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Abstract 

A major environmental issue in the mining industry is the acid rock drainage (ARD) produced 

when sulphidic minerals in the mine wastes are exposed to water and oxygen. The acidity of ARD 

can solubilize metals and metalloids which negatively impacts surrounding ecosystems, aquatic 

life, and human health. Pyrite is the most abundant metal sulphide and it is the main mineral that 

generates ARD from the Red Dog Mine wastes. The Red Dog Mine in Alaska, USA is an open-pit 

operation that extracts zinc and lead from a high-grade deposit. The high pyrite content of its waste 

rocks has produced a significant amount of ARD throughout the surrounding area. 

 

The main factors in the generation of acid from the Red Dog Mine wastes were investigated. The 

effect of particle size, wetting and drying cycles, elevated temperature, and type of water were 

determined using pH, solution potential, and electrical conductivity as initial indicators. It was 

found that elevated temperature, when combined with continuous shaking, was the most effective 

in expediting the onset of acid generation. The conditions for acid generation in terms of pH and 

Eh were determined. 

 

Shake flask oxidation tests were conducted to study the dissolution behaviours of lead from galena, 

zinc from sphalerite, and iron from pyrite during the initial stages of weathering of the Red Dog 

waste rock. Each metal behaved quite distinctly, with lead dissolving first, followed by zinc and 

then iron, although there was some overlap in behavior. Lead solubility was initially low and 

subsequently decreased over time which was attributed to the reduced solubility of lead at high 

sulphate concentrations. Sphalerite dissolved after galena and the zinc solubility continuously 

increased with time throughout the test. In the presence of soluble iron, the dissolution rate of 

sphalerite increased. The zinc concentration in the leachate exhibited a one-to-one correspondence 

with the sulphate content, indicating that the majority of the sulphate came from sphalerite. Iron 



iii 

was not detected in solution until about 40 days and was present at low concentrations. 

Experimental conditions and the theoretical model indicated the formation of ferrihydrite Fe(OH)3 

at shorter weathering times (and hence low sulphate concentrations) and the formation of jarosite 

(KFe3+
3(OH)6(SO4)2) at longer weathering times (and hence higher sulphate concentrations).  

 

The effectiveness of natural phosphate rock (NPR) addition for treatment of the ARD produced 

from the accelerated oxidation of the Red Dog Mine wastes was investigated using the same shake 

flask experimental conditions. Although it was found that an application rate of 20% or higher was 

sufficient to neutralize the ARD, more detailed analysis of the leachates and weathered waste rocks 

is needed to confirm if there were any reductions in metals leaching and the speciation of any 

secondary precipitates that may have formed. 
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Chapter 1 

Introduction 

Environmental issues resulting from acid mine waters can be traced back 5000 years to the peak 

mining periods of the Spanish Rio Tinto district which contained pyrite-rich wastes (Leblanc et al., 

2000).  The Industrial Revolution brought upon the expansion of regions affected by acidic waters 

as the scale of mining activities grew and new processing techniques incorporated the use of 

chemicals. Since then, there has been an improvement in the understanding of the environmental 

impacts caused by mining and processing, which led to the introduction of regulations and 

acceptance that environmental protection is equally important as metals extraction and profit 

maximization (Lottermoser, 2010). 

 

Acid mine water refers to mine waste runoff that is low in pH due to the oxidation of sulphide 

minerals. It may contain increased concentrations of dissolved metals which can be toxic to aquatic 

life. Acid rock drainage (ARD) originates from waste rocks which have been mined but not milled 

either because they are host rocks or their low grade makes them uneconomical to process (Dold, 

2010). Environmental problems such as water and soil pollution arise when ARD, which contains 

elevated metals concentrations, flow into surface and ground waters, thereby negatively impacting 

surrounding ecosystems and human health (Liu et al., 2008). The main concern with sulphidic 

metalliferous waste rocks is the acidic effluent that solubilizes possibly toxic metals and metalloids 

and mobilizes them (Moncur et al., 2009). 

 

 Pyrite (FeS2) is the most abundant sulphide mineral and contributes to most of the world’s acid 

mine waters. Its oxidation is a result of anthropogenic activities and weathering of waste rocks and 
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tailings (Moncur et al., 2009; Rimstidt & Vaughan, 2003). There are many factors that affect the 

oxidation of metal sulphides and rate of subsequent acid generation: oxygen and water fluxes, 

sulphide mineralogy, availability of neutralizing minerals, microbial activity (Dold, 2010), pH, 

temperature, oxygen content, water saturation level, Fe3+ activity, surface area relative to volume 

(Akcil & Koldas, 2006), solution potential, type and concentration of oxidants, particle size and 

pressure (Chandra & Gerson, 2010).  Solution potential and particle size have the most significant 

effect on reaction rates because the oxidation process is electrochemically controlled (Chandra & 

Gerson, 2010).  

 

The Red Dog zinc-lead deposit was the second largest zinc deposit ever discovered and ultimately 

became the largest zinc mine in the western world (Hodgson, 1988). Cominco Alaska (CAK) 

started mining the Red Dog deposit in 1989 from an open pit mine that runs along the main stem 

of the Red Dog Creek (Red Dog Operations - Fact Sheet, 2009). The site is in permafrost but rain 

and snowmelt leaches the heavy metals and brings them to the surface in many places (Giegerich, 

1986). Red Dog consists of four separate deposits: Main, Aqqaluk, Paalaaq and Qanaiyaaq.  It has 

a proven and probable reserve of 51.6 million tonnes with zinc and lead grades of 16.7% and 4.4%, 

respectively. The deposit consists of interstacked lenses made up of varying portions of sulphides, 

quartz and barite. The fine-grained sulphides of lead, zinc and iron are intimately associated with 

silica and barite (Giegerich, 1986).  The silver is found with the zinc and lead sulphides and there 

is substantial cadmium in the sphalerite. The overall iron content is low to moderate and the 

dominant gangue constituents are quartz, barite, minor shale and calcite (Hodgson, 1988). The 

sulphides, in decreasing order of abundance, are sphalerite (ZnS), pyrite (FeS2), marcasite (FeS2) 

and galena (PbS). The overall oxidation reactions are shown in Eqs. (1), (2) and (3). 
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 FeS2 + 3.5O2 + H2O → Fe2+ + 2SO4
2− + 2H+ (1) 

 ZnS + O2 + 2H2O → Zn2+ + SO4
2− + 4H+ (2) 

 PbS +  O2 + 2H2O → Pb2+ + SO4
2− + 4H+ (3) 

 

Mine wastes may contain carbonate minerals which can neutralize the acidity generated but in most 

cases, they are either absent or have been consumed. Other common minerals in mine wastes have 

slow reaction rates and poor neutralizing capacity (Jambor, 2003; Jurjovec et al., 2002). 

Neutralization is the most commonly used and studied form of ARD remediation. The acidic water 

is mixed with alkaline material in a neutralization tank (Dempsey & Jeon, 2001) with most plants 

operating with a target pH of 9-12 depending on the metals that need to be precipitated out (Waters 

et al., 2003).  

 

Another form of treatment for acid-generating sulphidic waste rocks is phosphate addition which 

has been studied using natural phosphate rock (NPR), phosporite rock, and commercial agricultural 

fertilizers. NPR addition is believed to inhibit pyrite oxidation by releasing calcium carbonate and 

phosphoric acid which react with dissolved metals to form secondary precipitates that coat the 

pyritic surface, thereby slowing down the weathering process (Kalin et al., 2003). Short-term 

laboratory leach experiments found that calcite dissolution from the phosphorite rock produced 

leachates with near-neutral pH values and limited metal mobility but only resulted in secondary 

calcium sulphates and no secondary phosphates. The addition of a water-soluble phosphate 

fertilizer formed phosphate coatings and precipitates which inhibited acid generation and metal 

release but it was effective only on finely granulated mine wastes. Long-term field trials suggested 

that phosphate stabilization is ineffective for coarsely granulated waste rocks. Sulphide oxidation 

and release of SO4 and metals were not suppressed and the leachates from the phosphate-treated 
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heaps had similar pH, Cu, Pb, and SO4 and higher Cd, Mg, Mn, Ni and Zn compared to the control 

heap (Mauric & Lottermoser, 2011). 

 

The primary objective of this thesis was to develop an improved understanding of the behaviour of 

metals during the intial stages of the oxidation of sulphidic waste rocks from Red Dog Mine.  The 

values of pH and Eh for the leachate were chosen as the preliminary indicators of the onset of acid 

rock drainage. After the conditions for acid generation were established, tests were performed in 

order to determine the zinc, iron, lead and sulphate concentrations in the leachate as a function of 

weathering time. The concentrations of these metals and sulphur in the waste rock were also 

measured. Based on these analyses, the metal behaviours were examined and compared to  

thermodynamic predictions. The secondary objective was to conduct preliminary experiments to 

determine the effectiveness of NPR addition to Red Dog Mine waste as a method of preventing or 

minimizing acid generation. 
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Chapter 2 

Literature Review 

2.1 Red Dog Mine 

Cominco Alaska (CAK) started mining the Red Dog deposit in 1989 from an open pit mine and it 

is now the world’s largest producer of zinc concentrate (Red Dog Operations - Fact Sheet, 2009). 

The deposit is at an elevation of 305 metres and the site is in permafrost. The permafrost is relatively 

fragile and can be thawed quite easily (Giegerich, 1986). Some areas such as creek bottoms and the 

site of the main waste dump have been thawed (Hodgson, 1988). Red Dog Creek runs through the 

deposit and significant heavy metal contamination caused mineral stain in the creek which led to 

the discovery of the Red Dog deposit. Rain and snowmelt leaches the heavy metals and brings them 

to the surface in many places (Giegerich, 1986).  

 

The Red Dog deposit is extracted from an open pit mine that runs along the main stem of Red Dog 

Creek (Day et al., 2000).  Two major tributaries, Middle Fork and North Fork, combine to form the 

main branch of Red Dog Creek. The South Fork was used for the tailings impoundment and it no 

longer converges with the Middle Fork. The drainage area of the Middle and South Fork of Red 

Dog Creek contain the mine facilities including the pit and creek diversion (EPA, 2006). 

 

2.1.1 Mineralization 

The Red Dog zinc-lead deposit was the second largest zinc deposit ever discovered and ultimately 

became the largest zinc mine in the western world (Hodgson, 1988). Red Dog consists of four 

separate deposits: Main, Aqqaluk, Paalaaq, and Qanaiyaaq. It has a proven and probable reserve of 
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51.6 million tonnes with a grade of 16.7% Zn and 4.4% Pb. Paalaaq has inferred resources of 13 

million tonnes with a grade of 15% Zn and 4% Pb (InfoMine Inc., 2010). The deposit consists of 

interstacked lenses made up of varying portions of sulphides, quartz, and barite. The fine-grained 

sulphides of lead, zinc, and iron are intimately associated with silica and barite (Giegerich, 1986). 

The sulphides, in decreasing order of abundance, are sphalerite (ZnS), pyrite (FeS2), marcasite 

(FeS2), and galena (PbS). The barites contain sulphide minerals, silica, and minor amounts of calcite 

(Day et al., 2000). The silver is found with the zinc and lead sulphides with substantial cadmium 

in the sphalerite. The overall iron content is low to moderate and the sulphides are generally fine-

grained. The dominant gangue constituents are quartz, barite, minor shale, and calcite (Hodgson, 

1988).  

 

A drilling program showed that joints and fractures in the rocks were filled with calcite and the 

bedrock consisted of shales in between beds of sandstone (Krzewinski et al., 1986). In 1996, 

geochemical studies of the rock and tailings were completed to develop closure plans that address 

the potential leaching of metals and acid rock drainage. Conventional geochemical characterization 

methods could not be used because of the quantities of the many different primary and secondary 

sulphide minerals in the deposit. More than 50 secondary sulphate minerals have been identified 

and include common ones like jarosite (KFe3+
3(OH)6(SO4)2), siderotil (FeSO4·5H2O), melanterite 

(FeSO4·7H2O) and anglesite (PbSO4) (Day et al., 2000).  

 

2.1.2 Waste Handling 

The majority of stream flows around the mine site occur in May to October (EPA, 2006). Red 

Dog’s location and the differences in materials require detailed consideration with respect to waste 

disposal. The waste dumps were designed such that all water draining through them would get 
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directed to and treated in the tailings pond before discharge. Overburden and weathered rock are 

stored in the Kivalina waste storage area located 3.2 kilometres south of the mill. The main waste 

storage area is located 1 kilometre east of the tailings impoundment. The site is thawed to a depth 

of 12 metres below the active layer which is accounted for in the dump design to ensure that it 

remains stable without the wasted materials refreezing. It was expected that the dump would be 21 

to 24 metres tall and extend 1.2 kilometres along the hillside after 20 years of operation (Hodgson, 

1988).  

 

The tailings dam was designed to impound 45 Mt of tailings slurry discharged from a pipeline 

running from the mill by gravity. The waste dump area is located east of the South Fork of Red 

Dog Creek upslope of the tailings dam at grades of 10-25% and averaging 15% (Krzewinski et al., 

1986). Table 1 shows the mineral composition of the material stored in the main waste stockpile at 

Red Dog. 

 

Table 1: Mineral composition of Red Dog waste rocks in the main waste stockpile (Teck 

File, 2009). 

Mineral Chemical Formula Weight (%) 

Biotite K(Mg,Fe)3AlSi3O10(OH)2 10.7 

Albite NaAlSi3O8 2.5 

Muscovite KAl3Si3O10(OH)2 2.2 

Sanidine (K,Na)(Si,Al)4O8 1.2 

Quartz SiO2 60.3 

Barite BaSO4 5.5 

Gunningite ZnSO4 0.1 

Sphalerite ZnS 0.6 

Pyrite FeS2 13.9 

Total  100.0 
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2.1.2.1 Stockpile Construction Plan 

Waste stockpiles are designed to have a 3:1 slope on their final surfaces to facilitate covers and 

reclamation efforts. A seepage collection system will be constructed at the toe of the Main aste 

stockpile with adequate clearance between the Main Pit stockpile and Red Dog Creek Diversion so 

that waste materials do not flow into the creek. Trial covers were built in 2008 on existing waste 

rock test cells in the Main Waste stockpile and on the oxide stockpile in 2008 and 2009. The 

southern half of the Main Waste stockpile underwent final construction in 2009 and the cover 

construction will be completed by 2017. The north half was completed in 2012 and covers will be 

completed by 2020. The stockpiles must undergo re-sloping prior to cover construction. After the 

covers are installed, the area will be seeded and fertilized over two years as part of reclamation 

activities. Waste rocks will be placed in the Main Pit stockpile once mining ceases. High sulphide 

waste materials from the Aqqaluk Pit will be placed below water level in the Main Pit. Red Dog 

intends to use the Main Pit stockpile until mining ceases but it may be possible to cover inactive 

areas in 2026 and cover the rest within two years of mine closure. Since the overburden stockpile 

serves as a source of material for the main waste and main pit stockpile covers, final revegetation 

activities were not planned to be implemented until 2013 or until the end of mining (SRK 

Consulting Canada Inc., 2007). 

 

2.1.2.2 Waste Rock Classification and Segregation 

Teck Cominco has recently begun to evaluate its water and rock management to control oxidation 

rates in the waste rocks thereby reducing the TDS level in the tailings impoundment. There are 

plans to segregate waste rock by its reactivity and to isolate those with the highest potential for 

reaction with oxygen and water (EPA, 2006). Table 2 shows the segregation criteria used to classify 

waste rocks at Red Dog Mine. Waste rocks from the Aqqaluk Pit have high sulphide contents which 
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makes them the most reactive. They will be placed below the final water level in the Main Pit 

stockpile. Okpikruak Shale and some Kivalina Shale will be used for the covers and Siksikpuk 

Shale will be used in the tailings dam. Rocks and overburden with low ARD and metal leaching 

potential will be used for raises of the tailings Main Dam and for the waste rock cover (SRK 

Consulting Canada Inc., 2007). 

 

Table 2: Segregation criteria for Red Dog waste rocks (SRK Consulting Canada Inc., 2007) 

Intended Use/ 

Disposal Location 
Allowable Rock Types Analytical Criteria 

Dam Construction Siksikpuk Shale Max. average blast hole assays: 

0.5% Zn 

0.5% Pb 

2.5% Fe 

 

Cover Material KivalinaShale 

Okpikruak Shale 

Max. average blast hole assays: 

(others same as above): 

Zn = 0.1% 

 

Most Reactive Waste Rock  

(below minimum water 

level or above maximum 

water level in backfilled 

Main Pit) 

 

All mineralized rock units, 

particularly the Ikalukrok 

Formation 

>6% sulphide S 

Other Waste Rock  

(unsaturated sections of 

waste rock stockpile) 

All others Unclassified 

 

2.1.2.3 Mine Waste Water Treatment 

Red Dog uses lime and sodium sulphide precipitation for its wastewater treatment. The heavy 

metals are precipitated as sulphides or hydroxides then removed by gravity clarification and sand 

filtration. The composition of the waste water’s total dissolved solids (TDS) changes from heavy 

metal sulphates to calcium sulphate as the dissolved metals are reduced. As shown in Table 4, 
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sulphate and calcium are the main ions in the effluent TDS. Calcium comes from the lime used 

during water treatment. Zinc, lead, and cadmium are removed from solution as metal hydroxides 

by mixing water from the tailings pond with lime. Sulphate concentration is roughly the same 

before and after water treatment (EPA, 2006).  

 

Mine wastewater, which consists of precipitation runoff from the exposed ore in the mine pit and 

the waste rock pile, is collected in a tailings impoundment where it comes in contact with mine 

tailings. The tailings impoundment is close to its water capacity so the mine discharges water to 

make room for new precipitation runoff that requires treatment prior to discharge (EPA, 2006). 

 

2.1.3 Mineral Dissolution and Water Quality 

Poor quality water is released from Red Dog because heavy metals naturally leach out from the 

deposit. Elevated metal sulphides result in increased TDS downstream from the discharge point 

(EPA, 2006). Metal sulphide oxidation occurs naturally and high levels of dissolved metals in Red 

Dog Creek existed even before mining began (EVS, 1983). Mining activities accelerate the 

oxidation process and although water pH varies from non-acidic to strongly acidic, it usually has 

elevated concentrations of zinc and sulphate. Dissolved metals in surface water exist despite the 

absence of acidity. Leaching generates acid from the oxidation of iron sulphide minerals and 

dissolved metals from the oxidation of non-ferrous sulphide minerals like sphalerite and galena. 

Barite (BaSO4) and anglesite (PbSO4) are also present as primary sulphate minerals but they do not 

contribute a significant amount of dissolved barium and lead, respectively, due to their low 

solubility.  
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The dominant sulphide mineral, sphalerite, does not generate acid but zinc is released upon 

oxidation. The oxidation of galena produces anglesite which coats the surface thereby inhibiting 

further oxidation. Secondary sulphate minerals like siderotil (FeSO4∙5H2O) and melanterite 

((Zn,Cu,Fe2+)(SO4)∙7H2O) are soluble and can be enriched in the oxidized portions of the deposit. 

Nonferrous minerals like melanterite, a zinc-bearing sulphate, do not generate acid but produce 

metal when dissolved. Ferrous minerals like siderotil, the most abundant secondary mineral in the 

Red Dog deposit, generate acid upon dissolution (Day et al., 2000). 

 

As the sulphide minerals are depleted during oxidation, the reactive surface area decreases which 

results in slower rates. High initial oxidation rates lead to a rapid decrease in surface area but then 

it slows down as the oxidation rates decrease. The overall reaction rate trend is exponential. These 

depletion effects are common in laboratory and small-scale field tests (SRK Consulting Canada 

Inc., 2006). 

 

Another depletion process is that of acid buffering minerals contained in mine wastes. Many of 

these waste minerals have at least some carbonate minerals that maintain the pore water’s pH at 

near neutral. Once the carbonate minerals are depleted, the pH decreases to the level of the next 

available buffer which is typically aluminum silicates or iron hydroxide. With decreased pH, 

oxidation rates increase resulting in higher metal loads. Secondary minerals that formed at higher 

pH also start to dissolve at the lower pH which further increases metal loadings. The depletion 

process results in pH step-changes separated by relatively stable pH regimes. A steady decrease in 

pH indicates serial depletion of weak buffers. The Main Waste Stockpile seepage is strongly acidic 

and since acid-base accounting shows some capacity for acid buffering, a short period may have 



 

12 

occurred during early construction where the pH was non-acidic. However, the seepage was not 

monitored during this period (SRK Consulting Canada Inc., 2006). 

 

Humidity cell tests were completed for some waste rock samples (SRK Consulting Canada Inc., 

2006). The majority of the results showed that the rocks either produced strongly acidic waters 

quickly or in the case of Kivalina and Ikalukrok Shale, they stabilized to non-acidic conditions due 

to their high neutralization potentials. A humidity cell containing silica rock produced leachate with 

a pH of approximately 6 for almost two years then began to decrease to almost pH 3 over one year. 

The sample did not contain any detectable carbonate minerals indicating that the change in pH is 

likely due to galvanic effects. 

 

Solubility product effects are evident for some secondary minerals with relatively weak solubility. 

Anglesite (PbSO4) forms from the oxidation of galena, as shown in Eq. (4) and the dissolution 

reaction is shown in Eq. (5).  

 PbS + 2O2 → PbSO4  

 

(4) 

 

 PbSO4 → Pb2+ + SO4
2−  (5) 

 

 ksp = aPb2+ ∙ aSO4
2−    (6) 

 

Anglesite is only slightly soluble and the solubility product, ksp, can be expressed by Eq. (6). Given 

that ksp is a thermodynamically-defined constant, the Pb2+ concentration changes inversely with 

SO4
2-.  If PbSO4 dissolves, decreasing SO4

2- concentrations will be accompanied by increasing Pb2+ 

concentrations. Lower reaction rates caused by low temperatures can also affect the solubility. The 

same effect is applicable for barite (BaSO4) wherein Ba2+ concentrations increase as SO4
2- 

concentrations decrease. High barium and lead concentrations are accompanied by low sulphate 
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concentrations. In the long term, waste rock seepage from the Main and Overburden stockpiles will 

have lower sulphate concentrations which will result in higher lead and barium loadings (SRK 

Consulting Canada Inc., 2006). 

 

Galvanic effects play a role in the mineral dissolution process within Red Dog’s waste rocks. 

Galvanic interactions occur when semi-conducting materials of different rest potentials come in 

contact in a salt-containing solution. Rest potential is the equilibrium electrode potential when the 

net anodic or cathodic current is zero. The rest potentials define the roles of the minerals: the one 

with lower rest potential serves as the anode which undergoes dissolution and the mineral with a 

higher rest potential serves as the cathode and is protected from oxidation. Eq. (7) and (8) show the 

generalized anode reaction for a metal sulphide and the cathode reaction, respectively.  

 MS → M2+ + S0 + 2e−  

 

(7) 

 0.5O2 + 2H+ + 2e− → H2O  (8) 

 

Table 3 shows the rest potentials of common sulphide minerals. In Red Dog’s waste rocks, pyrite 

and sphalerite are the dominant sulphides and since the latter has a lower rest potential, it is oxidized 

first releasing dissolved zinc. Pyrite is protected from oxidation until sphalerite is depleted. 

Sphalerite oxidation does not result in acidification. However, there is always some iron sulphide 

within sphalerite which releases iron and acidity. Pyrrhotite inclusions are also common and 

oxidize along with sphalerite (SRK Consulting Canada Inc., 2006).  
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Table 3: Rest potentials of some sulphide minerals in Red Dog waste rocks (Kwong et al., 

2003). 

Mineral Rest Potential (V) 

Pyrrhotite -0.28 

Sphalerite -0.24 

Galena 0.28 

Covellite 0.42 

Chalcocite 0.44 

Chalcopyrite 0.52 

Pyrite 0.63 

 

Although there is approximately four times more iron in sulphide form than zinc, seepage from 

waste rock dumps contain about twice as much zinc as iron. At the pH levels observed, Fe2+ and 

Fe3+ are highly mobile so attenuation through secondary mineral formation is not likely. Humidity 

cell tests were also performed with the waste rocks. Preferential sphalerite oxidation was observed. 

There was a steady release of zinc and compared to iron, more zinc was released during the early 

part of the test. The amount of iron released increased slowly accompanied by a drop in leachate 

pH to less than 3. Sulphate release increased along with iron and zinc as the pH began to decrease. 

Although zinc release continued to surpass iron, the sulphur to zinc ratio increased which indicates 

that pyrite oxidation is starting to contribute to the sulphate load. The oxidation of pyrite resulted 

in leachate acidification. Zinc release decreased after about a year indicating that sphalerite is being 

depleted. At around the same time, iron release increased until there was more iron than zinc. 

Residual sphalerite in waste samples was oxidized before pyrite. As the iron in the original sample 

was depleted, iron release also decreased (SRK Consulting Canada Inc., 2006).  

 

Currently there is an average of 1 mg/L lead in waste rock seepage with long term concentrations 

expected to increase to 10-20 mg/L. Assuming all of the zinc in the waste material is available for 
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leaching, the zinc inventory will last for as long as 25 years at the current depletion rates. The mine 

has been in operation for 20 years so a shift to iron dominance is expected within the next 5 years. 

The change will happen over several years and over different sections as zinc is depleted (SRK 

Consulting Canada Inc., 2006).  

 

In 2005, TDS measurements were completed for the NDPES permit renewal. Table 4 shows the 

composition of ions in the effluent TDS. With the exception of calcium and sulphate, all the other 

ions are found in natural waters in approximately the same concentration (EPA, 2006).  

 

Table 4: Composition of ions in the effluent TDS from the mine discharge (EPA, 2006). 

Ion Composition  

Potassium 1.0 % 

Bicarbonate/carbonate/hydroxide 0.7% 

Chloride 0.6% 

Sodium 2% 

Magnesium 1.7% 

Calcium 24.7% 

Sulphate 69.3% 

 

2.2 Acid Rock Drainage 

Acid mine water refers to effluent from mine wastes with a characteristically low pH due to the 

oxidation of sulphide minerals. They may contain elevated metals concentrations, which have a 

toxic effect on aquatic life (Lottermoser, 2010). The two main sources are mine tailings and waste 

rocks. Acid mine drainage (AMD) is used to describe mine water from tailings dams and acid rock 

drainage (ARD) comes from waste rocks. The distinction between the two sources originates from 

the way that acid is generated from the mine wastes.  
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ARD contains high concentrations of dissolved metals which can flow into surface and ground 

waters. It causes many environmental problems such as water and soil pollution causing negative 

effects on surrounding ecosystems and human health (Liu et al., 2008). Carbonate minerals in mine 

waste can neutralize the acidity generated, but in cases where they are not present or have been 

consumed, the water pH decreases as most of the common minerals present have both a slow 

reaction rate and poor neutralizing capacity (Jambor, 2003; Jurjovec et al., 2002). 

 

2.2.1 Historical Sources and Acid Mine Waters 

Water, soil, and sediment pollution are problems which have been associated with mining even 

prior to industrialization. During Roman times, metal ores were transported along roads which 

resulted in contamination of the soil, especially through high-traffic routes. As far back as 3500 

years ago, metal mining in the Harz province of Germany caused metal pollution of regional stream 

sediments (Monna et al., 2000). Environmental issues associated with acid mine waters can be 

traced back to about 5000 years ago, during the peak mining periods of the Rio Tinto district in 

Spain where they have pyrite-rich wastes (Leblanc et al., 2000). The prominence of the AMD issue 

grew as the scale of mining increased during the Middle Ages resulting in increased pollution. New 

processing techniques that were introduced during this time period also incorporated the use of 

chemicals which further increased the potential for pollution. Although mining pollution was 

historically limited to local and regional areas, the issue became more widespread when ores started 

to be transported over longer distances (Ernst, 1998). Since the Industrial Revolution, 

environmental contamination has expanded leading to an improved understanding of the impacts 

of mining and processing, the introduction of regulations, and the acceptance of environmental 

protection as being equally important as resource extraction and maximization of profits 

(Lottermoser, 2010). 
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2.2.2 Production of Mine Wastes 

Mining is a large-scale operation that produces large volumes of material that must be processed in 

order to extract the desired commodity. In the case of metallic ores, the metal of interest represents 

a very small fraction of the mined material and the remaining gangue is rejected as processing 

waste (Lottermoser, 2010). Waste rocks are mined but not milled and consist of host rocks or low-

grade ore that are not economical to process. They contain significant amounts of sulphide minerals 

that are oxidized and produce metal and acid contamination (Dold, 2010). Although waste rocks 

are a major source of acid mine water, there are many complex processes that take place after their 

disposal which are still not fully understood. Figure 1 is a simplified flow sheet of operations from 

mining to metal extraction and shows where waste rocks and tailings are produced. 

 

 

Figure 1: General schematic of mining and mineral processing showing where waste rocks 

and tailings are produced (Lottermoser, 2010). 
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Examples of primary and secondary sources of acid mine waters are shown in Table 5. Acid mine 

waters are produced not only from the mining and processing site, as shown in the primary sources 

column, but also from secondary sources such as concentrate spills and sludge from treatment. 

 

Table 5: Sources of acid mine waters (Akcil & Koldas, 2006). 

Primary Sources Secondary Sources 

Waste rock dumps 

Tailings dams 

Spent heap leach piles 

Mine workings (open pit and underground) 

Underground water pumped from the mine 

Rocks used in construction of roads, dams,etc. 

Sludge formed during treatment 

Rock cuts 

Stockpiles 

Concentrate spills 

 

Throughout the world, mining wastes such as waste rocks and tailings are produced in massive 

quantities. Table 6 shows estimates of mine waste production around the world. The total includes 

mine tailings and waste rocks with the latter making up the majority. Due to the higher reactivity 

of mine tailings, they are often the focus of remediation efforts. 
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Table 6: Production and storage of mine waste and tailings for some countries 

(Lottermoser, 2010). 

Location Details Source 

European 

Union 

>4700 Mt of mine waste, 

1200 Mt of tailings are stored 

(BRGM, 2000) 

Australia 1750 Mt/year of mine waste 

Represents 80% of total annual waste generated 

(Boger, 1998) 

U.S.A. 2000 Mt/year of mine waste 

Represents 10x the annual municipal waste 

(Lottermoser, 2010) 

South Africa 1100 mines produce 72.3% of the total annual 

solid waste production 

25,000 ha of land is used as dumping sites 

(Maboeta & van Rensburg, 

2003) 

China 8800 state mines and 260,000 individually-

owned metal mines produce 70% of the total 

annual solid waste generated 

30% of these mine wastes are tailings 

4000 Mt of tailings are stored 

(Lottermoser, 2010) 

 

2.2.3 Environmental Impacts 

Mine wastes occupy large volumes and areas and have a vast effect on surrounding ecosystems. 

They need to be isolated from the environment or treated to reduce their impacts such as toxicity, 

erosion, and unsightliness. The release of elements or compounds from mine wastes does not 

necessarily lead to environmental damage because they may not be available for uptake by 

organisms or even if they are, they do not necessarily cause toxicity (Williams et al., 1999). Mine 

wastes generally cause excessive contamination of nearby ecosystems which can damage and pose 

a hazard to human health (Thornton et al., 1995).  

 

Water and wind erosion transport mine wastes from the disposal sites to the surroundings. 

Uncontrolled leaching of the wastes can also release metal contaminants into the environment. 

Waste particles are transported which leads to contamination of streams, coastal environments and 
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drinking water. The ability of plants to grow on metal mine sites is also severely inhibited. Without 

rehabilitation of these sites, it may take decades before natural vegetation can return. 

Bioaccumulation of toxic metals may also result in plant death. The lack of plant colonization is 

evident in the moonscape appearance of many mine sites, such as the Red Dog site in Figure 2. 

Low levels of soil nutrients and organic matter, high salinity and acidity and high metals content 

on the surface of the tailings and waste rocks, inhibit the natural growth of plants. Erosion of the 

mine waste also increases without vegetation (Lottermoser, 2010). 

 

 

Figure 2: Mine facilities at Red Dog near the tailings pond (Higman & McKittrick, n.d.). 

 

2.2.4  Treatment of Acid Mine Waters by Neutralization 

In some old mines, AMD is so widespread that the only practical option is to collect and treat the 

acid mine waters. AMD must be monitored and managed so that contamination is restricted to the 

mined area (Lottermoser, 2010).  There are many factors in the choice of treatment system to meet 
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effluent standards. Some of these factors include chemical characteristics and quantity of the acid 

mine water, climate and terrain of the area, characteristics of the sludge produced and the intended 

life of the treatment facility. Typically, chemicals like limestone, hydrated lime, soda ash, caustic 

soda and ammonia are used for treatment. The choice often relies on technical and economic factors 

(Demetriou et al., 2010). 

 

2.2.4.1 Conventional Neutralization 

Neutralization is the most commonly used and studied form of acid mine water treatment. A typical 

neutralization process flow sheet is shown in Figure 3. The acid mine water is pumped to a central 

location where it is mixed with alkaline material in the neutralization tank. Aeration is required 

because some metals, like iron, need to be oxidized first so they can form a stable hydroxide 

precipitate (U.S. EPA). The target pH after neutralization depends on the metal species that must 

be precipitated out. Most plants operate with a target pH of 9-12 (Waters et al., 2003). Neutralizing 

agents serve as a hydroxide ion source that bond with the metal ions to form metal hydroxides 

according to the following general equation:    

 Mx+ + xOH- → M(OH)x (9) 

 

Neutralization with hydrated lime (Ca(OH)2) or limestone (CaCO3) removes sulphate as gypsum 

precipitate and metal ions as metal hydroxides (Dempsey & Jeon, 2001). A flocculant, generally 

Percol, is then added before it goes through a series of settling ponds that use gravity separation 

(Demers et al., 2009) or a thickener/clarifier (U.S. EPA).  
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Figure 3: Typical process flow sheet for a single-cycle neutralization. 

 

The main disadvantages of this method are the high cost, high labour intensiveness and production 

of large amounts of gypsum sludge contaminated with metals (Santomartino & Webb, 2007).  

Oftentimes, the water contains sulphate at levels exceeding the environmental regulations even 

after treatment (Al-Zoubi et al., 2010). Hydrated lime (Ca(OH)2) is the most commonly used 

neutralizing agent due to its low cost, availability and high efficiency. There are many other 

alternatives such as sodium hydroxide (NaOH), magnesium hydroxide (Mg(OH)2), limestone 

(CaCO3), sodium sulphide (Na2S) and ammonia (NH3) (Demers et al., 2009).  Other neutralizing 

agents that have been studied and shown to be effective are: 

1. Fly ash or fly ash leachate without lime addition (Petrik et al., 2003) 

2. Coal fly ash, natural clinker, synthetic zeolites (Rios et al., 2008) 

3. Combination of limestone, dolomite, and fly ash (Potgieter-Vermaak et al., 2006) 

  

thickener/ 

clarifier

aeration tank
neutralization 

tank

flocculant

sludge

AMD lime

water solid flocculant

final effluent
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2.2.4.2 Flocculation of Precipitates 

The precipitated metal hydroxides and gypsum particles must flocculate and settle so that they can 

be separated from the treated effluent. Flocculants may be added to increase the settling rate. The 

choice of reagent depends on the chemistry of the water as well as the compounds that will form 

the flocs. Generally, coagulants are inorganic salts of iron (ferric sulphate) or aluminum (alum) and 

flocculants are polymers like polyacrylamides and polyelectrolyte (Hogg, 2000). The most 

commonly used flocculant, Percol, is a polyacrylamide polymer. It creates flocs that can resist 

breakage and settle quickly as it is stored in a sludge impoundment. The sludge has a good short-

term stability because the excess unreacted lime keeps it alkaline. Over the long term, this lime is 

exhausted which makes the flocs chemically unstable as the pH declines to the acidic region, 

resulting in the re-dissolution of metal hydroxides (Demers et al., 2009). Alternative flocculants 

must be developed in order to improve the long-term stability of sludge from treated acid mine 

waters. 

 

2.3 Proposed Acid Generation Processes 

Over the last 50 years, sulphide oxidation and the consequent acid generation have been 

investigated extensively. The oxidation of iron sulphide minerals, like pyrite, leads to acid 

generation which results in destructive effects on receiving ground waters and surface waters 

(Johnson et al., 2000). The primary concern with sulphidic metalliferous waste rocks is the acidity 

of the effluent which solubilizes and mobilizes potentially toxic metals and metalloids (Moncur et 

al., 2009). 

 

Although most studies have focused on pyrite due to its abundance, many deposits also contain 

pyrrhotite (Fe1-xS) which contributes significantly to the production of acid mine waters. The 
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oxidation of pyrrhotite is complex but the general overall equation is shown in Eq. (10)  (Moncur 

et al., 2009). The oxidation of pyrrhotite produces Fe2+ which undergoes further oxidation to 

produce Fe3+, a dominant oxidant of pyrite. Pyrrhotite oxidizes more easily than pyrite and acidic 

conditions are typically observed earlier. 

 Fe1-xS + (2 −
𝑥

2
)O2 + xH2O → SO4

2- + (1-x)Fe2+ + 2xH+ (10) 

 

 

Pyrite (FeS2) is the most abundant sulphide mineral and is a major contributor to the world’s acid 

mine waters through anthropogenic activities and natural weathering of waste rocks and tailings 

(Moncur et al., 2003). It is often associated with economically viable minerals like sphalerite, which 

is undesirable because it eventually leads to its oxidation and subsequent acid generation. 

Pyrite is made up of Fe2+ cations and S2
2- anions bonded covalently in an ideal stoichiometric ratio 

of 1:2 (Bouffard et al., 2006). Deviations (<1%) from this ratio occur when a higher cation or anion 

concentration is present (Chandra & Gerson, 2010) and usually results from lattice substitutions of 

the Fe2+ or S2
2- ions with atoms of similar radius, charge or net polarity (Hurlbut & Klein, 1977). 

The electrical properties of pyrite can vary depending on the geographic origin. Even within the 

same pyrite sample, there may also be variations in the electrical structure between the surface and 

the bulk (Abraitis et al., 2004). There are two semiconductor types for pyrite: n-type and p-type. 

Their properties are shown in Table 3. The temperature at which they formed causes differences in 

the arsenic content, Fe:S stoichiometric ratio and level of conductivity. 
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Table 7: Semiconductor types of pyrite. 

n-type semiconductor p-type semiconductor 

Formed in a high-temperature environment 

Low arsenic content 

Stoichiometric Fe:S < 2 

Higher conductivity 

Formed in low-temperature environment 

Higher arsenic content 

Stoichiometric Fe:S > 2 

Lower conductivity 

 

Pyrite oxidation occurs in three major steps as follows (Dold, 2010; Al-Zoubi et al., 2010; 

Demetriou et al., 2010; Lottermoser, 2010). Eq. (11) shows that the oxidation of sulphur by 

atmospheric oxygen produces 2 moles of H+ and one mole of Fe2+. Eq. (12) shows the oxidation of 

Fe(II) to Fe(III) and Eq. (13) shows the hydrolysis of Fe(III) to produce ferric hydroxide and 3 

moles of H+. During the oxidation of Fe(II), one mole of H+ is consumed compared to three 

produced during the hydrolysis of Fe(III) (Moncur et al., 2009). Once generated, Fe3+ ions serve as 

the primary oxidant of pyrite. At a pH below 3, pyrite oxidation by Fe3+ is 10-100 times faster than 

by oxygen (Ritchie, 1994).  

 

1. Oxidation of sulphur in atmospheric oxygen 

 FeS2 +  
7

2
O2(aq) + H2O → Fe2+ + 2SO4

2− + 2H+  (11) 

 

2. Oxidation of Fe(II) to Fe(III) with rates significantly increased by microbial activity 

 Fe2+ +
1

4
O2 + H+ → Fe3+ +

1

2
H2O               (12) 

 

3. Hydrolysis and precipitation of Fe(III) complexes 

 Fe3+ + 3H2O → Fe(OH)3 + 3H+  (13) 

 

Pyrite oxidation produces the most acid compared to other common sulphide minerals with the net 

reaction producing 4 moles of H+ for every mole of pyrite, as shown in Eq. (14). Most of the acid 
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is produced during the hydrolysis and precipitation of ferric hydroxide (Dold, 2010). In Eq. (14), 

pyrite reacts with oxygen and water to produce 2 moles of SO4
2- and 4 moles of H+. Although 

Fe(OH)3 is presented in Eq. (14), it is often found in acid mine waters as ferrihydrite (5Fe2O3∙9H2O). 

Ferric ions (Fe3+) in pyrrhotite increase the oxidation rate from Fe2+ to Fe3+ thereby accelerating the 

oxidation of pyrite through Eq. (15) because Fe3+ is the dominant oxidant of pyrite. Pyrite oxidation 

as shown in Eq. (15) is faster than oxidation by atmospheric oxygen (Moncur et al., 2009). 

 

 FeS2 +  
15

4
O2 +

7

2
H2O → 2SO4

2− + Fe(OH)3 + 4H+  (14) 

 

 FeS2 +  14Fe3+ + 8H2O → 15Fe2+ + 2SO4
2− + 16H+   

 

(15) 

 

Laboratory studies have shown that a freshly exposed pyrite surface reacts almost instantaneously 

to generate secondary mineral phases but they are in such minute quantities that they cannot be 

observed macroscopically or by standard optical microscopy (Jambor, 2003). At defect sites and 

imperfections, Fe2+ is present with low coordination which results in smaller band gaps and higher 

dangling bond densities. These properties make these sites more reactive for oxidant (Fe3+ and O2) 

attack and facilitates faster charge transfer (Chandra & Gerson, 2010). 

 

2.3.1 Factors that Affect Oxidation Rate 

The main factors affecting sulphide oxidation are oxygen and water fluxes, mineralogy of the 

sulphides, availability of neutralizing minerals and microbial activity (Dold, 2010). The primary 

factors that affect the rate of acid generation are pH, temperature, O2 content in the gas and water 

phases, saturation level with water, chemical activity of Fe3+, surface area relative to volume and 

bacterial activity (Akcil & Koldas, 2006). Other factors influencing the oxidation rate are solution 

potential (Eh), type and concentration of oxidants present, particle size and pressure. 
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Solution Eh and particle size have the most significant effects on reaction rates compared to other 

factors since the oxidation process is electrochemically controlled. Eh correlates directly with rates 

normalized for surface area indicating that electrochemical reactions dominate the oxidation 

process.  Geographical origins, elemental composition and semi-conductor types are also important 

factors to consider. There is evidence of alternating n- and p-type semi-conductivities in pyrite 

samples. In pulps containing mixed sulphide minerals, the dissolution rates depend on variations in 

the pyrite’s rest potential which is affected by impurities and semi-conductor type.  Pyrite with a 

higher rest potential serves as a cathode while the more reactive sulphides serve as the anode 

(Abraitis et al., 2004).  

 

2.3.2 Atmospheric Oxidation 

Atmospheric oxidation of pyrite produces sulphate, iron oxy-hydroxide species, and polysulphides. 

Sulphate is a major surface oxidation product after prolonged atmospheric exposure. The rate of 

oxidation increases when atmospheric O2 and water are both present. The concept of reactive and 

less reactive sites on the pyrite surface has been supported by the formation of surface products on 

reactive patches (Chandra & Gerson, 2010). The oxidation layer may passivate against further 

oxidation which will determine the subsequent aqueous oxidation process (Todd et al., 2003). 

Atmospheric reactivity depends on the different surface species and their abundance on the fresh 

pyrite surface. 

 

A study into the sulphur and iron species on fractured pyrite surfaces suggested that S-S bonds in 

pyrite are weaker than Fe-S bonds which led to a considerable amount of S-S bonds breaking when 

pyrite is fractured. This leads to one S- species on each face of the fracture which makes it highly 

reactive. It then undergoes relaxation when an electron is transferred from the Fe2+ to produce one 
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S2- and one Fe3+ (Nesbitt et al., 1998). The presence of Fe3+ on the pyrite surface was confirmed 

using synchrotron XPS and quantum chemical calculations (von Oertzen et al., 2006). Another 

possibility is that the S- species obtains an electron from a nearby S- species producing one S2- and 

one S0. The surface of pyrite is very heterogeneous and the presence of the different species with 

different reactivities affects the initial oxidation process (Chandra & Gerson, 2010).   

 

A study into the distribution of iron and sulphur species on the surface of pyrite has determined 

that sulphate represents 36-39% of all surface oxidation products and that it is mainly present as 

ferric sulphate (Fe2(SO4)3) (de Donato et al., 1993; Todd et al., 2003). The second most common 

oxidation product was identified to be ferric oxy-hydroxide (FeOOH) and it extends below the 

uppermost Fe layer (Schaufuss et al., 1998; Todd et al., 2003). However, other studies have found 

that ferric hydroxide (Fe(OH)3) and ferrous oxide (FeO) are more abundant than FeOOH (de 

Donato et al., 1993). 

 

A study into the oxidation of pyrite in moist air found that the rate decreases over time (Jerz & 

Rimstidt, 2004) which is consistent with the decrease in the surface reaction rate of S2
2- (Schaufuss 

et al., 1998). The decreased reaction rate is linked to the formation of a thin Fe2+ sulphate layer and 

sulphuric acid solution on the surface of pyrite. Sulphuric acid is produced due to the hygroscopic 

nature of Fe2+ sulphate (Jerz & Rimstidt, 2004). It has been suggested that oxygen transport is 

inhibited by this layer, changing the process from chemical to transport control, which depends on 

the diffusion of oxygen through the film (Chandra & Gerson, 2010). The same study also found 

that Fe2+ sulphate may precipitate in cracks within the pyrite sample and cause physical 

disaggregation as it forces the sample apart (Jerz & Rimstidt, 2004).  
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Another proposed atmospheric oxidation mechanism involves Fe2+/Fe3+ cycling along the 

boundaries of oxidized areas, as shown in Figure 4 (Eggleston et al., 1996). O2
- forms H2O through 

∙OH and H2O2 intermediates. Due to the semi-conductive nature of pyrite, the surface electronic 

properties are affected by defect sites and impurities. The surface reactions at different spots are 

coupled through electron transfer leading to the proximity effect. Instead of creating new areas, 

existing oxidation areas are enlarged because sites near the defect sites are more susceptible to 

oxidative attack (Chandra & Gerson, 2010).  

 

Figure 4: Mechanism for atmospheric oxidation of pyrite as suggested by Eggleston et al. 

(1996) (Chandra & Gerson, 2010). 

 

2.3.3 Aqueous Oxidation 

Oxidation precedes pyrite dissolution during leaching. Aqueous oxidation mechanisms produce 

sulphuric acid from the natural weathering of pyritic rocks in the waste dumps of mining operations 

which contributes significantly to the acidification of natural water systems (Rimstidt & Vaughan, 

2003). Equations (16), (17), and (18) describe the overall stoichiometric chemical reactions for the 

aqueous oxidation of pyrite (Garrels & Thompson, 1960; Singer & Stumm, 1970).  Eq. (16) shows 

the oxidation of pyrite by dissolved oxygen and Eq. (17) shows the conversion of Fe2+ to Fe3+ 

(which was the same as Eq.(12)). The Fe3+ ions then oxidize the rest of the pyrite to produce 16 
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moles of H+ for every mole of FeS2. Fe cycles between the 2+ and 3+ oxidation state, with the rate 

being significantly increased by microbial activity. 

 FeS2 +  
7

2
O2(aq) + H2O → Fe2+ + 2SO4

2− + 2H+  (16) 

 

 Fe2+ +
1

4
O2(aq) + H+ → Fe3+ +

1

2
H2O  (17) 

 

 FeS2 +  14Fe3+ + 8H2O → 15Fe2+ + 2SO4
2− + 16H+  

 

(18) 

 

Aqueous pyrite oxidation produces sulphate and ferrous iron as shown in Eq. (16). Pyrite oxidation 

is far from equilibrium and has essentially no reverse rate (Moses & Herman, 1991). O2 and Fe3+ 

are considered to be the most important oxidants for pyrite oxidation. When Fe3+ is present, the 

overall rates were observed to be higher by two orders of magnitude compared to the rates due to 

dissolved oxygen. Fe3+ solubility decreases as pH increases but despite the lower Fe3+ content, rates 

are still approximately one order of magnitude higher than rates in dissolved-oxygen-saturated 

media. This shows that Fe3+ is a stronger and more effective oxidant than O2 when it comes to 

pyrite oxidation (Moses et al., 1987). Even at circumneutral and higher pH where Fe3+ solubility 

weakens, Fe3+ is still a stronger oxidant. Dissolved oxygen is important because it sustains the 

oxidation process by replenishing the decreasing Fe3+ through the Fe3+/Fe2+ cyclic oxidation process 

(Moses & Herman, 1991). Researchers have suggested varying ideas about the effect of oxidants 

on the rate. It has been proposed that the adsorption of Fe3+ and Fe2+ onto the pyrite surface controls 

the instantaneous rate (Garrels & Thompson, 1960) while others have shown that it is controlled 

by Fe2+ oxidation which produces Fe3+ in a cyclic oxidation process (Singer & Stumm, 1970). 

 

Scanning electron microscopy (SEM) studies have shown that oxidants attack pyrite only at sites 

of high surface energy, indicating that the reactive surface area is more important than the total 

surface area for determining reaction rates. The reactive sites include grain edges and corners, 
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defects, pits, cleavages and fractures. The dominance and geometry of these features vary from 

grain to grain (Chandra & Gerson, 2010). Studies have shown that the atomic oxygen that reacts 

with the pyritic sulphur is mainly from water molecules and that 90% of the sulphate formed 

derived all four oxygen atoms from water instead of O2. This supports the idea that Fe3+ is the 

dominant oxidant (Reedy et al., 1991). 

 

2.3.3.1 Chemical Reactions 

Oxidation rates were determined to be chemically controlled in leaching experiments that used 

three different categories of pyrite samples (Wiersma & Rimstidt, 1984). Other similar experiments 

by Dimitrijevic et al. (1996, 1997) also found that pyrite oxidation is chemically controlled. An 

Arrhenius plot showed that a high activation energy of 92 kJ/mol was required to break the covalent 

bonds at the mineral surface demonstrating that the reaction is chemically controlled. When higher 

temperatures (>35oC) and stirring at 400 rpm are introduced, this activation energy decreases to 25 

kJ/mol which suggests that the rate control changes from surface chemical to solution mass 

transport (Wiersma & Rimstidt, 1984).  

 

Pyrite dissolution can be explained by a shrinking core model, shown in Figure 5, with rates 

controlled by surface reaction. However, it cannot be assumed that pyrite oxidation follows a linear 

dependency on surface area. SEM studies suggest that reactive surface area is more important than 

total surface area because pyrite oxidation is mostly restricted to regions of high excess surface 

energy. These regions result from mineral growth history and surface preparation techniques 

(McKibben & Barnes, 1986).  
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Figure 5: Shrinking core model (Levenspiel, 1999). 

 

A study of the reaction kinetics of the pressure oxidation of pyrite found that at low pulp density, 

oxidation is inhibited by the passivating film formed by pyrite. The shrinking sphere model, shown 

in Figure 6, is followed until the onset of passivation and then the oxidation process follows the 

passivating shrinking sphere model. The onset of passivation appears to be dependent on the 

electrochemical potential at the pyrite surface and the rate of passivation is mostly a function of 

temperature. 

 

 

Figure 6: Shrinking sphere model (Levenspiel, 1999). 

 

Doubling the pulp density increases the oxidation rate and prevents surface passivation possibly 

due to the increased surface area relative to Fe concentration. These conditions maintain the 
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electrochemical potential at the pyrite surface such that passivation is not possible (Long & Dixon, 

2004).  

 

2.3.3.2 Electrochemical Reactions 

After decades of studies, the research community has generally accepted that electrochemistry 

dominates the pyrite oxidation process (Chandra & Gerson, 2010). It has been shown that the 

aqueous oxidation of pyrite consists of an electrochemical reaction where the dissolution rate is 

dependent on electrochemical reaction steps at the mineral-solution interface (Holmes & 

Crundwell, 2000). The effects of factors such as pH, Eh, oxidant, stirring speeds, particle size and 

temperature on pyrite oxidation have been studied (Moses et al., 1987; Moses & Herman, 1991; 

Holmes & Crundwell, 2000; Long & Dixon, 2004; Hu et al., 2004; Nicholson et al., 1988; 

McKibben & Barnes, 1986; Nicol & Lazaro, 2002).  

 

Fe3+ and O2 additions significantly increase the pyrite dissolution rate. It was found that ambient 

O2 partial pressures are similar to rates under N2 and have no significant effect. Only at high O2 

partial pressures (up to 825 kPa) and initial Fe3+ concentrations of 0.5M were significant changes 

observed (King & Lewis, 1980). Although Fe3+ is the dominant oxidant, the addition of both Fe3+ 

and O2 yields higher rates than just Fe3+ on its own (Holmes & Crundwell, 2000).  

 

At temperatures of 80 to 100oC, the pyrite dissolution rate increased (King & Lewis, 1980) and at 

230oC, almost all the pyrite dissolved within 20 minutes (Long & Dixon, 2004). Stirring speeds 

over 680 rpm have no effect (King & Lewis, 1980) but speeds below 800 rpm are ideal so that 

precipitation of Fe-species by solution splashing is minimized (Long & Dixon, 2004).  
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Figure 7 shows the proposed electrochemical mechanism which consists of numerous charge 

transfers with multiple steps of disulphide oxidation. After several intermediates, sulphate is 

produced and ferrous iron is released. The rate determining step for this process is the charge 

transfer from the cathodic site on the pyrite surface (Chandra & Gerson, 2010). The mechanism 

involves anodic dissolution and cathodic reduction. The rate limiting step is the initial charge 

transfer of the half-cell reactions as shown in Eqs. (19) and (20) (Bouffard et al., 2006). 

 4FeS2 + 7O2 + 4H+ → 4Fe3+ + 4S2O3
2− + 2H2O  (19) 

 

 S2O3
2− → S0 + SO3

2−  (20) 

 

 

 

Figure 7: Electrochemical reaction mechanism for pyrite oxidation from Chandra and 

Gerson (2010) which is based on the reaction mechanism proposed by Rimstidt and 

Vaughan (2003). 

 

During pyrite dissolution, there is simultaneous oxidation of pyrite and reduction of oxidants like 

Fe3+ and O2 on the pyrite surface (Holmes & Crundwell, 1995). The dissolution process is 
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represented by Eq. (21) which shows the oxidation of pyrite by water and Eqs. (22) and (23) which 

show the reduction of the oxidants. 

 

 FeS2 + 8H2O → Fe2+ + 2SO4
2− + 16H+ + 14e−  (21) 

 

 Fe3+ + e− → Fe2+  (22) 

 O2 + 4H+ + 4e− → 2H2O  (23) 

 

Both of these processes are controlled by reaction kinetics, rather than mass transfer, which was 

shown by the high activation energy for the reduction of Fe3+ and O2 by the pyrite electrode 

(Chandra & Gerson, 2010). At 35oC and solution pH of 1.6-3.5, the activation energy is 45 kJ/mol 

for Fe3+ reduction and 79.9 kJ/mol for the anodic dissolution. In this study, the mechanism was 

determined to be electrochemical control (Holmes & Crundwell, 2000). At 45 to 75oC and acidic 

pH, the activation energy for Fe3+ reduction was 83 kJ/mol with a suggested mechanism of 

electrochemical control with fast ferric reduction (Bouffard et al., 2006). 

 

It has been suggested that at the cathodic site on the pyrite surface, the electron is transferred from 

a Fe2+ to either a hydrated Fe3+ or O2, forming an activated complex. This is considered to be the 

rate limiting step for the entire oxidation process. After single electron transfer, the adsorbed Fe3+ 

leaves the cathodic site as Fe2+. After four successive electron transfers from the Fe2+, O2 is 

converted into two hydroxyl groups. Fe3+ is reduced to Fe2+ after each electron transfer thereby 

allowing further cathodic electron transfer. After 7 or 8 electron transfers, a terminal sulphur with 

positive polarity undergoes nucleophilic attack by the oxygen from water, forming sulphate as the 

final product. The sulphur may undergo numerous oxidation states to produce S(VI)O4
2- from S(-

I)2
2 (Rimstidt & Vaughan, 2003). As sulphate is released, Fe2+ also leaves the anodic site 
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simultaneously and it becomes coordinated by 6 water molecules, changing its configuration to a 

high spin allowing its oxidation to Fe3+ (Chandra & Gerson, 2010). 

 

Fe2+ along with Fe3+ is adsorbed onto the reactive surface of the pyrite. As leaching progresses and 

the concentration of complexing ions diminishes, the Fe2+ concentration in the leach solution 

increases which also increases the competition between Fe2+ and Fe3+ adsorption. Therefore, if Fe3+ 

and O2 are present together, Fe2+ adsorption will reduce the rate of oxidation (Chandra & Gerson, 

2010).  

 

In electrochemical reactions, reactants come into contact with an electronically conducting 

substrate like a mineral surface which serves as the electrode. There is a net charge transfer in these 

reactions and the rates depend on potential. This is normally expressed in terms of current density, 

i, as shown in Eq. (24). The rate expression can be expanded to include surface area, A, and the 

moles of electrons transferred, Za, as shown in Eq. (25): 

 rateelectrodic =
i

F
  (24) 

 

 𝑟 =
𝑖𝑎𝐴

𝑍𝑎𝐹
  

 

(25) 

 

The rate is expressed as moles∙m-2∙s-1 and F is Faraday’s constant. The solution potential is related 

to Fe3+ and Fe2+ molalities according to Eq. (26). The overall oxidation rate depends on the 

oxidation potential of the solution.  

 Eh = Eo + 0.059log
m

Fe3+

mFe2+
  (26) 
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pH does not have a significant effect on pyrite oxidation rate at low solution pH of 0 to 2 but its 

effect may be more significant at higher pH where Fe(OH)3 can form and precipitate (Garrels & 

Thompson, 1960). Rate expressions for pyrite oxidation at different solution pHs are shown in 

Table 8. At pH greater than 4.5, the rate depends on pH (shown as the concentration of OH-) because 

Fe3+ can precipitate out as a hydroxide. At low pH (<3.5), the oxidation rate depends only on Fe2+ 

and dissolved oxygen. 

 

Table 8: Pyrite oxidation rates at different solution pH. 

Solution pH Rate equation Rate constant (k, k’) Source 

> 4.5 −d(Fe2+)

dt
= k(Fe2+)[O2](OH−)2  8.0 x 1013  

l2 mole-2atm-1min-1  

(at 25oC) 

(Chandra & 

Gerson, 2010) 

< 3.5 −d(Fe2+)

dt
= k′(Fe2+)[O2]  1.0 x 10-7 atm-1min-1  

(at 25oC) 

(Singer & Stumm, 

1970) 

 

One study compares the rates of pyrite oxidation using Fe3+ and O2 as oxidants and demonstrates 

that it is a cyclic process that begins with an initiation step that produces Fe2+. The iron undergoes 

a cycle where Fe2+ is oxidized to Fe3+ which then continues pyrite oxidation. It was shown that Fe3+ 

is the dominant and most effective oxidizer of pyrite (Singer & Stumm, 1970). Using the general 

rate law for dissolution shown by Eq. (27), rate laws for different oxidants were determined. It has 

been suggested that a rate law containing M0.5 involves surface dissociation of a species (McKibben 

& Barnes, 1986). 

 Rvol = −k
A

V
∏ (Mi

ni)i   (27) 

 

In Eq. (27), the variables are Rvol, volumetric dissolution rate, k, rate constant, A, total mineral 

surface area, V, solution volume, Mi, molarities of species i, which have an effect on rate and ni is 
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the order of dependence. As shown in Table 9, oxidation rates are highest when the oxidant is Fe3+, 

followed by H2O2, then O2. Williamson and Rimstidt (1994) also did a study into the kinetics and 

electrochemical steps in aqueous pyrite oxidation. They produced rate laws with dependence on 

Fe2+ and Fe3+ concentrations, thereby showing the importance of Eh on the reaction rates. The rate 

laws from this study are shown in Table 9, where r is the pyrite dissolution rate in mol m-2 s-1. When 

dissolved oxygen, Fe2+, and Fe3+ are all present, the rate is affected only by the Fe2+- and Fe3+ 

concentrations. Without dissolved oxygen, pH has a significant influence on the rate. If only 

dissolved oxygen is present as an oxidant, pH has only a minor effect and the rate is dominated by 

dissolved oxygen concentration. 

 

Table 9: Rate laws for pyrite dissolution under different oxidants. 

Oxidant Rate equation Source 

Fe3+ Rsp,Fe3+ = −10−0.974MFe3+
0.5 MH+

−0.5
  (McKibben & Barnes, 1986) 

O2 Rsp,O2
= −10−6.77MO2

0.5
  (McKibben & Barnes, 1986) 

H2O2 Rsp,H2O2
= −10−1.43MH2O2   (McKibben & Barnes, 1986) 

Dissolved O2, 

Fe3+, Fe2+ 
𝑟 = 10−6.07

𝑚
𝐹𝑒3+
0.93

𝑚
𝐹𝑒2+
0.40   (Williamson & Rimstidt, 1994) 

Fe3+, Fe2+ 𝑟 = 10−8.58
𝑚

𝐹𝑒3+
0.30

𝑚
𝐹𝑒2+
0.47 𝑚

𝐻+
0.32  (Williamson & Rimstidt, 1994) 

Dissolved O2 

only 
𝑟 = 10−8.19 𝑚𝐷𝑂

0.50

𝑚
𝐻+
0.11  (Williamson & Rimstidt, 1994) 

 

An expression was also developed to show the dependence of Fe3+ oxidation on solution Eh in the 

presence of dissolved oxygen, shown in Eq. (28) (Williamson & Rimstidt, 1994).  
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 r = 10−19.71Eh12.93pH1.0  (28) 

 

An investigation into pyrite oxidation at circumneutral pH resulted in the authors proposing an 

electrochemical mechanism (Moses & Herman, 1991). Fe2+ is ubiquitous in natural systems so the 

mechanism of pyrite oxidation involves adsorption on the reactive site then oxidation to Fe3+ by 

O2. Figure 8 is a schematic of the reaction mechanism.  

 

 

Figure 8: Schematic representation of the electrochemical mechanism suggested by Moses 

and Herman (1991). 

 

In Stage 1, Fe2+ is hydrated then adsorbs onto the electron-rich anodic site on the pyrite surface. 

Through hydrogen bonding, it then forms a termolecular complex with O2. In Stage 2, the electrons 

from the Fe2+ flow to the O2, which results in an oxygen reduction product and Fe3+. In Stage 3, 

electrons flow rapidly from the pyrite surface to the Fe3+, reducing it back to Fe2+. This causes a 

transfer of OH- to the surface S group. The Fe2+ is rehydrated and goes through the cycle again until 

a stable sulphoxy species is formed and dissociates into solution. At circumneutral pH, the 

oxidation of Fe2+ to Fe3+ is the rate limiting step but in the absence of Fe2+, the rate limiting step is 

the formation of the first S-O bond (Moses & Herman, 1991). This mechanism suggests that O2 

does not react directly with the pyrite surface and that the oxygen used to form the sulphoxy species 

(A) Stage 1  (B) Stage 2  (C) Stage 3 



 

40 

comes from water (Chandra & Gerson, 2010). Evidence obtained through isotopic tracer studies 

supports this hypothesis (Reedy et al., 1991). Since Fe3+ is the dominant oxidant, if its adsorption 

occurs prior to Fe2+ oxidation, a cyclic process begins from Stage 2. A study into the leaching 

kinetics and stoichiometry of pyrite oxidation in acid ferric sulphate media was completed under 

isokinetic conditions over the temperature range of 45 to 75oC with KMnO4 as the oxidant. The 

solution potential (Eh) was controlled by KMnO4. It was found that the stoichiometry of dissolution 

was independent of temperature and did not depend significantly on solution potential. The 

oxidation rate was found to depend on temperature and it was proportional to the square root of the 

Fe3+/Fe2+ ratio which is the potential-determining couple (Bouffard et al., 2006). 

 

In unstirred conditions, the accumulation of surface products has a more pronounced impact on 

oxidation rates. At low stirring speeds, solution transport can affect the oxidation rate (Holmes & 

Crundwell, 2000). Under acidic conditions, oxidation rates have been reported to have a slight 

inverse dependence on pH. At higher pH, Fe-oxyhydroxides may form which results in pH having 

a more significant effect (Chandra & Gerson, 2010). 

 

The ratio of surface area of reactive pyrite to solution volume is a factor in determining oxidation 

rates (Wiersma & Rimstidt, 1984; Moses & Herman, 1991; McKibben & Barnes, 1986). For 

oxidation by O2, a linear rate dependency on surface area was found (Nicholson et al., 1988) but 

other studies found that increasing pulp densities was beneficial due to the resulting increase in 

surface area to Fe concentrations (Long & Dixon, 2004). The surface area available affects the rate 

because reactants must attach to the surface to facilitate electron transfer processes. The ratio must 

be adequate to minimize solution transport effects which make it important when formulating rate 

laws for pyrite oxidation (Chandra & Gerson, 2010).  
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Although Fe3+ is the dominant oxidant relative to O2, the latter is required to sustain the oxidation 

reaction (Chandra & Gerson, 2010). In the presence of O2, the Fe3+/Fe2+ couple determines the 

solution redox potential (Garrels & Thompson, 1960). Oxidation by O2 has not been shown to be 

dependent on solution Eh. Oxidation by dissolved oxygen produces Fe2+ which can oxidize to Fe3+ 

and becomes a potential oxidizer itself but it is not significant (Williamson & Rimstidt, 1994; 

McKibben & Barnes, 1986). Pyrite oxidation rate has a direct correlation with Eh when Fe3+ and 

dissolved oxygen are both present as oxidants (Chandra & Gerson, 2010). Although there is 

evidence supporting the idea that electrochemical processes control pyrite oxidation, chemical 

reactions within these electrochemical processes cannot be ruled out. An isotopic study shows that 

for small amounts of sulphate (SO4
2-), at least one of the oxygen was derived from molecular 

oxygen (O2) as well as water (H2O) (Reedy et al., 1991). 

 

2.3.3.3 Galvanic Interactions 

Sulphide minerals experience galvanic interactions which significantly affect geochemical 

processes as well as hydrometallurgy, flotation and leaching (Liu et al., 2008). In mined areas where 

metal sulphides are prevalent, the galvanic interactions lead to the oxidative dissolution of these 

metal sulphides and create environmental pollution (Salomons, 1995). Some sulphide minerals are 

electrically conductive and when they are present together in a medium, charge transfer occurs 

leading to galvanic interactions. Eqs. (29) to (31) show the spontaneous oxidation-reduction 

process in galvanic interactions. The behaviour of the mineral depends on its rest potential relative 

to others. Those with lower rest potential anodically dissolve to produce elemental sulphur and 

metal ions, as shown in Eq. (29) (Holmes & Crundwell, 1995). The mineral with the higher rest 

potential serves as the cathode leading to the cathodic reduction of the oxidizable metal element or 

dissolved O2, as shown in Eqs. (30) and (31) (Liu et al., 2008).  
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 MS → M2+ + S0 + 2e−   (29) 

 

 Ln+ + (n − m)e− → Lm+  (30) 

 

 O2 + 4H+ + 4e− → 2H2O  (31) 

 

 

The driving force for the galvanic interaction is the difference between the minerals’ rest potentials. 

Pyrite has a high rest potential so it serves as the cathode where reduction of oxidizable metals 

takes place. Galena, which is also present in the Red Dog waste samples, has a lower rest potential 

so it anodically dissolves to produce elemental sulphur and lead ions. The existence of non-

oxidizing and non-reducing ions does not change the thermodynamics or kinetics of the reactions 

and simply act as an electrically conducting medium (Liu et al., 2008).  

 

Pyrite has a rest potential of approximately 0.66 V which makes it the most electrochemically inert 

of the common sulphide minerals (Chandra & Gerson, 2010). Pyrite experiences galvanic 

protection when multiple metal sulphides are present in a medium. It stays protected from oxidation 

until sulphide minerals with lower rest potential, such as galena and sphalerite, disappear (Liu et 

al., 2008). Dissolution rates of anodic sulphides may vary due to differences in pyrite’s rest 

potential resulting from impurities and changes in semi-conductor type (Abraitis et al., 2004). 

Another factor is the flow rate. It has been found that higher flow rates lead to more severe galvanic 

interactions. When the flow rates of surface water, rainwater and underground water in mined areas 

are high, there is more severe environmental pollution from metals and acidic water (Liu et al., 

2008).  

 

Table 10 shows the relative resistance of common sulphide minerals to oxidation. It is a general 

guide to a sulphide mineral’s susceptibility to oxidation assuming that particle size and texture are 
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similar. The “persistence” effect should also be considered and the order in table 6 is valid only for 

primary minerals (Moncur et al., 2009). The rest potentials were compiled from Majima (1969) and 

they are applicable at pH 4. Rest potentials were not obtained for some of the minerals but the 

general order of resistance to oxidation applies. 

 

Table 10: Relative resistance to oxidation of common sulphide minerals in water at pH 4 

(Majima, 1969). 

Mineral Formula 

Increasing 

resistance to 

oxidation 

Rest potential 

(SHE) V 

Molybdenite MoS2  0.11 

Stibnite Sb2S3  0.12 

Argentite AgS  0.28 

Pyrrhotite Fe1-xS   

Galena PbS  0.40 

Bornite Cu5FeS4  0.42 

Covellite CuS  0.45 

Sphalerite (Zn,Fe)S  0.46 

Pentlandite (Fe,Ni)9S8   

Arsenopyrite FeAsS   

Chalcopyrite CuFeS2  0.56 

Marcasite FeS2  0.63 

Pyrite FeS2  0.66 

 

Laboratory studies have shown that low-Fe and high-Fe sphalerites experience a rapid initial 

dissolution rate accompanied by the release of Zn from the mineral surface (Stanton et al., 2008). 

A significantly slower rate of reaction follows. Acid drainage from sulphidic mine wastes are 

sulphate-rich and sphalerite typically dissolves without forming alteration rims that cause partial 

or complete pseudomorph. Sphalerite solubilization occurs through particle-size reduction and does 

not occur through the production of secondary minerals (Moncur et al., 2009).  
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Galena undergoes the persistence effect. During oxidation, it forms a rim of anglesite (PbSO4). 

Since galena has lower solubility, the secondary anglesite rims slow down further oxidation. 

Although galena and sphalerite have similar reactivity, the persistence effect results in galena 

remaining in the strongly oxidized environment even after sphalerite has disappeared (Moncur et 

al., 2009).  

 

High concentrations of strong oxidants like Fe3+ in the flowing medium increase the current density 

of the galvanic cell. However, the presence of non-oxidizing and non-reducing ions, like Na+ do 

not affect the galvanic cell. During sulphide oxidation, oxidizable metal ions, like Fe2+ are 

consumed and oxygen is required to regenerate them. Preventing access to O2 is therefore important 

in controlling sulphide oxidation rates but even in the absence of O2, the sulphide mineral couples 

still undergo galvanic interaction. The oxidizable metal ions in solution act as the cathodic reducing 

agent which facilitates the continuation of the galvanic interaction (Liu et al., 2008). 

 

Some common secondary minerals are observed as the waste rocks are oxidized over time. Goethite 

(FeO(OH)) is the dominant iron oxyhydroxide because of its stability compared to other species 

like ferrihydrite ((Fe3+)2O3•0.5H2O) and lepidocrocite (γ-FeO(OH)). Potassium is released from 

biotite (K(Mg,Fe)3AlSi3O10(OH)2) in low-pH environments, providing potassium for jarosite 

(KFe3+
3(OH)6(SO4)2) precipitation (Kalinowski & Schweda, 1996). These minerals exist as 

pseudomorphs of pyrite and primary ore minerals. During the final stage of oxidation, tailings 

assume characteristics of a mature gossan, a severely oxidized or weathered rock. The sulphide 

minerals are depleted resulting in increased pH of the pore water where jarosite is unstable (Moncur 

et al., 2009).  
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2.3.3.4 Bacterial Oxidation 

There is a diverse microbial population that is tolerant of metals and capable of oxidizing sulphides 

in neutral and acidic environments. The most studied organism is acidithiobacillus ferrooxidans. It 

is an acidophilic chemolitotroph and autotroph bacteria. Its source of cellular carbon is CO2 fixation 

via the Calvin cycle and its energy source is the oxidation of Fe2+ or reduced sulphur compounds 

like H2S, HS-, So, S2O3
2-, and SO3

-. It has been known to survive under anaerobic conditions using 

the reduced sulphur compounds as an electron donor and Fe3+ as an electron sink (Dold, 2010).   

 

The presence of microorganisms can accelerate pyrite oxidation by a factor of more than 106 

(Singer & Stumm, 1970). The bacteria type, growth stage, and the mineral’s physical and chemical 

properties all influence the kinetics and mechanism of pyrite oxidation. Structural imperfections 

can cause a slight increase in oxidation rates but for some cases, the level of impurities may have 

a more significant effect. XPS spectroscopy shows that on the surface of powdered pyrites, Fe3+ 

ions are present mainly as sulphates with the oxide and hydroxide forms also present in minor 

amounts. Fe2+ ions are present as pyrite (FeS2) (Karavaiko et al., 1994).  

 

The type of bacteria used influences the leaching process. Thiobacillus ferooxidans causes Fe2+ and 

S2- to be oxidized simultaneously whereas sulfobacillus thermosulfidooxidans results in more 

predominant oxidation of S2-. T. ferrooxidans maintains the p-type conductivity of pyrite and s. 

thermosulfidooxidans inverts the conductivity type (Karavaiko et al., 1994).  

 

A study into the oxidation of mineral sulphides by thermophilic organisms found that at low mineral 

concentrations, the pyrite dissolution rate is proportional to temperature. Low mineral 

concentrations (2% w/v) minimized shear forces which improves the conditions for the 
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microorganisms. The solubilization of iron is more rapid with moderate thermophiles compared to 

mesophiles using 10% w/v but dissolution rates at both temperatures increase threefold compared 

to the 2% w/v concentrate. High temperature organisms are less able to handle higher mineral 

concentrations in agitated cultures. It is likely that shear forces, physical attrition, chemical 

toxicities, and unfavourable mass transport phenomena lead to this incompatibility. It was 

established that pyrite oxidation rate by microorganisms increases over the 30 to 84oC temperature 

range when low mineral concentrations are used (Clark & Norris, 1996). 

 

2.4 ARD Remediation using Phosphate Addition 

It is common practice in the mining industry to neutralize acid that has been generated due to the 

weathering process. The treatment produces sludge abundant in metal hydroxides that will 

subsequently require disposal. Rather than inhibiting pyrite oxidation, neutralizing agents like 

limestone are used to treat AMD or ARD after it is produced. Treatment using NPR is intended to 

reduce oxygen access from the pyritic surface which slows down the weathering process, thereby 

decreasing the environmental impact (Kalin et al., 2003). Neutralization with lime consumes 

hydrogen ions and dissolved metals are precipitated as metal hydroxides. Treatment with NPR 

releases calcium carbonate and phosphoric acid that react with the dissolved metals (Kalin et al., 

2003).  

 

Boojum Ltd. started researching the use of NPR as a method of remediating acid rock drainage 

after a report was published in Northern Mining Magazine about a Gibraltar dump in British 

Columbia ceasing to produce metal leachate. The surfaces of the waste rocks were observed using 

SEM/EDS and found that the rock coatings had phosphate and jarosite (Ueshima et al., 2003). 

Other studies have shown the potential of phosphate to reduce pyrite oxidation (Hart & Stiller, 
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1991; Hart et al., 1990; Spotts & Dollhopf, 1990; Ziemkiewicz, 1990). Hart et al. (1990) and Hart 

& Stiller (1991) reported that NPR is an effective amelioration agent after applying natural 

phosphate to acid-generating coal wastes. 

 

Kalin et al. (1998) conducted a study wherein 60L of pyritic waste rocks from a zinc/copper mine 

were placed in 70L drums along with 115 kg of NPR per ton of waste rock. The drums were exposed 

to weathering for three winters. The NPR application rate was based on economics and it was not 

related to any factors involved with acid generation. The cumulative acidity from the waste rocks 

was reduced by 74% to 90% as a result of NPR addition. Effluent quality was more improved in 

the fresh rocks compared to those that had weathered for 4 years or more where oxidation products 

had formed prior to the experiment. The study also found that the amount of pyrite on a mass basis 

does not play a significant role in the amount of acidity generated and appeared to be better related 

to the amount of surface area exposed to pyrite weathering. Acidity is generated only from mineral 

surfaces that are exposed to weathering and come into contact with water which transports 

weathering products (Ueshima et al., 2003). There was no evident relationship between the 

effectiveness of NPR and the pyrite content of the waste rocks. It was likely that the controlling 

factor was the rate at which NPR was weathered which results in orthophosphate release. The 

reduction in ARD due to NPR addition was probably caused by the formation of secondary mineral 

coatings on the rock surfaces (Kalin et al., 2003). The NPR was weathered at a relatively constant 

rate of 50-61% in 989 days. The low phosphate concentrations (≤ 0.7 mg/L) suggested that almost 

all the phosphate was re-precipitating on the waste rocks (Kalin et al., 1998).  

 

Olson et al. (2005) completed kilogram-scale humidity cell and column leach tests and 600-ton 

scale field trials using a combination of phosphate and thiocyanate to treat sulphidic waste rocks 
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from Red Dog Mine. The phosphate was sourced from phosphate rock, commercial agricultural 

phosphates such as “Dical”, and consolidated clay which is a waste material from phosphate 

beneficiation. Sulphide waste rocks from Red Dog Mine were crushed to <12.7 mm before using 

them as column test charges. They contained indigenous sulphide-oxidizing microorganisms and 

were not inoculated before leaching. The study found that treatment with thiocyanate reduced ARD 

by at least 50% compared to untreated waste rock but a combination of low dosages of phosphate 

materials and thiocyanate treatment was more effective than thiocyanate alone. Co-treatment with 

thiocyanate and phosphate rock resulted in 80% reduction of sulphate, 82% reduction of zinc, and 

95% reduction of iron in the leachates from the columns.  

 

A previous study by Olson et al. (2003) obtained about 50% reduction in sulphate leaching from 

field tests at Red Dog Mine where waste rocks were treated with thiocyanate in 100-ton test pits. 

A subsequent field test was conducted to confirm the results from the column tests indicating that 

co-treatment with thiocyanate and phosphate would be more effective at reducing sulphide 

oxidation (Olson et al., 2005). The test material consisted of 4000 tons of stockpile waste rock 

crushed to <76.2 mm in size. Each test pit was loaded with 600 tons of sulphidic waste rock and 

natural precipitation was the only source of leach solutions from the pits. Co-treatment with 

thiocyanate and Dical resulted in over 50% reduction of TDS, sulphate, and zinc leaching in the 

test pits. 

 

Mauric & Lottermoser (2011) investigated the effectiveness of phosphate treatment using finely 

granulated waste rocks (>2 to <30 mm) in laboratory leach experiments for 13 weeks and coarsely 

granulated waste rocks (sand to boulder size) in heap leach piles at the mine site for 11 months. 

Short-term results from the lab experiments indicated that calcite dissolution from the phosphorite 
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rock produced leachates with near-neutral pH values and limited metal mobility. Treatment with 

only phosphorite rock resulted in secondary Ca sulphates and no secondary phosphate phases but 

the addition of water-soluble phosphate fertilizer MKP (KH2PO4) resulted in the formation of 

phosphate coatings and precipitates which inhibited acid generation and metal release. The study 

concluded that the water-soluble MKP phosphate fertilizer can be used to induce the development 

of phosphate coatings and precipitates in finely granulated mine wastes (Mauric & Lottermoser, 

2011). 

 

However, the long-term field trials suggested that phosphate stabilization is ineffective in limiting 

sulphide oxidation in the coarsely granulated waste rocks. Sulphide oxidation and release of SO4 

and metals were not suppressed by treatment with phosphates. The leachates from the phosphate-

treated heaps had similar pH, Cu, Pb, and SO4 and higher Cd, Mg, Mn, Ni, and Zn compared to the 

control heap. The study concluded the phosphate rock and fertilizer were both ineffective for 

stabilizing coarsely granulated waste rocks and preventing the release of metals (Cu, Pb, Zn, Cd, 

Ni) (Mauric & Lottermoser, 2011). 

 

2.4.1 Proposed Mechanisms for Phosphate Rock Treatment 

Kalin et al. (1998) suggest that phosphate inhibits corrosion because Fe(III) oxides chemisorb 

phosphates on their surfaces. Iron phosphates precipitate and remain stable at low pH conditions 

typical of acid mine waters. The solubility of iron phosphate also decreases as pH increases. The 

concentration of Fe3+ ions, a strong oxidant of metal sulphides, is reduced when Fe(III) phosphates 

precipitate (Renton et al., 1988). The amount of FePO4 precipitation depends mainly on the 

concentration of dissolved orthophosphate in the water that comes into contact with sulphidic waste 

rocks. Therefore, one of the controlling factors is the weathering rate of NPR that results in 
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orthophosphate release. Iron phosphate and iron hydroxide precipitates create a coating on the 

pyrite surfaces which limits the rate of oxygen diffusion. The coating physically isolates the pyrite 

surface and results in the inhibition of pyrite oxidation (Ziemkiewicz, 1990). 

 

Other studies have indicated that treatment with phosphate creates conditions on the sulphide 

mineral surfaces that prevent further oxidation as opposed to forming a precipitate with sulphide 

oxidation products (Spotts & Dollhopf, 1990). Evangelou (1994, 1995) suggested that phosphate 

reacts with dissolved Fe2+ and Fe3+ to form vivianite (Fe3(PO4)2∙H2O) and strengite (FePO4∙2H2O), 

respectively. These precipitation reactions maintain the dissolved iron concentrations at a very low 

level which minimizes pyrite oxidation by ferric iron. Phosphate molecules may also adsorb onto 

iron atoms on the pyrite surface, thereby eliminating the electron transfer between pyrite and 

oxidizers. 

 

Olson et. al (2005) found that the reduction in Fe leaching was comparable to sulphate and Zn 

leaching and attributed it to the precipitation of iron phosphate. The phosphate used in their study 

was sourced from phosphate rock, commercial agricultural phosphates, and waste material from 

phosphate beneficiation. Although these phosphate materials have only a modest acid neutralizing 

capacity (ANC), they are effective because of the precipitation of Fe and Al phosphates which 

avoids the Lewis acidity that occur when hydroxides precipitate. 

 

Mauric & Lottermoser (2011) conducted lab trials which found that treatment with only 

phosphorite rock resulted in secondary Ca sulphates and no secondary phosphate phases. However, 

treatment with water-soluble MKP (KH2PO4) fertilizer resulted in CaSO4 coatings and secondary 

phase coatings such as metal, metal-alkali and alkali phosphates. 
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2.4.2 Code 48 NPR from TexasGulf Inc. 

The natural phosphate rocks used by Kalin et al. (1998) and Kalin et al. (2003) were waste products 

of a sedimentary deposit of the Aurora Phosphate Mine in North Carolina, USA and had low-

phosphate content. The phosphate was mainly in the form of calcium phosphate (Ca3(PO4)2). The 

material is a coarse (0.1 cm < dp < 1 cm) by-product acquired after the phosphate ore was screened 

before processing it as feed for the fertilizer plant (Texasgulf Inc., 1993).  

 

Table 11 shows the composition of the TexasGulf Code 48 NPR material. The NPR used for this 

thesis project was obtained from the same sample and it is expected to have similar composition. 

 

Table 11: Composition of the natural phosphate rock (TexasGulf Code 48) (Texasgulf Inc., 

1993) 

Element Assay (%) Probable Compound % 

P 7.1 Ca3(PO4)2 35.8 

S 0.8 CaSO4 3.4 

Ca 31.3 CaCO3 47.9 

Mg 0.3 MgCO3 1.0 

Na 0.5 Na2CO3 1.2 

Al 0.3 Al(OH)3 0.7 

K 0.1 KOH 0.2 

Fe 0.5 Fe(OH)3 1.0 

Si 0.01 SiO2 0.03 

Sr 0.2 SrCO3 0.3 

B 0.03 B2O3 0.2 

F 1.8 CaF2 3.7 
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Chapter 3 

Experimental 

3.1 Raw Materials Characterization 

 

The as-received waste rocks were provided by Teck from their Red Dog Mine in Alaska, USA. 

Two hundred and seventy-five kilograms of waste rock was received and there was a wide range 

in particle size, shown in Figure 9. Visual inspection also indicated that the mineralogy was 

heterogeneous.  

 

 

Figure 9: Methods used to estimate the surface area of larger Red Dog waste rocks. 

  

Initial sizing was completed qualitatively. Table 12 shows the overall particle size distribution of 

the Red Dog sample. The particle size distribution was determined because of the correlation 

between particle size and exposed surface area. As the particle size decreases, the surface area 

exposed to water and air increases. 

 

The surface area was estimated using a 1 meter by 1 meter grid paper with 10 cm by 10 cm grids. 

Initial classification grouped the rocks into 1.27 – 2.54 cm, 2.54 – 7.62 cm, 7.62 – 12.7 cm, 12.7 – 

A B C 
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17.78 cm, and those larger than 17.78 cm were measured separately. These values were converted 

into centimeters as shown in Table 12. 

 

Table 12: Overall particle distribution of Red Dog waste rocks samples. 

Classification 
Range of Particle  

Size (cm) 

Total 

Mass (kg) 

Total Surface 

Area (m2) 

Specific 

Surface Area 

(m2/kg) 

1.27 – 2.54 cm 1.27 – 2.54 30.1 1.290 0.043 

Small rocks 2.54 – 7.62 37.1 1.233 0.033 

Medium rocks 7.62 – 12.70 32.5 0.765 0.024 

Large rocks 12.70 – 17.78 42.2 0.876 0.021 

Extra-large rocks > 17.78 93.5 1.612 0.017 

 

The rocks for each group were packed as tightly and flatly as possible on the grid paper. The length, 

width, and height of the packed rocks were measured in order to estimate the surface area of the 

rocks, as shown in Figure 9A and Figure 9B. A scale was then used to measure the total weight of 

the rocks. For the rocks that were classified as extra-large, as shown in Figure 9C, a program called 

ImageJ was used to estimate the surface area. Table 13 shows the surface area measurements 

obtained from ImageJ for each rock. 

 

Table 13: Measurements used to estimate the surface area of Red Dog waste rocks larger 

than 1.27 cm. 

Classification 
Length 

(cm) 

Width 

(cm) 

Height 

(cm) 

Surface Area for the block 

(m2) 

0.5-1” 80 80 3 1.290 

Small rocks 80 70 3.75 1.233 

Medium rocks 65 50 5 0.765 

Large rocks 60 60 6.5 0.876 
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In order to provide fine samples for the acid generation test work, the smallest rocks (smaller than 

2.54 cm) were separated using a SWECO screen and the following size fractions, according to the 

M.I.T classification, were obtained: fine gravel (-3.35 mm + 2.36 mm), coarse sand (-2.36 mm + 

0.60 mm) and medium sand (-0.60 mm + 0.21 mm). For the particles smaller than 0.21 mm, Tyler 

sieves and a vibrating sieve shaker were used to provide the following size fractions: fine sand  

(-0.212 mm + 0.075 mm) and silt (-0.075 mm + 0.038 mm). The different fractions were weighed 

to determine the particle size distribution of the fines and the results are shown in Table 14. The 

particle size distribution was used to qualitatively assess the surface area of pyrite exposed and the 

amount of acid generated. The heterogeneity of the sample did not allow for a useful model of the 

acid generation as a function of particle size. 

 

Table 14: Tyler mesh conversion and size descriptions for the fines from the Red Dog waste 

rock samples. 

Tyler Mesh  

Size Used 

Range of Particle  

Diameter (mm) 

M.I.T. 

Particle  

Classification 

Percent Finer  

Than 

Percent of the 

Total Fines 

Material 

6 > 3.35 Fine Gravel 

(19.8%) 

88.160% 11.840% 

8 2.36 - 3.35 80.174% 7.986% 

10 1.7 - 2.36 

Coarse Sand 

(32.7%) 

68.603% 11.572% 

14 1.18 - 1.7 59.140% 9.462% 

20 0.85 - 1.18 50.739% 8.401% 

28 0.6 - 0.85 47.450% 3.289% 

35 0.425 - 0.6 
Medium Sand 

(17.4%) 

42.096% 5.354% 

48 0.3 - 0.425 35.083% 7.014% 

65 0.212 - 0.3 30.063% 5.019% 

100 0.15 - 0.212 
Fine Sand 

(13.6%) 

26.317% 3.746% 

150 0.106 - 0.15 22.222% 4.095% 

200 0.075 - 0.106 16.418% 5.804% 

270 0.053 - 0.075 

Silt 

(16.4%) 

10.130% 6.288% 

325 0.045 - 0.053 3.446% 6.685% 

400 0.038 - 0.045 1.679% 1.766% 

< 400 < 0.038 0.000% 1.679% 
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The mineralogy of the as-received Red Dog waste rocks was determined by x-ray diffraction 

(XRD) at Queen’s University’s Department of Geology, as shown in Figure 10. The main minerals 

detected by XRD analysis were quartz (SiO2), barite (BaSO4), sphalerite (ZnS), and pyrite (FeS2) 

and these results are in general agreement with the mineralogy shown in Table 1. Results of the 

XRD analysis are included in Appendix 7.3.  
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Figure 10: X-ray diffraction pattern of as-received Red Dog waste rocks. 

 

An optical microscope was used to examine the surface of the waste rocks. The particle size for the 

rest of the experiments was chosen so that pyrite would be liberated, making it available for 

oxidation. Scanning Electron Microscopy-Energy Dispersive Spectroscopy (SEM-EDS) at 

Queen’s University’s Department of Mechanical Engineering was used to examine the rock surface 

and minerals on a smaller scale. Overall scans showed very low levels of iron. Figure 11 shows the 

surfaces of the waste rocks. 
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Figure 11: SEM images of surface of a Red Dog waste rock sample. 

 

The area bound in Figure 11A consisted mainly of Zn, Si, S, Ca, Ba, and Fe which indicates that 

there is sphalerite (ZnS), barite (BaSO4), pyrite (FeS2), quartz (SiO2) and some calcium-containing 

mineral. The area bound in Figure 11B represents barite and Figure 11C represents barite and 

quartz. These images were captured at 100x magnification. 
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In order to investigate the effect of particle size on metal content, representative samples from each 

M.I.T. size classification (as shown in Table 14) were subjected to aqua regia (1:3 HNO3:HCl) 

digestion and the solutions were analyzed for Fe, Zn and Pb by inductively coupled plasma optical 

emission spectrometry (ICP-OES) at Kingston Process Metallurgy. The results of the analysis are 

shown in Table 15  and Figure 12 where it can be seen that the metal contents were relatively 

constant above about 2 mm but dropped rapidly below this size. For both zinc and lead, there was 

about a 50% reduction in concentration over this size range, as the values dropped from about 4% 

to 2% for zinc and from about 1.2% to about 0.6% for lead. For iron, the decrease was about 40% 

as the concentration declined from about 2.5% to 1.5%. It is noteworthy that the iron contents in 

these samples were significantly lower than the values of about 7% iron or about 14% pyrite, as 

reported in Table 1, for typical Red Dog Mine waste. On the other hand, the zinc contents in the 

samples for the test work were higher than those of the typical Red Dog Mine waste.  

 

Table 15: Zinc, iron and lead content of different fractions of Red Dog waste rocks. 

M.I.T. 

Classification 
Particle Size (mm) 

Undissolved 

by digestion 
Fe Zn Pb 

Fine gravel > 3.35 87.18% 2.53% 4.02% 1.11% 

Fine gravel 2.36 – 3.35 88.19% 2.54% 4.09% 1.23% 

Coarse sand 1.7 – 2.36 88.29% 2.31% 4.06% 1.20% 

Medium sand 0.425 – 0.6 90.57% 2.05% 2.72% 0.92% 

Fine sand 0.15 – 0.212 94.41% 1.59% 2.06% 0.69% 

Silt 0.045 – 0.053 95.48% 1.55% 1.71% 0.52% 
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Figure 12: Zinc, iron and lead concentrations in the Red Dog waste rock as a function of 

particle size. 

 

Aqua regia digestion is ineffective in breaking down quartz and barite, which made up greater than 

80% of the Red Dog waste rocks. It can achieve complete digestion of metal sulphides like 

sphalerite (ZnS), galena (PbS), and pyrite (FeS2) so it was used to determine the concentrations of 

Zn, Pb, and Fe in the samples. It can also digest many sulphates (except barite, (BaSO4)), arsenides, 

tellurides, native metals, simple oxides and hydroxides, phosphates, carbonates, and organically-

bound elements (Day et al., 2000). Sulphate mineral solubility limits do not have a significant effect 

because sulphuric acid is not used in the digestions.  

 

Sulphur and carbon content were quantified using the ELTRA CS-2000 carbon/sulphur 

determinator at Queen’s University’s Department of Mining. The samples contained an average of 

12.2% sulphur and 0.33% carbon. The total sulphur includes the sulphur from barite (BaSO4) as 
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well as sphalerite, pyrite, and galena. The total carbon comes from ubiquitous carbonates in the 

waste rock sample such as calcite (CaCO3), dolomite (CaMg(CO3)2), and siderite (FeCO3). 

 

The -0.045 mm (-325 mesh) fraction of the silt was utilized for this research. The composition of 

the as-received waste rocks are shown in Table 16. The average particle size was determined to be 

0.0198 mm using a Fritsch laser particle size analyzer. The elemental composition of the solid 

waste rocks was determined using an x-ray fluorescence (XRF) analyzer. The same sample was 

also subjected to aqua regia digestion and the solution was analyzed by ICP-OES. The carbon and 

sulphur content were measured using ELTRA CS-2000. 

 

Table 16: Content of as-received Red Dog waste rocks with dp < (-0.045 mm). 

  Analytical instrument used 

% Mg 
0.04 XRF 

0.03 ICP-OES 

% Al 
0.14 XRF 

0.12 ICP-OES 

% S 

12.28 XRF 

13.14 ELTRA CS-2000 

12.64 ICP-OES 

% K 
0.08 XRF 

0.08 ICP-OES 

% Fe 
1.55 XRF 

1.55 ICP-OES 

% Zn 
1.76 XRF 

1.71 ICP-OES 

% As 
0.01 XRF 

0.01 ICP-OES 

% Pb 
0.54 XRF 

0.52 ICP-OES 

% Ba 0.06 ICP-OES 

% Si 0.25 ICP-OES 

% C 0.27 ELTRA CS-2000 
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3.2 Experimental Methods 

Table 17 lists the different experimental methods used for this project and a description of the 

materials and equipment used for each set-up. The waste rocks were prepared by removing any 

oxidized iron species on the surface using a series of washes. First, they were rinsed with deionized 

water 3 times then with 1M HCl solution 2 times followed by deionized water again 3 times. 

Finally, they were rinsed with acetone 2 times and again with deionized water 3 times. The waste 

rocks were left to dry in the oven at 50°C for 24 hours before using them for the tests.
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Table 17: Summary of experimental methods. 

Mass of 

Red Dog 

Waste 

(g) 

Particle Size 

(mm) 

Solid: 

Liqui

d 

Ratio 

Water Type 

Vol. of 

Water 

(mL) 

Container Equipment 

Shaking 

Rate  

(rpm) 

Temp.  

(oC) 
Purpose 

10 
1.7 - 2.36 

0.15 - 0.212 
1:5 Distilled 50 

125 mL 

beaker 
N/A N/A 25 

Compare wetting & drying 

cycle with full submersion 

10 
1.7 - 2.36 

0.15 - 0.212 
1:5 Distilled 50 

125 mL 

Erlenmeyer 

flask 

Orbital 

shaker 
200 25 

Compare the effects of 

shaking and wetting & drying 

cycles 

10 <0.045 1:5 

Distilled, 

Tap, Lake, 

Dilute acid 

50 

125 mL 

Erlenmeyer 

flask 

Incubator 

shaker 
200 60 

Compare the effects of 

different types of water on 

the rate of acid generation 

10 <0.045 1:5 Distilled 50 

250 mL 

Erlenmeyer 

flask 

Incubator 

shaker 
200 60 

Observe the acid generation 

process from individual 

flasks 

125 0.075 - 0.106 1:5 Distilled 625 

2 L 

Erlenmeyer 

flask 

Incubator 

shaker 
200 60 

Observe the acid generation 

process by taking 30 mL 

slurries throughout 

10 <0.045 1:5 Distilled Variable 

250 mL 

Erlenmeyer 

flask 

Incubator 

shaker 
200 60 

Determine the effect of NPR 

on the acid generation 

process 
60oC was chosen as the incubating temperature because the higher temperature increases the rate of acid generation without being harmful to the majority of microorganisms that 

may be present in the as-received Red Dog waste rocks.
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3.2.1 Acid Generating Tests 

Preliminary static tests were performed in order to determine the conditions for acid generation.  

These tests were conducted using 10 grams of Red Dog waste rocks mixed with 50 mL distilled 

water to give a 1:5 solid to liquid slurry ratio. These tests used 125 mL beakers to maximize air 

flow and ensure oxidizing conditions, as shown in Figure 13. The slurries were set up such that one 

would be continuously submerged in distilled water while the other was subjected to wetting and 

drying cycles. The former method simulates conditions that would result in the slowest oxidation 

rate due to the water’s diminishing dissolved oxygen content over time. The latter method mimics 

natural conditions in which waste rocks undergo wetting and drying cycles due to precipitation and 

water flow down the waste rock pile. 

 

 

Figure 13: Initial acid generating tests using Red Dog waste rocks. 

 

Dynamic tests were performed in an orbital shaker, at the same solid to liquid slurry ratio, but for 

these tests the slurries were placed in 125 mL Erlenmeyer flasks and shaken at 200 rpm at both 

room temperature (25oC) and also at 60oC. The set-up for the tests at room temperature is shown in 

Figure 14. The pH and oxidation reduction potentials (ORP) of the samples were measured and 

evaporation losses were replaced throughout the test period. 
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Figure 14: Shake flask experiments at room temperature. 

 

The effect of different types of water was investigated by comparing slurries prepared with dilute 

HNO3:H2SO4 (at a ratio of 60:40 weight % to simulate acid rain), tap water, distilled water and lake 

water (filtered and boiled). The same 1:5 solid to liquid ratio was used. Again, 10 grams of Red 

Dog waste rocks (dp < 0.045 mm) was added to 125 mL Erlenmeyer flasks with the appropriate 

liquid. The slurries were continuously shaken at 200 rpm and 60°C using an incubator shaker. 

Sponge stoppers were used to allow air flow and minimize evaporation losses at the elevated 

temperature, as shown in Figure 15. The pH, ORP, and conductivity of the samples were measured 

in the flasks periodically. Conductivity provides a simple and inexpensive means of estimating the 

total dissolved solids with reasonable precision and accuracy through the use of automated 

electronic sensors (LakeSuperiorStreams.org, n.d.) 
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Figure 15: Shake flask experiments at 60oC and 200 rpm. 

 

A fourth series of tests at the same solid (dp < 0.045 mm) to liquid ratio were performed in 250 ml 

Erlenmeyer flasks using an incubator shaker, again at 200 rpm and at 60°C.  A fourth set of 

experiments was performed in 2L Erlenmeyer flasks. Duplicate 1:5 solid to liquid slurries were set 

up using 125 grams of Red Dog waste rocks (dp = -0.106 mm + 0.075 mm) and 625 mL of distilled 

water. The samples were incubated at 60°C and 200 rpm. For all the tests at these conditions, sponge 

stoppers were used to allow air flow and to minimize evaporation. Where necessary, evaporation 

losses were replaced throughout the measurement period. In each series of tests, a number of 

parallel experiments were conducted so that at a predetermined time, a flask could be removed and 

the liquid solution and the solids could be chemically analyzed. Although the tests were run at 60oC 

to generate acid, all of the subsequent analysis was performed at room temperature (25oC). 

 

Data relating to the preparation of these slurries can be found in Table 32 in the Appendix. One of 

the challenges in using shake flask experiments is ensuring the duration is sufficient to exceed the 

lag time that precedes acid generation (Lapakko, 1993). There are also concerns that acid formation 
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is inhibited by the volume of water in the flask and that indigenous bacteria may not acclimate to 

the test conditions (SRK Inc., 1989). 

 

3.2.2 Tests with Natural Phosphate Rocks 

Slurries were prepared to study the effect of natural phosphate rocks (NPR) on the oxidation of Red 

Dog waste rocks. 10 grams of Red Dog waste rocks (dp < 0.045 mm) were added to 250 mL 

Erlenmeyer flasks along with varying amounts of NPR. The original particle size of the NPR 

sample was 0.1 to 1 cm but it was pulverized and screened before being added to the slurries. Only 

particles with dp < 0.038 mm were used so that the Red Dog waste rock and NPR particle sizes 

would be comparable. Table 43 in the Appendix contains information regarding the preparation of 

these slurries. The amount of NPR added was calculated such that there would be 1%, 3%, 5%, 

10%, 20%, 50%, 60%, and 100% NPR in the different flasks. The volume of distilled water added 

was also varied to make it consistent with the 1:5 solid to liquid ratio used with the other 

experiments. The amount of water added depended on the overall mass of Red Dog waste rocks 

and NPR in the flask. The initial pH, ORP, and conductivity of each sample were measured prior 

to incubating at 60oC and 200 rpm for 106 days. 

 

3.2.3 In Situ Measurements 

In situ measurements were performed in order to determine the conditions required for acid 

generation. The pH, ORP, and conductivity of the slurries were measured at selected time intervals 

during the tests. A Sper Scientific Water Quality Meter (Model 850081) was used with the 

following interchangeable probes from Sper Scientific: pH probe (Model 840016), ORP probe 

(Model 85088), conductivity probe (Model 850083) and ATC temperature probe (Model 850082).  
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The Sper Scientific pH probe (Model 840016) was used in conjunction with the ATC temperature 

probe (Model 850082) to measure pH while automatically compensating for temperature variances. 

pH measurements were standardized using a two-point calibration with ACP Chemicals pH buffers 

4 and 7 for acidic slurries and pH buffers 7 and 10 for basic slurries. The pH buffer solutions had 

an accuracy of ± 0.01 pH at 25oC. The oxidation reduction potential (ORP) measurements were 

standardized using a Thermo Scientific Orion ORP Standard (Model 967901) to determine the 

offset. The standard solution’s ORP is 215 ± 3 mV for Ag/AgCl electrodes. The ORP probe (Sper 

Scientific Model 85088) used a Ag/AgCl electrode with saturated 4 KCl as a reference electrode. 

ORP measurements obtained with this probe were converted to standard hydrogen electrode (SHE) 

by adding 200 mV to the measured ORP. The conversion to SHE is necessary to determine the Eh 

of the solution. The Eh is the potential of a solution relative to SHE. In geochemistry, negative Eh 

values indicate reducing conditions and positive Eh indicate oxidizing conditions. Conductivity 

measurements using the Sper Scientific conductivity probe (Model 850083) were standardized 

using Hanna Instruments standard solution at 1 413 μS/cm (Model HI 7031) and 12 880 μS/cm 

(Model HI 7030) to calibrate the instrument. The conductivity probe automatically corrected for 

temperature so the values presented have been standardized to 25oC. 

 

3.2.4 Analysis of Solution and Rocks 

At predetermined intervals, a flask containing the reacted sample was removed and the sample was 

filtered and the filtrates were analyzed for Fe (total), Zn and Pb by ICP-OES and sulphate 

concentration by HPLC. The remaining oxidized waste rocks, or filtrand was digested in aqua regia 

(1:3 HNO3:HCl) and the solution was analyzed for Fe, Zn and Pb by ICP-OES.  Sulphur and carbon 

contents were quantified using the ELTRA CS-2000 carbon/sulphur determinator. For some tests, 

the particle size of the rock was determined using a Fritsch laser particle size analyzer. 



 

67 

3.3 Eh-pH Diagrams and Modelling 

To aid in understanding and explaining the experimental results, some theoretical calculations were 

performed. Outotec’s HSC Chemistry 6.1 program (Roine, 2006) was used to generate Eh-pH 

(Pourbaix) diagrams corresponding to the experimental conditions used. The main elements for the 

input were iron, zinc and lead and the other elements were sulphur, hydrogen and oxygen. Data 

from the literature for jarosite was added to the database. The Eh and pH measurements were then 

superimposed on the Pourbaix diagrams to show the thermodynamically stable species at the given 

conditions. Speciation modelling was performed with PHREEQC, using the MINTEQ database 

(Parkhurst & Appelo, 2013).  The input species and concentrations were taken from the assays of 

the Red Dog Mine waste rock used in the test work. Once the model was run, the equilibrium 

composition of the final state of the system was determined, including the pH and Eh of the aqueous 

solution, the concentration of all possible dissolved species in the solution, and the amounts of any 

precipitated species. 

 

3.4 Error Analysis 

The main sources of error were experimental error due to the reproducibility of each set-up and 

instrument error which affects the accuracy of the measurements. Experimental error was 

calculated by conducting several experiments in triplicates. Instrument error was quantified by 

taking pH, Eh, and conductivity measurements in triplicates. To calculate the error, the variability 

from the repeat experiments was used to determine an estimate of the pooled variance using 

Equation (32). 

 

 
𝑠𝑝

2 =
∑ [(𝑛𝑖 − 1)𝑠𝑖

2]𝑘
𝑖=1

∑ (𝑛𝑖 − 1)𝑘
𝑖=1

 
(32) 
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With si
2 calculated according to Equation (33)(47): 

 
𝑠𝑖

2 =
1

𝑛 − 1
∑(𝑦𝑖 − �̅�)2

𝑛

𝑖=1

 
(33) 

 

 

All of the relative standard errors were computed to 95% confidence. Experimental error was likely 

caused by the inherent heterogeneity of the minerals within the waste rock samples. There is also 

variability from the waste rock samples used for the test slurries. There is minimal variability 

expected from the incubation because all the slurries were subjected to the same experimental 

conditions. Measurement error was largely due to the Eh measurements. The error was attributed 

to the instability of the solution Eh and possibly the poor response time of the Eh meter which 

resulted in relatively unstable measurements. 
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Chapter 4 

Results and Discussion 

4.1 Factors in the Acid Generating Tests of Red Dog Waste Rocks 

The acid generating potential of the Red Dog waste rocks and the factors that affect the kinetics of 

the oxidation process were tested by subjecting 1:5 solid to liquid slurries to varying conditions. 

Factors like particle size, wetting and drying cycles, elevated temperature, and type of water were 

investigated. The pH and solution potential were measured over time and used as indicators of the 

onset of acid generation. Acidity is commonly measured by pH due to the ease in collecting and 

comparing values but its accuracy is limited because it only measures H+ concentration. Eh 

measurements are only useful as qualitative indicators of redox conditions because it is difficult to 

obtain accurate measurements as Eh can change during sampling and measurement and it is not 

always clear to which redox couple the Eh electrode is responding.  

 

4.1.1 Effect of Particle Size, Wetting/Drying Cycles and Elevated Temperature 

Slurries were prepared with different particle sizes and tested under the varying conditions shown 

in Table 18. These initial acid generating tests were conducted to determine the required conditions 

to expedite the onset of acid generation from the Red Dog waste rocks. 
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Table 18: Experimental conditions used to test the effect of different factors on acid 

generation and results from each set. 

Particle size Submerged 

Wetting 

& 

Drying 

Cycles 

Shaking 

at 

200 rpm 

Elevated 

Temp. 

to 60oC 

Results 

Coarse sand 

    Figure 16A, Figure 17A 

    Figure 16B, Figure 17B 

    Figure 18A, Figure 19A 

    Figure 18B, Figure 19B 

Fine sand 

    Figure 16A, Figure 17A 

    Figure 16B, Figure 17B 

    Figure 18A, Figure 19A 

    Figure 18B, Figure 19B 

    Figure 20A, B, C 

    Figure 20A, B, C 

 

Full submersion of the waste rocks did not lead to acid generation for both particle sizes, as shown 

in Figure 16A. The fine sand slurry reached its minimum pH of 6.61 much more quickly at 7 days 

compared to the coarse sand slurry which reached a minimum pH of 6.88 after 57 days. In both 

cases, an initial drop in pH was observed followed by an increase. Figure 16B shows the change in 

pH over time for slurries that were subjected to wetting and drying cycles. These slurries did not 

exhibit the same initial decrease in pH as those that were continuously submerged in water. The 

coarse sand and fine sand slurries reached their minimum pH after 9 days and 12 days, respectively, 

with both eventually becoming more basic. Measurements from the ELTRA carbon/sulphur 

determinator showed that carbon was present in the samples but it could not be confirmed if it was 

organic carbon or carbonate. Although acidic waters resulting from mining activities can have pH 

as low as 3-6 (Nordstrom, Alpers, Ptacek, & Blowes, 2000), the slow kinetics of the acid generation 

process with these test parameters did not produce acidic conditions over the test period.  
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Figure 16: pH over time of slurries prepared with coarse and fine sand that were (A) fully 

submerged in water, (B) subjected to wetting/drying cycles. 

 

Figure 17A and Figure 17B show the solution potential for the slurries that were submerged and 

subjected to wetting/drying cycles, respectively. In general, the solution potential remained 

relatively stable in the positive range which indicates oxidizing conditions. Particle size and 

wetting/drying cycles do not appear to have a significant effect on the kinetics because the acid 

generation process would have led to an increase in Eh. The insignificant change in Eh over time 

is likely due to the slow kinetics of the room-temperature tests. Reactions take longer because the 

waste rocks are packed to the bottom which limits the exposed surface area. Subjecting the same 

slurries to continuous shaking would bring the particles into suspension thereby increasing the 

surface area available for oxidation. The surface area available affects the reaction rate because 

reactants must attach to the surface of the waste rock to facilitate electron transfer processes 

involved in the oxidation. The ratio of surface area to solution volume should be adequate to 

minimize solution transport effects (Chandra & Gerson, 2010). In the waste rock piles, wetting and 

drying cycles affect the acid drainage produced. Frequent wetting tends to generate a more constant 
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volume of acid and other contaminants because the movement of water through the pile flushes 

oxidation products out of the system.  
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Figure 17: Eh over time of slurries prepared with coarse and fine sand that were (A) fully 

submerged in water, (B) subjected to wetting/drying cycles. 

 

The experimental conditions were modified such that the slurries were continuously shaken at 200 

rpm in an effort to expedite the onset of acid generation. Figure 18A and Figure 18B show the pH 

over time for the shaken slurries that were submerged and subjected to wetting/drying cycles, 

respectively. Figure 19A and Figure 19B show the corresponding changes in Eh over time for these 

slurries. Continuous shaking alone was found to be ineffective in accelerating acid generation from 

the Red Dog waste rocks.  
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Figure 18: pH over time of slurries prepared with coarse and fine sand that were 

continuously shaken at 200 rpm and (A) fully submerged in water, (B) subjected to 

wetting/drying cycles. 
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Figure 19: Eh over time of slurries prepared with coarse and fine sand that were 

continuously shaken at 200 rpm and (A) fully submerged in water, (B) subjected to 

wetting/drying cycles. 

 

Figure 20A shows the effect of time on the pH of the aqueous solution for unshaken solutions at 

25°C, shaken solutions at 25°C, unshaken solutions at 60°C and shaken solutions at 60°C. For 
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unshaken solutions at 25°C, the pH of the solution was initially high and remained high throughout 

the duration of the test, indicating that there was no acid generated and the pH was mainly 

determined by the basic components. For shaken solutions at 25°C, the pH values were lower and 

tended to decrease over time but again there was not a significant amount of acid generated. 

Similarly, for unshaken solutions at 60°C, the pH values were again lower and at extended times 

the pH values decreased, but once again a significant amount of acid could not be generated. The 

effect of temperature was more significant than shaking.  It can be noted that in all three cases, 

there was an initial increase in pH as the basic components dissolved and then a slight decrease in 

pH, probably due to some acid formation, which was neutralized and then the pH rose again due to 

the significant contribution of the basic components. For shaken solutions at 60°C, there was a 

substantial amount of acid generated. The rate of acid generation was very high in the first 10 days 

then slowed down before levelling off after about 40 days. At times over 40 days, the combination 

of shaking and 60°C produced a synergistic effect, with the decrease in pH being almost twice the 

sum of the individual decreases for shaken at 25°C and unshaken at 60°C. 

 

The solution potential of the slurries, as shown in Figure 20B, corroborates that continuous shaking 

at 200 rpm and elevated temperature of 60oC are the required conditions to accelerate the oxidation 

of the Red Dog waste rocks. A study by Wiersma and Rimstidt (1984) supports this as they found 

that when higher temperatures (>35°C) and stirring at 400 rpm are introduced, the activation energy 

required to break covalent bonds at the pyrite surface decreases from 92 kJ/mol to 25 kJ/mol. This 

suggests that the rate control for the oxidation process changes from surface chemical to solution 

mass transport. 
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Figure 20C shows the change in electrical conductivity over time for slurries made with varying 

particle sizes and subjected to continuous shaking and elevated temperature. A study by Ladwig, 

et al. (n.d.) showed that high conductivities were associated with material that had potential to 

generate acidity. Conductivity is correlated to the total dissolved content of the water as salts 

dissolve into positive and negative ions. The electrical current conducted through these ions is 

proportional to their concentration (LakeSuperiorStreams.org, n.d.). For the larger particles, 

elevated temperature or continuous shaking on their own do not have a significant impact on the 

kinetics of the acid generation process. For the smaller particles, the effect of higher temperature is 

more significant than the effect of continuous shaking. The combination of these two factors results 

in higher electrical conductivities which is likely due to the shaking increasing the surface area for 

reaction and the higher temperature increasing the rate of reaction. These conditions lead to more 

mineral dissolution and therefore more dissolved ions. 
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Figure 20: (A) pH, (B) Eh and (C) conductivity over time for slurries that were subjected to 

continuous shaking at 200 rpm and 60oC. 

 

Figure 21 shows the relationship between the pH and the Eh of the aqueous solution for the four 

sets of slurries: unshaken solution at 25oC, shaken solution at 25oC, unshaken solution at 60oC and 

shaken solution at 60oC. These results established that acid generation is difficult under the test 

conditions and this was most likely due to the relatively low pyrite content of the samples used in 

the test work. However, for the shaken solution at 60oC there was a substantial amount of acid 
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generated. The pH dropped to about 3.3 and conditions were more oxidizing with a maximum Eh 

of about 0.54 V. These values are within the typical range for acidic waters. Here, the gradient of 

the data points moved towards the predicted equilibrium between Fe2+ and ferrihydrite Fe(OH)3, 

indicating that the Eh and pH are buffered by the presence of the ferrihydrite.  This combination of 

shaking and an elevated temperature of 60oC produced a synergistic effect, with the change in the 

pH and Eh values being significantly more than the sum of the individual changes for shaken 

solution at 25oC and unshaken solution at 60oC. Consequently, subsequent tests were performed 

under these acid generating conditions. 

 

Figure 21: Relationship between Eh and pH for the four test conditions. Also included is the 

thermodynamic equilibrium boundary for Fe2+/Fe(OH)3. 
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4.1.2 Water Type 

Figure 22A, B and C show the effects of different types of water in the waste rock slurry on the 

pH, Eh, and conductivity, respectively. The initial values for the water in the absence of the waste 

rock are also included. Tap water, distilled water, lake water and a dilute solution of nitric acid and 

sulphuric acid were tested. The water used to prepare the slurry did not have a significant effect on 

the acid generation process, indicating that acid generation was mainly determined by the waste 

rock characteristics. All of the slurries demonstrated a rapid decrease in pH, followed by a period 

of slower decrease, before levelling off after 45 days at a pH of 3.2. Conversely, the Eh increased 

rapidly, then more slowly and levelled off at about 0.51 V after 45 days. The electrical conductivity 

of the slurries also followed the same general behaviour independent of the type of water used. For 

simplicity in measuring the dissolved components (metals and inorganic compounds), it was 

decided that distilled water would be used for all the subsequent experiments. 
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Figure 22: (A) pH, (B) Eh and (C) conductivity over time for slurries prepared with 

different types of water and subjected to continuous shaking at 200 rpm and 60oC. 

 

4.2 Particle Size 

Figure 23 shows the average particle size of the waste rocks and pH of the aqueous phase for slurries 

that were shaken at 200 rpm and 60oC. The initial average particle size was about 20 µm. It can be 
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the particle size was reduced to about 10 µm, representing about a 50% reduction in particle size. 

This disintegration can be attributed to the dissolution of the gangue material in the host rock, as 

the generated acid penetrates down pre-existing micro-fissures in the rock particles. A study by 

Jerz and Rimstidt (2004) found that ferrous sulphate may precipitate in cracks within the pyrite and 

cause physical disaggregation as it forces the sample apart. This fragmentation results in a 

significant increase in surface area which promotes further acid generation. Figure 23 also includes 

the pH of the aqueous phase and it can be seen that its behavior parallels that of the particle size. 

As the particles disintegrate and expose fresh sulphide minerals to the aqueous phase, then 

additional acid is generated. However, fragmentation eventually slows down, and the amount of 

pyrite available for acid generation decreases. Equilibrium is established after about forty days and 

at this point the pH is in the range of about 3.2 to 3.5. 

 

 

Figure 23: Average particle size of the Red Dog waste and pH of the slurry as a function of 

time. 
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4.3 Behaviour of Lead 

Figure 24 shows the Eh-pH diagram for the Pb-S-O system at the relevant dissolved Pb2+ and SO4
2- 

concentrations. Lead in the Red Dog waste was present as galena (PbS). The experimentally 

determined values of pH and Eh for the solutions as a function of time were superimposed on the 

diagram. The initial Eh was around 0.38 V and increased with time to about 0.5 V, while the pH 

values decreased from about 7 to around 3.5. As shown on the diagram, lead sulphate (PbSO4) is 

the stable solid phase for all the experimental conditions.   

 

 

Figure 24: Eh-pH diagram for the Pb-S-O system at the conditions used for this test work. 

 

Figure 25 shows the behaviour of the dissolved lead as a function of time and it can be seen that 

the lead solubility was initially high, as the environment was favorable for lead dissolution. Lead 
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 PbS + 2O2 = Pb2+
(aq) + SO4

2− ↔ PbSO4 (34) 

 

The maximum dissolved lead content at ten days was about 3.3 ppm and thus, under all conditions, 

the amount of dissolved lead was very small. Beyond this point, the dissolved lead and the sulphate 

concentrations in solution were sufficient to facilitate the precipitation of lead most likely as 

anglesite (PbSO4) as shown above in Eq. (34).  After about 50 days, the lead content was below 1 

ppm. 

 

 

Figure 25: Lead content of the leachate as a function of time. 
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become significantly lower than those for pure lead sulphate. This would indicate that the formation 

of lead sulphate is more favourable for the case of the waste rock and this inhibits the dissolution 

of lead. Secondary anglesite rims have been shown to provide a barrier which retards the dissolution 

of galena (Moncur et al., 2009). 

 

 

Figure 26: Lead solubility as a function of sulphate concentration for the tests. Solubility 

data adapted from Crockford & Brawley (1934) is also included. 
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and Zn2+ is the stable phase at a pH of 3.5 and Eh of 0.5. Moncur et al. (2009) found that sphalerite 

solubilization occurs through particle size reduction and not through the production of secondary 

minerals. As the pH drops and the Eh increases, then zinc readily dissolves and Zn2+ is the stable 

phase. 

 

 

Figure 27: Eh-pH diagram for the Zn-S-O system at the conditions used for this test work. 
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an increasing amount of sphalerite is exposed to the solution, then pH decreases and the Eh 

increases, and zinc dissolution is promoted. The dissolution of zinc can be described by Eq. (35). 

 ZnS + 2O2 = Zn2+
(𝑎𝑞) + SO4

2− (35) 

 

One mole of ZnS produces one mole of SO4
2- and thus the dissolution of ZnS makes a major 

contribution to the increase in SO4
2- concentration. Eventually, as the particle size becomes 

relatively constant, the amount of soluble sphalerite decreases and the rate of zinc dissolution 

decreases. As discussed in the literature, acid drainage from sulphidic mine wastes are sulphate-

rich and sphalerite typically dissolves without forming alteration rims that cause partial or complete 

pseudomorphs (Moncur et al., 2009).  

 

Figure 28: Zinc content of the leachate as a function of time and zinc content calculated 

from the waste rock analysis. 
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4.5 Behaviour of Sulphur 

Figure 29 shows the relationship between the SO4
2- concentration and the pH of the aqueous phase. 

Initially, the pH drops rapidly with increasing SO4
2-  but then the pH begins to level off at about 

3.5 and subsequently begins to increase slightly, possibly due to a buffering effect of the oxide 

components of the waste rock. However, the SO4
2-  concentration continues to increase with time 

since zinc continues to dissolve.   

 

 

Figure 29: Relationship between pH and sulphate concentration. 
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progresses and more zinc dissolves, then the ratio approaches unity at about 40 days. These results 

demonstrate the high solubility of zinc from sphalerite as zinc sulphate in solution. 

 

 

Figure 30: Molar ratio of Zn2+ to SO4
2- in solution as a function of weathering time. 

 

Figure 31shows both the sulphate concentration of the solution and also the sulphur content of the 

waste rock. In general, the sulphate concentration in solution exhibits a one-to-one correspondence 

with the sulphur content of the waste rock. Initially, the sulphur content of the waste rock decreases 

and the sulphate concentration of the aqueous phase increases. At about 35 days, there is a sharp 
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of sulphur in the rock increases, demonstrating the precipitation of a species containing sulphate. 

Subsequently, the rate of sulphate formation begins to increase once again.  

 

 

Figure 31: Sulphur content of the waste rock and sulphate content of the leachate as a 

function of weathering time. 
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indicated the oxidation of metal sulphides into sulphates, which were sphalerite and pyrite. The 

study found that Zn was extracted such that the molar ratio of sulphate to Zn in the leachates was 

close to 1.0, similar to the results found in this test as shown in Figure 30. Reductions in sulphate 

production corresponded with reductions in Zn leaching. Although the waste rock in their 

experiments contained more Fe than Zn, there was more Zn in the leachates with the molar ratio of 

Zn to Fe ranging from 12:1 to 15:1. 

 

Figure 32 shows the typical progress of sulphate generation in ARD over time. The trend observed 

in the experiments is likely due to leaching of new ARD products but the test conditions (continuous 

shaking at 200 rpm and 60oC) have accelerated the oxidation process. Due to the lack of quantitative 

values in Figure 32, it is difficult to confirm if the leaching of stored products contributed to the 

sulphate loading observed during the tests. Given that the samples were collected from the waste 

rock dumps and were presumably subjected to natural precipitation at the mine site, it is possible 

that ARD products were formed and stored prior to the experiment. 

 

 

Figure 32: Typical trend of sulphate generation over time (Robertson & Shaw, 2006). 
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Figure 33 shows the carbon and sulphur content of the Red Dog waste rocks as a function of time. 

Although a decrease in carbon concentration was observed, the overall quantity was too low for a 

carbonate buffering system and carbon in the waste rocks was likely present in its organic form. 

The sulphur content of the waste rocks decreases with time during the test which is expected 

because the metal sulphides are oxidized and dissolve to produce dissolved metal ions and sulphate. 
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Figure 33: Sulphur and carbon content of the Red Dog waste rocks as a function of time. 

 

4.6 Behaviour of Iron 

Figure 34 shows the Eh-pH diagram for the Fe-S-O system at low sulphate concentrations. At the 

initial conditions of pH and Eh values around 7 and 0.38 V, respectively, the sulphide phase, in this 

case pyrite (FeS2) is stable. As the pH drops and the Eh increases, then Fe2+ becomes stable and 

pyrite can dissolve according to Eq. (36): 
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 2FeS2 + 7O2 + 2H2O = 2Fe2+
(𝑎𝑞) + 4SO4

2− + 4H+ (36) 

 

However, at times before 40 days and pH values greater than about 3.5, dissolved iron could not 

be detected. This would indicate that pyrite dissolves and generates acid but also the conditions 

continue to be oxidizing which favors the precipitation of iron. Under oxidizing conditions, the 

ferrous iron is oxidized to ferric iron as shown in Eq. (37): 

 4Fe2+
(aq) + O2 + 4H+ = 4Fe3+

(aq) + 2H2O (37) 

 

The presence of this ferric iron can result in the precipitation of ferrihydrite (Fe(OH)3) or goethite 

(FeOOH) shown in Eqs. (40) and (41), respectively: 

 Fe3+
(aq) + 3H2O = Fe(OH)3 + 3H+ (38) 

 

 Fe3+
(aq) + 2H2O = FeOOH + 3H+ (39) 

 

Combining these three reactions gives the overall reaction for the dissolution of pyrite and the 

simultaneous precipitation of ferrihydrite or goethite are as follows: 

 4FeS2 + 15O2(g) +  14H2O = 4Fe(OH)3 + 8SO4
2− + 16H+ (40) 

 

 4FeS2 + 15O2(g) +  10H2O = 4FeOOH + 8SO4
2− + 16H+ (41) 

 

The main difference between the reactions shown in Eqs. (40) and (41) is the extra mole of water 

consumed per mole of iron for ferrihydrite in comparison to goethite. However, both reactions 

generate 2 moles of SO4
2- and 4 moles of H+ for each mole of iron. This contributes to the increasing 

SO4
2 concentration but more importantly to the decreasing pH.  

 

Pyrite dissolution continues and at about 40 days, the pH levels off at about 3.5 and the Eh at about 

0.5 V. As shown in the Eh-pH diagram, these pH and Eh values are close to the Fe2+/ferrihydrite 
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(Fe(OH)3) boundary and under these conditions, slight variations in pH and/or Eh can have 

significant effects on the behaviour of iron. An increase in pH and/or Eh favors the dissolution of 

iron while a decrease results in the precipitation of iron. 
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Figure 34: Eh-pH diagram of the Fe-S-O system at the conditions used for this test. 

 

Figure 35 shows the total iron in solution as a function of weathering time for the relevant data 

points. It can be seen that the data fall into two groups. High pH values above 3.6 and high Eh 

values above 0.52 V result in total iron in solution values of only about 4 ppm as the precipitation 

of iron is favoured. On the other hand, for pH values below 3.6 and Eh values below 0.52 V, the 

iron in solution is in the range of 8.5 to 11 ppm, demonstrating a stronger solubility of iron. The 

difference in behavior of these samples is attributed to variations in the starting materials and/or 

the experimental conditions. 
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Figure 35: Iron content of the leachate as a function of weathering time. 

 

Typically, secondary minerals or precipitates are observed to form over time as the waste rocks are 

weathered. Some mine wastes can contain carbonate minerals which can neutralize the acidity 

generated. However, in most cases they are present in low concentrations. Other common minerals 

in mine wastes have slow reaction rates and poor neutralizing capacity (Jambor 2003, Jurjovec et 

al., 2002). The weathering sequence of minerals is relatively well known as follows: 

  carbonates → sulphides → silicates → silica  

There is no evidence for a significant amount of carbonates in the ore. Some small amount of carbon 

(0.29%) was detected in the Red Dog waste but this is likely organic carbon. After silica, the major 

silicate mineral in the Red Dog waste is biotite (K(Mg,Fe)3AlSi3O10(OH)2) followed by albite 

(NaAlSi3O8) and muscovite (KAl3Si3O10(OH)2). The dissolution of these minerals can be described 

by Eqs. (42), (43) and (44). 
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 KMg1.5Fe1.5AlSi3O10(OH)2 + 10H+ = K+ + Al3+ + 1.5Mg2+ + 1.5Fe2+ + 3H4SiO4 (42) 

 

 NaAlSi3O8 + 4H2O + 4H+ = Na+ + Al3+ + 3H4SiO4 (43) 

 

 

 KAl2(AlSi3O10)(OH)2 + 10H+ = K+ + 3Al3+ + 3H4SiO4 (44) 

 

This dissolution reaction produces potassium, aluminum, magnesium and ferric iron in solution 

and can provide some neutralizing capacity. Figure 36 shows the behaviors of potassium, aluminum 

and magnesium in the waste rock as a function of weathering time. Regression analysis of each 

data set showed a slightly negative slope, indicating that some dissolution of these elements was 

occurring but at an extremely slow rate. Therefore, the major factor influencing the pH and the 

presence of iron, either in solution or as a precipitate, for the current weathering times, was the 

dissolution of pyrite.  

 

 

Figure 36: Magnesium, aluminum and potassium content of the waste rock as a function of 

weathering time. 
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The major secondary minerals arising from pyrite and found in acid mine drainage are various iron 

oxyhydroxides and iron hydroxysulphates. The common iron oxyhydroxides are: goethite 

(FeO·OH), ferrihydrite (Fe(OH)3), and lepidocrite (γ-FeO·OH) and the iron hydroxysulphates are 

schwertmannite (Fe8O8(OH)6(SO4)) and various jarosites like hydronium jarosite 

((H3O)Fe3(SO4)2(OH)6), potassium jarosite (KFe3+
3(OH)6(SO4)2) and natrajarosite 

(NaFe3(SO4)2(OH)6).  The thermodynamic information available in the literature regarding these 

species is somewhat contradictory and numerous factors can influence their stability. An x-ray 

diffraction pattern of the waste rock after the completion of the weathering process is shown in 

Figure 37 and confirms the presence of jarosite. 

 

 

Figure 37: X-ray diffraction pattern of weathered Red Dog Mine waste rock. 

 

At pH greater than 4.5, pyrite oxidation depends on pH because Fe3+ can precipitate out as 
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As pH cycles around 3.5, Fe3+ precipitates out as ferric hydroxide and Fe2+ is oxidized to Fe3+ by 

dissolved oxygen. At pH 3.0 – 4.0 and sulphate concentration of 1000 – 3000 μg/mL, pyrite 

oxidizes to form schwertmannite (Fe8O8(OH)6(SO4)·nH2O),  an iron-hydroxysulphate mineral that 

forms in iron-rich, acid sulphate waters. When the pH increases above 4.0, schwertmannite 

dissolves and reprecipitates as goethite (FeO∙OH), an iron-bearing oxide mineral (Bigham, 

Schwertmann, & Carlson, 1992). Another path is for the ferric hydroxide to precipitate as 

ferrihydrite (5Fe2O3∙9H2O) which then readily turns into goethite (FeO∙OH) by dissolution and re-

precipitation if the concentration of Fe3+ in solution is relatively high. If the Fe3+ concentration is 

too low, then it forms hematite (Fe2O3) (Schwertmann & Murad, 1983).  

 

4.7 Combined Behaviours of Lead, Zinc and Iron  

When multiple sulphides, such as pyrite (FeS2), sphalerite (ZnS) and galena (PbS) are present in 

the waste rock, then various interactions can occur which can significantly affect the geochemical 

processes such as weathering (Liu, Li, & Zhou, 2008). The rest potential provides a general guide 

to a sulphide mineral’s susceptibility to oxidation, assuming that particle size and texture are 

similar. Galena has a rest potential of 0.40, which is lower than the values for sphalerite of 0.46 or 

pyrite of 0.66. Due to pyrite’s higher rest potential, it should experience galvanic protection, 

particularly by sphalerite.  

 

The combined behaviours of lead, zinc and iron in solution and in the waste rock are shown in 

Figure 38 and Figure 39, respectively. In general, in this work, the behaviours of lead, zinc and iron 

follow a trend based on their rest potentials with the sulphide with the lower rest potential dissolving 

first, although there is some overlap in behavior. In the first 20 days, lead was the predominant 

metal in solution and from 20 to 40 days, zinc was the most significant dissolved metal. Beyond 
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this time frame, both zinc and iron were present with the amount of zinc being significantly higher 

than the amount of iron. As shown in Figure 38, the maximum rate of dissolution of zinc 

corresponds to the time at which there is detectable iron solubility. This would indicate that iron in 

solution accelerates the rate of dissolution of sphalerite as has been reported by other authors Guler 

(2016) and Grundwell (1988) according to the following reaction: 

 ZnS + 8Fe3+ + 4H2O = Zn2+ + SO4
2− + 8Fe2+ + 8H+ (45) 

 

 Subsequently, the zinc dissolution rate decreased and became relatively constant. In the waste rock, 

both the lead and iron contents increased slightly with time, indicating a low solubility and an 

increase in concentration due to the decrease in the mass of the waste rock. In general, the behavior 

of zinc in the waste rock was consistent with the zinc content of the solution.  

 

 

Figure 38: Behaviours of lead, zinc and iron in solution as a function of weathering time. 
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Figure 39: Behaviours of lead, zinc and iron in the waste rock as a function of weathering 

time. 

 

4.8 Treatment with Natural Phosphate Rocks (NPR) 

Figure 40A, Figure 40B, and Figure 40C show the pH, Eh and conductivity as a function of time 

for slurries prepared with equal amounts of Red Dog waste rock and varying amounts of natural 

phosphate rock (NPR), respectively. Generally, the pH was higher for slurries that contained more 

NPR due to the additional buffering capacity from the dissolution of the calcium carbonate 

(CaCO3). As shown in Table 10, the NPR sample contains 47.9% CaCO3. Acid rock drainage 

initially undergoes natural buffering due to the carbonate buffering system, shown in Eqs. (46) and 

(47) below.  

 

 H+ + CO3
2− ↔ HCO3

− 

 
(46) 

 H+ + HCO3
− ↔ H2CO3 

 
(47) 
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The carbonate buffering system’s ability to limit changes in pH diminishes once it is exposed to 

ARD and the system is destroyed at pH below 4.2. At pH 4.2, the carbonate and bicarbonate ions 

are all converted into carbonic acid, which in turn breaks down into H2O and CO2 as shown in Eq. 

(48). 

 

Eh measurements respond to the Fe3+/Fe2+ couple. Less oxidizing conditions were produced by 

slurries containing more NPR which suggests that the orthophosphate (PO4
3) released from the 

NPR reacts with the Fe3+ from the ARD. Olson et. al (2005) also found a reduction in Fe leaching 

that was comparable to the reduction in sulphate and Zn leaching and attributed it to the 

precipitation of iron phosphate. Using a combination of phosphate rock and thiocyanate, a biocide 

that inhibits iron-oxidizing bacteria, leachates from their column tests resulted in a 95% reduction 

of iron. 

 

The conductivity of the slurry depends on the dissolved metals, minerals and salts that carry a 

charge. The calcium carbonate and phosphoric acid released from the dissolution of NPR can react 

with the dissolved metals in the ARD to precipitate secondary minerals. In general, slurries 

containing more NPR had lower conductivity which suggests that precipitation of secondary 

sulphates and phosphates reduced the amount of dissolved metals from the ARD. Leach 

experiments conducted be Mauric & Lottermoser (2011) using only phosphorite rock resulted in 

secondary calcium sulphates but no secondary phosphate phases. 

 

Treatment using NPR is intended to reduce oxygen access from the pyritic surface which slows 

down the weathering process. NPR dissolution releases calcium carbonate and phosphoric acid that 

 H2CO3 → H2O + CO2(g) (48) 
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react with the dissolved metals in the ARD to form secondary mineral coatings on the rock surfaces. 

These precipitates physically isolate the pyrite surface and inhibit pyrite oxidation by limiting the 

rate of oxygen diffusion (Kalin et. al, 2003). Olson et. al (2005) conducted column leach tests and 

field trials using phosphate rock, phosphate fertilizer, and waste material from phosphate 

beneficiation on sulphide waste rocks from Red Dog Mine. They found that although these 

phosphate materials have only a modest acid neutralizing capacity, they are effective because of 

the precipitation of Fe and Al phosphates which avoids the Lewis acidity that occur when 

hydroxides precipitate. Short-term laboratory leach experiments found that calcite dissolution from 

phosporite rock produced leachates with near-neutral pH values and limited mobility but long-term 

field trials suggested that phosphate stabilization was ineffective in limiting sulphide oxidation in 

the coarsely granulated waste rocks (Mauric & Lottermoser, 2011).  

 

Kalin et al. (1998) used pyritic waste rocks from a zinc/copper mine and added NPR at a rate of 

115 kg per ton of waste rocks (which is equivalent to 11.5% NPR) to determine the effectiveness 

of NPR addition. They suggested that phosphate inhibits oxidation because ferric oxides chemisorb 

phosphates on their surfaces. Iron phosphates then precipitate and remain stable at the low pH 

conditions typical of acid mine waters and their solubility also decreases with increasing pH. These 

iron phosphate and iron hydroxide precipitates create a coating on the pyrite surfaces which limits 

the rate of oxygen diffusion and inhibits pyrite oxidation (Ziemkiewicz, 1990).  

 

Another study suggested that orthophosphate reacts with dissolved Fe2+ and Fe3+ to form vivianite 

(Fe3(PO4)2∙H2O) and strengite (FePO4∙2H2O), respectively, which maintains the dissolved iron 

concentrations at a level that minimizes pyrite oxidation by Fe3+ (Evangelou, 1994). Phosphate 
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molecules may also adsorb onto iron atoms on the pyrite surface which eliminates electron transfer 

between pyrite and oxidizers. 
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Figure 40: (A) pH, (B) Eh and (C) conductivity as a function of time for Red Dog waste rock 

slurries treated with varying amounts of natural phosphate rocks. 
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Chapter 5 

Conclusions and Future Work 

5.1 Conclusions 

The conditions for the generation of acid from a sample of Red Dog Mine waste were determined 

in shake flask experiments. This involved agitation of the samples at 200 rpm at a temperature of 

60oC. These relatively severe conditions were needed to expedite the onset of acid generation 

because of the relatively low pyrite content of the sample. Particle fragmentation was observed to 

occur during the shake flask tests and this facilitated acid generation. Under these conditions, the 

Eh increased from about 0.4 V to 0.55 V and the pH decreased from about 7 to 3.5.  

 

The accelerated oxidation tests were used to study the behaviours of lead, zinc and iron throughout 

the acid generation process. Lead was the first metal to be detected in the leachate but its 

concentration decreased with weathering time and this was attributed to a decreasing solubility of 

lead and/or the formation of a layer of lead sulphate on galena, which limited further dissolution. 

The maximum solubility of lead in solution was only about 3 ppm. Zinc solubility was initially low 

but increased continuously with time. The measured amount of zinc in solution was equivalent to 

that calculated from the waste rock analysis at a given weathering time. Also, the zinc to sulphate 

ratio was close to one, indicating that the sulphate mostly originated from sphalerite (ZnS). The 

rate of zinc dissolution increased when iron was detected in the leachate and this was attributed to 

the accelerated oxidation of sphalerite by ferric iron. Iron was not found in solution until about 40 

days.  For weathering times less than 40 days, the pyrite was oxidized to iron hydroxide. After 40 

days, with pH values in the range of 3.5 to 4, the iron was observed to either dissolve or precipitate, 

depending on the pH and Eh. Lower values of pH and Eh favored dissolution, while higher values 
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of pH and Eh favored precipitation. This variation was attributed to differences in the test samples 

and also the experimental conditions. This behavior, coupled with an examination of the 

thermodynamic predictions, indicates that after about 40 days, both Eh and pH were buffered by 

the Fe2+/Fe(OH)3 redox equilibrium. At low weathering times and hence low sulphate 

concentrations in the aqueous phase, the formation of goethite and/or ferrihydrite were favored but 

at longer weathering times and hence higher sulphate concentrations, potassium jarosite was 

predicted to form. In general, the behaviors of lead, zinc and iron were consistent with their rest 

potential values. Lead dissolved first, followed by zinc and then iron, although there was some 

overlap in behaviour.  

 

Natural phosphate rocks containing 25-27% calcium and 8-9% phosphorus were tested for their 

effectiveness in treating acid rock drainage from the Red Dog waste rocks. An application rate of 

20% NPR or higher was found to be sufficient in neutralizing the ARD. In general, higher 

application rates of NPR resulted in decreased solution potential and therefore less oxidizing 

conditions and lower conductivity. However, more detailed analysis of the leachates and weathered 

waste rocks is needed to confirm if NPR addition reduces metals leaching and identify any 

secondary precipitates that may have formed. 

 

5.2 Areas of Future Work 

Given the slow reaction kinetics of sulphidic oxidation under atmospheric conditions, future 

experiments should be conducted under longer weathering times. A more detailed analysis of the 

leachates and the weathered waste rocks from the accelerated oxidation tests should be conducted 

to improve the understanding of the behaviours of the main metals during the weathering process. 

Iron concentration measurements in this project did not distinguish between the 2+ and 3+ 
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oxidation states so future work should monitor them separately. Another interesting area would be 

to study the surface of the waste rocks over time and identify the precipitates formed and relate it 

to the oxidation processes described. The leachates from the waste rock slurries treated with natural 

phosphate rocks should be analyzed for their dissolved metals and inorganic compounds to better 

understand the mechanisms behind NPR dissolution and its effect on acid generation. The 

formation of secondary precipitates on the surface of the pyritic waste rocks treated with NPR 

should also be investigated.  
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Appendices 

7.1 Raw Data 

Table 19: Mass and surface area measurements for extra-large rocks. 

  
Mass 

(kg) 
Area (m2) 

Surface Area  

(m2) 

Specific surface 

area (m2/kg) 

Rock 1 9.5 0.043 0.142 0.0149 

    0.014     

Rock 2 4 0.034 0.088 0.0220 

    0.005     

Rock 3 3 0.025 0.062 0.0207 

    0.003     

Rock 4 5 0.037 0.098 0.0196 

    0.006     

Rock 5 2.5 0.018 0.052 0.0208 

    0.004     

Rock 6 3.8 0.028 0.132 0.0347 

    0.019     

Rock 7 5.5 0.034 0.116 0.0211 

    0.012     

Rock 8 2.8 0.027 0.066 0.0236 

    0.003     

Rock 9 5.5 0.04 0.108 0.0196 

    0.007     

Rock 10 8.2 0.046 0.124 0.0151 

    0.008     

Rock 11 5 0.034 0.088 0.0176 

    0.005     

Rock 12 11.5 0.054 0.172 0.0150 

    0.016     

Rock 13 3.5 0.025 0.07 0.0200 

    0.005     

Rock 14 1.5 0.016 0.048 0.0320 

    0.004     

Rock 15 22.2 0.091 0.246 0.0111 

    0.016     
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Table 20: Measurements of pH, Eh, and temperature for room-temperature slurries with 

submerged Red Dog mine wastes. 

Date measured Day pH Eh (mV) Temperature (˚C) 

   
Coarse 

Sand 

Fine 

Sand 

Coarse 

Sand 

Fine 

Sand 

Coarse 

Sand 

Fine 

Sand 

6/14/10 10:58 AM 0 4.88 499.3 25.5 

6/14/10 11:08 AM 0 6.46 7.44         

6/14/10 11:10 AM 0 7.74 8.02 393.1 374.6 21.5 21.5 

6/15/10 10:58 AM 1 7.68 7.90 382.0 376.4 21.5 21.5 

6/16/10 11:58 AM 2 7.74 7.77 392.6 356.5 23.5 23.5 

6/17/10 11:58 AM 3 7.70 7.74 408.3 407.2 22.5 22.5 

6/18/10 11:28 AM 4 7.93 7.98 401.5 400.7 22.5 22.5 

6/21/10 11:58 AM 7 6.95 6.61 382.0 386.2 25.0 25.0 

6/22/10 1:58 PM 8 6.92 6.90 379.8 382.4 25.0 25.0 

6/23/10 1:48 PM 9 7.70 7.91 375.4 378.2 25.0 25.0 

6/29/10 12:00 PM 15 7.17 7.47 388.8 385.3 24.0 24.0 

7/5/10 10:38 AM 21 7.18 7.31 359.8 366.9 26.0 26.0 

7/7/10 11:41 AM 23 7.23 7.69 291.7 353.2 28.5 28.5 

7/9/10 12:16 PM 25 7.32 7.54 340.6 364.0 29.5 29.5 

7/12/10 2:33 PM 28 7.10 7.48 400.7 376.1 28.0 28.0 

7/15/10 12:00 AM 31 7.18 7.54 419 378.8 25.8 28.5 

7/29/10 12:00 AM 45 7.12 7.71 370.6 352.1 25.0 25.0 

8/10/10 12:00 AM 57 6.88 7.60 395.6 377.3 26.5 26.5 

8/31/10 12:00 AM 78 8.00 8.09 382 370 28.1 27.6 

9/23/10 12:00 AM 101 7.75 7.98 423 398 23.4 23.3 
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Table 21: Measurements of pH, Eh, and temperature for room-temperature slurries with Red Dog mine wastes subjected to wetting and 

drying cycles. 

Date Cycle Day pH Eh (mV) Temperature (˚C) 

   Distilled H2O Coarse Sand Fine Sand Distilled H2O Coarse Sand Fine Sand Coarse Sand Fine Sand 

30-Jun-10 1 1 5.21 5.68 6.31      

5-Jul-10 2 5 5.67 6.30 6.57  423.0 404.9 26.5 26.5 

7-Jul-10 3 7 4.88 6.34 6.57    29.0 29.0 

9-Jul-10 4 9 5.37 6.21 6.39 512.6 376.2 372.8 29.5 29.5 

12-Jul-10 5 12 4.63 6.59 6.26  405.4 395.9 27.5 27.5 

15-Jul-10 6 15 5.04 6.63 6.57      

29-Jul-10 7 29 5.37 7.27 7.65 479.0 364.6 347.1 25.0 25.0 

10-Aug-10 8 41 4.10 7.09 7.63 569.3 379.6 364.9 26.5 26.5 

31-Aug-10 9 62 6.31 8.12 7.95 468.0 360.0 358.0 27.5 27.5 

23-Sep-10 10 85 6.31 7.93 7.80 468.0 389.0 384.0 23.3 23.2 
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Table 22: Measurements of pH, Eh, and temperature for slurries that were continuously agitated at 200 rpm and submerged in distilled 

water. 

Date 

Room  

Temp 

(oC) 

Day pH Eh (mV) Slurry Temperature (oC) 

   Dist. H2O Coarse Sand Fine Sand Dist. H2O Coarse Sand Fine Sand Dist. H2O Coarse Sand Fine Sand 

13-Jul-10 32.0 0 5.08 6.20 7.19 503.6 426.4 368.4 32.0 32.0 32.0 

15-Jul-10 31.0 2 5.04 7.33 8.08  391.2 375.9  29.5 29.5 

16-Jul-10 28.5 3  7.49 8.16  391.4 369.6  30.0 30.0 

19-Jul-10 28.0 6  7.42 7.79  387.2 388.9  27.0 27.0 

20-Jul-10 29.0 7 4.85 7.21 7.75 513.3 380.9 374.3 28.0 28.0 28.0 

22-Jul-10 28.0 9  7.30 7.92  389.3 374.9  27.5 27.5 

23-Jul-10 27.0 10 5.12 7.37 7.89 510.1 409.0 381.7 27.0 27.0 27.0 

28-Jul-10 28.0 15  7.51 7.95  399.9 370.7  28.0 28.0 

29-Jul-10 25.5 16 5.37 7.27 7.76 479.0 369.6 345.8 26.5 26.5 26.5 

3-Aug-10 27.0 21  7.19 7.70  372.8 353.0  27.0 27.0 

10-Aug-10 26.5 28 4.10 6.71 7.43 569.3   26.5   

19-Aug-10 26.9 37 5.39 6.51 8.01 556.0 377.0 332.0 27.1 28.2 28.2 

25-Aug-10   43  6.17 7.93  478.0 411.0  26.5 26.4 

22-Sep-10 26.3 71  5.39 7.65  468.0 378.0  24.8 24.6 
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Table 23: Measurements of pH, Eh, and temperature for slurries that were continuously agitated at 200 rpm and subjected to wetting and 

drying cycles. 

 

Date 
Room  

Temp 

(oC) 

Days pH Eh (mV) Slurry Temperature (oC) 

   Dist. H2O Coarse Sand Fine Sand Dist. H2O Coarse Sand Fine Sand Dist. H2O Coarse Sand Fine Sand 

13-Jul-10 32.0 0 5.08 6.85 7.26 503.6 359.5 361.1 32.0 29.0 29.0 

15-Jul-10 31.0 2 5.04         

16-Jul-10 28.5 3  7.31 7.84  406.3 386.2  30.0 30.0 

19-Jul-10 28.0 6          

20-Jul-10 29.0 7 4.85 6.60 7.53 513.3 413.9 381.8 28.0 28.0 28.0 

22-Jul-10 28.0 9          

23-Jul-10 27.0 10 5.12 7.26 7.70 510.1 427.8 379.9 27.0 27.0 27.0 

28-Jul-10 28.0 15          

29-Jul-10 25.5 16 5.37 6.81 7.57 479.0 391.1 346.0 26.5 26.5 26.5 

3-Aug-10 27.0 21          

10-Aug-10 26.5 28 4.10 7.68 7.57 569.3 374.1 362.7 26.5 26.5 26.5 

19-Aug-10 26.9 37 5.39 7.96 8.21 556.0 329.0 329.0 27.1 28.2 28.2 

25-Aug-10   43  8.04 8.25  391.0 386.0  26.4 26.2 

22-Sep-10 26.3 71  7.51 8.07  333.0 321.0  31.4 30.2 
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Table 24: Measurements of pH, Eh, and temperature for slurries prepared with a dilute 

acid mixture and subjected to continuous shaking at 200 rpm and elevated temperature. 

  Ambient Conditions Dilute HNO3:H2SO4 mix 

Date Temp. (˚C) 

Relative 

Humidity 

(%) 

# Days pH 
Eh  

(mV) 

Conductivity 

(mS) 

Slurry  

Temp. 

(ᵒC) 

12-Aug-10   0 3.88 609 0.035 26.4 

18-Aug-10 26.6 48.1 6 6.26 401 0.998 44.2 

25-Aug-10 26.2 55.1 13 5.41 423 1.848 30.9 

2-Sep-10 28.5 65.3 21 3.7 452 4.65 32.8 

9-Sep-10 24.6 45.9 28 3.33 488 5.05 29.3 

15-Sep-10 21.9 39.7 34 3.16 510 6.57 27.0 

22-Sep-10 26.3 69.0 41 3.18 522 7.60 30.7 

13-Oct-10 22.5 31.4 62 3.87 511 6.46 32.3 

20-Oct-10 21.9 36.3 69 3.57 496 9.04 30.6 

8-Nov-10 20.4 22.6 88 3.53 494 6.88 25.2 

 

Table 25: Measurements of pH, Eh, and temperature for slurries prepared with tap water 

and subjected to continuous shaking at 200 rpm and elevated temperature. 

  Ambient Conditions Tap Water 

Date Temp. (˚C) 

Relative 

Humidity 

(%) 

# Days pH 
Eh  

(mV) 

Conductivity 

(mS) 

Slurry  

Temp. 

(ᵒC) 

initial    7.25 543 0.395 25.6 

18-Aug-10 26.6 48.1 0 6.59 428 0.395 25.6 

25-Aug-10 26.2 55.1 7 5.92 389 1.298 30.1 

2-Sep-10 28.5 65.3 15 4.56 432 3.58 32.4 

9-Sep-10 24.6 45.9 22 3.74 462 5.29 29.1 

15-Sep-10 21.9 39.7 28 3.3 489 6.89 26.3 

22-Sep-10 26.3 69.0 35 3.21 505 7.07 29.2 

13-Oct-10 22.5 31.4 56 4.14 510 5.41 32.1 

20-Oct-10 21.9 36.3 63 3.46 491 7.19 30.9 

8-Nov-10 20.4 22.6 82 3.62 491 5.84 25.1 
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Table 26: Measurements of pH, Eh, and temperature for slurries prepared with distilled 

water and subjected to continuous shaking at 200 rpm and elevated temperature. 

  Ambient Conditions Distilled Water 

Date Temp. (˚C) 

Relative 

Humidity 

(%) 

# 

Days 
pH 

Eh  

(mV) 

Conductivity 

(mS) 

Slurry  

Temp. 

(ᵒC) 

initial    5.39 556 0 27.1 

2-Sep-10 28.5 65.3 0 6.48 402 0 29.4 

9-Sep-10 24.6 45.9 6 5.82 402 1.251 28.0 

15-Sep-10 21.9 39.7 12 4.86 506 2.77 25.7 

22-Sep-10 26.3 69.0 19 3.87 472 4.43 28.5 

13-Oct-10 22.5 31.4 40 3.58 515 5.1 32.2 

20-Oct-10 21.9 36.3 47 3.24 521 7.7 29.3 

8-Nov-10 20.4 22.6 66 3.37 500 6.26 25.0 

 

Table 27: Measurements of pH, Eh, and temperature for slurries prepared with lake water 

and subjected to continuous shaking at 200 rpm and elevated temperature. 

  Ambient Conditions Lake Water 

Date Temp. (˚C) 

Relative 

Humidity 

(%) 

# 

Days 
pH 

Eh  

(mV) 

Conductivity 

(mS) 

Slurry  

Temp. 

(ᵒC) 

initial    7.85 369 0.292 28.2 

2-Sep-10 28.5 65.3 0 7.04 396 0.292 28.6 

9-Sep-10 24.6 45.9 6 6.2 330 1.531 25.4 

15-Sep-10 21.9 39.7 12 5.11 460 2.38 25.0 

22-Sep-10 26.3 69.0 19 3.98 464 4.99 28.2 

13-Oct-10 22.5 31.4 40 3.65 510 5.75 31.8 

20-Oct-10 21.9 36.3 47 3.19 516 8.71 29.5 

8-Nov-10 20.4 22.6 66 3.41 493 7.55 24.8 
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Table 28: Measurements of pH, Eh, and temperature for room-temperature slurries 

prepared with mine waste of dp = 0.6-0.85 mm and subjected to continuous shaking at 200 

rpm. 

  Ambient Conditions particle size = 0.6 -0.85 mm, room temp, 200 rpm 

Date Temp. (˚C) 

Relative 

Humidity 

(%) 

# Days pH 
Eh  

(mV) 

Conductivity 

(mS) 

Slurry  

Temp. 

(ᵒC) 

initial H2O   0 5.08 437 0.024 21.9 

10-Nov-10   0.014 6.08 422 0.314 21.5 

15-Nov-10 21.7 26.9 5 8.13 438 0.427 22.1 

19-Nov-10 20.7 18.1 9 8.13 422 0.535 20.2 

22-Nov-10 20.7 46.4 12 7.73 445 0.90 20.3 

26-Nov-10 19.4 16.7 16 7.52 443 0.61 18.2 

29-Nov-10 19.9 22.5 19 7.63 460 0.57 19.4 

10-Dec-10 19.2 16.0 30 7.9 450 1.18 17.8 

20-Jan-11 20.6 10.1 71 6.96 458 0.73 19.6 

 

Table 29: Measurements of pH, Eh, and temperature for room-temperature slurries 

prepared with mine waste of dp < 0.035 mm and subjected to continuous shaking at 200 

rpm. 

  Ambient Conditions particle size < 0.035 mm, room temp, 200 rpm 

Date Temp. (˚C) 

Relative 

Humidity 

(%) 

# Days pH 
Eh  

(mV) 

Conductivity 

(mS) 

Slurry  

Temp. 

(ᵒC) 

initial H2O   0 5.08 437 0.024 21.9 

10-Nov-10   0 5.74 455 0.571 21.5 

15-Nov-10 21.7 26.9 5 7.11 454 0.72 22.1 

19-Nov-10 20.7 18.1 9 7.03 441 0.728 20.2 

22-Nov-10 20.7 46.4 12 6.83 458 1.192 20.5 

26-Nov-10 19.4 16.7 16 6.62 474 0.856 18.3 

29-Nov-10 19.9 22.5 19 6.67 480 0.799 19.1 

10-Dec-10 19.2 16.0 30 6.58 468 1.018 17.9 

20-Jan-11 20.6 10.1 71 6.03 501 1.003 19.6 
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Table 30: Measurements of pH, Eh, and temperature for room-temperature slurries 

prepared with mine waste of dp = 0.6-0.85 mm. 

  Ambient Conditions particle size = 0.6 - 0.85 mm, 60 celsius, not shaken 

Date Temp. (˚C) 

Relative 

Humidity 

(%) 

# Days pH 
Eh  

(mV) 

Conductivity 

(mS) 

Slurry  

Temp. 

(ᵒC) 

initial H2O   0 5.08 437 0.024 21.9 

10-Nov-10   0 5.98 428 0.313 21.5 

15-Nov-10 21.7 26.9 5 7.98 392 0.565 25.2 

19-Nov-10 20.7 18.1 9 7.84 377 0.525 25.1 

22-Nov-10 20.7 46.4 12 8.07 388 0.559 23.6 

26-Nov-10 19.4 16.7 16 8.22 373 0.562 20.8 

29-Nov-10 19.9 22.5 19 8.03 408 0.61 19.2 

10-Dec-10 19.2 16.0 30 7.97 393 0.903 18.8 

20-Jan-11 20.6 10.1 71 7.33 373 0.505 19.7 

 

Table 31: Measurements of pH, Eh, and temperature for room-temperature slurries 

prepared with mine waste of dp < 0.035 mm. 

  Ambient Conditions particle size < 0.035 mm, 60 celsius, not shaken 

Date 
Temp. 

(˚C) 

Relative 

Humidity 

(%) 

# Days pH 
Eh 

(mV) 

Conductivity 

(mS) 

Slurry  

Temp. 

(ᵒC) 

initial H2O   0 5.08 437 0.024 21.9 

10-Nov-10   0 5.77 451 0.552 21.5 

15-Nov-10 21.7 26.9 5 6.74 427 1.047 24.9 

19-Nov-10 20.7 18.1 9 6.4 421 1.212 24.0 

22-Nov-10 20.7 46.4 12 6.02 426 1.286 23.7 

26-Nov-10 19.4 16.7 16 6.14 415 1.324 20.7 

29-Nov-10 19.9 22.5 19 6.34 440 1.546 19.2 

10-Dec-10 19.2 16.0 30 5.99 443 2.05 18.9 

20-Jan-11 20.6 10.1 71 5.83 435 2.26 19.5 
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Table 32: Preparation data for tests using separate 250 mL containing 1:5 Red Dog mine 

waste to distilled water slurries incubated at 60°C and 200 rpm. 

Sample Mass added (g) Distilled water (mL) Mass of beaker (g) Total mass (g) 

1 10 50 126.27 186.2 

2 10 50 126.22 185.92 

3 10 50 126.8 186.58 

4 10 50 132.8 192.72 

5 10 50 133.37 193.22 

6 10 50 124.51 184.33 

7 10 50 123.84 183.59 

8 10 50 133.08 192.84 

9 10 50 134.09 193.7 

 

Table 33: Initial measurements for the flasks used in the 60oC, 200 rpm shake flask 

experiments. 

Sample Start Date Initial 

  pH Eh (mV) T (oC) EC (mS) T (oC ) 

1 11-Apr-11 8.23 388 30.3 0.346 25.1 

2 11-Apr-11 8.22 389 30.0 0.310 25.6 

3 11-Apr-11 8.20 382 30.0 0.295 24.3 

4 11-Apr-11 8.23 380 29.7 0.335 25.8 

5 11-Apr-11 8.23 384 30.6 0.330 24.3 

6 11-Apr-11 8.25 382 30.3 0.372 24.0 

7 11-Apr-11 8.24 383 29.4 0.375 25.8 

8 11-Apr-11 8.23 384 30.0 0.325 24.1 

9 11-Apr-11 8.24 385 30.2 0.349 24.0 
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Table 34: Final measurements from each flask used in the 60oC, 200 rpm shake flask 

experiments. 

Sample Date 
Time 

(days) 

Mass 

(g) 

Water loss 

(g) 
Final 

     pH 
Eh 

(mv) 

T (oC 

) 

EC 

(mS) 

  0     8.23 384 30.1 0.337 

1 21-Apr-11 10 166.56 19.64 6.84 373 32.0 0.815 

2 9-May-11 28 180.44 5.48 5.42 470 28.5 2.69 

3 16-May-11 35 181.79 4.79 4.71 469 21.9 3.72 

4 25-May-11 44 188.28 4.44 3.46 492 31.0 6.61 

5 30-May-11 49 185.13 8.09 3.75 538 26.1 6.93 

6 18-Jun-11 68 181.48 2.85 3.52 506 32.0 7.26 

7 10-Jul-11 90 180.63 2.96 4.06 516 30.2 7.94 

8 24-Jul-11 104 186.54 6.30 3.55 475 29.2 8.14 

9 18-Sep-11 160 191.67 2.03 3.87 545 28.4 7.88 

 

Table 35: Particle sizes from the Red Dog waste rocks after the shake flask experiments. 

Sample Days Particle size (μm) 

  D43 D42 D41 D40 D32 D31 D30 D21 Mean Mode Median 

 0 19.78 10.08 4.4 2.42 5.14 2.07 1.2 0.84 19.782 20.6 17.722 

1 10 15.47 7.13 3.44 2.03 3.28 1.62 1.03 0.8 15.467 20.1 11.094 

2 28 13.1 6.22 3.03 1.81 2.95 1.46 0.93 0.72 13.096 20.6 10.125 

3 35 13.07 6.23 3.02 1.8 2.97 1.45 0.93 0.71 13.072 20.6 10.44 

4 44 12.22 5.7 2.77 1.67 2.66 1.32 0.86 0.65 12.221 20 9.329 

5 49 12.61 5.81 2.8 1.68 2.68 1.32 0.85 0.65 12.611 20 9.623 

6 68 12.03 5.74 2.86 1.73 2.74 1.39 0.91 0.71 12.03 19 9.116 

7 90 12.49 5.84 2.86 1.73 2.73 1.37 0.9 0.69 12.489 20.6 9.604 

8 104 12.64 6.03 2.96 1.78 2.88 1.43 0.93 0.71 12.636 20.6 10.116 

9 160 12.28 5.68 2.78 1.68 2.63 1.32 0.87 0.67 12.283 20.6 9.289 
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Table 36: Concentration of dissolved Fe, Zn, and Pb in the slurries at 60oC and 200 rpm. 

Values were obtained through ICP-OES for the metals and by HPLC for sulphate. 

Sample # Days (Fe) ppm (Zn) ppm (Pb) ppm SO4
2- (mg/L) 

1 10 0.2 21.4 3.33 0 

2 28 0.13 1037.5 1.61 <500 

3 35 0.29 1778 1.82 2100 

4 44 8.53 3804 1.03 2620 

5 49 4.07 3913 0.96 5420 

6 68 9.53 4393 0.19 6030 

7 90 3.66 4035 0.26 7180 

8 104 11.00 5102 0.15 7560 

9 160 3.49 6004 0.13 7330 

 

Table 37: Composition of the filtrands from the 60oC, 200 rpm shake flask experiments. 

Sulphur and carbon were measured with ELTRA and iron, zinc, and lead are from XRF. 

Sample # Days %S %C % Fe % Zn % Pb 

- 0 13.6418 0.3104 1.551 1.757 0.544 

1 10 13.3607 0.2860 1.996 3.288 0.957 

2 28 12.8477 0.2477 2.002 3.032 1.003 

3 35 12.9216 0.2453 2.115 2.869 1.024 

4 44 12.6339 0.2437 2.081 2.356 1.031 

5 49 12.4691 0.2434 2.120 2.356 1.044 

6 68 12.2291 0.2711 2.066 2.098 1.074 

7 90 12.2520 0.2291 2.131 2.059 1.082 

8 104 12.3823 0.2320 2.117 1.913 1.090 

9 160 11.9304 0.2142 2.122 1.751 1.065 

 

Table 38: Preparation data for the duplicate slurries used for continuous sampling. 

Sample Mass added (g) Distilled water (mL) Red Dog Particle size (mm) 

Slurry A 125.04 625 0.045 – 0.053  

Slurry B 125.02 625 0.045 – 0.053 
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Table 39: Concentration of dissolved components in Slurry A. Dissolved Fe, Zn, and Pb 

were measured with ICP-OES and SO4
2- with HPLC. 

Sample Date # Days (Fe) ppm (Zn) ppm (Pb) ppm SO4
2- (mg/L) 

16-Mar-12 0 <DL 4.04 <DL 5.6 

19-Mar-12 3 0.1 0.05 0.15 6.5 

22-Mar-12 6 0.1 1.53 0.41 6.2 

25-Mar-12 9 0.01 9.5 5.93 60.2 

28-Mar-12 12 <DL 17.1 10.1 85.1 

1-Apr-12 16 0.01 35.6 7.05 118 

5-Apr-12 20 0.01 120.3 3.67 220 

16-Apr-12 31 0.01 439.4 2.1 616 

23-Apr-12 38 9.01 744.4 1.75 1160 

3-May-12 48 7.61 792.9 0.39 1860 

11-May-12 56 13.4 932.5 <DL 1040 

23-May-12 68 21.3 1165 <DL 1230 

 

Table 40: Composition of filtrands collected from Slurry A. Sulphur and carbon were 

measured using ELTRA and Fe, Zn, and Pb were measured with XRF. 

Sample Date # Days %S %C % Fe % Zn % Pb 

16-Mar-12 0 12.2055 0.3498 1.702 2.054 0.697 

19-Mar-12 3 12.1313 0.3443 1.580 1.937 0.695 

22-Mar-12 6 12.0983 0.3053 1.635 2.019 0.698 

25-Mar-12 9 12.2292 0.2690 1.676 1.977 0.695 

28-Mar-12 12 12.1144 0.2774 1.644 2.016 0.734 

1-Apr-12 16 11.8927 0.2493 1.635 2.006 0.740 

5-Apr-12 20 11.9181 0.2352 1.663 1.991 0.711 

16-Apr-12 31 11.8861 0.2540 1.695 1.889 0.759 

23-Apr-12 38 11.9422 0.2033 1.715 1.579 0.816 

3-May-12 48 11.7540 0.1955 1.735 1.339 0.996 

11-May-12 56 11.5153 0.2123 1.798 1.323 1.041 

23-May-12 68 11.4449 0.1771 1.783 1.210 0.985 
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Table 41: Concentration of dissolved components in Slurry B. Dissolved Fe, Zn, and Pb 

were measured with ICP-OES and SO4
2- with HPLC. 

Sample Date # Days (Fe) ppm (Zn) ppm (Pb) ppm 

16-Mar-12 0 <DL 1.25 0.13 

19-Mar-12 3 0.1 <DL 0.15 

22-Mar-12 6 0.1 3.27 2.42 

25-Mar-12 9 0.01 13.4 12.2 

28-Mar-12 12 <DL 19.6 8.83 

1-Apr-12 16 0.01 70 4.05 

5-Apr-12 20 0.01 182.5 2.54 

16-Apr-12 31 0.01 532 2.07 

23-Apr-12 38 7.54 744 1.12 

3-May-12 48 13.5 825.9 0.15 

11-May-12 56 29.3 1084.3 <DL 

23-May-12 68 23.3 1243.5 <DL 

 

Table 42: Composition of filtrands collected from Slurry B. Sulphur and carbon were 

measured using ELTRA and Fe, Zn, and Pb were measured with XRF. 

Sample Date # Days %S %C % Fe % Zn % Pb 

16-Mar-12 0 12.3684 0.3566 1.666 2.051 0.696 

19-Mar-12 3 11.9545 0.3512 1.641 2.025 0.717 

22-Mar-12 6 12.0522 0.3184 1.625 2.032 0.735 

25-Mar-12 9 12.1336 0.2424 1.629 2.003 0.735 

28-Mar-12 12 12.3841 0.2600 1.631 1.970 0.707 

1-Apr-12 16 12.0176 0.2625 1.656 2.042 0.740 

5-Apr-12 20 12.1798 0.2694 1.680 1.818 0.807 

16-Apr-12 31 11.7775 0.2849 1.657 1.975 0.741 

23-Apr-12 38 11.7048 0.2216 1.699 1.389 0.992 

3-May-12 48 11.7154 0.1626 1.701 1.219 1.034 

11-May-12 56 11.5087 0.1876 1.802 1.247 1.066 

23-May-12 68 11.3335 0.1557 1.777 1.129 1.085 
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Table 43: Preparation data for slurries prepared with Red Dog waste rocks and different 

amounts of natural phosphate rocks (NPR). 

Sample 
Mass of Red Dog Waste Rocks 

added (g) 

Mass of 

Natural 

Phosphate 

Rocks 

added (g) 

Distilled water 

(mL) 

Total Mass of beaker 

(g) 

1% 10.00 0.10 50.5 192.33 

3% 10.00 0.30 51.5 195.31 

5% 10.00 0.51 52.5 195.63 

10% 10.00 1.00 55.0 190.41 

20% 10.00 2.00 60.0 205.06 

50% 10.00 5.00 75.0 216.78 

60% 10.00 6.00 80.0 226.89 

100% 10.00 10.00 100.0 246.07 

NPR 

only 
0.00 10.00 100.0 240.54 

 

Table 44: pH measurements for slurries containing varying amounts of NPR. 

Days 
pH measurements 

1% 3% 5% 10% 20% 50% 60% 100% NPR 

0 6.86 7.36 7.65 7.98 7.85 8.12 8.21 8.24  

14 6.09 6.94 7.22 7.02 7.27 7.32 7.39 7.51  

36 3.88 4.29 4.48 4.7 4.94 5.04 5.39 5.5 6.27 

50 4.57 4.92 5.46 6.01 7.51 7.69 7.75 7.91 8.23 

106 4.24 4.78 5.28 5.45 5.54 7.94 8.03 8.01 8.19 

 

Table 45: ORP measurements for Red Dog slurries prepared with NPR. 

Days 
Oxidation Reduction Potential (mV) 

1% 3% 5% 10% 20% 50% 60% 100% NPR 

0 202 188 180 168 158 153 153 151  

14 238 216 206 197 192 157 151 148  

36 234 209 190 167 186 160 152 144 137 

50 226 239 234 200 163 146 140 145 139 

106 304 282 287 284 281 204 198 194 286 
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Table 46: Conductivity measurements for Red Dog slurries with NPR. 

Days 
Electrical Conductivity (mS) 

1% 3% 5% 10% 20% 50% 60% 100% NPR 

0 0.382 0.425 0.466 0.521 0.573 0.519 0.519 0.608  

14 1.158 1.238 1.555 1.926 2.56 3.02 3.17 3.14  

36 3.5 2.88 2.93 2.83 2.78 2.71 2.66 2.86 0.352 

50 4.48 3.6 2.92 2.38 2.35 2.58 2.56 2.74 0.71 

106 7.11 6.09 5.37 4.39 3.9 2.62 2.65 2.63 0.831 

 

7.2 SEM-EDS Results 

 

Figure 41: SEM image (100x magnification) of the surface of a Red Dog mine waste sample 

marked with areas analyzed by EDS. 
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Figure 42: Results from the EDS analysis of rock surface shown in Figure 41. 

 

 

Figure 43: Results from the EDS analysis of Area 1 shown in Figure 41. 
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Figure 44: Results from the EDS analysis of Area 2 shown in Figure 41. 

 

 

Figure 45: Results from the EDS analysis of Area 3 shown in Figure 41. 
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Figure 46: SEM image (100x magnification) of the surface of a Red Dog mine waste sample. 

 

 

Figure 47: Results from the EDS analysis of the surface shown in Figure 46. 
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Figure 48: SEM image (100x magnification) of the surface of a Red Dog mine waste sample. 

 

 

Figure 49: Results from the EDS analysis of the surface shown in Figure 48. 
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Figure 50: SEM image (100x magnification) of the surface of a Red Dog mine waste sample. 

 

 

Figure 51: Results from the EDS analysis of the surface shown in Figure 50. 
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7.3 XRD Results 

 

Figure 52: XRD analysis of Red Dog mine wastes as received – Sample 1. 
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Figure 53: XRD analysis of Red Dog mine wastes as received – Sample 2. 
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Figure 54:  XRD analysis of Red Dog mine wastes as received – Sample 3. 
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Figure 55: XRD analysis of Red Dog mine wastes as received – Sample 4. 
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Figure 56: XRD analysis of the filtrand from the tests with dilute acid at 60°C and continuous shaking at 200 rpm.  
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Figure 57: XRD analysis of the filtrand from the tests with distilled water at 60°C and continuous shaking at 200 rpm. 
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Figure 58: XRD analysis of the filtrand from the tests with lake water at 60°C and continuous shaking at 200 rpm. 
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Figure 59: XRD analysis of the filtrand from the tests with tap water at 60°C and continuous shaking at 200 rpm. 


