a better understanding of their structural 

chemistry. However, depending on their origin and natural conditions prevailing during their 

formation, humic and fulvic acids have different structural, physical and chemical properties 

(see Table 6.2) (Ashley, 1996; Pompe et al., 1996). For these reasons no single structural 

formula for humic substances will suffice (Stevenson and Butler, 1969; Schnitzer, 1978; 

Schnitzer and Khan, 1972). Humic and fulvic acids must be regarded as being made up of a 

series of molecules of different sizes, few having precisely the same structural configuration 

or array of reactive groups (Stevenson, 1994). Numerous attempts have been made to 

construct a representative molecular structure of humic acids based on chemical information 

obtained from studies of breakdown products and identification of functional groups. 

However, these models (Kononova, 1966; Flaig, 1960) are unsatisfactory as they do not 

show correct proportions of the different oxygen containing functional groups (Stevenson, 

1994; Stevenson, 1985). The hypothetical humic acid structure shown in Figure 6.1 contains 

many of the requirements for a typical humic acid, including free and bound phenolic OH 

groups, quinone structures, nitrogen and oxygen bridge units and COOH groups variously 

placed on aromatic rings (Stevenson, 1994). 

Figure 6.1 conveys humic acid contains carbohydrates and amino acids, however these are 

only trace constituents of humic substances. The concentration of carbohydrates in humic 

acid ranges from 2 to 4 % and is usually greater than that in fulvic acid, which is generally 

less than 2 % (Thurman, 1985). Similarly, humic acids contain more amino acids than fulvic 

acid. Amino acids account for 15 and 20 % of nitrogen in aquatic fulvic and humic acids, 

respectively (Thurman, 1985). 
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H=ro (Sugar) 

H 

H 

Figure 6.1 Hypothetical structure of humic acid (Stevenson, 1994). 

6.1.3 Molecular Characteristics of HA and FA 

The molecular characteristics of HA and FA are greatly influenced by the concentration of 

the humic material, the pH of the system and the ionic strength of the medium (Gosh and 

Schnitzer, 1980). Gosh and Schnitzer (1980) concluded that HAs and FAs are rigid, 

uncharged colloids at: 

high sample concentrations (>3.5 to 5.0 gIl); 

low pH (<3.5); and 

electrolyte concentrations of 0.05 M and higher 

However, HA and FA are flexible, linear polyelectrolytes at: 

(I) low sample concentrations (<3.5 g/l); 

pH >3.5; and 

ionic strength <0.05 M 

Hence humic substances encountered in soil solutions and freshwaters are expected to yield 

flexible, linear polyclectrolytes (Schnitzer, 1986). This is supported by the work of 

Stevenson and Schnitzer (1982). These researchers observed flat elongated, multi-branched 

filaments in dilute aqueous HA and FA solutions under a transmission electron microscope. 

6.1.4 Humic Acid Interactions with Metals and Minerals 

One of the most striking characteristics of humic substances is their high concentration of 

oxygen-containing functional groups that allow interaction with a variety of chemical species 

(Kemdorff and Schnitzer, 1980; Stevenson, 1985; Schnitzer, 1986). These include metal 

ions, oxides, hydroxides, minerals and organic chemicals, including toxic pollutants, to form 

water soluble and water insoluble associations of widely differing chemical and biological 
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stabilities (Schnitzer, 1986). These interactions have been described as ion exchange, surface 

adsorption, chelation, peptization and coagulation reactions (Schnitzer, 1978). The total 

binding capacity of humic acid for metal ions is 200 to 600 irnol/g; approximately one third 

of which are cation exchange sites and the remainder are complexing sites (Weber, 1988 and 

references therein). It has also been reported that the maximum amount of metal ions that 

can be bound to humic acid is approximately equal to the content of acidic functional groups, 

primarily COOH (Stevenson, 1994; Stevenson, 1985). There is considerable controversy as 

to whether C00 linkages are ionic or covalent. At low concentrations, the interaction of 

2 Cu +  with HA has been observed to be covalent but the bonding becomes more ionic as HA 

becomes saturated with Cu2  (Stevenson, 1994 and references therein). 

Reactions between metals, minerals and humic substances occur via one or more of the 

following reaction mechanisms (Schnitzer, 1986): (1) formation of water-soluble simple 

metal complexes, (2) formation of water soluble mixed ligand complexes, (3) sorption on 

and desorption from water-insoluble HAs and metal-humate complexes, (4) dissolution of 

minerals, (5) adsorption on external mineral surfaces, and (6) adsorption in clay interlayers. 

The reaction between metals and FA has been postulated to involve phthalic (reaction 6.1) 

and salicylic acid (reaction 6.2) binding sites, with reactions involving the latter being more 

important (Stevenson, 1994; Stevenson, 1985). The formation of phthalate-type complexes is 

also possible for HA as they contain adjacent aromatic COOH groups. The formation of 

salicylate-like ring structures has yet to be confirmed (Stevenson, 1985). However, the 

results of Alberts and Giesy (1983) indicated that primary sites of HA involved in the 

binding of metals involved phthalic and salicylic structures, which is in agreement with 

Schnitzer and Khan (1972) as well as Martell (1975). However, Bresnahan et al. (1978) have 

postulated that the two sites represents steric hindrance rather than different functional 

groups. 

0 

0
OH 

0 
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Reactions 6.1-6.4 represent the major interactions in circumneutral water between di- and 

trivalent metal ions and HA (Schnitzer, 1986). Equations 6.1 and 6.2 describe metal 

complexation at phthalic and salicylic sites, respectively, which form strong inner sphere 

complexes. In contrast, equation 6.3 illustrates the formation of a weaker outer sphere 

complex. In addition to electrostatic bonding, the metal is linked to HA through a water 

molecule in its primary hydration shell via hydrogen bond to a C0 group (reaction 6.3) 

(Schnitzer, 1986). Reaction 6.3 is observed for cations that have high solvation energies and 

thus retain their primary hydration shell (Schnitzer, 1986). Reaction 6.4 describes the 

formation of an organic salt from the reaction of a carboxylic group and a metal ion. 

Infrared spectroscopy has confirmed that carboxylate plays a prominent role in the 

complexation of metals by HA (Stevenson, 1985). Moreover, IR studies indicated that OH, 

C0 and NH groups may also be involved in chelating metals (Stevenson, 1994 and 

references therein; Stevenson, 1985 and references therein). It has also been postulated that 

metal complexation by HA may also involve conjugated ketonic structures (reaction 6.5) 

(Stevenson, 1985 and references therein). Figure 6.2 illustrates the types of structures 

commonly considered to be present in humic substances that can potentially bind metals. 

Moreover, phosphate, sulfate and sulfide components of HA are also able to interact with 

metal species in solution (Senesi, 1992). 
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Figure 6.2 Structures commonly present in humic substances that have the potential 
to bind metals (Stevenson, 1985; Stevenson, 1994). 

Humic acid form both soluble and insoluble complexes with polyvalent cations, depending 

upon the degree of saturation (Stevenson, 1994). When humic acids are dissolved in water, 

the dissociation of acidic functional groups and subsequent repulsion of negative charges 

allow HA to become linear polyelectrolytes. In the presence of metal ions, the negative 

charge is reduced through salt formation and HA coagulates (Stevenson, 1994). Moreover 

polyvalent cations can also cross-link individual HA molecules to yield chain-like structures. 

It has been observed that metal complexes of HA were soluble at low metal-humic acid 

ratios (few combined molecules in the chain), but precipitation occurred as the chainlike 
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structure grew and isolated COOH groups became neutralised through salt bridges 

(Stevenson, 1994 and references therein). Ionic strength, pH, HA concentration and type of 

metal cation also contribute to HA coalescence (Stevenson, 1994; Schnitzer, 1986). Humic 

acids are more susceptible to coagulation than FA due to its higher molecular weight 

(Stevenson, 1994). When present as an organic solid phase, HA provides a surface for metal 

adsorption from ambient solution. It has been postulated that functional groups involved in 

dissolved HA-metal complexation are also involved in adsorption of metals onto suspended 

HA (Ashley, 1996). 

Kerndorff and Schnitzer (1980) have shown that the sorption of eleven metals on humic acid 

is affected by pH as well as the concentrations of humic acid and metals. The sorption 

efficiency tended to increase with rise in pH, decrease in metal concentration and increase in 

HA concentration (Kemdorff and Schnitzer, 1980; Weber, 1983; Wang and Stumm, 1987; 

Stevenson and Chen, 1991; Zhou et al., 1994; Milne et al., 1995). The order of metal 

sorption at each of the pH values studied by Kerndorff and Schnitzer (1980) were as follows: 

pH2.4: Hg>Fe>Pb>Cu=Al>Ni>CrZnCdCoMn 

pH3.7: HgFe>Al>Pb>Cu>Cr>CdZnNi>CoMn 

pH4.7: Hg=Fe=PbCuAlCr>Cd>NiZn>Co>Mn 

pH5.8: Hg=FePbAlCrCu>Cd>Zn>Ni>Co>Mn 

The order of sorption observed by Kemdorff and Schnitzer (1980) were similar to trends 

determined by Chowdhury and Bose (1970), Rashid (1974), Bunzl et al. (1976) and Tipping 

and Hurley (1992). Kerndorff and Schnitzer (1980) as well as Rashid (1985 and references 

therein) also observed competition amongst the metals for active sites on HA. The stabilities 

of humic complexes of various metals (Mantoura et al., 1978) and adsorption of metals onto 

HA (Ashley, 1996) have been observed to follow the well-known Irving-Williams series, 

which describes the order of stability of metal complexes: 

Mg < Ca < Cd < Mn < Co < Zn Ni< Cu < Hg 

However some studies (Stevenson, 1994 and references therein) have shown that interactions 

between metal ions and HA do not always strictly obey the Irving-Williams stability series. 

The order of decreasing affinity of organic groups for metal ions is (Stevenson, 1994 and 

references therein): 
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—0— > —NH2  > —N=N— > N > —000 > —0— > C=O 

enolate amine azo ring N carboxylate ether carbonyl 

However, the order of metal sorption and hence strength of metal binding by HA would be 

related to HSAB theory. This concept was introduced in section 1 .1 .1 for metal interactions 

with inorganic ligands. The classification of metals according to hard and soft characteristics 

(Table 1 .3, section 1 .1 .1) indicates their organic ligand complexing tendencies (Table 6.4). 

The ability of HA to interact with metal cations allows them to adsorb onto surfaces of 

minerals. The results of Marshall et at. (1998) suggest that such associations were attributed 

to chemical interactions that involved functional groups of humic acid and the mineral 

surface. The adsorption of a ligand onto hydrous surfaces involves ligand exchange with 

surface hydroxyl groups (Kummert and Sturnm, 1980; Furrer and Stumm, 1986). This can be 

exemplified by equation 6.6. Stumm and co-workers (1986; 1986) showed that surface 

complexation of low molecular weight organic acids affected the dissolution of oxides of 

iron, aluminium and beryllium. Furrer and Stumm (1986) identified the ring size of surface 

chelates influenced the dissolution rate of oxides. Five- and six-membered chelate rings 

produced by oxalate, catechol, malonate and salicylate enhanced oxide dissolution to a 

greater extent than seven-membered rings formed from phthalate and succinate (Furrer and 

Stumm, 1986). Davis et al. (1995) also recognised the ring size of surface chelates affected 

the photo-dissolution of CdS in the presence of comnplexing agents. 
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Table 6.4 Major organic complexing functional groups, classified according to their 
preference for class A, class B and intermediate metals (Ross, 1994a and 
references therein). 

Ligands preferred by class A Ligands preferred by Ligands preferred by class B 

metals intermediate metals metals 

Carboxylic Amino groups Sulfliydryl, Sulfide 

--NH2 —SH 

Alcoholic Amide 0 Disulfide, Thioether 

—OH _C
\\ 

-s---s---- -s- 

Phenol i c 

O—

OH  

Carbonyl 

N / 0 

Phosphate 

0 0 
11  and 0-1 —OH 

OH 

Sulfate 

0 —SO3  

Humic acids have also been implicated in the degradation of minerals, which is not 

surprising as it contains functional groups that are common with organic acids studied by 

Stunim and co-workers (1986; 1986). Baker (1973) showed that extraction of metals from 

galena (PbS), pyrolusite (Mn02), calcite (CaCO1), malachite (Cu2(OH)2C05), Fe metal, Pb 

metal, Cu metal and Zn metal was greatly increased in the presence of HA. In some cases 
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HA was more superior than salicylic acid, oxalic acid, pyrogallol and alanine, but generally 

its solubilising power was similar (Baker, 1973). Baker (1973) showed that dissolution of 

sulfide precipitates of Zn(II), Cu(II), Ni(II), Fe(III) and Mn(IV) was also enhanced in the 

presence of HA. Rashid and Leonard (1973) also found that HA could solubilise sulfides of 

Co(II), Cu(II), Ni(II) and Zn(II). 

6.1.5 Light Reactions Involving HA 

Natural organic matter is known to be one of the most important sunlight absorbing 

components in aquatic environments and is involved in a rich variety of photochemical 

processes (Zepp, 1988). Approximately half of the organic matter and nearly all the coloured 

organic matter in freshwaters are humic substances (HS) (Thurman, 1985). Dissolved HS are 

yellow-brown in colour and possess the ability to absorb ultraviolet light and yellow colour 

(Frimmel, 1994). Humic substances, whose exact structure is unknown, vary in composition, 

in the nature of chromophores and in the chromophore distribution over the macromolecule 

(Lang et al., 1997). The most common chromophores are aromatic species with phenoxy, 

carboxy, methoxy, and keto groups, and quinoid species (Lang et al., 1997 and references 

therein). Even though HS have poorly defined molecular structures, the principles of 

photochemistry can be applied. Table 6.5 lists the fundamental photoreactions of HS. Aguer 

and co-workers (1996; 1997) observed no apparent correlation between structural 

characteristics and photocheniical behaviour, which indicated that photoinductive properties 

of HS arise from widely found chromophores. 

Upon light absorption, each humic molecule is promoted to its first excited state (equation 

6.7) (Zepp, 1988; Frimmel, 1994; Stumm and Morgan, 1996), which is very short-lived - 

about one nanosecond (Power et al., 1987; Stumm and Morgan, 1996). Excited singlet states 

relax back to the original ground state either by light emission (fluorescence) (equation 6.9) 

or by radiationless decay accompanied by heat loss (equation 6.8) (Zepp, 1988; Stumm and 

Morgan, 1996). Excited singlet states may also decay by undergoing intersystem crossing 

(equation 6.10) to excited triplet states, which are relatively longer lived (Zepp, 1988; 

Stumm and Morgan, 1996). Similarly to excited singlet states, triplet states decay by a 

variety of processes, but intersystem crossing to the ground states is relatively slow (equation 

6.11). 
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Table 6.5 Fundamental photoreactions of humic substances (HS). 

excitation 6.7 

'HS * > 1 HS + heat internal conversion 6.8 

(vibrational relaxation) 

'HS * & 1 ) ' HS + h V fluorescence 6.9 

'HS * )'HS * +heat inter-system crossing 6.10 

3HS * > 1 HS inter-system crossing 6.11 

'HS * " >'HS + hv phosphorescence 6.12 

,HS * )'HS + Q( *) deactivation by acceptor (quenching) 6.13 

'HS  * (+Q)__k_> 1 HS' reaction 6.14 

3 HS*(+Q) k_>'HS" reaction 6.15 

* denotes an electronically excited stateThS and 3HS denote the singlet and triplet states of HS, 
respectively; h v stands for photons; H S, H S', H S' are H S with slightly different structures; Q is a 
quencher molecule (or ion) (Adapted from Zepp (1988), Frimmel (1994) and Stumrn and Morgan 
(1996)). 

Excited states of HS and reactive intermediates derived therefrom participate in a variety of 

photochemically induced reactions with organic and inorganic substrates in natural waters 

and soil surfaces (Zepp, 1988; Frimmel, 1994). Efficient photochemical reactions must 

compete successfully with the photophysical relaxation. Both excited singlet and triplet 

states can interact with other substances through bimolecular processes, which may be 

"diffusional" or "static". The former involves excited HS molecules that diffuse together 

with another molecule, subsequent interaction results when they are nearest neighbours in 

solution (Zepp, 1988). Static bimolecular processes are generally defined as interactions that 

occur when the chromophore is already a nearest neighbour to the other molecule when it is 

excited by light absorption (Zepp, 1988). Static interactions are most likely to be important 

with soil surface photoprocesses or with complexes between the humic substances and the 

substrate (Zepp, 1988). 

The efficiency of bimolecular processes involving excited singlets in freshwater bodies is 

very low, owing to their very short life and very dilute concentrations of chemicals (Zepp, 
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1988). These singlet processes may be more significant at the much higher concentrations 

that occur on soil surfaces (Zepp, 1988). Singlet states may also undergo unimolecular 

decomposition to reactive intermediates such as solvated electrons and radical cations 

(equation 6.16) (Zepp, 1988; Frimmel, 1994), which may participate in secondary reactions 

with substrates. 

+ ftO 
HS* > [HS + e] > HS + & 6.16 

Triplets are more likely than singlets to be involved in bimolecular processes (equations 

6.17-6.20) (Zepp, 1988; Frimmel, 1994). These processes include energy transfer to or 

reaction with dioxygen (equations 6.17 and 6.18) and reaction with a substrate with 

subsequent secondary reactions to form products (equation 6.19) or to revert to starting 

materials (equation 6.20). Solvated electrons may also form from triplet states (equation 

6.16). Excited HS may also yield hydroxyl radicals (equation 6.21). Ononye et al. (1986) 

showed that triplet quinones can abstract hydrogen atoms from water. 

3Hs*+ 3o2 _>  'HS + b o2 6.17 

3HS*+ 3O2 *HS+O2 6.18 

3HS* + RH - I —* Products 6.19 

3  HS* +RH_*1S+RH 6.20 

S + 

Where 1= SH+R 

+ RH 

R denotes various substrates, including components of HS. 

+ H2O 
HS* - HS - > HSH' + 0H 6.21 

Triplet states of humic substances are susceptible to physical quenching by a number of 

environmental chemicals and substrates, including components of HS. The major fate of 

triplets in aquatic environments is quenching by dioxygen (Zepp, 1988 and references 

therein). The quenching process involves energy transfer from triplet states of HS to 

regenerate its ground state, which concomitantly yields superoxide ions (equation 6.18) or 

excites dioxygen to its singlet state, 02 (equation 6.17) (Zepp, 1988; Frimmel, 1994). 

Photosensitised production of 102  by triplet HS requires a transfer of energy of at least 92 kJ 

mo1 1  (Figure 6.3) (Stumm and Morgan, 1996). The overall reaction is represented by Figure 
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6.4. Humic substances are capable of absorbing light with a wavelength as high as 700 nm, 

which corresponds to an energy of 171 kJ rno11. Hence triplet states of HA that absorb light 

with wavelength ~ 700 nm are capable of exciting oxygen (Figure 6.4). Every energy 

transfer to 02 is very efficient (Stumm and Morgan, 1996). 

02 

ti jt* 

> U U 3 g 
92 kJ mo1' 

U U 
CT 

Ground state Excited state 

Figure 6.3 Idealised molecular orbital diagrams for the excitation of ground-state 
oxygen to singlet oxygen (Stumm and Morgan, 1996). 

Atmosphere I 

H2O 
X <700nm  

1 HS 3 HS J\1 102* 
~25105  s ' O2 

H 
Poxidiscd 

 

Figure 6.4 Schemes of photolytic reactions producing photoreactants. P is a probe 
molecule (or micropollutant), which is used to assess the steady state of the 
1 02 photoreactant (adapted from Hoigné, 1990). 

Singlet oxygen is a more potent oxidant than its triplet state and is also a highly selective 

oxidant; reacting rapidly only with electron-rich compounds such as furans, certain olefins, 

polycyclic aromatic hydrocarbons, sulfides, amines and phenolate ions. Owing to the fact 

that these structures are building blocks of HS, additional reactions may occur within the 

humic matrix (Zepp, 1988). Only a fraction of the photoproduced 102  reacts chemically; 

most of it is quenched to ground-state 02 by water (half life of -3 j.ts) (Frimmel, 1994; 

Stumm and Morgan, 1996). Nevertheless, a significant steady-state concentration can be 

achieved during sunshine in natural waters. 
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A number of studies (Iliev and Ileva, 1995; Spiller et al., 1996; I1iev et al., 1997; Iliev et al., 

1999; They et al., 2000) have reported the photo-oxidation of aqueous sulfur containing 

compounds in the presence of phthalocyanine complexes, which are synthetic 

photosensitisers. The photo-oxidation was attributed to the production of singlet oxygen. 

However, no known studies have investigated the photosensitising effects of humic acid on 

the oxidative dissolution of metal sulfides. The ability of HA to decompose individual 

sulfide minerals has been known for quite sometime. However, the interaction between HA 

and a composite of sulfide minerals has not been reported or is very scarce. The objective of 

this chapter is to determine the affect of HA on the mobilisation of metals from a mixed 

metal sulfide ore concentrate and to identify the effects of light and oxygen in the system. 

6.2 Experimental 

6.2.1 Influence of Humic Acid Concentration 

All dissolution studies were performed at 25°C with commercially available humic acid 

(sodium salt - Aldrich, tech.). A sodium humate was chosen, as salts of humic acids are more 

soluble (Stevenson, 1994). Initial experiments were performed in oxic 0.001 M KNO3  

solutions at pH 6 with humic acid (HA) concentrations: 0, 5, 10, 20 and 40 mg L 1 . The HA-

KNO3  solutions were prepared during the 2 hour equilibration period prior to the addition of 

acid washed OC. Preliminary experiments were performed simultaneously under 

illumination, with an intensity of 1000 VtM m 2  s1, and in darkness. Analogous experiments 

were also performed at pH 4. All experiments were performed over 24 hours with sampling 

times of 0, 0.5, 2, 6 and 24 hours selected to follow the course of dissolution reactions. 

Samples were c ollected using a 2 5 m L polypropylene sterile s yringe (Terumo®).  At each 

designated sampling time, 14 mL of sample was withdrawn from each reaction vessel; 10 

mL ofwhich was immediately filtered (0.45gm), acidified to 1% HNO3  and retained for 

metal analysis. Two and a half milhilitres of the sample was also filtered (0.45gm) into a 

glass vial and retained for UV-visible analysis, whilst the remaining 1.5 mL was used for pH 

determination. All samples were refrigerated at 4°C until ready for analysis. All experimental 

conditions are listed in Figure captions. Details on OC preparation, pH adjustment and 

dissolved oxygen purging are outlined in section 2.2. Whilst details on light experiments can 

be found in section 4.2. 
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6.2.2 Importance of Light and Oxygen in Humic Acid Mediated 

Mob ilisation of Metals 

Additional experiments further investigated the effect of light and oxygen on the 

mobilisation of metals from OC in the presence of 10 mg U' HA. The light intensity was 

increased from 1000 to 2000 LM m 2  s to study the influence of photoreactions, induced by 

HA, on the mobilisation of metals from OC in solutions at pH 6. Analogous light, at 1000 

M m 2  s ' , and dark experiments were performed in anoxic solutions to determine the 

significance of oxygen in these HA induced photoreactions. Parallel anoxic experiments 

were also performed without I-IA to ascertain the extent to which oxygen containing photo-

intermediates, generated by HA, affected the mobilisation of metals from OC. 

6.2.3 Identifying Oxygen Containing Photo-Intermediates 

A number experiments were carried out to identify whether singlet oxygen ('02) was the 

species, photosensitised by HA, that affected the mobilisation of metals from OC. The first 

experiment re-examined the affect of 10 mg U' HA on the mobilisation of metals from 0.03 

grams of acid washed OC under illumination in 50 mL heavy water (D20 - Sigma, 99.9 atom 

% D). A parallel experiment was also performed with H20. The experiments were allowed to 

progress for 24 hours. No samples were removed during the experiments, only the 24 hour 

samples were collected. All other experimental procedures and conditions were the same as 

dissolution studies described in section 6.2.1. 

Mobilisation experiments involving 10 mg U' HA were also performed under illumination at 

an intensity of 1000 M m 2  s' in presence of various concentrations of L-histidine (Sigma, 

minimum 99%), which is a known probe for singlet oxygen (Brezonik, 1994). At least 2 

hours prior to the addition of OC, an appropriate amount of L-histidine was added to 1.8 L 

0.001 M KNO3  solutions to give concentrations of 106,  10, 10, 10 and 102  M. Parallel 

experiments without HA were also performed to determine the direct affect of histidine on 

the mobilisation of metals from OC. All experimental conditions are listed in Figure 

captions. 

Photo-irradiation of the commercial HA in the presence of an iodometric reagent was also 

used to detect the production of '02. The composition of the iodometric reagent included 0.2 

M potassium dihydrogen orthophosphate (Ajax chemicals, UNIVAR), 0.12 M potassium 

iodide (BDH-Merck, AnalaR) and 10 iM ammonium molybdate (BDH-Merck, AnalaR). 
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The photosensitised production of 02  was indirectly detected by monitoring the production 

of triiodide, which was proportional to the production of 02  (Mosinger and Mosinger, 

1995). The production of triiodide was followed spectrophotometrically by detecting the 

increase in absorbance at 355 nm. The procedure for detecting 102  using iodometric 

measurements was adapted from Mosinger and Mosinger (1995). 

Experiments were performed in the absence of OC at 25°C in 1.8 L iodometric reagent 

containing 10 mg U' HA. The potassium dihydrogen orthophosphate component of the 

iodometric reagent buffered the solution at pH 6.2, which was analogous to pH of 

mobilisation experiments. The reaction mixture was prepared in darkness and placed in a 

PVC water bath and covered with an opaque plastic cover. A polypropylene tube was 

inserted into the reaction mixture, where it remained for the duration of the experiment, for 

sample collection. The reaction solution was allowed to stir for 30 minutes, in darkness, to 

ensure that all components were dissolved and homogeneously mixed. During this period the 

metal halide lamp was switched on and allowed to warm up, after which the opaque plastic 

cover was removed to commence the experiment. Samples were usually collected at 0, 1, 2, 

3, 4, 5, 7.5, 10, 12.5 and 15 minutes. After the 15 minutes sample, the lamp was switched off 

and the opaque plastic cover replaced on the water bath. Additional samples were usually 

collected at 17, 18, 19, 20, 22.5 and 25 minutes. At each designated sampling time, 1.5 mL 

was withdrawn from the reaction solution, via the sample tube, using a 5 mL polypropylene 

sterile syringe (Terumo®)  and placed into a cuvette. The absorbance of samples at 355 nm 

was read immediately, using a Hitachi Spec U-I 100 spectrophotometer, after each 

collection. Two other parallel experiments were performed. One of which was performed in 

complete darkness, whilst the other was performed in anoxic solution. Nitrogen gas (Air 

Liquide, high purity) was bubbled into the reaction solution at 2 L min' for an hour prior to 

the commencement of the experiment to purge dissolved oxygen. This was continued for the 

entire duration of the experiment. 

The production of other oxygen species such as superoxide anion and hydrogen peroxide 

may also oxidise F during photo-irradiation. Three additional experiments were performed to 

detect these oxygen species. Firstly, the light experiment in oxic solutions described above 

was repeated with the omission of amnionium molybdate from the iodometric reagent. This 

experiment was repeated with the addition of 400 units mL-' catalase (Bovine liver - Sigma, 

1600 units/mg solid or 2000 units/mg protein) to the reaction solution after switching off the 

lamp. In the final experiment, potassium iodide was omitted during photo-irradiation. Only 

one sample, at 12.5 minutes, was collected during illumination. Once the lamp was switched 
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off, KI was added to detect the presence of hydrogen peroxide. Samples were collected at 

one minute intervals between 19 and 30 minutes after the commencement of the experiment. 

6.2.4 UV-Visible Measurements 

The aqueous concentration of HA during mobilisation experiments was monitored by 

measuring the maximum absorbance (225 nm) of the reaction solution at the designated 

sampling times. This was done using a Varian Cary I UV-visible spectrophotometer. 

6.2.5 Surface Analysis of Reacted Samples using SIMS 

The surface of OC exposed to humic acid solutions were analysed by performing depth 

profiling using a Cameca ims Sf dynamic SIMS (ANSTO) to identify the interaction of HA 

with the surface of OC. Typical SIMS instrument parameters for depth profiling are listed in 

Table 6.6. The depth of the resulting crater following depth profiling was determined using a 

profilometer (Tencor instruments). This value was used to convert analysis time to depth. 

Details on sample preparation for SIMS analysis are outlined in section 5.2.6. 

Table 6.6 SIMS parameters for depth profiling of reacted ore concentrate. 

Parameter Value 

Acquisition time 1000 s 

Primary beam 

Primary HV 12.5 kV 

Primary current -40 nA 

Arc current -8 mA 

Raster size 250 irn 

Secondary HV 4.5 kV 

Dead time 25 ns 

6.3 Results and Discussion 

The effect of a commercially available HA on metal mobilisation from OC is examined in 

this chapter. Commercially available humic substances (HS) are often used as analogues of 

natural humic material to circumvent the lengthy extraction procedures required to isolate 

HS from soil, sediment and water (MacCarthy and Malcolm, 1989; Marshall et al., 1998). 
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However, it must be acknowledged that some researchers (Malcolm and MacCarthy, 1986; 

MacCarthy and Malcolm, 1989) have claimed that commercial HS generally are not 

representative of their natural counterparts. Marshall et al. (1998) have stated "there is a lack 

of information available c oncerning the origins and methods of e xtraction of commercial 

samples, factors which have been shown to affect their structure and composition". Hence 

commercial HS should not be used as analogues of soil and water humic substances in 

environmental studies (MacCarthy and Malcolm, 1989). Malcolm and MacCarthy (1986) as 

well as Marshall et al. (1998) reported significant differences in commercial HA with those 

derived from rivers, streams and soils, with regard to elemental analysis and 13C-nuclear 

magnetic resonance spectra. These compositional differences were related to differences in 

their adsorption behaviour to organic-free sediment (Marshall et al., 1998). Moreover, 

commercial HS usually have higher ash and lower nitrogen contents than natural HS 

(Marshall et al., 1998). However, the infrared spectra of commercial HA are similar to HS 

extracted from natural sources (MacCarthy and Malcolm, 1989). 

The Aldrich HA used in this study to investigate the effect of HA on the mobilisation of 

metals from OC has a similar IR spectrum to naturally derived HA samples (MacCarthy and 

Malcolm, 1989). Moreover the ash content and 13C spectrum of Aldrich HA is similar to 

untreated Wyoming dopplerite. Although the '3C spectrum of Aldrich HA differs to HA 

isolated from natural sources this was not considered important as structural, physical and 

chemical properties of HA are known to vary depending on their origin and natural 

conditions prevailing during their formation (see Table 6.2, section 6.1 .2) (Ashley, 1996; 

Pompe et al., 1996). One of the main objectives of this study is to examine the effect of HA 

photochemistry on the mobilisation of metals from OC. Aguer et al. (1997) showed that 

Aldrich HA and soil extracted HA possessed similar photosensitising properties. Some 

studies report Aldrich HA is extracted from a terrestrial source (Ashley, 1996), possibly 

peat-derived (Elfarissi and Pefferkorn, 2000 and references therein). Pandey et al. (1999) 

reported the elemental analysis and thermogravimetric-differential thermogravimetric 

analysis of Aldrich HA was similar to HA isolated from natural soil. 

6.3.1 Behaviour of HA During Mobilisation Experiments 

Figure 6.5 is a typical absorption spectrum for the Aldrich HA, used in this study, with a 

maximum absorbance at 225 nm. Ultraviolet-visible measurements were used to monitor the 

aqueous behaviour of HA throughout mobilisation experiments, which are depicted in Figure 

6.6. The absorbance of samples (Figure 6.6) indicates negligible change in the aqueous 
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concentration of HA throughout dissolution experiments, which suggests little interaction 

between HA and the surface of OC. However, it must be noted that there are slight increases 

in the absorbance followed at 225 nm. This may be attributed to aqueous complexation of 

mobilised metal ions by HA. Reaction 6.5 exemplifies how complexation can rearrange the 

electronic structure of HA that in turn would affect its absorbance. 

0.30 

0.25 

0.20 

0.15 

0.10 

0.05 

0.00 

200 225 300 400 500 600 700 

Wavelength (nm) 

Figure 6.5 Typical UV-visible absorption spectrum of Aldrich humic acid (10 mg U' 

HA, pH 6,0.001 M KNO3). 

The negligible adsorption of HA onto OC may be attributed to the relatively low surface area 

of the settled OC, which is smaller than suspended material. Hence it is believed that the 

concentration of surface complexed HA is meagre compared to its aqueous concentration. 

Batterham (unpublished) also observed relatively little adsorption of 2.5 mg U' Suwannee 

River fulvic acid onto settled metal sulfide ore concentrate (same as in this study). In 

contrast, Jong (1996) reported up to -40% adsorption of 20 and 40 mg U' Aldrich HA onto a 

mixed metal sulfide ore containing Fe, Cu, Zn and Pb. This study was performed with 4-5 

grams of ore grains <53  tim, which were completely suspended during experiments. This 

supports the proposition that the surface area of settled OC limited HA adsorption in this 

study. 
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Figure 6.6 Absorbance of various concentrations (mg U') of HA during mobilisation 
experiments under light (L) and in darkness (D) at (a) pH 6 and (b) pH 4 
(0.001 M KNO3, 25°C, L = 1000 tM m 2  s, moe: 0.27 g, SAoc: 0.58 m2). 
Data for 5 mg U' HA at pH 6 was not determined. 
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Secondary ion mass spectrometry (SIMS) was used to analyse the surface of OC exposed to 

HA to resolve the ambiguity of UV-visible measurements and verify the adsorption of HA 

onto OC. Figure 6.7a indicates HA does adsorb onto the OC surface, which is believed to be 

due to chemical rather than physical means as OC samples were rinsed with de-aerated pH 

controlled water immediately after removing them from HA solutions. The initial SIMS 

measurements between 0-0.15 im should be disregarded owing to their ambiguity due to 

surface conditions at the onset of measurement (Wilson et al., 1989). The carbon signal of 

OC that was not exposed to HA is attributed to adsorption of CO2  and/or carbonate species 

from solution (Figure 6.7a). The carbon signal may also be due to organic contaminants 

observed in the Cis XPS spectrum of acid washed OC (Figure 2.4h, section 2.3.1). There is 

an increase in the SIMS carbon signal when OC is exposed to 5 mg U' HA (Figure 6.7a). It 

could be argued that this is also adventitious carbon from the atmosphere or attributed to 

carbonate adsorption. However, the incremental increase in the carbon signal with increasing 

concentration of HA indicates HA does adsorb onto the surface of the OC, possibly by 

surface complexation. 

Figure 6.7a shows no further increase in the surface concentration of carbon when the HA 

concentration is increased from 20 to 40 mg U', which concurs with adsorption studies 

performed by Jong (1996). This suggests that the OC surface is saturated with HA when 

exposed to 20 and 40 mg U' HA and gives credence to the proposition that the surface area 

of the settled OC is reaction limiting. This supports the notion that ligand enhanced 

dissolution is a surface controlled process. Carbon depth profiles shown in Figure 6.7a are 

only for OC samples exposed to HA in darkness, but similar HA adsorption trends are 

envisaged for the corresponding illuminated system. In fact Jong (1996) reported greater HA 

adsorption onto metal sulfides that were photo-irradiated. This is in agreement with results 

illustrated in Figure 6.7b. Moreover, the greater adsorption of HA under illumination is 

supported by UV-visible measurements shown in Figure 6.6, where the absorbance of 

illuminated HA solutions are less than those in darkness. However, the slightly lower 

absorbance of HA solutions that are irradiated may also be due to photo-bleaching. 

271 



Chapter 6 Influence of Hutnic Acid on Metal Alobilisation 

1.E+05 

1.E+04 

c_) 

—A-- 0 HAD 
—s--SHAD 

10 HAD 
—G— 20 HAD 
—*—  40 HAD 

 

4 

4 
Pj 

1.E+03 

 

 

1.E+02 

1.E+04 

r 

1.E+03 

Lai 

1.E+02 
0.0 0.1 0.2 0.3 0.4 0.5 0.6 0.7 0.8 0.9 1.0 

Depth below surface (jim) 

Figure 6.7 (a) SIMS carbon depth profiles of OC exposed to various concentrations 
(mg U') of HA in darkness (D) and (b) effect of light (L) on adsorption of 
10 mg U' HA onto OC (0.001 M KNO3, pH 6, 25°C, L = 1000 jiM m 2  s, 

moc: 0.27 g, SAO(:: 0.58 m2). Note: Depth profiles were performed for 1000 
seconds (Table 6.6). However, this was converted to approximate depth 
based on profilometry measurements of the crater formed from SIMS 
analysis. 
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6.3.2 Influence of HA Concentration on Metal Mobilisation 

The influence of various HA concentrations on the mobilisation of metals from OC at pH 6 

and 4 under illumination and in darkness are presented in Figures 6.8-6.12. The results show 

the affect of HA on the dissolution of metals is diverse, which may be attributed to the mixed 

metal sulfide system as well as the different affinities of HA for metals. 

Irrespective of light, the presence of HA inhibits Zn and Cd mobilisation in solutions at pH 6 

(Figures 6.8a and 6.12a). Under these conditions HA exists as a flexible, linear anionic 

polyelectrolyte. Hence each HA molecule adsorbed onto the surface of OC can potentially be 

anchored by complexation to more than one active site of dissolution. This may impede the 

adsorption of oxygen and protons onto Zn and Cd sites and thereby inhibit the oxidative and 

proton-promoted dissolution processes of ZnS and CdS. 

The formation of bi- or multi-dentate mononuclear surface complexes have been shown to 

enhance the dissolution of metal oxides (Zinder et al., 1986). The surface coordinated ligand 

polarises the bonds between metal and surrounding oxygen, which facilitates the surface 

controlled dissolution (Stumm and Furrer, 1987). Davis et al. (1995) also attributed the 

formation of bidentate mononuclear surface complexes (Figure 6.13) to the enhanced photo-

oxidative dissolution of CdS, at pH 4 and 7, in the presence of aromatic acids such as 

catechol, salicylic acid and phthalic acid. It is known that these structures are primary metal 

binding components of HA. Hence the adsorption of HA onto OC is expected to also 

facilitate the dissolution ofCdS as well as ZnS, due to their similar chemical properties. 

However, contrary to Davis et al. (1995), Figures 6.8a and 6.12a clearly show that Zn and Cd 

mobilisation, respectively, at pH 6 are inhibited in the presence of HA. 
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Figure 6.8 Effect of various concentrations (mg L5 of HA on Zn mobilisation from 
OC at (a) pH 6 and (b) pH 4 under light (L) and in darkness (D) (0.001 M 
KNO3, 25°C, L = 1000 tM m 2  s, m01: 0.27 g, SAo(:: 0.58 m2). 
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Figure 6.9 Effect of various concentrations (mg L5 of HA on Pb mobilisation from 
OC at (a) pH 6 and (b) pH 4 under light (L) and in darkness (D) (0.001 M 
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Figure 6.10 Concentration of dissolved Fe (luring mobilisation experiments, involving 
various concentrations (mg U1) of HA, at (a) pH 6 and (b) pH 4 under light 
(L) and in darkness (D) (0.001 M KNO3, 25°C, L = 1000 tM m 2  s', m0ç : 
0.27 g, SAoc: 0.58 rn2). 
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Figure 6.11 Effect of various concentrations (mg U') of HA on Cu mobilisation from 
OC at (a) pH 6 and (b) pH 4 under light (L) and in darkness (D) (0.001 M 
K1NO3, 25°C, L = 1000 p.M m 2  s', m0( : 0.27 g, SAoc: 0.58 m2). 
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Figure 6.12 Effect of various concentrations (rng U) of HA on Cd mobilisation from 
OC at (a) pH 6 and (b) pH 4 under light (L) and in darkness (D) (0.001 M 
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Figure 6.13 Bidentate, mononuclear complexes formed by (a) phthalic and (b) salicylic 
acids. 

The discrepancy between the results of this study and those of Davis et al. (1995) may be 

attributed to the mixed metal sulfide system, the different affinities of HA for metal ions and 

the stability of these complexes. A number of researchers (Stevenson, 1977; Kerndorff and 

Schnitzer, 1980; Ashley, 1996) have shown that HA preferentially sorbs Pb and Cu over Zn 

and Cd. This order has also been reported in studies of metal complexation with humic acids 

(Guy et al., 1975; Mantoura et al., 1978; Sohn and Hughes, 1981). Rashid (1974) suggested 

the preferential sorption of Pb and Cu was related to the ability of these metals to form stable 

complexes, possibly chelates, with HA. This concurs with Stevenson (1977) who reported 

the order of stability for HA-metal complexes to be Cu> Pb>> Cd > Zn. Two or more HA 

binding sites were involved in complexation of Cu and Pb (Stevenson, 1977), which may 

explain the greater stability of these complexes compared to that for Cd and Zn. In contrast 

studies (Alberts and Giesy, 1983 and references therein) have shown that Cu complexation 

involved two types of HA binding sites, whereas Pb and Cd were bound by the stronger of 

the two sites. This may explain why humic complexes of Cu are more stable than those of 

Pb. It is known that formation of an active surface complex is a requisite for ligand enhanced 

dissolution of metal oxides and metal sulfides (Furrer and Stumm, 1986; Davis et al., 1995). 

Hence, the inhibition of Zn and Cd mobilisation (Figures 6.8a and 6.12a) may be partly 

attributed to the relatively low affinity of HA for these metals and the corresponding low 

stability of the complexes formed. This is in agreement with Davis et al. (1995) who 

observed the ability of a ligand to form strong complexes with Cd(II) also enhanced the 

dissolution of CdS. Figures 6.9a and 6.11a show that Pb and Cu dissolution, respectively, are 

not inhibited. In fact the mobilisation of Cu is greatly enhanced in the presence of HA at pH 

6 (Figure 6.11 a). This supports the notion that metal mobilisation in the presence of HA are 

influenced by the stability of surface complexes. 

Kerndorff and Schnitzer (1980) as well as Rashid (1985 and references therein) showed 

metals compete for active sites of HA. Moreover, Ashley (1996) demonstrated that the same 
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HA functional groups were responsible for adsorption of both Cu2  and Zn2 . Hence 

mobilised Pb and Cu, which are preferred cations, may compete or even displace surface Zn 

and Cd bound to HA. This would concomitantly desorb HA, thereby reducing the ligand 

enhanced dissolution of ZnS and CdS. However, oxidative dissolution and interfacial 

reactions would (re)-commence as seen by the mobilisation of Zn and Cd in Figures 6.8a and 

6.12a, respectively. The slower rates of Zn and Cd mobilisation at pH 6 in the presence of 

HA (Figures 6.8a and 6.12a) indicates HA adsorption onto OC impedes the adsorption of 

protons and oxygen, as well as hinder exchange reactions involving Pb2  and Cu2 . These 

would decrease Zn and Cd mobilisation. Baker (1973) showed that ZnS dissolution was 

enhanced in the presence of HA. The fact that this is not observed in this study indicates 

competition between metals for HA binding sites and the different affinities of HA for 

metals that would occur in the mixed metal sulfide system studied. 

The contradiction between results of this study and those of Davis et al. (1995), regarding Cd 

mobilisation in the presence of aromatic ligands, may also be attributed to the diversity of 

functional groups of HA. Furrer and Stumm (1986) have acknowledged that mineral 

dissolution in the presence of more than one I igand may be inhibited due to competitive 

adsorption between the ligands. Inhibition may occur if a passive ligand replaces an active 

one (Furrer and Stumm, 1986). In a study on the dissolution ofrnetal oxides, Furrer and 

Stumm (1986) noticed that the catalytic effect of salicylate at pH 6 was reduced in the 

presence of benzoate due to competitive adsorption of benzoate. Humic acid is considered to 

be an extraordinarily complex mixture of compounds and not a unique chemical entity. 

Tuschall and Brezonik (1983) acknowledged the treatment of HA and FA as single ligand 

species is an oversimplification as they contain a variety of functional groups. Hence 

competitive adsorption between the many functional groups of HA, which may be 

intramolecular and intermolecular, is believed to contribute to the inhibited mobilisation of 

Zn and Cd. This would be more likely for Zn and Cd considering that the HA complexes are 

not as stable as those of Pb, Fe and Cu. Suwannee fulvic acid was also shown by Batterham 

(1999) to inhibit the dissolution of Zn and Cd from the same OC used in this study. This may 

justify the use of commercial HA in this study. Moreover, the range of complexing sites of 

FA supports the proposition that competitive adsorption of functional groups inhibits Zn and 

Cd mobilisation. Although Davis et al. (1995) examined the effects of a variety of ligands on 

the photo-oxidative dissolution of CdS, only one ligand was investigated at a time. This may 

explain why competitive adsorption and thus inhibited CdS dissolution was not observed by 

Davis et al. (1995). 
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Although aromatic acids enhanced the photo-oxidative dissolution of CdS, Davis et al. 

(1995) noticed aliphatic organic acids had an inhibitory effect at pH 4 and 7. Some studies 

(Rubio and Matijevié, 1979; Matijevié and Kallay, 1983; Grauer and Stumm, 1986) indicate 

ligands capable of forming multinuclear surface complexes (analogous to reaction 6.22) 

retard mineral dissolution. Bidentate, binuclear surface complexes have been implicated in 

the inhibition of metal oxide dissolution (Stumm, 1992). Davis et al. (1995) also partly 

attributed the inhibited dissolution of CdS, in the presence of aliphatic organics, to the 

formation of bidentate, binuclear complexes. These complexes do not alter the electron 

densities of surfacial Cd to the extent of mono-nuclear complexes and therefore do not 

facilitate surface controlled dissolution (Davis et al., 1995). The formation of bidentate, 

binuclear surface complexes by HA (equation 6.22) may also contribute to the lower than 

expected Zn and Cd mobilisation (Figures 6.8a and 6.12a). In addition to aliphatic structures, 

oxygen containing functional groups on adjacent aromatic structure may also form bidentate, 

binuclear complexes that inhibit Zn and Cd mobilisation. 

0 0 
S II SN II + 2H20 
> n—OH HO—C 

____ 

Zn—O—C 
S + I - s 

Zn—OH HO—I-Iumic Acid s,__ Zn—O— 
S 

Humic Acid 
7   6.22 Binuclear 

bidentate 
surface 
corn plex 

Hydrogen bonding (reaction 6.3) may also enable HA to adsorb onto OC (Figure 6.7), if 

functional groups of the organic are not completely ionised at pH 6. However, the non-

specific adsorption of HA onto OC is not expected to enhance metal dissolution, as there 

would not be a transfer of electron density to the surface as with the formation of covalent 

inner-sphere complexes. However, hydrogen bonding may impede the adsorption of oxygen 

and hydrogen onto Zn and Cd sites, which would further explain the inhibited dissolution of 

ZnS and CdS in the presence of HA (Figures 6.8a and 6.12a). Hydrogen bonding has also 

been acknowledged by Davis et al. (1995) for the non-enhancement of CdS dissolution in the 

presence of aliphatic ligands. The formation of niultinuclear surface complexes and non-

covalent surface adsorption by hydrogen bonding were also acknowledged by Batterharn 

(1999) to be the cause of inhibited Zn and Cd dissolution in the presence of fulvic acid. 

Figures 6.8a and 6.12a show that the semiconducting properties of ZnS and CdS as well as 

light sensitive exchange reactions still enhance the mobilisation of Zn and Cd at pH 6, in 
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spite of the overall inhibition relative to that in the absence of the organic. The reduction in 

the photo-dissolution of Zn and Cd with increasing HA concentration may indicate that 

aqueous and/or adsorbed HA compete with ZnS and CdS for light absorption. At high ligand 

concentrations in solution, the adsorption of ligands at the oxide surface can exceed a 

monolayer of molecules (Kummert and Stumm, 1980). Jong (1996) has also reported that 

HA adsorption at the surface of metal sulfides can be greater than a monolayer. This may 

lower the amount of light reaching ZnS and CdS, considering the chrornophore content of 

HA; hence the reduction in their photo-dissolution. Competition between adsorbed HA with 

ZnS and CdS for photoholes may also explain the observed inhibition of Zn and Cd 

mobilisation under illumination (Figures 6.8a and 6.12a). The interaction of HA with Zn and 

Cd sites are attributed to non-covalent bonding and/or formation of bidentate, binuclear 

surface complexes, as mentioned above. Bidentate, mononuclear surface complexes can be 

ruled out, as these would enhance the photo-oxidative dissolution of ZnS and CdS. That is 

the polarisation of the metal-sulfur bonds would make the sulfide, rather than HA, more 

susceptible to oxidation by photoholes. Scavenging of photoholes has also been 

acknowledged by Davis et al. (1995) as one reason for the inhibition of CdS photo-

dissolution in the presence of EDTA and NTA. 

It can be seen that as the total concentration of HA increases the photo-dissolution of ZnS 

and CdS decreases (Figures 6.8a and 6.12a). This may suggest that competition between the 

metal sulfides and HA for photoholes increases as the concentration of surface complexes 

increases. It could be argued that the inverse relationship between HA concentration and the 

photo-dissolution of ZnS and CdS are not due to photohole scavenging; but rather blocking 

of active dissolution sites by adsorbed HA as the same trend is observed for Zn and Cd 

mobilisation in darkness (Figures 6.8a and 6.12a). However, the difference between the rates 

of Zn mobilisation under light and in darkness decreases as the HA concentration increases 

from 5 to 40 rng L 1  (Table 6.7). This indicates the enhancement in Zn mobilisation under 

illumination decreases with increasing HA concentration, which substantiates the proposition 

that HA competes with ZnS for photoholes and/or light. This is also true for Cd mobilisation 

(Table 6.7). Harada et al. (1985) noticed that 99.6% of the photo-generated holes were 

consumed during the photocatalytic decomposition of lactic acid on CdS(,). Minimal photo-

oxidative dissolution of CdS()  over 130 hours was reported by Harada et al. (1985), which 

suggested that photo-holes reacted very rapidly and efficiently with lactic acid. Moreover, 

Davis and 1-luang (1991) found that sulfur-containing organic compounds inhibited CdS(S)  

photo-conosion. However, photo-oxidative dissolution of CdS commenced when the 

substrate was completely oxidised. 
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Table 6.7 Net rates of metal mobilisation in HA solutions at pH 6 under light and in 
darkness. 

Metal Net rate (xl 02)  for Zn and Cd mobilisation 
mobilised (Zn: 1.iM m 2  h1, Cd: nM m 2  h') 

5mg U' HA 10mg U' HA 20mg L HA 40mg U' HA 

Zn 28.42 24.01 17.23 5.14 

Cd 40.42 34.36 23.26 8.50 

Rates were determined between 2 and 24 hours. 

In the absence of HA, it can be seen that the mobilisation of Zn and Cd increases as the pH is 

lowered from pH 6 to 4 (Figures 6.8 and 6.12). This has been attributed to greater surface 

protonation that leads to enhanced proton promoted and oxidative dissolution of ZnS and 

CdS. More efficient exchange reactions involving these sulfides and mobilised Pb are 

another possibility. In contrast, inhibition of Zn and Cd mobilisation in the presence of HA 

are more pronounced at pH 4 (Figures 6.8b and 6.12b). This is contrary to the results of 

Davis et al. (1995) who reported that the inhibitory effect of aliphatic organics on the photo-

oxidative dissolution of CdS was greater at pH 7 than pH 4. Moreover Davis et al. (1995) 

observed further enhancement in the photo-oxidative dissolution of CdS in the presence of 

aromatic ligands at pH 4 compared to pH 7. 

In addition to the modes of inhibition discussed above for Zn and Cd mobilisation at pH 6, 

the different molecular properties of HA at lower pH may contribute to inhibited dissolution. 

It is known that HA becomes rigid, uncharged colloids at pH less than 3.5 (Gosh and 

Schnitzer, 1980). However, filtration of samples through 0.45 im revealed that HA 

precipitates were present in mobilisation experiments performed at pH 4; HA colloids also 

could have been present. The adsorption of mobilised metals onto solid phase HA and their 

subsequent removal by filtration would give the impression of inhibited mobilisation. The 

reduction of Zn and Cd mobilisation at pH 4 increases with increasing HA concentration 

(Figures 6.8b and 6.12b), which supports the notion that molecular characteristics are 

involved in the apparent inhibited mobilisation of Zn and Cd. The formation of colloidal HA 

is more likely at higher HA concentrations and would provide a greater surface area for 

adsorption of mobilised metals. This concept is in agreement with the observed relationship 

between the concentration of HA and the mobilisation of Zn and Cd (Figures 6.8b and 

6.12b). 

In addition to the pH dependent solubility of HA, complexation of metals may also cause 

HA to coagulate. It is known that insoluble complexes are formed as HA becomes saturated 
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with cations (Stevenson, 1994). In the absence of HA, proton promoted dissolution 

contributes to a greater mobilisation of metals at pH 4 compared to pH 6. Although enhanced 

mobilisation is not apparent in Figures 6.8b and 6.12b, proton promoted dissolution of Zn 

and Cd, respectively, is believed to continue in the presence of HA at pH 4. The uncharged 

nature of colloidal HA at pH 4 would lower competition between HA and H for dissolution 

active sites relative to that at pH 6 where HA exists as anionic polyelectrolytes. Moreover, in 

a study of the affect of ligands on the dissolution of A1203  in acidic solution, Furrer and 

Stumm (1986) reported that the surface concentrations of low molecular weight ligands did 

not influence the rate of proton promoted dissolution. Hence the greater mobilisation of 

metals at pH 4 would result in more complexation sites of HA being occupied by metals 

relative to that at pH 6; which will cause HA to coagulate. Moreover, formation of 

intermolecular salt bridges, analogous to reaction 6.4, will also precipitate HA. The filtration 

of these insoluble complexes would contribute to lower than expected metal mobilisation at 

pH 4. 

The presence of HA colloids and/or precipitates are not reflected in Figure 6.6b, rather it 

indicates aqueous HA is maintained in solution at pH 4. However, a comparison of the 

absorbance of corresponding HA solutions at pHs 4 and 6 shows that absorbances are lower 

at pH 4 than pH 6 (Figure 6.6). This discrepancy may reflect the presence of HA precipitates 

at p1-I 4 that are removed by filtration; HA colloids may also be present at pH 4. At an initial 

HA concentration of 10, 20, and 40 mg U1  the reduction in absorbance are about 0.30, 0.30 

and 0.45, respectively, when the pH is lowered from 6 to 4 (Figure 6.6). Hence more solid 

phase HA are formed as the HA concentration is increased. This supports the notion that 

molecular characteristics of HA are involved in the inhibited mobilisation of Zn and Cd. The 

precipitation of HA or adsorption of solid phase and aqueous HA to the surface of OC 

cannot be ruled out as factors that reduce aqueous HA. 

Although the reduction in the absolute absorbance values indicate an increase in solid phase 

HA, the ratio of solid to aqueous HA decreases as the total concentration of HA increases. A 

reduction of about 58, 36 and 29% in absorbance is noticed for 10, 20 and 40 mg L, 

respectively, when the p1-I is lowered from 6 to 4 (Figure 6.6). Hence the inhibited 

mobilisation of Zn and Cd at pH 4 (Figures 6.8b and 6.12b) cannot be solely attributed to 

adsorption onto colloids and/or formation of insoluble complexes. It is conceivable that HA 

colloids and/or precipitates may adsorb onto OC and reduce rates of Zn and Cd mobilisation 

by blocking dissolution sites. However, this mode of inhibition appears to be more likely at 

lower total concentrations of HA due to the higher percentage of solid HA present. As the 

concentration of HA increases the inhibition is thought to involve competitive adsorption of 
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different functional groups of aqueous HA and formation of inactive surface complexes as 

discussed above for pH 6. Adsorption of HA colloids and/or precipitates onto OC may still 

inhibit Zn and Cd mobilisation. 

Figure 6.9a depicts the mobilisation of Pb at pH 6. In the absence of HA, the Pb dissolution 

curve exhibits three distinct phases, which were discussed in Chapters 3 and 4. To revisit, the 

rapid initial release is followed by an equally rapid removal of mobilised Pb, that is 

attributed to exchange reactions involving sphalerite and CdS, and finally an equilibrium 

between mobilisation and removal processes. Although HA does not inhibit Pb mobilisation 

at pH 6, as the case for Zn and Cd, it can clearly be seen that the presence of HA does not 

enhance the initial rapid dissolution of Pb. Ligand enhanced dissolution of Pb from OC is 

expected considering HA is capable of forming stable complexes with Pb. However, surface 

complexation of HA at Pb sites apparently has a negligible impact on the initial Pb 

mobilisation. This may suggest that the kinetics of ligand enhanced dissolution are slower 

than proton promoted and oxidative dissolution of PbS. However, it was speculated that the 

initial fast release of Pb may partly be attributed to the desorption of Pb oxidation products 

formed during sample preparation. In which case the presence of HA would have no effect 

on the initial Pb mobilisation. The reduction in the second phase of Pb mobilisation in the 

presence of 5 mg U' HA may indicate the occurrence of ligand enhanced dissolution, which 

competes with exchange reactions that remove Pb (Figure 6.9a). This second phase of Pb 

mobilisation becomes non-existent at HA concentrations greater than or equal to 10 mg L1; 

indicating that ligand enhanced dissolution of PbS exceeds exchange reactions that remove 

mobilised Pb. 

The high stability of Pb-HA complexes suggests that, following its desorption from the OC 

surface as a result of ligand enhanced dissolution, Pb would remain complexed to HA in 

solution. Moreover, proton promoted and oxidative dissolution of PbS would also contribute 

to the concentration of dissolved Pb. It appears that aqueous complexation by HA, 

particularly at? 10 mg L', keeps mobilised Pb in solution compared to Pb dissolution in the 

absence of the organic (Figure 6.9a). Aqueous complexation may also explain the reduction 

in the second phase of Pb mobilisation in the presence of 5 mg U' HA. This may suggest 

that complexation affects exchange reactions involving dissolved Pb. 

It has been established that exchange reactions involving mobilised Pb may enhance the 

release of Zn and Cd. However, this reaction may not be as efficient in the presence of HA, 

where Pb complexes, formed in solution and those desorbed from the OC surface as a result 

of ligand enhanced dissolution, may reduce the ability of Pb to displace lattice bound Zn and 
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Cd. This would result in lower mobilisation compared to respective Zn and Cd mobilisation 

in the absence of HA (Figures 6.8a and 6.12a), where free Pb ions are more likely to 

participate in exchange reactions. The reduced ability of complexed Pb to undergo exchange 

reactions with ZnS and CdS may also contribute to the reduction in the second phase of Pb 

mobilisation in the presence of 5 mg U' HA. Greater complexation of Pb in the presence of 

10, 20 and 40 mg U' HA may explain the non-existence of the second phase of Pb 

mobilisation (Figure 6.9a). 

The third phase of Pb mobilisation is also affected by the presence of HA. The equilibrium 

concentration of mobilised Pb increases from —41 .tM m 2  OC in the absence of HA to about 

33 and 45 iM m 2  OC in the presence of 5 and 10 mg U' HA, respectively (Figure 6.9a). 

This may indicate that a new equilibrium is established between ligand enhanced dissolution, 

proton exchange reactions, oxidative and proton promoted dissolution of PbS and those that 

remove Pb from solution. These may include the formation of Pb ternary complexes, 

readsorption of Pb-HA complexes onto OC and exchange reactions that remove mobilised 

Pb2 . At higher HA concentrations (20-40 mg L'), the concentration of mobilised Pb begins 

to plateau at 45±5 iM m 2  OC, which suggests that ligand enhanced dissolution begins to 

outweigh the removal of Pb (Figure 6.9a). 

Figure 6.9a shows light and dark Pb mobilisation at pH 6 differs in the presence of HA. 

Illumination yields lower concentration of mobilised Pb in the presence of HA, which is 

particularly noticeable at HA concentrations greater than or equal to 10 mg U'. This may 

indicate that not all mobilised Pb is complexed by humic acid and may be involved in 

exchange reactions, which are more efficient under light. The lower concentration of 

mobilised Pb under illumination compared to that in darkness may also indicate that the Pb-

HA complex is unstable under light. The lower absorbance of HA solutions under 

illumination gives credence to this proposition. Upon dissociation of the complex, Pb  21  can 

participate in exchange reactions. The added light energy may also facilitate the formation of 

ternary complexes and the readsorption of Pb-HA complexes onto OC. Although 

mobilisation of Pb under light is lower than that in darkness, it can be seen that the photo-

dissolution of PbS increases with increasing HA as judged by the 24 hour concentrations of 

mobilised Pb, which indicates that adsorbed HA does not scavenge photoholes from PbS. 

Contrary to Pb mobilisation in circumneutral HA solutions, the presence of the organic 

inhibits Pb dissolution at pH 4 (Figure 6.9b). In the absence of HA, Pb mobilisation in 

darkness at pH 4 has been attributed to proton promoted dissolution and, to a lesser extent, 
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oxidative dissolution. Hence the inhibited Pb mobilisation in darkness at pH 4 in the 

presence of HA (Figure 6.9b) suggests that surface chelates impede the adsorption of protons 

and oxygen onto active Pb dissolution sites. However, it has been established that surface 

complexation of low molecular weight ligands did not influence the proton promoted 

dissolution of A1203  (Furrer and Stumm, 1986). This may also apply for macromolecules 

such as HA. However, considering that each HA molecule can complex to more than one 

surface site, it raises the question: Do surface chelates reduce proton promoted dissolution, 

particularly at high aqueous concentrations of HA? Irrespective of whether or not HA 

surface complexes impede adsorption of protons, the strong complexation of Pb by HA 

should favour ligand enhanced dissolution of PbS as indicated by results at pH 6. If proton-

and ligand-promoted dissolutions are independent parallel reactions, then Pb mobilisation in 

acidic solutions should be enhanced in the presence of HA. However clearly this is not the 

case as seen in Figure 6.9b. 

it is known that surface chelates of salicylate, phthalate, citrate and succinate at pH < 5 can 

get protonated and opened (Furrer and Stumm, 1986). This changes the chelate to a 

monodentate surface complex (reaction 6.23a), which has little or no catalytic effect on 

mineral dissolution (Furrer and Stumm, 1986). Protonation of Pb-HA surface chelates would 

explain the non-enhancement of Pb mobilisation in acidic HA solutions. Whereas the 

resulting monodentate surface complexes would impede proton and oxidative dissolution. 

However, these processes would commence if HA desorbs from OC (reaction 6.23b). Thus 

the kinetics of proton promoted and oxidative dissolution would be slower than that in the 

absence of HA. This may explain the inhibition in Pb dissolution at pH 4 in the presence of 

HA (Figure 6.9b). Reaction 6.23c may also mobilise Pb, similar reactions have been 

proposed by Ronngren and co-workers (1991; 1994) as well as Sun et at. (1991a). Moreover 

Sun et al. (1991b) showed that reaction 6.23d occurred in solutions at 4.5 pH 7, but was 

complete at pH :!~ 4. Hence Pb mobilisation described by reaction 6.23d would be more likely 

in solutions at pH 6. Similar ion exchange reactions have been reported for ZnS (Ronngren 

et al., 1991) and may contribute to Zn mobilisation at pH 6. 
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The stepwise decrease in Pb concentration in the presence of HA indicates mobilised Pb is 

not maintained in solution at pH 4 (Figure 6.9b). This may indicate that aqueous Pb-HA 

complexes may also be unstable in acidic conditions; dissociation will allow Pb2  to 

participate in exchange reactions. However, this may not be a likely scenario considering 

that there is no corresponding enhancement in Zn and Cd mobilisation, in darkness, at pH 4 

in the presence of HA (Figure 6.8b and 6.12b). Adsorption of mobilised Pb onto HA colloids 

or formation of insoluble complexes may partly explain the reduction in the concentration of 

dissolved Pb in the presence of HA at pH 4. An increase in colloidal and insoluble 

complexes is expected as the concentration of HA increases. A corresponding increase in Pb 

sequestered by solid phase HA would also be expected. These would be filtered out of 

solution thereby giving a lower than expected concentration of Pb mobilised from OC as 

depicted in Figure 6.9b. 

The mobilisation of Pb in acidic solutions under illumination is also inhibited in the presence 

of HA (Figure 6.9b). This may be attributed to the same modes of inhibition discussed above 

for Pb mobilisation in darkness. Similar to mobilisation at pH 6, the concentration of 

dissolved Pb at pH 4 in the presence of HA is greater in darkness than under illumination 

(Figure 6.9). This may indicate the added light energy facilitates the dissociation of Pb-HA 

complexes. The released Pb2  can participate in exchange reactions, which are facilitated 

under illumination. Moreover, light may also promote the readsorption of Pb-HA complexes 

onto OC or formation of OC-HA-Pb ternary complexes as speculated above for Pb 

mobilisation at pH 6. With the exception of 10 mg L, it is noted that the difference between 

24 hour concentrations of Pb mobilised in darkness and under light decreases with increasing 

HA concentration (Figure 6.9b). This may indicate the presence of solid HA at pH 4 controls 

the fate of mobilised Pb irrespective of light conditions. 
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With the exception of 10mg L' HA, the 24 hour concentration of Pb mobilised under light 

at pH 4 varies inversely proportionally to the HA concentration (Figure 6.9b). This is 

contrary to photo-dissolution of PbS at pH 6. It is known that photoholes are better oxidants 

at lower pH. Thus photo-oxidative dissolution of PbS should be enhanced at pH 4. However, 

the inhibition of PbS dissolution observed in Figure 6.9b indicates that adsorbed HA 

scavenge photoholes. Hence more HA would be oxidised at pH 4 relative to that at pH 6. 

This may partly explain the lower absorbance of HA at pH 4 compared to corresponding 

solutions at pH 6 (Figure 6.6). Moreover the HA may also compete with PbS for light 

energy. 

The concentration of dissolved Fe in the presence of H A at p H 6 1 s illustrated in Figure 

6. 10a. It can clearly be seen that Fe is a component of HA, which masks any effects that HA 

has on Fe mobilisation from OC. Hence, unlike the other metals, the concentration of 

dissolved Fe are not expressed relative to the amount of OC exposed (Figure 6.10). With the 

exception of 5 mg U' HA, the concentration of dissolved Fe in the presence of 10,20 and 40 

mg U' I-IA at pH 6 remains relatively constant throughout the experiment (Figure 6.10a). 

This is reminiscent of the behaviour of HA at pH 6 (Figure 6.6a). The correlation indicates 

that the Fe impurities of HA remain complexed by the organic when it is dissolved in 

solution. This is not surprising considering that HA has a high affinity for Fe. Kemdorff and 

Schnitzer (1980) observed the following order of sorption on HA at pH 5.8: Fe = Pb = Cu> 

Cd > Zn. If Fe remains complexed in HA in solution, then dissolved Fe can be used to trace 

the aqueous behaviour of HA. Hence the gradual decline in Fe in the presence of 5 mg U' 

HA indicates that the organic a dsorbs onto the OC. This c oncurs with the c orresponding 

SIMS carbon depth profile of OC exposed to 5 mg U' HA (Figure 6.7a). Unfortunately there 

are no supporting UV-visible measurements (Figure 6.6a). Moreover, the relatively constant 

concentration of dissolved Fe in 10, 20 and 40 mg L' HA solutions supports the theory that 

only a small amount of HA becomes adsorbed onto OC at any one time. The slight increase 

in mobilised Fe in the presence of 20 and 40 mg U' HA may indicate ligand enhanced 

dissolution of Fe-bearing sulfides of OC (Figure 6.10a). 

It must be noted that the Fe component of HA must be ferric rather than ferrous. The former 

is a hard metal and thus would form stable complexes with the hard oxygen donor atoms of 

HA. In contrast HA form less stable complexes with ferrous ion (Stevenson, 1994 and 

references therein), which is softer. Hence ligand enhanced dissolution of FeS2  and CuFeS2  

may not be very important with regard to Fe mobilisation. However, results of this study 

cannot confirm this as the concentration of Fe impurities in HA overshadow the 
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concentration of Fe mobilised from OC. Ferric ion impurities of HA can potentially enhance 

the oxidative dissolution of metal sulfides. However, the inhibited dissolution of ZnS, CdS 

and PbS discussed above indicate that ferric catalysed dissolution of sulfide minerals in the 

presence of HA is not very important. This may be attributed to the fact that ferric ion 

remains bound to HA, which apparently reduces the redox potential of Fe". Similar results 

were reported for pyrite oxidation in the presence of Fe(III)-chelators (Sasaki et al., 1995 a; 

Peiffer and Stubert, 1999). 

The correlation between dissolved Fe and HA is also observed at pH 4 (Figures 6.6b and 

6.1ob). However, it can be seen that the concentration of Fe at pH 4 is lower than that in 

corresponding H A solutions at pH 6. This is contrary to Fe mobilisation from OC in the 

absence of HA, which increases as the pH decreases (Figure 6.10). Hence the results suggest 

that the solubility of HA decreases on going from pH 6 to pH 4. This supports the earlier 

observations that colloids and/or precipitates are present in mobilisation experiments and are 

filtered out of solution or become adsorbed onto OC. At pH 4, it can be seen that the 24 hour 

concentrations of Fe in the absence of HA is similar to that in the presence of 5 mg U1  HA 

(Figure 6.10b). This may indicate that HA has little effect on Fe mobilisation as speculated 

above for solutions at pH 6. However, this may be attributed to the lower solubility of HA at 

pH 4 and may not completely rule out ligand enhanced dissolution of Fe-bearing sulfides at 

pH 6. That is the difference between concentrations of Fe mobilised at pH 6 and 4, in 

corresponding HA solutions, may be attributed to formation of HA colloids/precipitates at 

pH 4 and ligand enhanced dissolution of FeS2  and CuFeS2  at pH 6. 

The proton promoted and oxidative dissolution of FeS, and CuFeS2  accounts for the 

mobilisation of Fe at pH 4 in the absence of HA (Figure 6.10b). Although concentration of 

Fe in acidic HA solutions remain largely unchanged, there are slight increases in the 

concentration of dissolved Fe during the course of the experiment (Figure 6.10b). This may 

be attributed to surface protonation that leads to proton promoted and oxidative dissolution 

of the Fe-bearing sulfide minerals. However ligand enhanced dissolution cannot be excluded. 

In any case these dissolution processes are only responsible for a minute amount of dissolved 

Fe. In the absence of HA, the concentration of Fe under light is marginally greater than that 

in darkness. This reflects the semiconductor nature of FeS2  and CuFeS2. However, the 

positive deviation of the light Fe dissolution curve from the dark one in the presence of 5 and 

10 mg L HA may indicate adsorbed HA enhances the photo-oxidative dissolution of FeS2  

and CuFeS2  (Figure 6.1ob). The greater reactivity of photoholes at pH 4 may explain why a 

similar enhancement was not observed at pH 6. 
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Although it is difficult to identify the effect of HA on Fe mobilisation from CuFeS2  and 

FeS2, it can clearly be seen that HA greatly enhances Cu dissolution at pH 6 (Figure 6.1la). 

The enhanced Cu mobilisation in darkness (Figure 6.1 Ia) is attributed to formation of 

bidentate, mononuclear complexes that facilitate the surface controlled dissolution of CuFeS2  

(reaction 6.24). A corresponding release of the Fe component of CuFeS2  may also be 

expected, but would be limited as discussed above, but this is not clearly observed owing to 

the relatively high concentration of Fe impurities of HA. 

The presence of HA not only facilitates dissolution of Cu at pH 6 it also keeps the metal in 

solution (Figure 6.1 la). Iii the absence of HA, Cu is rapidly removed from solution. 

However this is reduced in the presence of 5 mg U1  HA, which is attributed to aqueous Cu-

HA complexes. These include complexes formed in solution and those desorbed from the 

OC surface following ligand enhanced dissolution. At HA concentrations greater than or 

equal to 10 mg U', Cu mobilisation is further enhanced and the removal of dissolved Cu is 

no longer apparent. The increased HA concentration would correspond to greater 

complexation of Cu, which outweigh processes that remove dissolved Cu. 

MCu—OH + HO4 fast + H20 + H 
S HO—H umic Acid S 0—Humic Acid 

Mononuclear bidentate 
surface complex 

slow  

S 0—C 
u— 

S 0—Humic Acid 

Aqueous 
complex 

6.24 

It is known that Cu has a great tendency to be removed from solution by participating in 

exchange reactions. Moreover the very low concentration of Cu mobilised in the absence of 

HA at pH 6 has been attributed to formation of Cu hydrolysis products that readsorb onto 

OC and/or precipitate out of solution. Figure 6.1 Ia clearly shows complexation to HA 

increases the solubility of Cu. Moreover the high stability of Cu-HA complexes, formed in 

solution and those desorbed from the OC surface, would impede exchange reactions 

involving dissolved Cu; similar to that discussed above for Pb. This would further contribute 

to the inhibited Zn and Cd mobilisation in the presence of HA (Figures 6.8a and 6.12a). 
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Davis et al. (1994a) showed dissolved Cu could rapidly displace Fe from FeS at pH 7. 

However the exchange reaction was strongly inhibited by Cu complexation with EDTA for 

Cu:EDTA molar ratios of 1:1 and 1:0.5 (Davis et al., 1994a). This is in agreement with the 

results of this study. In contrast, Park and Huang (1989b) showed that exchange between 

dissolved Cu and CdS, over a pH range of 3 to 10, was not greatly affected when exposed to 

EDTA and phthalic acid at concentrations equivalent to added Cu. However, when Park and 

Huang (1989b) increased the EDTA:Cu(II) ratio to 5:1 they noticed a reduction in the 

amount of Cu(II) ions removed, which was attributed to competition between EDTA and its 

complexes for the unexchanged CdS sites (Park and Huang, 1989b). This is envisaged for 

the system studied owing to the large number of oxygen containing functional groups of HA. 

Mobilised Cu and Pb that is not complexed by HA may displace lattice bound Zn and Cd, 

however the efficiency of exchange reactions in the presence of HA may be lowered due to 

competition between HA and Cu as well as Pb for ZnS and CdS surface sites. This 

competition was also postulated by Park and Huang (1989b) for the reduction in CdS 

dissolution in the presence of dissolved Cu and phthalic acid. 

When Park and Huang (1989b) added Cu and EDTA in equimolar amounts, the exchange 

reaction between dissolved Cu and CdS was not greatly affected, which suggested that the 

breakage of Cu-EDTA complexes occurred in conjunction with the exchange reaction. This 

may occur in the system studied considering the absorbance of HA at pH 6 changed very 

little throughout the experiment (Figure 6.6a), which indicates negligible change in the 

aqueous concentration of HA. However, Figure 6.1 la suggests exchange between Cu" and 

lattice bound metals would be a minor reaction. In addition, considering the presence of HA 

lowers the mobilisation of Zn and Cd (Figure 6.8a and 6.12a) it may be likely that the 

dissociation of the Cu-HA and Pb-HA bonds are limiting reactions that reduce the overall 

kinetics of exchange reactions. This concurs with the stability constants for HA-metal 

complexes where Cu > Pb >> Cd > Zn (Stevenson, 1977). Park and Huang (1989b) also 

acknowledged that Cu ions may carry EDTA through the ion exchange process, but was 

believed to be less important than the mode involving the dissociation of the Cu-EDTA. If 

this does occur in the system studied then it would also be a minor reaction pathway, 

considering that the aqueous concentration of HA remains relatively constant throughout the 

experiment. Moreover the bulkiness of HA would not favour such a process. 

In the absence of HA, the concentration of mobilised Cu at pH 6 under illumination is less 

than that in darkness (Figure 6.1 Ia). This has been attributed to an increase in the efficiency 

of exchange reactions under light (section 4.3.2). In the presence of 5 mg L' HA, the photo-

dissolution of Cu is superimposed on the dark dissolution curve. This supports the 
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proposition that complexation by HA impedes exchange reactions involving dissolved Cu. 

At HA concentrations greater than or equal to 10 mg L', the mobilisation of Cu under 

illumination exceeds that in darkness. This reflects the semiconductor nature of CuFeS2, 

which has not previously been observed at pH 6 owing to rapid removal of Cu by exchange 

reactions that are facilitated under light as well as adsorption of hydrolysed Cu. The increase 

in photo-oxidative dissolution of CuFeS2  in the presence of HA is attributed to the presence 

of bidentate, mononuclear surface chelates that polarises Cu-S bonds. This increases the 

electron density of the lattice sulfur atom, making it more susceptible to oxidation by 

photoholes. This concept was also proposed by Davis et al. (1995) for the photo-oxidative 

dissolution of CdS in the presence of complexing agents. Figure 6.11a shows that the 

enhancement in Cu mobilisation under illumination increases as the HA concentration 

increases from 10 to 20 mg U' HA. This appears to be due to an increase in the 

concentration of active surface complexes. Although Cu mobilisation in presence of 40 mg 

U' HA is also greater under illumination, the enhancement is not as great as observed for 20 

mg L'. This may indicate that OC is saturated with HA as illustrated in Figure 6.7a. 

Adsorption of HA may be greater than a monolayer when the aqueous HA concentration is 

greater than 20 mg U', which may compete with CuFeS2  for light energy. HA 

photosensitised production of singlet oxygen may also contribute to the enhanced Cu 

dissolution under light. This is examined in section 6.3.5. 

The mobilisation of Cu at pH 4 in the presence of HA does not resemble trends observed at 

pH 6 (Figure 6.11). In fact HA does not have much effect, except at 40 mg U'. With the 

exception at 6 hours, Cu mobilisation in darkness in the absence of HA resembles Cu 

mobilisation in the presence of 5 and 20 mg U' HA (Figure 6.1 Ib). The non-enhancement in 

Cu mobilisation indicates that surface chelates are protonated and opened. The resulting 

monodentate surface complex is known to be inert with regard to promoting dissolution 

(Furrer and Stumm, 1986). Hence proton-promoted and oxidative dissolution, rather than 

ligand enhanced dissolution, are the predominant processes responsible for Cu mobilisation 

in darkness at pH 4 in the presence of 5 and 20 mg U' HA. This is supported by the 

similarity of 24 hour concentrations of mobilised Cu in the presence of 0, 5 and 20 mg U' 

HA. The 24 hour concentration of Cu mobilised in the presence of 10 mg U' HA is lower 

than that of 0, 5 and 20 mg U' but is within the error limits, which is also true for the entire 

Cu mobilisation over 24 hours (Figure 6.11 b). This may be attributed to heterogeneity of the 

OC. Further increase in HA concentration to 40 mg U' leads to enhanced Cu mobilisation. It 

appears that ligand enhanced dissolution of CuFeS2  in the presence of 40 mg U' HA 

outweighs the protonation of surface chelates. 
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The lower concentration of Cu mobilised in darkness at pH 4, between 2 and 24 hours, in the 

presence of 5-20 mg U' HA compared to that in the absence of HA may indicate that HA 

competes with protons and oxygen for active Cu dissolution sites (Figure 6.1lb). Despite the 

reduced kinetics of Cu mobilisation in the presence of HA, the linear dissolution indicates 

complexation by HA keeps mobilised Cu in solution. In contrast, Cu mobilisation in the 

absence of HA plateaus towards the end of the experiment, which is indicative of exchange 

reactions involving dissolved Cu. Extensive Cu removal by readsorption and precipitation of 

hydrolysis products are less likely at pH 4. 

In contrast to Cu mobilisation at pH 6 under light, the photo-oxidative dissolution of CuFeS2  

is not enhanced in the presence of 5-20 mg U' HA at pH 4, rather it resembles Cu 

mobilisation in darkness (Figure 6.1lb). This indicates that proton promoted and oxidative 

dissolution also govern Cu mobilisation under illumination. The results support the 

proposition that protonation of surface chelates reduces ligand enhanced dissolution, owing 

to the formation of non-active monodentate surface complexes. Under illumination these 

complexes would not enhance the photo-oxidative dissolution of CuFeS2, as Cu-S bonds 

would not be greatly polarised. However, it appears that these complexes may scavenge 

photoholes, considering the similarity between Cu mobilisation under light and darkness in 

the presence of < 20 mg L 1  HA (Figure 6.1 Ib). However, the enhancement in the photo-

dissolution of CuFeS2  in the presence of 40 mg U' suggests that photohole scavenging may 

be a minor process. This indicates that protonation of surface chelates is responsible for the 

non-enhancement in Cu mobilisation under illumination in the presence of HA at 

concentrations < 20 mg C. It should be mentioned Cu mobilisation at pH 4 in the presence 

of 10 mg U' HA under light is greater than that in darkness (Figure 6.11b). This was 

attributed to heterogeneity, but may indicate HA enhances CuFeS2  photo-oxidation. 

The enhancement in Cu mobilisation at pH 4 in the presence of 40 mg U' HA indicates that 

not all surface chelates are protonated (Figure 6.1 Ib). Despite the enhancement in the photo-

dissolution of CuFeS2  in the presence of 40 mg U' HA, the concentration of mobilised Cu 

under illumination is less than the corresponding mobilisation of Cu in darkness (Figure 

6.1 lb). This trend is similar to Cu mobilisation in the absence of HA and may indicate that 

not all mobilised Cu is complexed by HA and can undergo exchange reactions, which are 

more efficient under light. This is particularly noticeable for Cu mobilisation under light in 

the absence of HA. Hence Cu-HA complexes, formed in solution and those that desorb from 

OC, preclude exchange reactions that remove Cu from solution. Light induced readsorption 

of Cu-HA onto OC or formation of ternary complexes may also lower dissolved Cu relative 

to that in darkness. 
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The order of Cu mobilisation, in the presence of 40 mg U' HA, under illumination and in 

darkness at pH 4 is opposite to that at pH 6 (Figure 6.11). This may be attributed to the 

molecular characteristics of HA. That is the enhanced photo-dissolution of CuFeS2  at pH 6 

may be attributed to the presence of flexible, linear polyelectrolytes that are able to adsorb 

onto CuFeS2  to promote photo-oxidative dissolution. At pH 4 HA partly exists as rigid, 

uncharged colloids and/or precipitates. The adsorption of these HA species onto CuFeS2  

would be less than their polyelectrolyte counterparts. Hence the enhancement in Cu 

mobilisation by photo-oxidative dissolution would be reduced at pH 4 compared to pH 6 

(Figure 6.11). Moreover, reduction in Cu mobilisation at pH 4 under light relative to that in 

darkness (Figure 6.1lb) may suggest that HA colloids and/or precipitates interfere with 

proton promoted and oxidative dissolution of CuFeS2. Light may also facilitate Cu2+  

adsorption onto solid phase HA and/or formation of insoluble Cu-HA complexes, which 

would be filtered out of solution. Hence the apparent lower concentration of mobilised Cu 

under illumination. 

Contrary to the mobilisation of Zn, Cd and Pb at pH 4, Cu mobilisation is not inhibited in the 

presence of HA. This may reflect the ability of HA to form strong complexes with Cu, which 

are stronger than those of Zn, Cd and Pb. The range of HA effects on the mobilisation of Zn, 

Cd, Pb and Cu at pH 6 also reflect the order of stability of HA-metal complexes: Cu> Pb>> 

Cd > Zn, determined by Stevenson (1977). This order has also been observed by other 

researchers (Stevenson, 1994 and references therein). The HSAB principle may further 

explain the diverse effects of HA on the mobilisation of metals from OC at pH 6. It is known 

that divalent Cu, Pb, Cd and Zn are not true hard or soft metals rather they are borderline. 

The soft characteristics of these borderline metals increase in the order Zn 21 >> Cd 21 > Cu2  

> Pb2  (Ross, 1994a and references therein). Hence the inhibition of Zn and Cd mobilisation 

may be related to their inability to form strong complexes with the hard oxygen donors of 

HA. However, it appears that formation of stable surface complexes involves a combination 

of hard and soft donors otherwise Pb mobilisation would be enhanced as much as Cu 

(Figures 6.9a and 6.11 a). Studies have shown that Cu binding to fulvic acid may involve four 

oxygen atoms or two oxygen and two nitrogen atoms (Weber, 1988 and references therein). 

Other studies have shown that two main metal binding sites exist in HA (Alberts and Giesy, 

1983 and references therein; Weber, 1988 and references therein). Alberts and Giesy (1983) 

showed that Pb was preferentially bound by the stronger of the two sites, whereas Cu was 

bound by both sites. This may also explain why HA had the greatest influence on Cu 

mobilisation. Stevenson (1994) also acknowledged CU21  can form complex with hard and 

soft donor, thus it is able to coordinate with all active groups present in HA. The Zn  21  is 
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relatively softer than Cu2  and is only expected to form stable b onds with N or S donor 

groups (Stevenson, 1994). The results in Figures 6.8-6.12 may illustrate the selective nature 

of divalent cations for specific reactive sites in HA. Stevenson (1994) has claimed 

"insufficient attention has been given thus far to the selective nature of divalent cations for 

specific reactive sites in humic and fulvic acids". 

6.3.3 Role of Light in HA Mediated Mobilisation of Metals 

Humic acid with concentration of 10 mg L1  was selected to investigate the effect of light on 

the mobilisation of metals from OC in the presence of HA. Ten mg U' HA was chosen, as 

this concentration appeared to be a threshold for Cu and Pb mobilisation from OC in the 

presence of the organic. Although 20 and 40 mg L' HA could have been employed, 10 mg 

U' was selected as the inhibitory effect of HA on Zn and Cd mobilisation was minimised. 

These additional experiments were also performed at pH 6 to avoid the effects of HA 

colloids and/or insoluble complexes. Figures 6.14-6.18 illustrate the effect of light intensity 

on the mobilisation of metals from OC in the presence of HA. Moreover, corresponding 

metal mobilisation in the absence and presence of HA are presented along side each other, to 

help distinguish light reactions involving HA from photo-oxidative dissolution of 

semiconductor metal sulfides. 

In the a bsence o f H A, the s emiconducting properties of Z nS and C dS are exemplified in 

Figures 6.14 and 6.18, respectively. The concentration of mobilised Zn and Cd increases 

with increasing light intensity, which has been attributed to an increase in photoholes 

(section 4.3.3) and thus more efficient photo-oxidation. The light sensitive nature of ZnS and 

CdS are also exhibited in the presence of 10 mg U' HA, despite the overall inhibition 

compared to parallel experiments performed in the absence of HA. In contrast to photo-

oxidative dissolution of ZnS and CdS in the absence of HA, there is no increase in Zn and 

Cd mobilisation in HA solutions when the light intensity is increased from 1000 to 2000 tM 

m 2  s' (Figures 6.14 and 6.18). In fact the mobilisation of Zn in HA solution illuminated with 

2000 .tM rn 2  s' is slightly less than that illuminated with 1000 VLM m 2  s' (Figure 6.14). 

This is also true for Cd (Figure 6.18) and indicates HA inhibits the photo-dissolution of ZnS 

and CdS. A comparison of parallel light experiments performed in the absence and presence 

of HA shows the inhibited photo-dissolution of ZnS and CdS in HA solution increases as 

light intensity increases from 1000 to 2000 jiM m 2  s' (Figures 6.14 and 6.18). These results 

indicate that aqueous and/or adsorbed HA competes with ZnS and CdS for light absorption. 
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Figure 6.14 The effect of light intensity on the mobilisation of Zn from OC in the 
presence of 0 and 10 mg U' HA (D, L & 2L = 0, 1000 & 2000 jiM m 2  s, 
0.001 M KNO3, 25°C, pH 6, moc: 0.27 g, SAoc: 0.58 m). 
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Figure 6.15 The effect of light intensity on the mobilisation of Pb from OC in the 
presence of 0 and 10 mg U' HA (D, L & 2L = 0, 1000 & 2000 jiM m 2  s, 
0.001 M KNO3, 25°C, pH 6, m0 : 0.27 g, SA0 : 0.58 m2). 
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Figure 6.16 The effect of light intensity on the mobilisation of Fe from OC in the 

presence of 0 and 10 rng U' HA (D, L & 2L = 0, 1000 & 2000 M m 2  s ', 

0.001 M KNO3, 25°C, pH 6, mOe : 0.27 g, SAo(,: 0.58 m2). 
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Figure 6.17 The effect of light intensity on the mobilisation of Cu from OC in the 
presence of 0 and 10 mg L' HA (D, L & 2L = 0, 1000 & 2000 iM m 2  s', 
0.001 M KNO3, 25°C, pH 6, moc: 0.27 g, SAo(;: 0.58 m2). 
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Figure 6.18 The effect of light intensity on the mobilisation of Cd from OC in the 
presence of 0 and 10 mg U' HA (D, L & 2L = 0, 1000 & 2000 jiM m 2  s, 

0.001 M KNO3, 25°C, pH 6, moc:  0.27 g, SAoc: 0.58 m2). 

The increase in inhibition of ZnS and CdS photo-dissolution in HA solution with increasing 

light intensity (Figures 6.14 and 6.18) may also suggest scavenging of photoholes by HA 

becomes more efficient as the light intensity increases. This indicates a corresponding 

increase in HA adsorption. Figure 6.7b shows that the adsorption of 10 mg L1  HA increases 

under 1000 iM m 2  s compared to that in darkness. Although SIMS carbon depth profile 

was not performed on OC exposed to 10 mg L' HA and 2000 jM rn 2  s, it is believed that 

the increase in light intensity results in greater HA adsorption onto OC. This proposition is 

supported by Figure 6.16, which shows a decrease in Fe concentration under 1000 jiM m 2  s 1  

compared to that in darkness. There is a further smaller decrease in Fe concentration as the 

light intensity is increased from 1000 to 2000 jiM m 2 The correlation between Fe and 

HA, discussed in the previous section, indicates that there is a slight increase in HA 

adsorption onto OC when the light intensity increases from 1000 to 2000 jiM m 2  s'. This is 

in agreement with Jong (1996), who observed an increase in HA adsorption onto metal 

sulfides under light compared to that in darkness. Hence an increase in the concentration of 

surface complexes, and thus an increase in photohole scavenging, may explain the greater 

inhibition in the photo-dissolution of ZnS and CdS as the light intensity increases (Figures 

6.14 and 6.18). 
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In the absence of HA, the concentration of mobilised Pb within the first 6 hours decreases 

with increasing light intensity (Figure 6.15). This may be partly attributed to increased 

adsorption of hydrolysis products and more efficient exchange reactions as the light intensity 

is increased. However, irrespective of light intensity the same equilibrium concentration is 

attained at reaction times greater than 6 hours. A completely different equilibrium for Pb 

mobilisation in darkness is established in the presence of HA, which is lowered when 

illuminated with 1000 M m 2  s '. In the previous section, this was attributed to non-

complexed Pb undergoing exchange reactions. This is supported by corresponding increases 

in Zn and Cd mobilisation as the light intensity is increased from 0 to 1000 M m 2  s 

(Figure 6.14 and 6.18). However no such increase in Zn and Cd mobilisation is observed as 

the light intensity is increased from 1000 to 2000 iM m 2  s'. Hence exchange reactions 

alone cannot justify the reduction in the equilibrium concentration o f m obilised Pb when 

illuminated with 2000 tM m 2  5 ' . The greater adsorption of HA onto OC at 2000 iM m 2  s1  

will increase the competition between HA and PbS for light energy and/or photoholes, 

thereby reducing the photo-oxidative dissolution of PbS. The increased light energy may also 

facilitate readsorption of Pb-HA complexes onto OC. Another possibility is that not all 

mobilised Pb is complexed by aqueous HA, but may form ternary complexes with HA 

adsorbed onto OC. These complexes may be responsible for the new equilibrium in the 

presence ofHA. The observed trend in Pb mobilisation in illuminated HA solutions also 

support the proposition that Pb-HA complexes are not stable under light. Following 

dissociation of Pb-HA complexes, dissolved Pb may be involved in exchange reactions 

and/or formation of ternary complexes. 

In the absence of HA, the amount of dissolved Cu decreases with increasing light intensity 

(Figure 6.17). This is attributed to more efficient exchange reactions due to the added light 

energy. Copper mobilisation in darkness increases in the presence of HA, which has been 

attributed to ligand enhanced dissolution. The resulting Cu-HA complexes clearly impede 

the removal of Cu, which illustrates the stability of Cu-HA complexes. The further increase 

in Cu mobilisation in HA solutions illuminated with 1000 jiM m 2  s reflects the 

semiconductor nature of CuFeS2. The enhanced photo-dissolution of CuFeS2  is attributed to 

bidentate, mononuclear Cu-HA surface chelates, which polarise Cu-S bonds and makes 

lattice sulfur more susceptible to oxidation by photoholes. This would concomitantly 

increase the mobilisation of Cu from CuFeS2  compared to that in darkness. Davis et al. 

(1995) have also postulated this mechanism for the enhanced photo-oxidative dissolution of 

CdS in the presence of aromatic organic acids. The greater adsorption of HA under 2000 jiM 
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m 2  s would correspond to an increase in the concentration of bidentate, mononuclear Cu-

HA complexes that further enhance Cu mobilisation as illustrated in Figure 6.17. 

It has been speculated that the inhibition in Zn and Cd mobilisation from OC under 

illumination is due to H A c onsuming p hotoholes. In c ontrast, a dsorption o f H A onto 0 C 

promotes Cu mobilisation under illumination. The difference may be attributed to the mode 

of surface complexation at surface sites. Bidentate, mononuclear surface chelates are 

believed to be responsible for enhanced Cu mobilisation. However, these complexes may not 

form with Zn and Cd owing to the lower stability of humic complexes with these metals. 

Moreover, it was postulated that multinuclear surface chelates were partly responsible for the 

inhibition in Zn and Cd mobilisation in darkness. These surface complexes may further 

inhibit Zn and Cd mobilisation under light by consuming photoholes. Moreover, in order for 

charge transfer to occur, the energy level of the aqueous species must fluctuate to the same 

energy as the conduction or valence band in the solid (Osseo-Asare, 1992). The type of 

charge transfer depends on the energy levels of cb (ECb) and vb (Eb) relative to the energy 

levels of the redox couple (Erd, E0 ). Hole exchange occurs if E0  is closer to Eb than Eb 

(0sseo-Asare, 1992). Hence E0  for HA may be closer to E,b for ZnS and CdS than CuFeS-,. 

Although photoholes generated by CuFeS2  are not consumed by HA, they would not directly 

react with CuFeS2  owing to its band gap been less than 0.66 eV (see section 4.3.1). Instead, 

photo-oxidation of CuFeS2  may be due to 0H and II202, generated from reaction of 

photoholes with water molecules (equations 4.6 and 4.7) adsorbed on the surface of CuFeS2. 

Static photosensitised production of singlet oxygen and other oxygen photo-intermediates by 

HA adsorbed onto CuFeS2  may also contribute to greater Cu mobilisation under light. 

4.6 

20W —* H202 4.7 

6.3.4 Role of Oxygen in HA Mediated Mobilisation of Metals 

The effect of oxygen on the dissolution of metal sulfides in the presence of HA is illustrated 

in Figures 6.19-6.23. In the absence of HA it can clearly be seen that oxygen is very 

important in the mobilisation of Zn and Cd (Figures 6.19 and 6.23). This may be attributed to 

the oxidative dissolution of ZnS and CdS as well as exchange reactions involving dissolved 

Pb mobilised by oxidative dissolution of PbS. The mobilisation of Zn and Cd in anoxic HA 

solutions are comparable to p arallel experiments p erformed in the absence of the organic 
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(Figures 6.19 and 6.23). This indicates that HA does not enhance ZnS and CdS dissolution. 

The results also reveal that oxidative dissolution and exchange reactions are the predominant 

processes responsible for the mobilisation of Zn and Cd in oxic solutions, irrespective of the 

presence of HA. Hence the reduced concentration of mobilised Zn and Cd in oxic HA 

solutions compared to corresponding solutions in the absence of HA indicates that the 

organic impedes proton and oxygen adsorption required for oxidative dissolution. Moreover, 

the inhibited Zn and Cd mobilisation may also be due to non-active HA surface complexes 

that hinder exchange reactions involving dissolved Pb. Rather than reacting with ZnS and 

CdS, the mobilised Pb may be bound by adsorbed HA to form ternary complexes. 

The greater photo-dissolution of Zn in oxic HA solution compared to that in corresponding 

anoxic solutions may illustrate the potential of HA to photosensitise highly reactive oxygen 

species (Figure 6.19). However, this may only be attributed to photo-oxidative dissolution of 

ZnS. It is interesting to note that the 24 hour dissolved Zn concentration, in 10 mg U1  HA 

solutions, increases by 14.63 VLM  m 2  OC under illumination when oxygen is present, 

compared to 11.46 jiM m 2  OC in darkness (Figure 6.19). Hence the difference of 3.17 jiM 

m 2  OC may be attributed to photo-oxidative dissolution of ZnS. However a similar treatment 

of data in the absence of HA only yields an increase of 1.63 jiM m 2  OC under illumination. 

Hence the greater increase in Zn mobilisation under illumination in the presence of HA may 

illustrate the ability of HA to generate highly reactive oxygen species such as singlet oxygen 

and hydroxyl radicals that will oxidise ZnS in addition to photo-oxidative dissolution. 

Photosensitised oxidation of CdS also appears to occur in the presence of HA. Photo-

oxidation increases the concentration of dissolved Cd by 27.38 jiM m 2  OC compared to 

25.39 jiM m 2  OC for oxidative dissolution (Figure 6.23). Hence illumination enhances Cd 

mobilisation by 1.99 jiM m 2  OC. This is meagre compared to an increase in dissolved Cd of 

5.34 jiM m 2  OC in HA solutions under light. Clearly HA photosensitised oxidation of metal 

sulfides is able to enhance mobilisation of Zn and Cd. However, the effects of such processes 

are greatly overwhelmed by the adsorption of HA onto OC that appears to block Zn and Cd 

dissolution sites from oxidant attack. 
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Figure 6.19 The effect of various light and oxygen conditions on Zn mobilisation from 
OC in the presence of 0 and 10 mg U' HA (D & L = 0 & 1000 pM m 2  s', N 
= <10/11 02, 0.001 M KNO3, 25°C, pH 6, mOC : 0.27 g, SAoc: 0.58 m). 
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Figure 6.20 The effect of various light and oxygen conditions on Pb mobilisation from 
OC in the presence of 0 and 10 mg U' HA (D & L = 0 & 1000 tM m 2  s ', N 
= <1% 02,  0.001 M KNO3, 25°C, pH 6, moc: 0.27 g, SAoc: 0.58 m2). 
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Figure 6.21 The effect of various light and oxygen conditions on Fe mobilisation from 

OC in the presence of 0 and 10 mg U' HA (D & L = 0 & 1000 .tM m 2  s, N 
= <1% 02,  0.001 M KNO3, 25°C, pH 6, moc: 0.27 g, SAoc: 0.58 m2). 
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Figure 6.22 The effect of various light and oxygen conditions on Cu mobilisation from 

OC in the presence of 0 and 10 mg U' HA (D & L = 0 & 1000 p.M m 2  s ', N 
= <10/1) 02, 0.001 M KNO3, 25°C, pH 6, moc: 0.27 g, SAoc: 0.58 m2). 
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Figure 6.23 The effect of various light and oxygen conditions on Cd mobilisation from 
OC in the presence of 0 and 10 mg L' HA (D & L = 0 & 1000 tM m 2  s, N 
= <1% 02,  0.00 1 M KNO3, 25°C, pH 6, moc: 0.27 g, SAoc: 0.58 m2). 

In the absence of HA, the mobilisation of Zn in anoxic solutions is greater under illumination 

(Figure 6.19). This has been attributed to the production of oxygen at the 

semiconductor/water interface (reaction 4.39). However, the photo-dissolution of ZnS in 

anoxic solution is reduced when HA is present (Figure 6.19). This supports the proposition 

that adsorbed I-IA scavenges photoholes or competes for light absorption, as discussed 

above. It is noted that mobilisation of Zn in anoxic HA solutions is greater under 

illumination than in darkness. This may illustrate the ability of HA to generate highly 

reactive oxygen species such as hydroxyl radicals (equation 6.21). The similarity in Zn 

mobilisation in dark, anoxic solutions in the presence and absence of HA illustrates the 

inability of HA to increase Zn mobilisation by ligand enhanced dissolution. 

2H20 + 4h —> 02+ 4H 4.39 

+ H'70 
HS* --> HS > HSH' + 0H 6.21 

In contrast to Zn, the presence of HA increases the dissolution of Pb in anoxic solutions 

(Figure 6.20). This is expected owing to the affinity of Pb for the hard oxygen donor atoms 

of HA. The cumulative effects of oxidative dissolution and ligand enhanced dissolution 

305 



Chapter 6 Influence of Iluinic Acid on Metal Mobilisation 

further increases the mobilisation of Pb in oxic HA solutions (Figure 6.20). Under 

illumination, the concentration of mobilised Pb after 24 hours is 8.01 .iM m 2  OC greater in 

oxic than anoxic HA solutions compared to a difference of 6.14 iM m 2  OC in darkness 

(Figure 6.20). Although illumination yields less dissolved Pb than in darkness, the relatively 

greater enhancement in Pb mobilisation in oxic HA solutions under light supports the 

occurrence of HA photosensitised oxidation of PbS. 

A comparison of Pb mobilisation in oxic and anoxic HA solutions indicate that oxidative 

dissolution o f P bS is secondary to 1 igand enhanced dissolution (Figure 6.20). It has been 

shown that PbS dissolution is more susceptible to proton promoted dissolution than oxidative 

dissolution. The mechanism for proton promoted dissolution and ligand promoted 

dissolution are similar, in that they both polarise inter-atomic bonds that facilitate surface 

controlled dissolution. Hence it is not surprising that ligand enhanced dissolution also has a 

greater influence on Pb mobilisation than oxidative dissolution. 

The enhanced Cu mobilisation in anoxic HA solutions compared to that in the absence of the 

organic illustrates the ability of HA to form surface chelates with Cu and thus enhance its 

mobilisation (Figure 6.22). Illumination further increases Cu mobilisation in anoxic HA 

solutions, which reflects the semiconductor properties of CuFeS2. It can be seen that Cu 

mobilisation is further enhanced in oxic HA solutions which is more pronounced under 

illumination. This illustrates the m obilisation o f Cu in o xic H A solutions in darkness not 

only involves ligand enhanced dissolution but also oxidative dissolution. Figure 6.22 shows 

the enhancement in Cu mobilisation in oxic HA solutions compared to anoxic solutions is 

greater under illumination than in darkness. This indicates that oxygen is involved in photo-

reactions that promote Cu mobilisation. This may be attributed to the enhanced photo-

oxidative dissolution of CuFeS2  due to the presence of HA surface chelates. However the 

photochemistry of HA may also be partly responsible for the enhanced mobilisation of Cu 

under illumination; possibly due to highly reactive oxygen species generated by irradiated 

HA. 

It is known that excited triplet states of HA are quenched back to ground state by dioxygen, 

which concomitantly produces highly reactive oxygen species (Zepp, 1988). These include 

singlet oxygen (reaction 6.17) and superoxide ions (reaction 6.18), which can be converted 

to hydrogen peroxide. Singlet oxygen is a more potent oxidant than its triplet state and is also 

a highly selective oxidant; reacting rapidly only with electron-rich compounds such as 

furans, certain olefins, polycyclic aromatic hydrocarbons, sulfides, amines and phenolate 

ions. 
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3HS*+ 302 >'HS+02 6.17 

3H5* + 02 —* HS + 02. 6.18 

A number of studies (I1iev and Ileva, 1995; Spiller et al., 1996; They et al., 1997; lucy et al., 

1999; Iliev et al., 2000) have shown that photosensitised singlet oxygen is capable of 

oxidising aqueous sulfur compounds. It is believed that singlet oxygen, photosensitised by 

HA, can also oxidise sulfide particles and is believed to be partly responsible for the 

enhanced mobilisation of Zn, Cd, Pb and, particularly, Cu under illumination. It has been 

reported that singlet oxygen only has a reactive path length of 100 nm, owing to a half life of 

about 3 [is, before it is quenched back to ground state by water (Lindig and Rodgers, 1979; 

Frimmel, 1994; Stumm and Morgan, 1996). Hence it is believed that HA adsorbed onto the 

OC p hotosensitises singlet oxygen v icinal to the 0 C surface. It i s envisaged that H A are 

anchored onto OC by forming monodentate surface complexes to Zn and Cd sites, which 

brings light reactive moieties of HA closer to non-complexed Cu and Pb dissolution sites. 

Moreover, singlet oxygen can also react with ZnS and CdS, but Figures 6.19 and 6.23 

indicate that this is a minor reaction pathway compared to that for CuFeS2. Kamat and 

Vinodgopal (1994) have also shown that I ,3-diphenyhisobenzofuran adsorbed on the surface 

of a composite semiconductor (Zn0/Ti02) was able to photosensitise singlet oxygen. 

In addition to transferring energy to dioxygen, excited photosensitisers adsorbed onto 

semiconductors can be quenched by electron transfer (analogous to reaction 6.16) to the 

semiconductor. Direct charge transfer between Suwannee River fulvic and semiconductors 

has been observed by Vinodgopal and Kamat (1994). Fischer et al. (1987) observed the 

photo-reduction of methylviologen in the presence of humic substances. This probably 

involved static photosensitisation, whereby methylviologen sorbed to humic substances 

accepted an electron from a nearby chromophore (Zepp, 1988). It is believed that adsorbed 

HA can sensitise the metal sulfide semiconductors. The injection of electrons into the 

semiconductor would increase the electron density of lattice sulfur thereby making it more 

susceptible to reaction with photoholes. This would promote the mobilisation of the metal 

constituent of the semiconductor. It is known that strong adsorption of the photosensitiser on 

the semiconductor is a prerequisite for quenching of excited photosensitisers by direct charge 

transfer (Vinodgopal and Kamat, 1994). Hence this may explain the enhanced Cu 

mobilisation in anoxic HA solutions under illumination compared to that in darkness (Figure 

6.22). In oxic conditions, reaction with oxygen as well as charge transfer may quench excited 

photosensitisers (Kamat and Vinodgopal, 1994). Hence the greater photo-dissolution of 
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CuFeS2  in oxic HA solutions (Figures 6.17 and 6.22) may be a combination of enhanced 

photo-oxidative dissolution due to surface chelates, charge injection and reaction with singlet 

oxygen. 

HS* > [HS 
+ H20 

+ e] > HS + e 6.16 

6.3.5 Detection of HA Photosensitised Oxygen Species 

A number of experiments were performed to identify highly reactive oxygen species 

photosensitised by HA that can potentially enhance the oxidative dissolution of metal 

sulfides. The first experiment re-examined the affect of 10 mg L HA on the mobilisation of 

metals from OC under illumination in heavy water (D)0). A parallel experiment was also 

performed in H20. The results shown in Table 6.8 reveal metal mobilisation is greater in 

D20 than H20. This indicates the presence of singlet oxygen (102)  as heavy water prolongs 

the lifetime of this short lived photo-intermediate (Bilski et al., 1997). The greater 

concentration of dissolved metal in D20 show singlet oxygen is a more potent oxidant than 

its triplet state and is able to react rapidly with sulfides bound in minerals. 

Table 6.8 The 24 hour concentrations of metals mobilised under illumination in 10 
mg L' HA solutions. 

Metal Concentration of mobilised metals 
mobilised (Zn, Pb: tM m 2  OC; Cu, Cd: nM m 2  OC & Fe: jiM) 

D70 H20 

Zn 95.45 76.48 
Pb 3733 34.77 
Fe 2.15 2.11 
Cu 331.41 298.35 
Cd 96.45 87.39 

Moses et al. (1987) suggested that dissolved oxygen was an unlikely oxidant of FeS2  because 

oxygen is paramagnetic, whereas FeS2  is diamagnetic. However, adsorbed oxygen could be 

activated to a diamagnetic electronic configuration. Luther (1987) showed that dissolved 

oxygen could react with FeS2, but only slowly. It is known that ZnS, PbS and CdS are also 

diamagnetic (Vaughan and Craig, 1978) therefore reactions of oxygen with these sulfide 

minerals may also be slow. Becker and Hochella (1996) also stated reaction of galena with 

oxygen would be spin restricted. In contrast, reactions of 02  with ZnS, PbS, FeS2  and CdS 

components of OC are expected to be faster than those with triplet state oxygen because 02 
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is diamagnetic (Figure 6.3), reacts rapidly with sulfides and is a more potent oxidant than its 

ground state. This is reflected in Table 6.8. The similarity of the dissolved Fe concentrations 

is attributed to the Fe impurities of HA (Table 6.8). 

Additional light experiments were performed in 10 mg U' HA solutions at pH 6 in the 

presence of histidine, which is a well known probe for 102  (Brezonik, 1994). The results are 

illustrated in Figures 6.24a-6.28a. The direct affect of histidine on metal mobilisation was 

also investigated in the absence of HA and is shown in Figures 6.24b-6.28b. If 1 02  

contributed to the enhanced photo-dissolution of CuFeS2  in HA solutions then the presence 

of histidine should reduce Cu mobilisation. However, Figure 6.27a shows that the 

concentration of dissolved Cu in HA solution increases with increasing histidine 

concentration. Although aqueous studies have employed histidine as a singlet oxygen 

scavenger it is clearly not a suitable probe for singlet oxygen in the heterogeneous system of 

this study. It is apparent that histidine is able to form surface complexes that promote Cu as 

well as Pb mobilisation (Figures 6.25a and 6.27a). However, these surface complexes inhibit 

Zn and Cd mobilisation (Figures 6.24a and 6.28a); this inhibition increases with increasing 

histidine concentration. 

In the absence of HA, it is clear that histidine does promote the mobilisation of Cu and Pb 

(Figures 6.25b and 6.27b), which increases with increasing histidine concentration. However 

an inverse relationship exists between the concentrations of histidine and mobilised Zn and 

Cd (Figures 6.24b and 6.28b). These trends were also observed for metal mobilisation in the 

presence of various humic acid concentrations (Figures 6.8, 6.9, 6.11 and 6.12). Figure 6.29 

shows histidine possesses both oxygen and nitrogen ligating atoms. Hence this supports the 

proposition that the enhancement of Cu mobilisation in HA solutions is attributed to the 

ability of Cu to bind to hard oxygen donors and relatively softer nitrogen donor atoms. 
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Figure 6.24 Effect of various concentrations of histidine (His) on the mobilisation of Zn 
from OC under light in the (a) presence and (b) absence of 10 mg U1  HA 
(0.001 M KNO3, 25°C, pH 6, 1000 tM m 2  s, m01: 0.27 g, SA0 : 0.58 m2). 
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Figure 6.25 Effect of various concentrations of histidine (His) on the mobilisation of Pb 
from OC under light in the (a) presence and (b) absence of 10 mg U' HA 
(0.001 M KNO3, 25°C, pH 6, 1000 p.M m 2 5 1, moc:  0.27 g, SAoc: 0.58 m2). 
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Figure 6.27 Effect of various concentrations of histidine (His) on the mobilisation of Cu 
from OC under light in the (a) presence and (b) absence of 10 mg U' HA 
(0.001 M KNO3, 25°C, pH 6, 1000 tM m2 1,  mOC : 0.27 g, SAoc: 0.58 m2). 
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Figure 6.28 Effect of various concentrations of histidine (His) on the mobilisation of Cd 
from OC under light in the (a) presence and (b) absence of 10 mg U1  HA 
(0.001 M KNO3, 25°C, pH 6, 1000 tM m 2  s, m0( : 0.27 g, SAoc: 0.58 m). 
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Figure 6.29 Molecular structure of histidine. 

It is known that metals with intermediate hardness prefer amino groups (Table 6.4) (Ross, 

I 994a and references therein). Hence the presence of histidine should also promote Zn and 

Cd mobilisation. However, Figures 6.24b and 6.28b illustrate that this is clearly not the case. 

In contrast, histidine enhances Pb mobilisation (Figure 6.25b). Although Pb2  is an 

intermediate acceptor like Zn2  and Cd2 , it has relatively harder characteristics (Ross, I994a 

and references therein). This indicates the carboxylic acid group is the more important metal 

binding site of histidine. This is also true for HA but hydroxyl groups are also important. 

Histidine enhances Cu mobilisation to a greater extent compared to Pb (Figures 6.25b and 

6.27b). This substantiates the proposition that Cu interacts favourably with both oxygen and 

nitrogen donor atoms, whereas Pb prefers oxygen atoms. Figure 6.26b shows that histidine 

can enhance the Fe mobilisation. This may also be true in HA solutions, but the Fe content of 

HA masks any effects that the organic has on Fe mobilisation from OC (Figure 6.26a). 

Irrespective of whether histidine enhances or inhibits metal mobilisation, it can be seen that 

metal mobilisation is greater in histidine solutions (Figures 6.24b-6.28b) than in 

corresponding mixed histidine-HA solutions (Figure 6.24a-6.28a). This supports the 

proposition that competition between different ligands for active sites has an inhibitory effect 

on dissolution. 

Photo-irradiation of 10 mg U' HA in the presence of an iodonietric reagent was also used to 

detect the production of '02. These experiments were performed in the absence of OC and 

the results are illustrated in Figure 6.30. 

The photosensitised production of 'O was indirectly detected by monitoring the production 

of triiodide, which is proportional to the production of 102  (Mosinger and Mosinger, 1995). 

The production of triiodide was followed spectrophotometrically by detecting the increase in 

absorbance at 355 nrn. This procedure for detecting '02  was adapted from Mosinger and 

Mosinger (1995) and is based on the reaction of 02 with iodide in circumneutral solutions 

by the mechanism outlined in reactions 6.25-6.29. 
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Figure 6.30 Effect of light and oxygen on the formation of triiodide in the presence of 

10mg U' HA (pH 6.2, 25°C, 1000 p.M m 2 s 1 , IKH2PO41 = 0.2 M, FlU] = 0.12 

M, [(NH4)6Mo7024] = 10 p.M). 

PS0  + hv - 'PS excitation by light 6.25 

'PS --> 3PS intersystern crossing 6.26 

PS + 02 —* PS0  + 02 ('Ag) energy transfer 6.27 

(PS0, 'PS and 3PS denote a photosensitiser in ground, singlet and triplet excited states, 

respectively). 

02 ('Ag) + F _> 100 
H20 

> I00H 6.28 

HOOI + F — H0012 12 + H07 
F 
' 

HO

-  > l-, + H702  + OW 6.29 

Figure 6.30 iJiustrates that relatively little if any triiodide is produced in dark, oxic solutions; 

the results also show that HA is not contaminated with oxidant. However, the increase in 

absorbance of the oxic solution under light indicates the production of '02. The relatively 

unchanged absorbance of the anoxic solution under light indicates that HA photo-sensitised 

oxygen species is responsible for the production of triiodide (Figure 6.30). It is worth noting 

that triiodide continued to be produced in the oxic solution after the lamp was switched off, 

this cannot be attributed to singlet oxygen as it has a half life of about 3 micro-seconds 

(Frimmel, 1994; Stumm and Morgan, 1996). Rather, longer lived species such as superoxide 
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anion and hydrogen peroxide may be responsible for the production of triiodide in darkness. 

Hence singlet oxygen, superoxide anion and hydrogen peroxide may be involved in the 

enhanced Cu mobilisation under light. 

Three additional experiments were performed in oxic HA solutions under illumination to 

detect superoxide anion and hydrogen peroxide. Firstly ammonium molybdate was omitted 

from the iodometric reagent. This chemical catalyses reaction 6.30, the iodine product can 

then react with iodide to yield triiodide (reaction 6.31). Although ammonium molybdate 

catalyses reaction 6.30, its use was recommended by Mosinger and Mosinger (1995) as the 

chemical accelerates the dark reaction and thus reduces variations in iodometric 

measurements. Figure 6.3 1 shows that rate of triiodide production decreases in the absence 

of ammonium molybdate. This indicates that singlet oxygen and hydrogen peroxide are 

responsible for the rapid production of triiodide in the presence of ammonium molybdate. 

The presence of the latter is also indicated by the continued increase in absorbance in 

darkness for experiments performed in the absence and presence of ammonium molybdate 

(Figure 6.31). The fact that the dark reaction is virtually stopped when catalase is added 

(Figure 6.31) verifies the presence of hydrogen peroxide and/or peroxide compounds 

(Mosinger and Mosinger, 1995). This hydrogen peroxide may be the by-product that is 

generated from the oxidation of iodide by singlet oxygen (reaction 6.29). However, it is 

known that superoxide (reaction 6.18) and hydrogen peroxide (reactions 6.32 and 6.33) can 

be sensitised by HA. 

H202  + 21-  + 2H + 17 +2H70 6.30 

12+1I3 6.31 

3  HS* + 3o2 _* HS+O2 6.18 

+ H'20 
HS* - HS > HSH' + 0F1 6.21 

202  + 2H — H702  + 02 6.32 

20H <—> H202 6.33 
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Figure 6.31 Identifying oxygen species responsible for the production of triiodide in 
oxic (0) 10 mg I]' HA solutions under illumination (L) by omitting 
ammonium molybdate (-MoO) or adding KI and catalase (Cat) in darkness 
(D) after switching off lamp (pH 6.2, 25°C, 1000 tM m 2  s ', IKII2PO41 = 0.2 
M, [KI] = 0.12 M, [(NH4)6Mo70241 = 10 tM). 

To distinguish photosensitised hydrogen peroxide from by-products of triiodide formation, 

the light and oxic experiment was repeated. However, this time KI was not added until after 

the lamp was switched off. The increase in triiodide absorbance is attributed to hydrogen 

peroxide and possibly superoxide anion that are longer lived than singlet oxygen (Figure 

6.3 1). Hence a mixture of singlet oxygen, hydrogen peroxide and superoxide anion appear to 

be photosensitised by HA. These may be partly responsible for the enhanced photo-

dissolution of sulfide minerals, particularly CuFeS, in oxic HA solutions as discussed 

above. Hydroxyl radicals (equation 6.21) may also enhance metal mobilisation under 

illumination. It should be mentioned that complexation of Cu2  and Fe2  by HA can decrease 

the photosensitising properties of HA, which is attributed to static quenching of HA excited 

states (Lang et al., 1997). Hence HA complexation of Cu and Fe mobilised from OC can 

reduce its ability to photosensitise oxygen photo-intermediates. The more metal ions bound 

to HA the less photosensitising activity (Lang et al., 1997). Results in the previous sections 

showed increases in Cu mobilisation in the presence of HA under illumination, which 

suggests that the photosensitising property of HA is not greatly affected. This indicates only 

a small percentage of HA binding sites are occupied by metals. 

318 



Chapter 6 Influence of [Iu,nic Acid on Metal Mobilisation 

The results above indicate Aldrich HA is able to photosensitise oxygen photo-intermediates. 

This has also been observed by Aguer and co-workers (1996 and references therein; 1997). 

Zepp et al. (1981) showed that soil-derived and commercial humic substances generated the 

same photoproducts. This supports the use of Aldrich HA to study the photo-oxidation of 

sulfide minerals. 

6.4 Conclusion 

The results of this chapter illustrated that HA greatly influenced the mobilisation of metals 

from metal sulfides. At pH 6, HA had a range of effects on the release of metals from the 

mixed metal sulfide OC that appeared to be governed by the different affinities of HA for 

metals and the relative stability of metal-HA complexes. The enhanced mobilisation of Pb 

and, in particular, Cu in the presence of HA was attributed to the fact that the organic 

preferentially bound Cu and Pb over Zn and Cd. Moreover, HA could form strong bidentate, 

mononuclear complexes with Cu and Pb, which facilitated surface controlled dissolution of 

these metals. In contrast, Zn and Cd were not preferentially bound by HA in the mixed metal 

system and would form relatively weaker complexes with HA than Pb and Cu. Hence Zn and 

Cd mobilisation was not enhanced, in fact the release of these metals were inhibited in the 

presence of HA. This was attributed to the formation of non-active bidentate, binuclear 

surface complexes, which impeded oxidative dissolution, hydrogen bonding and competitive 

adsorption of the different functional groups of HA. The latter was supported by the lower 

concentration of mobilised metals in histidine solutions when HA was present compared to 

the absence of the organic macromolecule. 

The inhibited mobilisation of Zn and Cd were more pronounced at pH 4 than in 

circumneutral solutions. In addition to the modes of inhibition at pH 6, the formation of 

insoluble complexes and adsorption of dissolved Zn and Cd onto solid phase HA might also 

lower the concentration of mobilised Zn and Cd when the reaction solution was filtered. 

Contrary to trends observed at pH 6, Pb mobilisation was inhibited at pH 4. This inhibition 

increased with increasing humic acid concentration, which was partly attributed to the 

formation of insoluble complexes and adsorption of metals onto solid HA. However, it was 

speculated that the Pb-HA complexes that kept Pb in solution at pH 6 were not as stable at 

pH 4. Following dissociation of Pb-HA complexes, Pb was removed from solution by 

exchange reactions and formation of ternary complexes on the OC surface. Copper 

mobilisation was not inhibited at pH 4, but the enhancement was not as great as observed at 

pH 6. This might illustrate the protonation of HA surface chelates. 
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At pH 6, when the concentration of HA was varied, the enhancement in Cu and Pb 

mobilisation increased with increasing HA. In contrast the inhibition in Zn and Cd 

mobilisation increased with increasing HA. This trend was observed in experiments 

performed under light and in darkness. In darkness, adsorption of HA either resulted in 

ligand enhanced dissolution or inhibition of oxidative dissolution or exchange reactions. 

Under light these surface complexes might also promote oxidative dissolution of metal 

sulfides by polarising metal-sulfur bonds or scavenge photoholes and thereby inhibited the 

photo-oxidative dissolution of metal sulfides. In addition to photo-oxidative dissolution, 

photosensitised singlet oxygen, hydroxyl radicals, hydrogen peroxide and superoxide anions 

might also contribute to metal sulfide dissolution. Mobilisation experiments in heavy water 

indicated the presence of singlet oxygen. This photo-intermediate was also identified using 

iodometric measurements, which also suggested that longer lived hydrogen peroxide and 

superoxide anions were photosensitised. It was believed that these highly reactive oxygen 

species contributed to the great enhancement in Cu mobilisation in oxic HA solutions under 

illumination compared to that in darkness. Moreover, the strong adsorption of HA to 

surfacial Cu would favour direct charge injection from HA to semiconducting CuFeS2  under 

illumination. This also could potentially enhance Cu mobilisation under illumination. 

320 



Chapter 7 

Conclusion 



Chapter 7 Conclusion 

Chapter 7 Conclusion 

To date, environmental investigations of sulfide mineral oxidation have extensively 

examined individual metal sulfides. These have focused on pyrite oxidation owing to its 

geochemical importance and because pyrite may serve as a model system for all sulfide 

mineral oxidation (Rimstidt et al., 1994). However, it has been shown that pyrite cannot be 

used as a proxy for other sulfide minerals when studying the details of sulfide mineral 

oxidation (Rimstidt et al., 1994). The results of this study also indicate research performed 

with individual minerals may not be extrapolated to a mixed metal sulfide system, where 

metal sulfide exchange reactions and galvanic interactions may influence the reactivity of 

sulfide minerals. Greater investigation of heterogeneous metal sulfides may improve our 

knowledge of processes concerned with mixed metal sulfides in nature, such as 

remobilisation of metals from anoxic sediments. Increased study into the release of metals 

from a mixed metal sulfide system may also help improve selective leaching 

hydrometallurgical processes for multi-mineral complex sulfide ores, or help develop new 

methods. This will become increasingly important as non-complex deposits become 

exhausted. 

Chapter 2 

The results presented in Chapter 2 showed the importance of surface sites in the mobilisation 

of metals from the mixed metal sulfide ore concentrate. The relatively linear mobilisation for 

Zn, Fe, Cu and Cd in oxic and anoxic solutions at pH 2 indicated a surface controlled 

mechanism. For Zn, Fe and Cd mobilisation in oxic and anoxic solutions, this was further 

supported by concentration of mobilised metal varying proportionally to the OC surface area 

exposed. Mobilisation of Cu in oxic solutions also increased with increasing OC surface 

area. However an inverse relationship between dissolved Cu and OC surface area was 

observed in anoxic solutions. This was attributed to exchange reactions involving dissolved 

Cu (equation 2.10), which were more apparent in anoxic solutions owing to the reduction in 

Cu mobilisation in the absence of oxygen. Equation 2.10 would also occur in oxic solutions 

and was revealed by normalising dissolved Cu to per unit area of OC exposed. Normalised 

data for Zn and Cd mobilisation also showed that interfacial reactions also influenced the 

fate of dissolved Zn and Cd in anoxic solutions. However, this was not so evident in oxic 

solutions where mobilisation processes outweighed the removal of dissolved metals. 

Actually, the normalised dissolution curves for Zn and Cd in oxic solutions were relatively 
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consistent. This indicated steady state conditions prevailed during surface controlled 

mobilisation of Zn and Cd in acidic, oxic solution. 

MS(S) + Cu2  —> CUS(S) + M2 2.10 

M = Fe, Zn, Cd, Pb 

In contrast to the other metals, the trend in Pb mobilisation was hyperbolic rather than linear. 

This suggested a diffusion controlled mechanism was responsible for Pb mobilisation from 

OC. It was shown that the data for Pb mobilisation in oxic and anoxic solutions could be 

fitted to the parabolic rate law used to describe diffusion controlled dissolution. Although, Pb 

dissolution from OC fitted the parabolic rate law the shape might not have any mechanistic 

significance. A linear plot of dissolved Pb concentration after 96 hours against OC surface 

area elucidated the importance of surface sites. The combined results indicated a mixed 

transport-surface controlled mobilisation of Pb from OC. Moreover, the curvature of Pb 

dissolution might also indicate the occurrence of interfacial reactions, such as equation 2.11. 

Interfacial reactions were also postulated to be responsible for the inverse relationship 

between anoxic Cu mobilisation and OC surface area. This trend was also seen in the 

normalised data for dissolved Zn, Pb, Cu and Cd. The greater release of Zn from OC as 

compared to pure ZnS indicated exchange reactions, impurities and galvanic interactions 

enhanced metal mobilisation from a mixed metal sulfide ore concentrate. 

MS(S)  + Pb2  -> PbS(s)  + M2 2.11 

M = Fe, Zn, Cd 

Proton promoted dissolution rendered metals soluble in anoxic solutions at pH 2. The release 

of Zn, Cu and Cd from OC were further enhanced in aerated solutions by oxidative 

dissolution. However, the mobilisation of Pb and Fe were mostly driven by proton promoted 

dissolution irrespective of oxygen conditions. This was attributed to diamagnetism of PbS 

and FeS2. A possible reaction scheme that could explain the effect of oxygen and protons on 

metal sulfide dissolution is shown in Figure 7.1. Adsorption of oxygen onto the protonated 

metal sulfide surface leads to the release of thiosulfate (Figure 7.1), which has been 

identified as a common intermediate in the oxidation of pyrite and sphalerite (Moses et al., 

1987). Following the release of metals, oxygen may again adsorb onto the new protonated 

surface to propagate the oxidative dissolution. A similar reaction mechanism to the one 

illustrated in Figure 7.1 may apply to disulfide minerals. 
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EMS—H 
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0 02 

SMS—H  
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0/1 slow 
+ 02 + H20 

SMS—H 

>  
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+ s2032-  

SM-0H2  

2H 

SH 

Im 

0 + 2M2  + 2H20 

0 SH 

Figure 7.1 Reaction scheme for the oxidative dissolution of metal sulfides. (Adapted 
from Goldhaber (1983), Rönngren et at. (1991) and Sun et al. (1991a)). 

Chapter 3 

Calculations of apparent activation energies indicated the mobilisation of Zn, Fe and Cd 

from OC in acidic solutions involved a chemical limiting step. This verified the surface 

controlled mechanism identified in Chapter 2. Moreover, the pH dependence of the 

mobilisation of Zn, Fe and Cd indicated that surface protonation was important in the release 

of metals. Proton promoted dissolution of metal sulfides (reaction 3.5) would be likely in 

strongly acidic solutions. In mildly acidic to neutral solutions, ion exchange involving 

protons might also mobilise metals from OC (analogous to equation 1.41). Apparent 

activation energies for the initial release of Pb in acidic solutions suggested a surface 

controlled process. However as the reaction progressed a reduction in the apparent activation 

energy indicated the rate limiting step converted to diffusion controlled. Hence the overall 

mobilisation of Pb appeared to be controlled by a mixture of transport and surface controlled 

processes as postulated in Chapter 2. According to the pH dependence of Pb mobilisation, it 

appeared that proton promoted dissolution was more important than oxidative dissolution. 

This was supported by the similarity of Ea 
 App. for Pb mobilisation in acidic, oxic and anoxic 

solutions. It was not possible to obtain rate data and activation energies to corroborate the 

proposition that Cu mobilisation was surface controlled due to the effects of interfacial 

reactions. Nonetheless, the linearity of Cu mobilisation over time supported a chemical 

controlled rate limiting step. 

MS(S)  + 2H —> M2  + H2S 3.5 
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SPb +2H <- SH2  + Pb2 1.41 

Chapter 4 

The photo-reactivity of sulfide mineral constituents of OC was demonstrated in this chapter. 

The results generally showed the lower the solution pH the greater the effect of light on the 

mobilisation of metals from semiconducting sulfide minerals. The mobilisation of Zn, Fe and 

Cd under illumination increased with decreasing pH, due to the greater oxidising property of 

photoholes and increased surface protonation. At pH 2, Pb and Cu mobilisation were greater 

under illumination than in darkness. However at higher pH values the concentration of 

dissolved Pb and Cu were greater under darkness. This was attributed to dissolved Pb and Cu 

participating i n exchange reactions with metal s ulfides o f greater s olubility than P bS and 

CuS. The enhancement in Zn, Fe and Cd mobilisations under light were greater than that for 

Pb and Cu. This was attributed to the band gap energies of ZnS, FeS2  and CdS being greater 

than 0.66 eV. Semiconductors with band gap greater than 0.66 eV are more likely to undergo 

hole decomposition during electrochemical oxidation. 

The importance of oxygen in the photo-dissolution of light sensitive metal sulfides was 

observed. Photo-oxidative dissolution of metal sulfide semiconductors has been described by 

equations 4.12-4.15 (Hsieh and Huang, 1989; Tang and Huang, 1995). The enhancement in 

metal mobilisation by light might be direct as in photo-oxidative dissolution of the respective 

semiconducting metal sulfides, or indirectly by photosensitive exchange reactions. The 

importance of light was further illustrated by studies involving different light intensities. The 

mobilisation of Zn and Cd in solutions at pH 3 increased with increasing light intensity. This 

was attributed to an increase in the concentration of photoholes. The concentration of 

dissolved Pb at pH 3 was not affected very much by changes to light intensity. This was 

attributed to the p hotosensitive e xchange reactions that i nvolved d issolved Pb. Only light 

intensity of 2000 iM m 2  s1  had a pronounced effect on Pb and Fe mobilisation at pH 3. In 

contrast, increased light intensity apparently facilitated the removal of dissolved Cu. The 

effect of light intensity on metal mobilisation was more difficult to identify at pH 6 owing to 

reduced photo-dissolution, solubility limitations, formation of hydrolysis products of metals 

and their adsorption onto OC. 
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MS(S) + 2H4  —> MSH72 (S) 4.12 

MSH72 () MSH22 (S)(e7h) 4.13 

MSH22 ()(e7h) + 02 - MSH22 ' 202(S)(e7h) 4.14 

MSH22 • 202(S)(e7h) > M2 aq  + S042 (aq)  + 2}JF 4.15 

Chapter 5 

The importance of Fe(III) species on the mobilisation of metals from sulfide minerals was 

examined in this chapter. The reaction rates and reaction orders for Fe(III) were different for 

the mobilisation of Zn, Pb, Cu and Cd from OC at pH 2. Rimstidt et al. (1994) also showed 

that a ctivation energies, reaction rates and reaction orders for the reaction of F e(III) w ith 

galena, sphalerite and chalcopyrite varied substantially from mineral to mineral. This 

indicated the reaction mechanism for sulfide mineral oxidation is not universal. The results 

of this study concur with the conclusion of Rimstidt et al. (1994): The details of the SMO 

reaction mechanism differ among the various sulfide minerals. Moreover, the fact that the 

reaction orders in Fe(III) for the mobilisation of Zn, Pb and Cu from OC were not the same 

as those determined for individual sphalerite, galena and chalcopyrite indicated additional 

processes occurred in a mixed metal sulfide system. These include interfacial reactions and 

galvanic interactions that need to be considered when studying the oxidation of sulfide 

minerals in the environment; such as in anoxic sediments where they are more likely to occur 

as a composite of sulfide minerals rather than single phases. 

The reaction scheme in Figure 1.12 was proposed by Moses and co-workers (1987; 1991) to 

describe pyrite oxidation by Fe(III). Thiosulfate is a common intermediate in the oxidation 

of pyrite and sphalerite. This may suggest that a mechanism similar to the one outlined in 

Figure 1.12 may apply to monosulfide minerals (Moses et al., 1987). Further hydroxyl 

transfer from the hydration sphere of Fe(III) to the product in Figure 1.12b would release Fe 

and S2032 . 
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Fe + [H20 - Fe(OH)5]3  

FEW 
Fe 

weakened 

'p 
10 

e + [Fe(H20)5]2  + H 

 

IF 

Fe + S2O32  

 

Figure 1.12 Schematic of pyrite oxidation by Fe(III) (adapted from Moses and co-
workers (1987; 1991)). (a) A hydroxyl group from the hydration sphere of 
Fe(111) is transferred to a pyrite sulfur atom in exchange for an electron, 
which yields Fe(II). A sequence of hydroxyl transfer and dehydration 
reactions follow that weakens the Fe-S bond as seen in (b). Ultimately a 
nascent sulfoxy anion (thiosulfate is illustrated) is released into solution, 
where it is more stable. 

The reaction order in Fe(IIl) for the mobilisation of metals from OC were similar 

irrespective of light and dark conditions. However, reaction rates were greater under 

illumination than in darkness. This suggested adsorbed Fe(Ill) not involved in ferric 

catalysed dissolution of metals sulfides could be reduced by photoelectrons at the 

semiconductor-water interface to promote the photo-dissolution of sulfide minerals. This was 

confirmed by an increase in the enhanced photo-dissolution of metal sulfides in ferric 

solutions with increasing light intensity. The enhancement in metal mobilisation in ferric 

solutions under light might also be attributed to the production of hydroxyl radicals that were 

formed upon the photo-reduction of FeOH2  

The adsorption of FeOH2  and Fe(OH)2  onto OC greatly promoted the initial mobilisation 

of Cu from OC. This was attributed to the direct reduction of the adsorbed Fe(IIl) species 

vicinal to Cu dissolution sites. Following the initial release, enhanced Cu mobilisation was 

maintained. This was attributed to ferric catalysed dissolution, the Fe(lII) would be derived 

from the desorption of unreacted Fe(III) species from the OC surface. Ferric catalysed 

dissolution was also thought to be responsible for the elevated mobilisation of Zn and Cd 

from Fe-treated OC. However, a lag in their initial release was observed, which was 

attributed to the same Fe(IlI) surface species that enhanced Cu mobilisation. A greater 
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interaction between Cu and hydrolysis products of Fe(III) was thought to be the reason why 

Cu mobilisation was enhanced. A similar strong interaction between Pb and adsorbed Fe(III) 

species was expected. However, the mobilisation of Pb from Fe-treated OC was inhibited. 

According to H SAB theory, the interaction between Pb dissolution s ites and FeOH2  and 

Fe(OH)2  would be stronger than that with Cu sites. Mobilisation experiments showed that 

these strongly adsorbed Fe species enhanced Pb mobilisation from pure galena. The inhibited 

Pb mobilisation from OC might be due to galvanic interactions that reduce the oxidation of 

PbS in OC. Hence, the strong adsorption of FeOH2  and Fe(OH)2  at Pb dissolution sites 

would block the attack of protons and oxygen. 

Chapter 6 

The results of this chapter illustrated that HA greatly influenced the mobilisation of metals 

from metal sulfides. At pH 6, HA had a range of effects on the release of metals from the 

mixed metal sulfide OC that appeared to be governed by the different affinities of HA for 

metals and the relative stability of metal-HA complexes. The enhanced mobilisation of Pb 

and, in particular, Cu in the presence of HA were attributed to the fact that the organic 

preferentially bound Cu and Pb over Zn and Cd. Moreover, HA could form strong bidentate, 

mononuclear complexes with Cu and Pb, which facilitated surface controlled dissolution of 

these metals (reaction 6.24). In contrast, Zn and Cd were not preferentially bound by HA in 

the mixed metal system and would form relatively weaker complexes with HA than Pb and 

Cu. Hence Zn and Cd mobilisation were not enhanced, in fact the release of these metals 

were inhibited in the presence ofHA. This was attributed to the formation ofnon-active 

bidentate, binuclear surface complexes (equation 6.22), which impeded oxidative 

dissolution, hydrogen bonding and competitive adsorption of the different functional groups 

of HA. The latter was supported by the lower concentration of mobilised metals in a solution 

of histidine when HA was present compared to the absence of organic macromolecule. 
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The inhibited mobilisation of Zn and Cd were more pronounced at pH 4 than in 

circumneutral solutions. In addition to the modes of inhibition at pH 6, the formation of 

insoluble complexes and adsorption of dissolved Zn and Cd onto solid phase HA might also 

lower the concentration of mobilised Zn and Cd when the reaction solution was filtered. 

Contrary to trends observed at pH 6, Pb mobilisation was inhibited at pH 4. This inhibition 

increased with increasing humic acid concentration, which was partly attributed to the 

formation of insoluble complexes and adsorption of metals onto solid HA. However, it was 

speculated that the Pb-HA complexes that kept Pb in solution at pH 6 were not as stable at 

pH 4. Following dissociation of Pb-HA complexes, Pb was removed from solution by 

exchange reactions and formation of ternary complexes on the OC surface. Copper 

mobilisation was not inhibited at pH 4, but the enhancement was not as great as observed at 

pH 6. This might illustrate the protonation of HA surface chelates. 
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At pH 6, when the concentration of HA was varied, the enhancement in Cu and Pb 

mobilisation increased with increasing HA. In contrast the inhibition in Zn and Cd 

mobilisation increased with increasing HA. This trend was observed in experiments 

performed under light and in darkness. In darkness, adsorption of HA either resulted in 

ligand enhanced dissolution or inhibition of oxidative dissolution or exchange reactions. 

Under light these surface complexes might also promote oxidative dissolution of metal 

sulfides by polarising metal-sulfur bonds or scavenge photoholes and thereby inhibited the 

photo-oxidative dissolution of metal sulfides. In addition to photo-oxidative dissolution, 

photosensitised singlet oxygen, hydroxyl radicals, hydrogen peroxide and superoxide anions 

might also contribute to metal sulfide dissolution. Mobilisation experiments in heavy water 

indicated the presence of singlet oxygen. This photo-intermediate was also identified using 

iodometric measurements, which also suggested that longer lived hydrogen peroxide and 

superoxide anions were photosensitised. It was believed that these highly reactive oxygen 

species contributed to the great enhancement in Cu mobilisation in oxic HA solutions under 

illumination compared to that in darkness. Moreover, the strong adsorption of HA to 

surfacial Cu would favour direct charge injection from HA to semiconducting CuFeS2  under 

illumination. This also could potentially enhance Cu mobilisation under illumination. 

7.1 Future Directions 

Moses and Herman (1991) have shown the importance of Fe(II) adsorption in pyrite 

oxidation by ferric ions. Mobilisation experiments performed with Fe(III)-treated OC can be 

further investigated with Fe(II)-treated OC to ascertain whether adsorption of Fe(II) is also 

important in the oxidation of non Fe-bearing monosulfide minerals as well as CuFeS2. 

Preliminary investigations have been performed but insufficient data is available to report in 

this dissertation. To determine if adsorbed Fe(II) impedes SMO, mobilisation experiments 

with Fe(II)-treated OC can be performed at low pH to minimise oxidation of ferrous ion by 

oxygen. Experiments can also be performed in oxic and anoxic circumneutral solutions to 

ascertain if oxidation of adsorbed Fe(II) promotes metal mobilisation from OC. 

Preliminary work on the effect of various concentrations of Fe(III) and Cu(II) and various 

combinations of the two metal ions on metal mobilisation from OC was also attempted. 

These experiments were performed to ascertain if Cu mobilised from OC could reoxidise 

Fe(II) at low pH and thus perpetuate ferric catalysed dissolution of sulfide minerals. 

Unfortunately incomplete results made it impossible to report in this dissertation. 
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It was shown that the effect of HA on metal mobilisation was diverse. This study employed a 

commercial HA. However the use of such materials has received opposition owing to their 

dissimilarity with humic substances isolated from natural sources. To confirm results 

reported in this thesis, it may be worthwhile to re-examine metal mobilisation from OC with 

HA extracted from soil andlor water rather than using a commercial counterpart. 

Light experiments involving HA indicated that oxygen photo-intermediates are 

photosensitised by HA. It was believed that these oxygen species could enhance sulfide 

mineral oxidation and increase metal mobilisation. Singlet oxygen was detected indirectly by 

monitoring increase in metal mobilisation in heavy water and by lodometric measurements 

in the absence of OC. It would be interesting to directly detect and monitor photogenerated 

oxygen species during mobilisation experiments using laser flash photolysis or infrared 

phosphorescence. The behaviour of singlet oxygen could then be compared to the kinetics of 

metal mobilisation. Moreover, electron spin resonance may help identify radicals produced 

by HA upon illumination. 
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