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ABSTRACT OF THE THESIS

Abiotic Oxidation Rate of Chalcopyrite in Seawater:
Implications for Seafloor Mining

by

Laura Danielle Bilenker

Master of Science, Graduate Program in Geological Sciences
University of California, Riverside, December 2011

Dr. Michael A. McKibben, Chairperson

 In situ mining of seafloor massive sulfide (SMS) deposits will have consequences 

thus far not quantified.  On land, interaction of mined sulfide minerals with surface and 

groundwaters yields acid mine drainage.  Pulverization of SMS on the ocean floors will 

produce highly reactive sulfide mineral surface areas, leading to the localized potential 

for seafloor acid generation.  Chalcopyrite (CuFeS2) is one of several ore minerals found 

in SMS deposits whose oxidation kinetics need to be quantified to estimate the 

significance of acid production.

 To constrain the oxidation rate of chalcopyrite in seawater, the initial rate 

experimental method was employed and combined with the isolation method to derive a 

rate law.  Data collected from batch reactor experiments without abundant precipitates 

(pH <4.5), between 7oC and 25oC, and PO2 from 0.10 to 0.995 atm were incorporated into 

the rate law.  The molal specific rate law is:
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Rsp = - 10-9.38(PO2)1.22(H+)0.36

Chalcopyrite oxidizes slowly in seawater relative to other sulfide minerals like pyrrhotite 

(Fe1-xS), so data from this study establishes a minimum rate of abiotic SMS weathering 

by oxidation.  The slow rate of oxidation of chalcopyrite observed here has positive 

implications for seafloor mining.  Not only will this sulfide not be the main culprit for 

acid production, but the copper ore will arrive at the surface with minimal dissolution and 

loss of metal value.  Constraining the oxidation rates of individual sulfide mineral species 

will be useful in modeling SMS mining repercussions, as well as quantifying rates of 

natural chemical weathering in the oceans over geologic time.  This information will be 

applicable to interpreting the Cu/Fe ratios of VMS deposits.

The potential for local acid generation can be viewed as a microcosm of the 

global problem of ocean acidification caused by dissolution of anthropogenic 

atmospheric CO2.  Data show sulfide mineral oxidation rates increase with lower pH, 

implying that a worldwide drop in ocean pH may amplify the dissolution of SMS 

deposits, changing the marine ecosystem.
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INTRODUCTION

 The oxidation and dissolution of metal sulfide minerals in seawater occurs both 

naturally, during aging and weathering of seafloor hot spring vents and mounds, and 

anthropogenically, during seafloor mining.  In situ mining of seafloor massive sulfide 

(SMS) deposits will have environmental consequences that are not yet quantified.  On 

land, interaction of mined or exposed sulfide minerals with oxygenated surface and 

groundwaters can yield acid mine drainage via overall reactions such as:

CuFeS2 + 8.5 O2(aq) + 5 H2O = 8 H+ + 4 SO42- + 2 FeO(OH) + 2 CuO (Equation 1)

Likewise, pulverization of SMS on the ocean floors and their exposure to oxygenated 

seawater during ore extraction, processing and effluent dispersal will produce fresh, 

highly reactive sulfide mineral surfaces, leading to the localized potential for seafloor 

acid generation.  Chalcopyrite (CuFeS2) is one of several ore minerals found in SMS 

deposits whose dissolution kinetics in seawater need to be quantified to estimate the 

significance of acid production.

 Chalcopyrite is mined globally for the abundant copper and trace amounts of gold 

it can contain.  For this reason, chalcopyrite is the most important copper ore in the 

Earth’s crust.  It is found in various geologic settings, most commonly in hydrothermal 

deposits (Nesse, 2004).

 Within oceanic crust, the heating and convection of seawater through hot basaltic 

rock above sites of active magmatism result in hydrothermal fluids that are enriched in 

dissolved sulfur and metals.  These fluids rise due to thermal convection, and are vented 
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from the crust into cold surrounding waters.  When they are quenched, dissolved 

components precipitate as spires and mounds at the ocean-seafloor interface and as 

particulate plumes above the vents that eventually sink to the seafloor.  Abundant Cu-Fe-

Pb-Zn sulfide minerals accumulate in the spires and mounds, forming potentially 

economic SMS deposits (Edmond et al., 1979; Franklin et al., 1981).  Seafloor hot 

springs and SMS deposits form mainly in areas of active extension or volcanism at plate 

boundaries, such as mid-ocean rift zones or back-arc basins (Edmond et al., 1979; 

Edmond, et al., 1982; Von Damm et al., 1985; Rona et al., 1986; German et al., 1995; 

Hannington, 1995).  The active sulfide-rich hydrothermal vents are commonly known as 

“black smokers” and on land, older analogues of SMS deposits are known as 

volcanogenic massive sulfides (VMS) or volcanic hosted massive sulfides (VHMS) 

(Robb, 2005).

 SMS deposits tend to contain substantially higher ore grades than continental Cu 

deposits such as porphyry Cu mines, although the tonnage of a typical porphyry mine 

dwarfs that of a SMS.  From a mine like Bingham Canyon in Utah, the Kennecott Utah 

Copper Corporation extracts ore containing only about 0.7% Cu (Roberts and Sheahan, 

1988).  In spite of the low ore grade, the total tonnage of Cu at Bingham is enough to 

provide ~13% of the United States’ total copper consumption (Rio Tinto, 2011).  With the 

recent discovery of Cu grades that are at least 10 times higher in SMS deposits, the 

interest of mining companies has widened to include the seafloor.

2



 In addition to impressive Cu ore grades, another attraction for seafloor SMS 

mining is the enhanced profitability from co-products such as gold, based on the current 

metals market.  The value of gold has increased persistently from $300/ounce in January 

2000 to over $1750/ounce at the beginning of August 2011 (Figure 1) (Kitco, 2011).  

Copper prices have not skyrocketed as dramatically, but have quadrupled over the past 

couple of years.  The growing demand for both of these metals is conducive to exploring 

“unconventional mineral resources” like SMS deposits (Shanks, 1983).

 Exploratory drilling and surveying efforts by pioneer seafloor mining companies 

have identified numerous potential SMS mining locations in shallow ocean basins.  

Because of the political complexities of seabed law in international waters, it is more 

feasible for mining companies to begin at sites located within the Exclusive Economic 

Zones (EEZs) of individual coastal nations (Figure 2).  This reduces the challenges 

associated with exploiting deep sea sulfide deposits mainly to technological ones such as 

extreme conditions (depth, heat, salinity, acidity).  Inactive vents and mounds are 

physically accessible and relatively safe to work on, compared with active vents.

 Recent drilling reports on a candidate mining site in the Bismarck Sea catalogue 

the presence of 10 meter tall high-grade massive sulfide spires and an 18+ meter thick 

SMS zone below the ocean floor (Nautilus, 2007).  About one quarter of this material is 

chalcopyrite while almost one half is pyrite (FeS2).  Furthermore, according to a 2007 

News Release from Nautilus, the remote drilling technique has been successful up to 

1800 meters below the surface of the water.  At depths averaging 1500 meters, the ~18 
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meter thick SMS ore zone is overlain by only a single meter of sediment.  Minimal 

overburden simplifies material retrieval and waste management.

 The strategy is to grind the minerals via remotely controlled seafloor mining tools 

and transport the product through a riser pipe to a ship at the surface.  On board, water 

will be removed, the ore separated, and unneeded slurry filtered to a smaller grain size 

and returned to the water column (Nautilus, 2008).

 During every step of this process, there is the potential for anthropogenically-

enhanced sulfide mineral oxidation.  Oxidation of chalcopyrite is an irreversible reaction 

which produces sulfuric acid, as well as dissolved Cu and Fe (ignoring for the moment 

any subsequent metal precipitation reactions):

 CuFeS2 + 3.75 O2 + 0.5 H2O = H+ + Fe2+ + 2 SO42- + Cu+  (Equation 2)

At land-based mines, this type of reaction has contributed to Acid Mine Drainage, which 

is detrimental to animals, vegetation, and humans.  Sulfide mineral dissolution rate laws 

applicable to seafloor conditions will be instrumental in predicting the environmental 

effects of seafloor mining, and will also enhance our understanding of natural 

geochemical weathering processes affecting SMS deposits.

 Laboratory experiments and in situ measurements have been used to determine 

the reaction rates of many sulfide minerals in various scenarios, primarily in the contexts 

of continental Acid Mine Drainage and terrestrial sulfide ore hydrometallurgy.  The result 

is an extensive library of rate laws based on differing experimental techniques and 

material preparation procedures, designed to accomplish a myriad of goals (e.g., Rimstidt 
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and Dove, 1986; McKibben and Barnes, 1986; Dove and Crerar, 1990; Caldeira et al., 

2003; Antonijevic et al., 2004; Acero et al., 2007).  Some researchers have previously 

addressed the effect of chlorine ions on the oxidation rates of chalcopyrite and dissolved 

copper (Lu et al., 2000; González-Dávila et al., 2009; Ruiz et al., 2011), finding that the 

presence of higher Cl- concentrations accelerate the rate.  So far, though, no experimental 

kinetic work on chalcopyrite has been completed in natural or synthetic seawater 

(Kimball et al., 2010).

 One goal of the present experiments was to elucidate the pH influence that 

chalcopyrite oxidation may have on the surrounding seawater during the mining of SMS 

deposits.  Additionally, this potential for local acid generation can be viewed as a 

microcosm of the global issue of ocean acidification caused by dissolution of 

anthropogenic atmospheric CO2 into the oceans.  Because sulfide mineral oxidation rates 

typically increase with lower pH, any worldwide drop in ocean pH due to CO2 

dissolution may amplify the breakdown of SMS deposits, further affecting the marine 

ecosystem.

 Constraining the oxidation rates of individual sulfide mineral species in seawater 

will be useful in modeling SMS mining repercussions, as well as in understanding natural 

chemical weathering and element cycling in the oceans over geologic time.  Since 

chalcopyrite is relatively slow to oxidize, the data collected here provides a minimum 

abiotic rate of anthropogenic and natural oxidation of SMS deposits.  Biotic influence on 

the rate can then be quantified in comparison to strictly abiotic oxidation.
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MINERAL PREPARATION

! Ore specimens containing large, visually pure crystals of sulfides and quartz from 

the Casapalca Mine in Peru were first broken up by hammer and chisel inside of a shatter 

box (Figure 3).  Chalcopyrite and sphalerite (ZnS) were the main sulfide constituents, 

accompanied by trace amounts of pyrite (FeS2) (Figure 4).  The smaller shards of rock 

were inspected by eye and sorted visually according to chalcopyrite content.  The purity 

of these samples was further refined by grain separation with tweezers under a binocular 

3.5-90x optical microscope.  Pieces too small for such manipulation were removed by 

sieving.

! Representative samples of these purified starting materials were then analyzed by 

powder X-ray Diffraction (XRD) to confirm mineral identity and verify that there were 

no major mineralogical impurities (Figure 5).  Energy Dispersive Spectroscopy (EDS) 

was used on the Scanning Electron Microscope (SEM) to quantify the elements present in 

the starting material.  The sorted chalcopyrite used here was indeed relatively pure based 

on XRD and EDS; only a few of the surveyed grains contained small amounts of zinc 

(presumably from optically undetectable sphalerite impurities) or chromium (possibly 

from the hammer and chisel).  A typical EDS spectrum of elemental composition for most 

of the grains analyzed is included in Figure 6.

! Another application of the SEM during the preparation process was to assess the 

effectiveness of pre-run grain surface cleaning procedures.  The cleaning procedure used 

was modified from McKibben and Barnes (1986) and McKibben et al. (2008).  First, 
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chalcopyrite of desired grain size and mass was cleaned ultrasonically in acetone for 5 

minutes.  The dust laden acetone was then decanted to prevent clogging of the filter paper 

in subsequent steps.  A 5-minute ethanol rinse through a vacuum filtration apparatus 

removed the acetone and dried the chalcopyrite before a 1M hydrochloric acid (HCl) 

treatment.  Grains were agitated in the HCl for 20 to 30 seconds before soaking for an 

additional 5 minutes.  The HCl was decanted prior to a final ethanol rinse and 5-minute 

vacuum dry.  The images of Figure 7 demonstrate that this technique yields fresh reactive 

surfaces with minimal excess material or contamination.

! Nitric acid (HNO3) had been used first for grain surface pretreatment, but an 

initial spike in aqueous Cu and Fe concentrations was found during preliminary reaction 

runs (Figure 8).  Using HCl instead of HNO3, as described above, produces a dampened 

peak.  One explanation for this phenomenon may be that the reaction between the acids 

(HNO3 more than HCl) and chalcopyrite produces a thin layer of soluble (but not 

detectable by SEM) oxyhydroxides on the surface of the grains that, when exposed to 

seawater, immediately release a larger amount of Cu and Fe than the bulk mineral surface 

does itself.  Another possibility is that exposure to the air after pretreatment causes a thin 

oxyhydroxide product layer to form (Figure 9).  The composition, thickness, and 

behavior of such a product layer have been studied extensively (Yin et al., 2000; Vaughan 

et al., 2002; Goh et al., 2006).  If this was the case, one would expect EDS analysis to 

show peaks for O, which it did not.  Perhaps such peaks will not show, even if an oxide or 
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oxyhydroxide layer is present, if that layer is very thin or discontinuous (patchy).  

Previous studies do suggest the product layer to be only 1-2 nm thick (Yin et al., 2000).

 The initial data spike does dissipate, though.  One hypothesis to explain this 

observation is the formation of Cu and Fe chloride complexes on the chalcopyrite surface 

subsequent to the dissolution of the previously mentioned oxyhydroxide layer.  Post-run 

EDS analyses do show Cl on the surface, but by the time the reacted, unrinsed mineral 

surface was analyzed in the SEM, the seawater had evaporated leaving a coating of salt 

that would cause a thin product layer to be indistinguishable.

 Another hypothesis is that the data spike reflects a swift drop in pH upon contact 

between the seawater and sulfide, resulting in enhanced dissolution and increased 

production of sulfuric acid.  That immediate reaction was buffered slowly by the 

synthetic seawater, made from commerical aquarium salt (Kent) whose exact 

composition was unknown.  Unspecified buffering components included in the salt 

mixture by the company may have compensated for this initial drop in pH gradually 

enough to be captured by increased Cu and Fe concentrations but quickly enough to leave 

this pH change undetected.  Preliminary pyrrhotite dissolution experiments (Romano and 

McKibben, 2011) also exhibit an initial spike when using the commercial aquarium salt 

mixture, but not when the matrix is formulated following Millero’s (2005) synthetic 

seawater recipe.  This discrepancy is addressed in more detail later.

 Nonetheless, the importance of using cleaned grains without dust is evident from 

studies such as Acero et al. (2007).  Their flow-through experiments continued for 
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months and show an initial rapid dissolution period during which the reaction was 

probably driven quickly by dissolution of the smaller, more abundant particles with a 

higher surface area to volume ratio and possibly different chemical composition, rather 

than by the chalcopyrite itself.

! Constraining the surface area and mass of the mineral grains is necessary to 

derive a specific rate law for dissolution.  In any fluid-mineral reaction, more available 

mineral surface will result in a faster reaction.  So, for example, the reaction rate of 2 

grams of grains having diameters between 45µm and 106µm will proceed faster than that 

of larger grains having diameters between 106µm and 150µm.  In other words, an 

increase in the specific surface area of the grains (m2/g) will lead to an increase in the rate 

of a reaction because there is more exposed material with which the fluid can react.

! A technique used commonly to determine the specific surface area of powdered 

solids is called the B.E.T. method (Brunauer et al., 1938).  This gas adsorption technique 

provides a measure of surface area per unit mass, usually given in m2/g.  For 

chalcopyrite, surface area was obtained both locally at the USDA Salinity Lab on the 

U.C. Riverside campus and commercially by Quantachrome Instruments in Boynton 

Beach, Florida.  The B.E.T. method was used in both cases for grain diameters between 

106µm and 150µm, chosen based on published sulfide kinetics research (McKibben and 

Barnes, 1986 and McKibben et al., 2008) and available sieves.  0.065 m2/g was the local 

result while the surface area determined by Quantachrome was 0.032 m2/g.  Only a 

single-point nitrogen gas analysis was performed at the Salinity Lab, which probably 
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produced less accurate data than the 3-point krypton gas analysis done by Quantachrome.  

Therefore, the specific surface area value used to derive a rate law for chalcopyrite 

between 106µm to 150µm in was the Quantachrome value of 0.032 m2/g.

 To test the effect of surface area on reaction rate and produce dissolved Cu and Fe 

concentration data farther above the detection limits of the analytical techniques 

described below, chalcopyrite grains averaging 45µm to 106µm in diameter were also 

used in the present study (grains smaller than 45µm would escape the confining mesh 

screen of the experimental sample holder).  The majority of later runs, especially under 

colder temperatures, high pH and low dissolved oxygen conditions (where rates are 

slowest) were performed using grains in this size fraction.  3-point krypton B.E.T. 

analysis performed by Quantachrome yielded a surface area of 0.062 m2/g for this grain 

diameter range.

! After confirming chalcopyrite purity, investigating the effectiveness of pre-run 

cleaning, and determining the grain specific surface area, the preparatory phase for 

chalcopyrite was complete.  Details regarding how experiments were performed and 

reaction products were analyzed are described in the following section.
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EXPERIMENTAL DESIGN

 There are a handful of possible experimental approaches in geochemical kinetics, 

but batch (closed) and flow-through (open) reactors are used most commonly (Brantley et 

al., 2008).  The batch design was employed to obtain the data discussed here.  Flow-

through experiments were considered and attempted, but abandoned due to the extremely 

slow rate of reaction between chalcopyrite and seawater (resulting in long run times and 

high reagent consumption and disposal costs).

 During runs performed in batch mode, precipitates may form in solution or as a 

coating on the mineral surface because the seawater is not evacuating the vessel to be 

replaced with fresh matrix as it would in flow-through runs.  Therefore, only initial 

reaction rates are best studied this way (Lasaga, 1998; McKibben and Barnes,1986; 

McKibben et al., 2008).  An equation specific to analyzing data gathered during batch 

experiments to determine a rate law is explained and used in later sections.

Experimental Setting

 For each experimental run, as many as two 2-liter Teflon batch reaction vessels 

were immersed in a temperature controlled bath (Figure 10).  A 50/50 mixture of 

antifreeze and water filled the bath to avoid coolant freezing at lower temperatures and 

prevent corrosion of the steel bath.  Also, a layer of hollow Teflon balls covering the 

bathwater surface served as insulation to help stabilize the temperature.  Ports for input 

and output of seawater, sampling, a thermometer, and a fritted gas dispersion tube for gas 
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saturation were built into the vessel lids and unused ports were sealed to prevent 

atmospheric oxygen exchange (Figure 11).

 Within each vessel, two parallel disks of 30 µm nylon mesh screens sandwiched 

1-2 grams of the mineral grains.  These disks were held taught by threaded PVC trap 

valve fittings screwed tightly together, similar to previous studies (e.g., McKibben and 

Barnes, 1986; Rimstidt and Newcomb, 1992; Williamson and Rimstidt, 1994; McKibben 

et al., 2008).  The assembled sample platform was held suspended within the body of the 

vessel by three vertical Plexiglass fins.  The mesh allowed synthetic seawater, made from 

aquarium salt and 18.2 MΩ water (“Ultrapure”) in proportions akin to natural seawater, to 

thoroughly interact with the grains while constraining and preventing grain collisions 

with each other or with the vessel walls.  This dual-disk grain enclosure also prevented 

the entrainment of mineral grains in matrix samples taken for reaction product analysis.  

As a modification to the set-up of previous studies, a large nitrile o-ring separated the two 

disks and provided enough space for the chalcopyrite to ensure that every available grain 

surface interacted with the circulated seawater matrix.

 Desired initial pH was attained by adding aliquots of 0.1M or 1M HCl to the 

synthetic seawater.  Salinity was held constant by adding ~34 g aquarium salt per liter of 

solution for every run.  The composition of each batch of seawater did vary, despite an 

effort to use an identical recipe every time, apparently because of variability in the 

aquarium salt manufacturing process.  Compensation was made for this variation during 

ICP-MS data analysis and is discussed in detail in Appendix A.
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 Dissolved oxygen concentrations were controlled by finely bubbling gas from 

10% or 99.5% oxygen-nitrogen gas mixtures into the seawater for the duration of each 

experiment, using glass dispersion tubes.  The prepared seawater matrix was also 

saturated with the same gas for no less than 45 minutes preceding the beginning of a run.  

Before runs below 20-25°C, the seawater was equilibrated to the desired temperature and 

oxygen concentration simultaneously in an additional bath.

 As outlined in the previous section, grains were cleaned immediately before 

experimentation to expose fresh, reactive surfaces with minimal dust and oxidation 

products.  The starting material was loaded into the sample platform, the reaction vessel 

and accompanying glassware were assembled, and purged/equilibrated seawater was fed 

into the set up as soon as the chalcopyrite was cleaned and loaded into the vessel.  The 

time of initial contact between the matrix and mineral was considered time zero of the 

reaction.

 Between every set of runs, equipment was cleaned meticulously.  Sample 

platform parts and fins, tubing connectors, and the Teflon ball used to cover the sample 

port were placed inside the Teflon reaction vessel which was then filled with 5% HNO3 

and allowed to soak for about 24 hours.  The 5% HNO3 was removed from the vessel and 

all parts were rinsed with UV-irradiated Ultrapure water.  The vessel still containing all 

previously mentioned equipment was refilled with Ultrapure water and left to soak for 

another 24 hours.  Pipette tips were cleaned separately in the same manner and discarded 

after use.
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 All glassware used for preparation of synthetic seawater, cleaning of chalcopyrite, 

and as part of the experimental set up was cleaned vigorously with Alconox (a 

commercial detergent), Citronox (a commercial weak acid mixture), and rinsed several 

times with UV-irradiated Ultrapure water before each use.

Trial runs

! Data from initial debugging runs were considered to determine length of 

experiments, cleaning technique, and the appropriate rate of fluid circulation through the 

vessel.  Our goal was for the rate of the reaction we measure not to be controlled by the 

velocity of the seawater moving past the grain surfaces (ionic transport control), but by 

natural processes on the mineral surfaces (surface reaction control).  Following 

McKibben et al. (2008), the flow rate was increased in a step-wise manner until the 

reaction ceased to increase, reflecting the point at which the transport of the fluid matrix 

no longer influenced the reaction rate.  This minimum flow rate (440 mL/min.) was use 

for the subsequent experiments.

 Another important factor examined during trials was the speed of fluid mixing 

within the reactor.  Although a flow rate of 440 mL/min. reflected how fast the seawater 

needed to travel so that the reaction rate was based on mineral-matrix interactions, the 

reaction product data produced at that pump speed was undesirably unpredictable in a 

spatial sense within the vessel, reflecting variability in pipette insertion depth and thus the 

sampling practices of individuals who obtained the sample.  So that sampling captured 

representative Cu and Fe levels within the seawater matrix and not inconsistent patches, 
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simple tracer tests were executed using food coloring dye (Figure 12).  These tests were 

performed under run conditions, including placement of inflow, outflow, mixing, and gas 

dispersion tubes.  The sample platform was also positioned in its experimental location.  

For the utilized Masterflex L/S Economy Drive model 07554-90 peristaltic pump and 

EasyLoad pump head, setting the speed to the “8” setting (corresponding to a flow rate of 

about 1300-1400 mL/min.) was sufficient to homogenize the content of a 2-liter vessel 

containing all necessary experimental equipment in about 31 seconds.  A faster pump 

setting would be unnecessary because the time between initial contact of seawater with 

chalcopyrite and the first experimental sample was always longer.  Keeping the pump on 

this lowest usable setting minimized wear on the peristaltic tubing, helping to prevent 

leakage and subsequent spontaneous evacuation of the reaction vessel.

 Rapid mixing was also confirmed by direct measurements during batch run L30.  

Duplicate samples were obtained from different port locations within the reaction vessel.  

Figure 13 shows data from this run alongside an explanation of the duplications.

! Fluid mixing was achieved with a peristaltic pump.  As illustrated in Figure 14, 

the seawater inflow and outflow were positioned directly above and below the 

chalcopyrite, respectively.  The proximity of the glass flow pipes to the sample platform 

was favorable because it guaranteed high fluid flow rates through the chalcopyrite grains.  

Size 24 Tygon LFL grade Masterflex tubing was ultimately chosen for the pump heads 

due to its durability and effectiveness.  A short segment was clamped into the pump head 

while lower grade size 18 tubing was used on each end for a better fit over the reaction 
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vessel glassware.  The size 24 tubing clamped inside the pump head was shifted once 

over the course of the run to prevent wear, always after a sample was extracted.  A closed 

system was maintained for every experiment.

 The duration of the batch experiments was another factor determined from data 

obtained during trials.  The reaction proceeded relatively slowly, so runs about 72 hours 

long were preferred.  Example data collected over 72 hours is included in Figures 14 and 

15.

Sample Acquisition and Analysis

! Fluid samples were extracted by a fixed-volume micropipette at intervals 

throughout each run, always more frequently in the beginning.  Chemical composition 

was measured with an Agilent 7500 ChemStation Inductively Coupled Plasma Mass 

Spectrometer (ICP-MS) at the University of California, Riverside.  Samples were 

acidified 10-fold using 2% trace metal grade HNO3, recommended for this type of 

analysis.  Dilution less than 10-fold would be detrimental for the ICP-MS machine due to 

the high salinity of the matrix.  For this reason, only 1 mL was removed from the run for 

each sample aliquot, resulting in minimal seawater volume change over the lifetime of a 

run.

 Standards containing known Cu and Fe concentrations and trace metal grade 2% 

HNO3 were analyzed alongside run samples.  Due to a high background concentration of 

sulfate already present in seawater, dissolved S produced from the reaction could not be 
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accurately quantified.  Appendix A describes the calibration and calculation methods 

tested and used during analysis.

 Use of an Inductively Coupled Plasma Optical Emission Spectrometer (ICP-OES) 

was tested as an alternative, but the low sample concentrations tested the detection limits 

of the machine for both Cu and Fe.  The data were therefore unreliable.

 Copper ion-specific electrode measurements were also attempted but proved not 

to be useful because the Cu initially present in the collected sample oxidized rapidly from 

exposure to the atmosphere.  Concentrations measured even minutes after the sample was 

taken were consistently lower than they had been immediately after the sample vial had 

been filled.  Temperature change was ruled out as a cause for this discrepancy because 

the concentration drop still occurred under constant temperature conditions.  Use of an 

oxygen-free sampling and analysis system might make the use of specific ion electrodes 

feasible, but would greatly complicate the experimental and analytical procedures.
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REACTION STOICHIOMETRY AND RATE-INDICATING VARIABLES

 The dissolution of chalcopyrite examined in this study was not stoichiometric 

under all conditions.  Generally, the reaction behaved congruently when pH <4.0, PO2 was 

low, and/or the temperature was around or below 10°C (Figure 15).  If dMCuFeS2/dt is 

defined as the molar rate of oxidation, its sign is negative since the mineral was 

destroyed.  Hence, the molar rate of release of Cu (dMCu(aq)/dt), Fe, (dMFe(aq)/dt), and SO4 

(dMSO4(aq)/dt) have positive values.  A stoichiometric dissolution reaction can be 

expressed by the following relationship:

 - dMCuFeS2/dt = dMCu(aq)/dt = dMFe(aq)/dt = 0.5dMSO4(aq)/dt

Each mole of chalcopyrite that dissolves yields one mole of Cu(aq) and Fe (aq) plus two 

moles of SO4(aq), so that the sulfate release rate is twice that of the Fe and Cu rates.  On 

the other hand, if the reaction is incongruent, the rates of the products may not be 

correlated in this way.  In this case, one or more constituents are forming precipitates or 

remaining behind as unreleased solid phases instead of becoming ions in solution.  This 

phenomenon occurred at pH > 4.0.

 If one product element (Fe or Cu) precipitated, i.e. as stain on the mesh or as 

clouded pump tubing at the end of a run, the other was chosen as the rate-indicating 

metal.  At pH < 4.5, Cu was selected as the rate-determining variable.
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RESULTS

 78 batch experiments were conducted for this project; a detailed description of 

those incorporated into the rate law can be found in Appendix B.  Run data used to 

compute the reaction orders and rate constant of the equation were chosen based on 

reproducibility.  It should be noted that partial pressures of oxygen (PO2) were used to 

derive the rate because they were known directly with confidence.  Calculations to 

convert PO2 to dissolved O2 concentrations in seawater are outlined in the discussion 

section alongside a proposed equivalent rate law.  The molal specific rate law (moles kg-1 

m-2 sec-1) for the oxidation of chalcopyrite in seawater is:

Rsp = - 10-9.38(PO2)1.22(H+)0.36

Formation of precipitates

 Batch runs at PO2 = 0.995 atm were executed with acidic seawater to avoid 

precipitation of Cu and Fe hydroxides and chlorides.  Fe precipitates appeared as rust-

colored stains on the nylon screens above pH 4 (Figure 16) while the white solids that 

formed in experiments at unaltered seawater pH (~8.2) were presumed to be Cu 

precipitates due to their appearance (i.e. not rust colored) (Figure 17) and known 

conditions of Cu complex formation in seawater (e.g. Hannington, 1993).

 In an effort to suppress precipitation long enough to obtain a usable rate at higher 

pH values, a few runs were performed under a lower PO2 using a 10% O2 gas mixture 

balanced with N2.  As seen in Figure 17, a fine grained gray-white material developed on 

the mesh and inner walls of the pump tubing after about one day.  Plots of Cu and Fe 
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concentrations over time (Figure 18), show that neither Cu nor Fe appear to remain in 

solution as ions or free-floating precipitates and the initial release rates of both metals 

were essentially zero at pH 8.  Erratic data produced from such runs that resulted in 

precipitation hindered computation of an initial rate.

Rate dependence on PO2 and proton concentration

 The effect of PO2 on the rate was tested from 0.10 atm to 0.995 atm, at 21.0°C to 

23.5°C, and pH 3.0+0.2.  Reaction orders for PO2 calculated as the slopes of the solid and 

dashed lines fit to Fe and Cu data, respectively, in Figure 19 are: Fe: 0.0057+0.6826, Cu: 

1.216+0.1107.  pH reaction orders computed similarly are: Fe: -0.1226 +0.2776 Cu: 

0.3633+0.09.  Figure 20 illustrates the rate dependence on proton concentration for low 

pH, 21.0°C to 23.5°C, and high PO2.

Temperature and surface area effects on oxidation

 The reaction was faster at higher temperatures (Figure 21), as predicted by 

thermodynamics and previous studies (Acero et al., 2007; Kimball et al., 2011).  The 

activation energy (Ea), calculated from the Arrhenius Plot in Figure 21, is ~10.14 kJ/mol.
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DISCUSSION

 Using a laboratory approach to study water-rock interactions, a rate law was 

formulated to express the oxidation of chalcopyrite in seawater.  To derive the rate law, 

the initial rate method (Lasaga, 1998) was combined with the isolation method, as 

practiced and described by McKibben and Barnes, 1986 and McKibben et al., 2008.  A 

second-order polynomial equation (see Appendix B) was fit to all data because the rate of 

release of both Cu and Fe decreased over time.  Initial rates were obtained by regression 

for pH 2.2-4.5.  For this pH range, Fe precipitation was observed above pH 4.0, so 

dissolved Cu concentration was the rate-determining variable.

 Total dissolved Fe and Cu values were typically relatively low (only up to the tens 

of ppb), demonstrating that the abiotic oxidation rate of chalcopyrite in seawater under 

conditions explored here is much lower than that of pyrrhotite (Romano and McKibben, 

2011) and will thus establish a lowermost bound for the rate of oxidation of SMS 

deposits.

Stoichiometry of the reaction

 It is possible that the congruency of the reaction observed under low 

temperatures, low PO2, and/or low pH (Figure 15A,B) was an artifact of how slowly the 

reaction took place.  At conditions conducive to faster rates, the Fe and Cu rates do differ 

(Figure 15C).
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Oxidation by dissolved O2

 The release rate of dissolved Fe is more sensitive to PO2 than that of Cu (Figure 

19).  At higher PO2, Fe is released considerably slower than is Cu.  Perhaps Fe is released 

and reprecipitated away from the surface of the mineral grains, but no such particulates 

were observed.  Another possibility is that some Fe remains behind on the mineral 

surface as Cu is released, similar to non-stoiciometric behavior observed in other sulfides 

(McKibben et al., 2008).  From low to high PO2, the release rate of Cu only changes 

subtly.  This behavior is consistent with other studies that describe O2 concentration as a 

secondary rate determining factor, although they evaluated Fe(III) as the oxidant 

(Kimball et al., 2010).  The effect of Fe(III) on the oxidation rate was not determined in 

the present study.

 Dissolved O2 concentrations are more complicated to calculate in seawater than 

pure water due to the “salting-out” effect (Benson and Krause, 1984; Garcia and Gordon, 

1992).  Since such saline waters contain so many dissolved constituents, there is 

essentially less room available for dissolved gases.  Inconsistencies with temperature 

have also been found (Benson and Krause, 1984).  The Henry’s law coefficient is 

therefore nonlinear with both salinity and temperature.  For more accurate comparison 

with previous research, dissolved O2 concentrations were calculated using a modified 

version of the following equation from Benson and Krause (1984), tested by Garcia and 

Gordon (1992) and evaluated and recommended by Wong and Li (2009):

 Co* = 0.20946 F (1 - Pwv) (1 - Bo) (KoMw)-1

22



where Pwv is the water vapor pressure in air, Mw is the gram molecular mass of water, and 

0.20946 is the mole fraction of O2 in dry air.  The salinity factor, F, is defined in Benson 

and Krause’s 1984 paper but based on Millero (1982).  Bo is the second virial coefficient 

for O2 from Benson and Krause (1980). Ko is the Henry’s coefficient for O2 in seawater 

based on measurements made by Benson and Krause (1984).

 Since the partial pressure of O2 was known for each run, that value was 

substituted for the coefficient describing the mole fraction of O2:

 Co* = 0.10 F (1 - Pwv) (1 - Bo) (KoMw)-1 for the 10% O2 gas mixture, and

 Co* = 0.995 F (1 - Pwv) (1 - Bo) (KoMw)-1 for the 99.5% O2 mixture.

Calculations were performed with varied chlorinities to investigate the effect of the 

salinity factor, F, on Co*.  Millero (1982) recommends a salinity range 33-37, so 

computations were made for each end of the spectrum to be sure the change in F was 

negligible.

 Values of Co* were published in Benson and Krause (1984) in mol/L at integral 

temperatures and salinity intervals of five.  A salinity of 35 was chosen because it was the 

closest to our synthetic seawater recipe.  Since these tabulated values considered an 

atmosphere containing 20.946% O2, they were converted to the experimental conditions 

of 10% O2 and 99.5% O2 by simple division and multiplication.  Table 1 below contains 

the Co* for each temperature investigated.
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 The dissolved O2 concentration should be in mol/kg for the rate law, compiled in 

Table 2.  Co† is given as µmol/kg and Equation 23 in Benson and Krause (1984) relates 

Co* to Co† by density:

 Co* = ρsCo†

Table 1: Published Co* modified for these experimental conditions.

Temperature (℃) Salinity Co* (mg/L) from Benson and Krause (1984) PO2 = 0.10 PO2 = 0.995
7.0 35 9.647 4.606 45.826
8.0 35 9.431 4.503 44.800
9.0 35 9.223 4.403 43.812
10.0 35 9.024 4.308 42.867
20.0 35 7.396 3.531 35.133
21.0 35 7.262 3.467 34.497
22.0 35 7.134 3.406 33.889
23.0 35 7.009 3.346 33.295
24.0 35 6.888 3.288 32.720
25.0 35 6.771 3.233 32.164

Table 2 shows the dissolved O2 concentrations used in this version of the law, after 

correcting for seawater density and converting from µmol/kg to mol/kg.

Table 2: Molal concentrations of dissolved O2 based on values published in Benson and Krause (1984).

Temperature 
(℃)

Co✝ (µmol/kg) from 
Benson & Krause 

(1984)

Co✝ (µmol/kg) 
for PO2 = 0.10

Co✝ (mol/kg) 
for PO2 = 0.10

Co✝ (µmol/kg) 
for PO2 = 0.995

Co✝ (mol/kg) for 
PO2 = 0.995

7.0 293.44 140.094 0.000140 1393.931 0.001394
8.0 286.91 136.976 0.000137 1362.912 0.001363
9.0 280.93 134.121 0.000134 1334.505 0.001335
10.0 274.61 131.104 0.000131 1304.483 0.001304
20.0 225.54 107.677 0.000108 1071.385 0.001071
21.0 221.53 105.762 0.000106 1052.336 0.001052
22.0 217.67 103.920 0.000104 1034.000 0.001034
23.0 213.92 102.129 0.000102 1016.186 0.001016
24.0 210.30 100.401 0.000100 998.990 0.000999
25.0 206.79 98.725 0.000099 982.317 0.000982
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Figure 19B is a plot of the rate dependence on dissolved O2 estimated from calculations 

made using values and equations in Benson and Krause (1984).  The adjusted rate law in 

moles kg-1 m-2 sec-1 is:

 Rsp = - 10-9.38(D.O.)1.62(H+)0.36

Rate dependence on pH

 Cu was released into solution noticeably slower with less acidity from pH 2.2 to 

4.0 (Figure 20).  Overall, seawater pH did not drop noticeably over the course of every 

experiment.  For example, one run starting at pH 4.0 (L69) and another starting at 4.1 

(L70) dropped to about 3.7 and 3.8, respectively, by the end of the runs.  As expected, a 

drop in pH over time was observed during runs at pH 4.0 and 4.5, but not at lower pHs.  

The higher initial concentration of protons at more acidic conditions most likely does not 

allow for a detectable effect on pH.

Temperature and surface area effect on oxidation

 In these experiments, there was a positive correlation between reaction rate and 

temperature.  The activation energy (Ea), calculated from the Arrhenius Plot in Figure 21, 

is lower than what has been obtained in previous works (Lin and Sohn, 1987; Acero et 

al., 2007; Kimball et al., 2010): ~10.14 kJ/mol.  It is possible that low pH and higher Cl- 

content have a significant enough impact on Ea to produce this discrepancy.  As 

mentioned earlier, publications including Lu et al., 2000; González-Dávila et al., 2009; 

and Ruiz et al., 2011 do hypothesize that Cl- ions accelerate this reaction.
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 Few runs under low specific surface area conditions gave a measurable initial 

rate.  It was expected that more surface area would create a higher rate.  For this work, a 

grain size smaller than 45µm to 106µm to produce more available reactive surface was 

impossible.  The mineral would have escaped the mesh screen intended to retain it during 

the batch runs.  Crushing and cleaning more mass was also not preferable due to the 

crowded nature of the sample holder.  Data collected from preliminary runs using grains 

one size fraction larger (106µm to 150µm) did not provide a discernible rate that could be 

used with confidence.

 Despite a lack of extensive empirical data to demonstrate the surface area effect 

on the oxidation of chalcopyrite in seawater, the literature (i.e. Kimball et al., 2010) helps 

maintain the prediction that a higher surface area to volume ratio will escalate the rate of 

this reaction.

Implications for seafloor mining

 The slow pace of this reaction is encouraging for the prospect of seafloor mining.  

Sulfuric acid production from the oxidation of chalcopyrite alone will probably not play a 

dominant role in significantly changing the pH of waters surrounding seafloor mines.  

Assuming stoichiometric oxidation of 1 mole of chalcopyrite, 1 mole of protons would be 

released (Equation 2).  Therefore, the oxidation of 1 kg of chalcopyrite would only 

produce 0.482 kg of protons.  Nautilus Minerals Inc., completed elutriate tests that 

determined that waste water would need to be diluted 4000 times in order to meet water 

quality requirements.  Their tests incorporated material taken directly from the future 
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mine site rather than individual sulfides, implying that dissolution of other minerals (i.e. 

pyrite, galena, etc.) will probably produce much of the acid responsible for shifting 

seawater pH that drastically.

 Furthermore, only a small amount of copper was released into solution relative to 

the starting material, an economically favorable situation for maximizing metal recovery 

during slurry transport to surface ships.  SEM images show a lack of dramatic mineral 

surface alteration, unlike some previous studies on other sulfides (Avery and Benning, 

2008; McKibben et al. 2008).  Preservation of mineral surfaces is also economically 

promising.

 Preliminary data on rates of pyrrhotite oxidation (Romano and McKibben, 2011) 

suggest that this iron monosulfide mineral oxidizes more quickly in seawater than 

chalcopyrite and may have a more significant effect on local acid production during 

mining of SMS deposits.  Even so it is plausible that the sulfuric acid created from in situ 

mining of SMS deposits will not exceed the buffer capacity of local seawater, even on a 

human time scale.  The buffer capacity of seawater (Bc) can be related to the chlorinity by 

the following equation:

 Bc/Cl  = 0.1252 (Thompson and Bonnar, 1931)

 If average seawater contains about 34 g of salt per kg of seawater including about 19 g of 

Cl-, the Bc will be about 2.38 g of acid per kg of seawater.  As mentioned earlier, if 

congruent oxidation of chalcopyrite occurs following equation 2 then 1 mole, or 1.008 
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grams, of acid is produced.  This is well within seawater’s buffer capacity, especially 

factoring in advective effects.

 The ore processing waste that will be injected into the water column from surface 

ships will have a high amount of freshly reactive surface area: the grains will average 

<8µm in diameter (Nautilus, 2008d).  Experimental inquiries assessing acid generation 

from a “return plume” of such finer grained sulfides to supplement existing modeling 

data would be very useful for designing mitigation plans.  However, ignoring for a 

minute the immediate localized effects of introducing acidic water to the Bismarck Sea, it 

seems that the sheer volume of water in the sea will couple with Bc to dilute, disperse, 

and buffer the acid produced.

 The data presented here indicate that aging, weathering SMS deposits will 

become relatively enriched in Cu if chalcopyrite does oxidize slower than other sulfides 

found in these settings (e.g. pyrite, pyrrhotite).  As the other minerals dissolve more 

quickly, the Cu/Fe ratios increase over time.  This process is additionally applicable to 

VMS deposits which currently provide a significant amount of Cu and Au worldwide.  

Weathered hydrothermal vent and mound material is tectonically buried, obducted and 

preserved in continental rock as a VMS deposit.  Cu/Fe ratios in SMS deposits vary: 0.18 

in volcanic-hosted deposits at ocean ridges, 0.28 at intra-continental back-arc spreading 

axes, and 0.38 at intra-oceanic back-arcs (Rona, 2008).  These values can be compared to 

slightly higher values of the same ratios in VMS deposits: 0.48 and 0.21 in the upper and 

lower black ore/sulfide zones, respectively (Franklin et al., 1981).  Understanding the 
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history of these resources during their formation and subsequent natural dissolution in 

seawater can be instrumental in identifying future resources.
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FUTURE WORK

 Environmentally, the most vital information regarding SMS mining is how the 

ocean environment is going to be impacted.  Fresh sulfide mineral surfaces and 

potentially harmful acid will be introduced to the system in unnatural quantities on an 

expedited timescale that may create unnatural and unfavorable results.  

To more accurately gauge the potential for pH shifts caused by sulfide oxidation, 

commercial aquarium salt is not recommended for use as synthetic seawater for kinetic 

experiments.  Initially, the efficiency of using pre-mixed salts to emulate ocean water 

made it an attractive idea.  Batch to batch inconsistency of the salt was unfavorable.  

Analytical methods were adjusted to make up for the minor variations in the elemental 

composition (Appendix A) but the artificial solutions were otherwise uniform: the 

addition of a predetermined amount of 0.1M HCl to 2 liters of solution would achieve an 

anticipated change in pH.  Late in the progress of this research, after the purchase of more 

commercial salts from the same manufacturer, the pH of the synthetic seawater solution 

no longer responded to the added HCl as it had before.  A larger volume of more 

concentrated (1M) acid was necessary to make comparable pH modifications.  

Presumably, the company added more Ca and Mg complexes to enhance the buffer 

capacity of the mixture, to protect aquarium fish from accidental acidification by 

consumers.  This may have caused the anomalous initial spike in dissolved Cu and Fe 

values, as the buffers responded (slowly) to counter the acidity production.  For future 
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work, the use of the fixed-composition synthetic seawater recipe of Millero (2005) is 

recommended.

 Evaluation of the kinetics of other sulfides in seafloor settings will fuel the 

forecast of seafloor mining consequences as well as supplement existing knowledge of 

chemical cycling in marine systems.  Research on the oxidation of pyrrhotite in seawater 

is ongoing and will provide an upper limit for the rate of the oxidative decomposition of 

modern and ancient sulfide-rich hydrothermal vents.

 Future work should ideally also explore temperatures significantly higher than 

25℃, applicable to mining localities near active vents as well as natural weathering 

processes of active black smokers.
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CONCLUSIONS

 Gaps in the kinetic literature exist concerning rate laws governing sulfide 

oxidation in offshore environments.  Unconventional mineral resources like SMS 

deposits may soon be an integral component of the mining industry.  Ocean acidification 

exacerbated by the dissolution of anthropogenic CO2 in surface waters is also an 

imminent issue, mirrored by the localized acidity problem potentially caused by seafloor 

sulfide mining.

 While there is still much work required to refine the rate laws of sulfide oxidation 

in seawater, data from this study of chalcopyrite in acidic seawater at low temperatures 

inspires several preliminary conclusions:

1) The abiotic rate of oxidation of chalcopyrite in seawater is slow and more dependent 

on PO2 than pH, but the reaction can occur more than an order of magnitude quicker at 

pH 2.2 than at 4.5.

2) Anthropogenic reduction of oceanic pH by rising atmospheric CO2 (increased 

acidification) will therefore accelerate the weathering of SMS deposits as the condition 

persists.

3) At average seawater pH (~8.2), the reaction was so sluggish that the rate was 

considered zero.  This is encouraging for mining companies looking to exploit deposits 

principally composed of chalcopyrite and located away from the influence of acidic 

black smoker plumes.
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4) The rate of this reaction can be considered a minimum threshold for the abiotic 

oxidative alteration of SMS deposits and implies that natural seafloor weathering 

processes should result in preserved VMS deposits with higher Cu/Fe ratios, because 

Fe sulfides will oxidize and weather faster than Cu-Fe sulfides.

5) Acidity produced by the oxidation of chalcopyrite may be naturally buffered by the 

seawater, especially if the reaction behaves according to equation 2.
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FIGURES

Figure 1: The fluctuation of the price of gold and copper over time (Kitco Metals, Inc., 
2011).
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Figure 2: Exclusive Economic Zones (EEZs) encompass SMS deposits (small yellow 
dots) all over the globe. (International Seabed Authority, 2011).

41



Figure 3: Crushing station with hammer and chisel inside a protective box.

Figure 4: Chalcopyrite on sphalerite from the Casapalca Mine, Peru.
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Figure 5: This plot of 2-theta versus counts from XRD data of chalcopyrite shows two 
dominant peaks with minimal impurity.  X-axis is 2θCuKα from 23.6 to 36.4, y-axis 
represents counts from 0 to 975.

Figure 6: EDS data showing Cu, Fe, and S are the main constituents of the chalcopyrite 
obtained from Peruvian samples.  X-axis shows keV and peaks should be considered 
relative to one another.
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(A) 

(B) 

Figure 7: (A) 106µm to 150µm size chalcopyrite grains without cleaning; (B) 
Chalcopyrite grains after full treatment.  Grain surfaces in image A contain many smaller 
particles, compared to the smooth, dust-free surfaces in image B.

Figure 8 (charts on following page): (A) Trial batch run L16, performed at 20℃ in pH 3 
seawater, shows Fe concentrations to be higher immediately after the start of the reaction 
than they were in the blank matrix with the chalcopyrite cleaned for 5 minutes in 1M 
HNO3. (B) Fe concentrations spike even higher when the grains soaked longer in 1M 
HNO3. (C) When cleaned for 5 minutes in HCl instead, the initial peak was not as 
prominent. In graphs A, B, and C, the background seawater was not subtracted from the 
data so that the Fe and Cu data were separated on the plot for easier interpretation.
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(A)

(B)

(C)
Figure 8 (Caption on previous page).
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Figure 9: Diagram of how the chalcopyrite surface changes during oxidation (Vaughan et 
al. 2002).

Figure 10: Two 2-liter Teflon reaction vessels sit inside a temperature-controlled bath.  
The green liquid inside the bath is antifreeze while floating Teflon balls act as insulation.  
Antifreeze was used instead of water to prevent corrosion of the steel baths.

Solution complexes and f|ne particle (colloidal)
solids

The breakdown of ore minerals leads to the

release of metals into the hydrosphere, where

solubilities as a function of key variables (pH, Eh,

temperature, etc.) exercise the major control over

mobility. The absolute concentrations involved

may be very low, but relative variations may be

several orders of magnitude, depending upon

solubility mechanisms. In particular, the forma-

tion of solution complexes may critically affect

the amounts of a metal which can be held in

solution.

Solution complexes
Spectroscopic methods, particularly those invol-

ving the use of synchrotron radiation, are now

being used to probe the nature of solution species

present at very low concentrations. For example,

X-ray absorption spectroscopies (EXAFS,

XANES) have been used to investigate the possible

formation of polynuclear complexes involving

metals such as Cu, As and Sb in solutions

containing reduced sulphur species. These studies

have provided evidence for polynuclear species

(such as a Cu4S6 cluster) in the case of copper

(Helz et al., 1993) but only mononuclear

FIG. 4 (contd.) (c) Fe 2p XPS data for the fresh chalcopyrite surface and after oxidation under conditions

corresponding to A on the voltammogram. (d) Proposed reactions during the initial oxidation of chalcopyrite

(conditions corresponding to A on the voltammogram). Note that CuS2* represents a metastable surface species.

(e) Model for the development of the chalcopyrite surface during oxidation. (f) AFM images of the chalcopyrite

surface electrochemically oxidized at 650 mV (pH 4) with 1.4561.45 mm height and de�ection images shown.

(a �e after Yin et al., 1995, 2000; Vaughan et al., 1995; (f) after Farquhar et al., 2002.)
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Figure 11: This cartoon cross section of the 2-liter Teflon reaction vessel illustrates the 
positions of tubes and ports relative to the chalcopyrite sample, based on McKibben et 
al., 2008.  The horizontal dashed orange line denotes the approximate location of the 
mineral grains within the sample holder.  The map view on the left side of this figure 
displays the container cap with built-in ports.  The two black ports remained capped 
while the sample port was sealed between extractions by a hollow teflon ball, visible in 
the vessel cross section as a circle on top of the left-most port.
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Figure 12: Mixing test for approximately 1L of water.  In this photograph, you can see 
that the blue dye has dispersed homogeneously throughout the 1L beaker.  Similar tests 
were also performed within the 2L vessels used in experiments.
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Figure 13:
(A)

(B)                                 

 

Figure 13: (A) Plot of undiluted concentrations of Cu over the course of run L30.  The 
blue line shows data for Cu removed through Port 1 and the pink represents Cu from Port 
3.  By the proximity of the duplicate dots above each sample time, you can see that Cu 
concentrations in samples extracted from port 1 are consistent with those in samples 
obtained through port 3.  (B) Configuration of “ports” for this experiment.  The dark 
circle represents a closed port.
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Figure 14: This is a plot of Fe and Cu concentrations in samples from experiment L28 
over about 3 days.
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(A) 

(B) 
Figure 15: Under cold (A) and low PO2 (B) conditions, Fe and Cu appear to be released 
stoichiomentrically.
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(C) 
Figure 15 (continued): (C) An example of incongruent Fe and Cu data from run L59. 

 
Figure 16: Post-reaction rust colored iron staining can be seen on the mesh from 
experiment L62, run at pH 5.2 under PO2 = 0.995.
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  (A)   

  (B)   

Figure 17: (A) White precipitation is visible on this top layer of mesh from experiment 
L74, run at pH 8.2 under PO2 = 0.10. (B) The same solids are seen in the tubing of 
experiment L73, run under identical conditions to L74.
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Figure 18: Reaction progression of experiments L73 and L74, run under low PO2 (0.10 
atm) to avoid precipitates at high pH (~8.2).
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(A)

(B) 
Figure 19: (A) Rate dependence on PO2 at pH 3.0+0.2 and room temperatures.  (B) Rate 
dependence on dissolved O2, estimated from calculations using values and equations 
from Benson and Krause (1984).
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Figure 20: Rate dependence with respect to proton concentration at low pH, room 
temperatures, and high PO2.
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Figure 21: Arrhenius plot based on pH 3.0, PO2 = 0.995 runs at 8.5, 9.0, 21.0 and 23.5℃.
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Appendix A: Quantifying sample concentrations based on Inductively Coupled Mass 

Spectrometry (ICP-MS) data

 Standard solutions of known elemental concentrations were run alongside 

experimental samples at the beginning and end of every ICP-MS session.  Six mixtures 

were prepared between 0.1 ppb to 1 ppm, but the maximum concentration was later 

adjusted to 200 ppb to more closely bracket the sample compositions. A drift monitor, 

also of a known concentration, was measured repeatedly at regular intervals to track 

potential instrumental drift.  Several techniques were attempted to obtain the most 

accurate data:

1. Matrix matched standards: Seawater coincident to samples compositionally and 

volumetrically was included in each standard along with known measurements of 

Cu and Fe.  This mixture was diluted 10-fold with 2% trace metal grade HNO3, 

as were all samples.  Agilent 7500 Series ICP-MS system software converted raw 

data from each run to a corresponding concentration.  Using this software was 

advantageous because it corrected for even subtle machine changes that occurred 

within an individual session.  This is especially important for runs lasting many 

hours.

2. Seawater free standards: Cu and Fe were added to 2% trace metal grade HNO3 to 

produce known concentrations within the range of the samples.

a. Blank subtraction: A sample was taken from each experiment prior to 

interaction between the chalcopyrite and seawater.  The raw counts per 
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second (CPS) measured by the ICP-MS in this blank was subtracted from 

each subsequent sample of that individual experiment to give the amount of 

Cu and Fe resulting from the reaction.  CPS of the standards were graphed 

versus their expected concentrations and the equation of that line was used to 

convert the CPS of each sample to ppm.

b. The calculated concentration of the matrix blank was removed from samples 

instead of CPS to incorporate the software’s compensation for machine drift, 

as mentioned in method 1.  Negative values (caused by a more concentrated 

blank) were not renamed as “0” to preserve the rate.  A more concentrated 

blank may entail precipitation during the reaction.

Matrix matching (technique 1) was not employed once it was clear that the Cu and Fe of 

each individual batch of seawater varied.  Method 2a was also disregarded because ICP-

MS sessions would often last 10 or more hours.  Natural changes in analysis were likely 

to occur over such a long time, exacerbated by the gradual deposition of salt from 

synthetic seawater in the samples.

 After many trials, method 2b was chosen.  Although it was necessary to consider 

negative data in some cases, the change in the concentrations were still tracked over time.  

It was also preferable to utilize the software that compensates for changes in the machine 

throughout the analytical session.
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Appendix D: Data plots for all runs incorporated into the rate law
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