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Foreword

THE ACS SYMPOSIUM SERIES was first published in 1974 to
provide a mechanism for publishing symposia quickly in book
form. The purpose of this series is to publish comprehensive
books developed from symposia, which are usually “snapshots
in time” of the current research being done on a topic, plus
some review material on the topic. For this reason, it is neces-
sary that the papers be published as quickly as possible.

Before a symposium-based book is put under contract, the
proposed table of contents is reviewed for appropriateness to
the topic and for comprehensiveness of the collection. Some
papers are excluded at this point, and others are added to
round out the scope of the volume. In addition, a draft of each
paper is peer-reviewed prior to final acceptance or rejection.
This anonymous review process is supervised by the organiz-
er(s) of the symposium, who become the editor(s) of the book.
The authors then revise their papers according to the recom-
mendations of both the reviewers and the editors, prepare
camera-ready copy, and submit the final papers to the editors,
who check that all necessary revisions have been made.

As a rule, only original research papers and original re-
view papers are included in the volumes. Verbatim reproduc-
tions of previously published papers are not accepted.

M. Joan Comstock
Series Editor
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Preface

THE STUDY OF SULFIDE-OXIDATION REACTIONS, the characterization
of the products of these reactions, and the prediction of the fate of
sulfide-oxidation products in natural environments are increasingly active
areas of research. This research is motivated by the locally severe
environmental impacts and toxicity associated with the products of sulfide
oxidation. Mine wastes are of particular concern because of past and
present disposal practices that have resulted in the widespread degrada-
tion of surface-water and ground-water quality. Mine wastes have there-
fore come under increasing regulation.

This book provides an interdisciplinary overview of recent research on
geochemical processes of sulfide oxidation. Researchers from a wide
variety of disciplines are represented: geochemistry, microbiology, hydrol-
ogy, mineralogy, physics, and civil engineering. The studies included
range from theoretical modeling exercises to laboratory- and field-based
studies.

One of our main objectives in organizing the symposium on which
this book is based was to foster new collaborations among researchers in
related fields. Our hope is that the interdisciplinary nature of this volume
will encourage researchers to look beyond the highly specialized literature
and to incorporate recent advances in kinetics, microbiology, numerical
modeling, surface chemistry, equilibrium solubility relations, analytical
methods, and remediation technology in their future research efforts. We
understand that the seeds sown at the symposium have already begun to
bear fruit: Several such new collaborative efforts have begun.

The structure of this volume is similar to that of the symposium:
Twelve different themes related to sulfide oxidation processes are
represented as different parts of the book. The order follows a progres-
sion of geochemical environments starting at the source area and evolving
with increasing distance along both surface-water and ground-water flow
paths. Hence, the first two sections of the book deal with laboratory
studies of sulfide-oxidation reaction kinetics and microbiological
processes.

Subsequent sections of the book include chapters on the solubility
and sorption control of aqueous metal concentrations, the transport of
sulfide-oxidation products in surface waters, the transport and storage of
sulfides and sulfide-oxidation products in sediments, and the effects on
ground-water geochemistry. Additional sections are included on ana-
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lytical methods, on the stable isotopes of sulfur and oxygen in systems
undergoing sulfide oxidation, and on “supergene” (weathering-related)
oxidation and enrichment of sulfide-bearing ore deposits.

The final section of the book presents chapters on remediation and
the prevention of environmental impacts of sulfide oxidation. This topic
is of growing concern to mining companies, government regulators, and
environmentalists. It is clear that environmental aspects of mining must
play an important role in mine design from the initial planning stages.
Progress will be necessary in many areas of science to ensure that the
mistakes of the past are not repeated and that the environmental impacts
of mining will be minimized or eliminated in the decades to come.
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Chapter 1

Rates of Reaction of Galena, Sphalerite,
Chalcopyrite, and Arsenopyrite with Fe(III)
in Acidic Solutions

J. Donald Rimstidt!, John A. Chermak?, and Patrick M. Gagen?

IDepartment of Geological Sciences, Virginia Polytechnic Institute and
State University, Blacksburg, VA 24061
2Mineralogisches Institut, Universitiit Bern, 3012 Bern, Switzerland
30.H.M. Corporation, 1000 Holcomb Woods Parkway, Roswell, GA 30076

‘We measured the rates of reaction of Fe(IIl) with galena, sphalerite,
chalcopyrite, and arsenopyrite at 25°C and pH values near two and

found:
MINERAL RATE LAW ACTIVATION ENERGY
Galena rre3+= -2.82x10-3 (A) (mgpe3+)0-98 40 kJ mol-1
Sphalerite g 3+= -8.13x10-7 (A) (mpe3+)0-58 27 kJ mol-1
Chalcopyrite  rgg3+ = -1.78x10-7 (A) (mp3+)043 63 kJ mol-!

Arsenopyrite i3+ = -1.45x10-3 (A) (mpe3+)098 =18 kJ mol-1 (0-25°C)
—6 kJ mol! (26-60°C)

Where rge3+ is the rate of reduction of Fe(IIT) to Fe(II) (mol sec-1),

mpe3+ is the concentration of Fe(III) (mol kg-1), and A is the surface area

of the solid (m2) exposed to the solution. These results show that the

reaction rates, the reaction orders and the activation energies vary

substantially from mineral to mineral indicating that the details of the

reaction mechanism differ among the various sulfide minerals. This

means that pyrite cannot be used as a proxy for these other sulfide

minerals when studying the details of sulfide mineral oxidation.

The oxidation of sulfide minerals is a beneficial process in some cases and a detrimental
one in others. This process is responsible for the secondary enrichment of many ore
deposits making them more valuable; in addition, the natural sulfide mineral oxidation
process has been adapted to recover metals from sulfide ores through hydrometallurgy.
On the other hand, the oxidation of sulfide minerals exposed naturally, or more often by
mining activities, often produces serious pollution problems.

Iron plays a central role in oxidizing sulfide mineral deposits. When pyrite or
pyrrhotite oxidize, they release Fe(Il) into solution. The dissolution of iron-bearing
silicates, oxides, or carbonates in the acidic solutions that are common in this
environment also releases Fe(II). At near neutral pH, Fe(Il) is rapidly oxidized to Fe(III)
by dissolved oxygen (1, 2) . At low pH, the rate of this reaction via the inorganic route
is quite slow but Thiobacillus ferrooxidans and related bacteria accelerate the rate as they

0097—6156/94/0550—0002306.00/0
© 1994 American Chemical Society
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1. RIMSTIDT ET AL.  Reactions of Minerals with Fe(IIl) in Acidic Solutions 3

derive metabolic energy by using O, to oxidize the Fe(II) to Fe(III) (1, 3) . Moses (4)
suggests that Fe(III) is the primary oxidant of pyrite even at near neutral pH even though
it is relatively insoluble under these conditions, and his reaction model suggests that
Fe(III) is probably involved in the oxidation of most sulfide minerals. Some of the
Fe(III) reacts with other nonferrous sulfides, as well as the iron-bearing ones, to release
other metal ions into solution (3) and during this process it is converted to Fe(II). This
Fe(Il) is reoxidized to Fe(IIT) to complete the cycle. Finally, the excess Fe(III)
precipitates as iron oxyhydroxides whose solubility is controlled by the Fe(IIl) activity
and the pH (6).

The primary goal of this study was to gather information on the rate of reaction
of Fe(IlT) with galena, sphalerite, chalcopyrite, and arsenopyrite in acidic solutions
similar to those found in weathering sulfide deposits. These data can be used in models
which account for the sources and sinks of Fe(IIl) in weathering sulfide deposits.
Berner (7) reports that dissolved iron concentrations in acidic mine waters are often as
high as 100 to 500 mg L-! (2 to 9x10-3 m), with pH values of less than two. In our

experiments, Fe(IIT) concentrations ranged from 10-2 to 104 molal (m) and the pH was
near two. The predominant galena oxidation reaction under these conditions is

PbS + 8 Fe3+ + 4 H)O — 8 Ht + SO42- + Pb2+ + 8 Fe2+ 1)
where some of the Pb2* and SO42- react to precipitate anglesite (PbSQO4). The overall
sphalerite oxidation reaction is:

ZnS + 8 Fe3+ + 4 HyO — 8 H + SO42- + Zn2* + 8 Fe2+. )
The most important oxidation reaction for arsenopyrite is

FeAsS + 13 Fe3+ + 8 HyO — 14 Fe2+ + SO42- + 13 H* + H3AsO4(aq)  (3)

where some of the Fe(IIT) can react with the dissolved arsenate to precipitate scorodite
(FeAsO4°2H,0). Finally, the most important reaction for chalcopyrite is

CuFeS) + 16 Fe3+ + 8 HpO — Cu2* + 17 Fe2+ + 2 SO42- + 16 HY. @

A second goal of this study was to compare the characteristics of the reaction of
galena, arsenopyrite, sphalerite, and chalcopyrite with Fe(III) to the pyrite reaction.
There have been several quantitative studies of the reaction of pyrite with Fe(IIT) both
because it is a geochemically important reaction and because pyrite may serve as a model
system for all sulfide mineral oxidation. If pyrite is to serve as an effective model
system, the characteristics of the pyrite reaction must be substantially the same as for
other sulfide minerals.

Little is known about the reaction rates of galena and sphalerite in dilute Fe3+
solutions similar to those found in nature as compared to the relatively extensive
hydrometallurgical research using very strongly oxidizing solutions. Previous
hydrometallurgy studies on galena and sphalerite, tabulated by Chermak (8) , used very
concentrated (up to 3 molal) FeClj solutions which are much more reactive than natural
waters. The numerous previous studies of the oxidation rate of chalcopyrite under
various conditions were designed to improve the hydrometallurgical recovery of copper,
and also were performed using much higher concentrations of oxidants than are
normally found in nature; examples are tabulated by Gagen (9). Most of these studies
indicated that a significant amount of elemental sulfur is produced by intense oxidation
of chalcopyrite; however, our experiments which used much lower concentrations of
Fe(III) produced no elemental sulfur. Although arsenic pollution from mine waste
dumps is a potentially serious environmental problem, arsenopyrite oxidation has
received very little study and there are no reported values of rate constants or activation
energy.
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Experimental design

All of the sulfide samples used in these experiments were obtained from Ward's
Natural Science Establishment, Inc. The galena and sphalerite are from the Mississippi
Valley-type deposits of the Tri-state district of Kansas, Missouri, and Oklahoma. The
chalcopyrite came from Messina, Transvaal, Republic of South Africa and the
arsenopyrite came from Gold Hill, Utah. The samples were hand sorted to remove
macroscopic impurities before crushing. Microprobe analysis of the run solids showed
that their chemical formulas are Zng ggFeg 409Cdg 00651.02: PbS, CuFeS,, and
FeAsp 9551 05 (8 9). The mineral grains were examined in polished section and the
chalcopyrite was found to contain minor (<1%) sulfide contaminants (pyrite and
covellite) whereas the galena, sphalerite, and arsenopyrite were free of contaminants.
The crystals were crushed in a steel mortar and pestle. The resulting powder was passed
under a magnet to femove any steel chips and then sieved to isolate the 60-100 mesh size
fraction. All samples were rinsed five times in acetone (galena and sphalerite) or ethanol
(chalcopyrite and arsenopyrite), to remove the very fine particles which adhere to the
grains after crushing. A 2.0000+0.0005 gram sample was used in each experiment. The
specific surface area of the unreacted material was determined by three-point Ny BET
analysis to be 0.020+ 0.001 m2 g-! for galena, 0.024+ 0.001 m2 g-! for the sphalerite,
0.049 m2 g-! for chalcopyrite, and 0.066+0.02 m2 g-! for arsenopyrite.

Because our goal here was to determine the fundamental rate of reaction of Fe3+
with these sulfide minerals, independent of any surface layer diffusion processes, we
used FeClj3 solutions instead of FepSO4 solutions. This avoided the precipitation of
PbSO4 on the surface of the galena grains and the lead concentration of the solutions
was low enough to avoid precipitation of lead chloride. Run solutions were prepared by
adding appropriate amounts of 0.50 molal ferric chloride solution to acidified distilled-
deionized water (1.5 mL concentrated HC1 %er one liter of water). Fe(IIl) concentrations
of the run solutions ranged from 10-2 to 10-5 molal. The pH was checked prior to each
experiment. The initial Fe(IIT) concentrations were checked by spectrophotometry using
the 1,10 phenanthroline procedure of (10).

The mixed flow reactor (MFR) used for most of these measurements was
constructed following the design of Rimstidt and Dove (11). The sample was held
between two layers of 100 mesh nylon screen. The sample holder was set in the one liter
reaction kettle (volume of solution in the operating vessel = 987 mL). The temperature
was controlled by immersion in a constant temperature water bath. The feed solution
was supplied to the reactor kettle by a peristaltic pump and the Eh of the effluent solution
was monitored by an Eh electrode. The feed solution was in equilibrium with oxygen in
the ambient air. When the effluent solution reached a constant Eh value the
corresponding emf was recorded and approximately 25 mL of effluent solution was
sampled; then the reactor kettle was opened and the mineral sample was removed, rinsed
in distilled deionized water to arrest the reaction, dried, and stored in a desiccator.

The electrodes used were combination platinum/saturated 4 m KCl/Ag-AgCl Eh
electrodes. They were calibrated against a standard Zobell solution (12). The temperature
correction for the emf of this Zobell solution is given by Nordstrom(13). The ferric ion
content of the effluent was calculated from the following equations:

Eh = E° + (RT/F) In (ape3+age2+) 5)
Tge = mFe(IIT) + MFe(II) 6)
ape3+ = (Ype3+)(Mpe3+) and ape2+ = (Ye2+)(Mpe2+) O]

where the standard state is a hypothetical ideal one molal solution. The electrode
readings (emf) were adjusted such that

Eh = emf (v) + 0.19373 8)
for the galena experiments or
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Eh = emf (v) + 0.19635 &)
for the sphalerite, chalcopyrite and arsenopyrite experiments. The corrections specified
by equations (8) and (9) are discussed by Wiersma (14) . Equations (5) through (9) can
be combined to give

Tre ('YFeZ"‘YFeﬁ) (e(Eh-E" )nF/RI)

1+ (VFJ ’/YFe’*) (e(Eh-E")nF/RT)

This equation was derived by Wiersma and Rimstidt (15). Equation (10) was used to
calculate the concentration of Fe(ITl) in the effluent from the measured emf. The
concentration of free Fe(Il) and Fe(III) used in equation (6) were adjusted for the
formation of chloride, hydroxide, and sulfate complexes.

The apparent rate of consumption of Fe(III), ', was found by multiplying the
difference between the Fe(III) concentration (number of moles of Fe(IIl), nges+, per
&s)s of feed solution, M) in the feed solution and the effluent solution by the flow rate

mFe3+ =

(10

r'= (dnldt)xn = [(npess/M)in — (/M) oyy] [dM/di] (1

where dM/dt = the flow rate. The reaction rate for a standard system with 1 m2 of
surface area is
r=r/A 12)
where A is the amount of mineral surface area exposed to the solution.

The mixed flow reactor and ancillary equipment proved to be generally well
suited for this type of experiment. The time for a reaction to reach a steady state varied
depending on the sulfide mineral and the flow rate, ranging from 4 to 8 hours for galena
with a flow rate of 2.4x10-4 kg sec-! to 20 to 32 hours for sphalerite when the flow rate

was slowed to 6.55x10-6 kg/sec. The slower sphalerite and chalcopyrite reactions
produced Fe(IT) concentrations very near the lowest detectable limit. In fact, these
reaction were so slow at 25°C the rates could not be determined. In order to increase the
amount of Fe(Il) in the effluent, more solids could be used, the temperature increased,
or the flow rate slowed. The minimum rate observable is dictated by the minimum Fe(II)
to Fe(III) ratio needed to give an accurate Eh reading. This experiment works best with
Fe(II) concentrations ranging from 10-2 to 10-5 molal. For iron concentrations greater
than 10-2 molal the extended Debye-Hiickel equation does not give an accurate estimate
of activity coefficients. At Fe(IIT) concentrations below 10-5 molal the electrode does not
respond solely to the ferrous/ferric couple (17). Sample size can probably range from 1
to 10 grams depending on the specific surface area and reaction rate of the mineral. In
the sphalerite and chalcopyrite experiments, we increased the reaction rate by raising the
temperature to 40° and 60°C and used the Arrhenius equation to extrapolate the rate laws
to the lower temperatures expected in acid mine drainage environments.

To determine whether, over the long duration (from 9 to 23 hours) of the mixed
flow reactor experiments with arsenopyrite, a scorodite layer might form and inhibit the
reaction, a series of batch reactor experiments of short duration (40 minutes) was
performed. In these experiments, the arsenopyrite was held in a sample holder similar to
the one used in the MFR system. This sample holder was shorter (11.4 cm instead of
16.5 cm) so the entire assembly was completely submerged in the 500 mL of solution
used in these experiments. A stirrer with the same type blade used in the MFR circulated
the solution downward through the mesh that held the arsenopyrite grains. The Eh
electrode was mounted in the kettle outside of the sample holder. This entire apparatus
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and the FeCl3 solution were thermally equilibrated in the water bath before 500 mL of
FeClj solution was poured into the reactor kettle to initiate the reaction. The emf
readings, recorded at five-minute intervals, were used to determine mpg3+ as previously
described. The initial rate method described by McKibben and Barnes (18) was used to
calculate the apparent rate constant, r', which was then converted to the actual rate, r,
using equation (12). Note that this method gives the reaction rate very near t =0,
before any scorodite could have formed to inhibit the reaction.
The effect of Fe(IT) concentration on the reaction rate can be expressed as
dnge3+ldt = r = k(mge3+)" 13)
where k is the reaction rate constant and 7 is the reaction order for Fe(III). Taking the
logarithm of both sides of equation (13) yields
log r =nlog (mpe3+) + log k (14)
so that a graph of log r versus log mpg3+ should be a straight line with a slope of n. The
rate data from all experiments are given in Table I; detailed results are listed in Chermak
(8)and Gagen (9). Figure 1 (based on data in Table I) shows for example the results
from the chalcopyrite oxidation experiments. The rate constants change with temperature
as expressed by the Arrhenius equation:
k = Ay(e -Eo/RT) (15)
Where A, is a pre-exponential term, E, is the activation energy of the reaction, R is the
gas constant, and 7 is the temperature in Kelvins. Taking the logarithm of both sides of

this equation gives
log k = -(Ey/2.303R)(1/T) +log A, (16)
This can be substituted into equation (14) to give
log r =n log mpe3+ -(E5/2.303 R)(1/T) +log A, an
This is a linear equation of the form
log r =a (log mg3+)+b (1/T) + ¢ (18)
Results

Coefficients from the regression of the rate data for galena, sphalerite, and
chalcopyrite to equation (14) for each temperature and to equation (18) for all
temperatures are listed in Table II. Activation energies calculated from the b term of these

fits (b = —E»/2.303R) are 40 kJ mol-! for galena, 27 kJ mol"! for sphalerite, and 63 kJ

mol-! for chalcopyrite.

The results for the Fe(IlI)-arsenopyrite reaction are not consistent with the
Arrhenius equation. The Arrhenius graph for arsenopyrite (Figure 2) shows a very
unusual behavior: from 0 to 25°C the E, is ~ 18 kJ mol-! but from 25 to 60°C the E, is

=— 6 kI moll. Thus, these data could not be fit to equation (18); instead rate laws
applicable for each temperature at which experiments were performed are listed in Table
II. The significance of the negative activation energy is discussed in the conclusions.
Scanning electron microscope (SEM) examination of run solids proved to be
very useful for understanding the reaction processes. Reaction residues of galena
experiments show the development of deep etch pits along incipient cleavage traces, a
pitted surface composed of 5 to 75 pm etch pits and 1 to 10 um blobs of elemental
sulfur. The deep, well developed etch pits are most likely the result of strain energy
introduced into the grains during the crushing process (19, 20). The localization of the
elemental sulfur into blobs is good evidence that it was transported to a site of nucleation
and deposited as the result of the decomposition of a relatively soluble and stable
aqueous species. If it were formed directly from sulfide mineral by a reaction such as

MeS = 1/8 Sg + 2 e~ + Me2+ (19)
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Figure 1. Rate data for the chalcopyrite experiments.
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Table I. Rate Data from All Experiments

EXP# | pH [log mg3*| logr EXP# | pH |log mp>t| logr
mol kgl | mol m2sec’! mol kg-! | mol m2 sec-1
GALENA ARSENOPYRITE
[ 25°C [ 0°C |
PbS2 | 1.96 | -3.40 -5.99 Aspy 71| 1.79 | -3.000 -6.19
PbS5 | 200 | -4.37 1.02 Aspy 72| 1.82 | -3.498 -6.44
PbS7 | 2.03 | -3.45 -5.81 Aspy 73| 1.79 | -3.002 -6.14
PbS8 | 1.87 | -3.72 -6.02 Aspy 74| 1.82 | -3.506 -6.65
PbS9 | 1.50 | -2.22 -4.72 Aspy 75| 1.79 | -4.031 -6.99
40°C Aspy 76| 1.79 | -4.043 -7.08
PbS11 | 198 | -3.63 | -579 15°C
PbS13 | 220 | -4.62 -6.67 Aspy 68| 1.81 | -3.072 -6.06
PbS14 | 1.45 | -2.41 -4.62 Aspy 69| 1.82 | -3.564 -6.47
SPHALERITE Aspy 70| 1.81 | -4.067 -6.93
[~ 40°C — 25°C
ZnS6 | 2.01 | -3.08 -7.64 Aspy 55| 1.80 | -3.100 -5.88
ZnS7 | 200 | -4.21 -8.30 Aspy 56| 1.83 | -3.569 -6.40
60°C Aspy 57| 1.80 | -4.132 -6.83
ZnS1 | 2.00 | -434 -8.01 Aspy 58] 1.80 | -3.098 -5.86
ZnS2 | 198 | -3.74 -1.67 Aspy 59| 1.83 | -3.657 -6.41
ZnS3 | 2.01 | -3.11 -1.51 Aspy 61| 1.80 | -4.180 -6.98
ZnS4 | 2.00 | -4.29 -8.21 35°C ‘
ZnS5 | 2.01 | -3.20 -7.34 Aspy 62| 1.80 | -3.171 -5.97
CHALCOPYRITE Aspy 63] 1.83 | -3.706 -6.47
[~ 40°C Aspy 64| 1.80 | -4.291 -7.09
Cpy30| 1.88 | -4.42 -8.09 Aspy 65| 1.83 | -3.741 -6.45
Cpy31]| 19| -520 -8.47 Aspy 66| 1.80 | -4.278 -7.00
Cpy32| 190 | -525 -8.46 40°C
Cpy33| 189 | -6.29 -8.90 Aspy 77| 172 | -3.125 -6.00
Cpy34| 189 ] -6.30 -8.89 Aspy 78 1.79 | -3.640 -6.58
Cpy35| 190 | -447 8.10 Aspy 79| 1.79 | -4.265 114
60°C 60°C
Cpyl6| 1.93 | -4.30 -7.45 Aspy 81| 1.79 | -3.782 -6.67
Cpy17| 187 | -436 -1.35 Aspy 82| 1.79 | -4.231 -1.06
Cpy20| 1.86 | -6.07 -8.15 Aspy 83] 172 | -3.398 -6.26
Cpy21| 186 | -596 -8.14
Cpy22 | 187 | -5.01 1.1
Cpy23| 187 | -5.06 -1.74
Cpy29 | 1.90 | -3.64 -7.17
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Table II. Rate Laws Based on Best Fit of Experimental Data [At fixed
temperatures the rate law is of the form: log r = n log (mg.3+) + log k; for
polythermal data the rate law is of the form: log r = n log mge3+ -(E5/2.303R)(1/T)
+log A,, where T is the temperature in Kelvins. N is the number of data used in
the regression and R is the correlation coefficient]

[ T°CIN] R2 | RATELAW |
GALENA E, = 40 kJ mol-!
25* log r = 0.98(10.06)log mg»-2.55(x3.05)
25 51 0.97 |log r = 1.03(0.11)log mg,3-2.37(30.40)
40 | 3| 1.00 |log r = 0.93(30.02)log mg,>-2.39(x0.07)
25-40| 8 | 0.98 |log r = 0.98(10.06)log mg3+-2101(+643)/T + 4.50(+2.15)

SPHALERITE E, =27 kJ mol-!
25% log r = 0.58(20.09)log mg,»-6.09(12.45)
40 | 2 [ 1.00 |log r = 0.58(20.00)log mp.>-5.84(10.00)
60 0.88 | log r = 0.58(30.12)log mg,3-5.59(10.46)
40-60 0.93 | log r = 0.58(30.09)lo ﬂk» 1433(+532)/T - 1.28(+1.68)
CHALCOPYRITE E, = 63 kI mol-!
25* log r = 0.43(20.10)log mg,-6.75(+0.54)

=N W

40 | 6 | 1.00 |log r = 0.43(20.01)log mg.>-6.20(10.07)
60 | 71 0.98 [logr=0.42(30.02)log mp-5.60(x0.12)
40-60 | 13] 1.00 flog r = 0.43(30.01)log mg3-3287(+120)/T + 4.28(10.36)
ARSENOPYRITE E, ~ 18 kJ mol-! (0-25°C) and ~ —6 kJ mol! (25-60°C)
0 6 ] 0.96 |log r = 0.84(30.08)log mg,3-3.62(x0.28)
15 3 | 1.00 | log r = 0.87(%0.02)log mFe %-3.38(20.07)
25 | 6| 0.99 |log r = 0.98(30.05)log mg,3+-2.84(+0.17)
35 | 5] 0.99 |logr=0.98(0.05)log mFes« -2.85(%0.20)
40 | 3| 1.00 |log r = 1.00(30.06)log mg,>-2.91(20.22)
60 | 3] 1.00|logr=0.96F0. 06)105;;:e 3+-3.01(+0.23)
*Estimated from fit of polythermal data.
T, °C

-24 T T 7
60 25 0

-2.8

32

g
-3.6
-4.0 T T T
2.9 3.1 33 35 37
1000/T, K

Figure 2. Arrhenius plot for the reaction of Fe(IIl) with arsenopyrite. Error bars represent
one standard error.
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where no aqueous transport occurred, the elemental sulfur should appear as a
homogeneous coating on the surface. On the other hand, if it were formed from aqueous
S,03%"intermediate, as suggested by Rimstidt (21) according to the overall reaction

3 HS;03™ = 1/2 Sg(s) + 2 SO42- + HY + H,0 (20)
(22), the elemental sulfur would preferentially grow upon nucleation sites to form the
observed discrete blobs. SEM and X-ray diffraction analysis of the solids showed
anglesite and S(s) as reaction products from galena oxidation and S(s) from sphalerite
oxidation. SEM photographs of sphalerite after exposure to the ferric chloride solutions
showed several deep etch pits of ill-defined shape and arrangement (no such pits were
visible on unreacted sphalerite grains). The ill-defined shapes and arrangement of these
etch pits suggest that they may not be related to strain in the crystal lattice as was the case
for galena. A very few small sulfur globules occurred within some of these pits; sulfur
development on the sphalerite was much less extensive than on the galena showing only
1 to 3 um sized blobs within the etch pits which were 10 to 40 pm in the longest
direction. SEM examination of reacted chalcopyrite and arsenopyrite showed no
detectable change of the chalcopyrite surfaces and minor scorodite formation on portions
of the arsenopyrite grain surfaces from the MFR experiments. The arsenopyrite grains
from the initial rate experiments, from which the reported rate data were derived,
showed no detectable surface alteration or products. Reflected light examination of the
reacted grains showed no traces of covellite or other copper or iron sulfides on the
chalcopyrite grains and no visible arsenic or iron sulfides on the arsenopyrite grains. Qur
experiments showed scorodite as the only solid product of arsenopyrite oxidation by
Fe(III). Scorodite deposition was very minor in our experiments because of its relatively
high solubility in acidic solutions (23). Elemental sulfur was not observed on either
chalcopyrite or arsenopyrite.

Analysis of Pb, Zn, Cu, and As in the effluent solutions from the galena,
sphalerite, chalcopyrite, and arsenopyrite experiments (8, 9), respectively, showed that
the ratios of these product species to the amount of Fe(Ill) reduced never matched
exactly the stoichiometries predicted by equations (1) through (4). For example,
equation (1) predicts that the ratio of Fe(I) to dissolved lead in the effluent solution
should be 8 to 1. The measured ratios ranged from 6.2 to 1 to 7.8 to 1 suggesting that
the reaction given by equation (1) (i.e. sulfate production) is most important but some
sulfur species with a lower oxidation state must have also been produced. Some of these
lower oxidation state sulfur species eventually decompose to form the elemental sulfur
observed on the grain surfaces. On the other hand, the sphalerite reactions showed
Fe(I)/Zn(I0) ratios ranging from 2.1 to 4.1 suggesting that lower oxidation state sulfur
is an important reaction product. However, SEM observations showed only very small
amounts of elemental sulfur on the surfaces of the reacted sphalerite grains. Similar
relationships were obtained for chalcopyrite and arsenopyrite. One possible explanation
for these observations is that the aqueous sulfur ( arsenic) species with intermediate
oxidation states formed in these experiments persist metastably in solution. The lifetimes
of such species in the acid, oxidizing solutions used here are unknown but may be quite

long. Takano (24) reports that S4042" and S5Og2- persisted at concentrations between
300 and 500 ppm in 0.1 m HCI solutions for more than two years.

Conclusions

The results of this study illustrate the wide range of behaviors for the reaction of
Fe(IIT) with sulfide minerals (Table II). For example, although galena and sphalerite are
both simple, cubic monosulfides, they react with Fe(III) at quite different rates. At 25°C
and mpg3+ = 10-3 the reaction rate for galena is about 300 times faster than that of
sphalerite. The reaction order for Fe(III) is 0.98 for galena but only 0.58 for sphalerite.
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Arsenopyrite, though commonly considered to be one of the most refractory of the ore
minerals, undergoes relatively rapid reaction with acidic ferric chloride solutions. Table
II shows that arsenopyrite is among the most reactive of the minerals studied. On the
other hand, chalcopyrite and covellite react slowest of the minerals studied and
chalcopyrite reacts about 30 times slower than pyrite. At low Fe(III) concentrations used
in these experiments, some soluble sulfur anion(s), rather than elemental sulfur, was the
dominant sulfur species produced. This is consistent with observations in weathering
sulfide deposits where elemental sulfur is rarely found.

The relatively large values of the activation energies for the galena and
chalcopyrite reactions (Table IT) suggest the reaction rate is controlled by a chemical
reaction mechanism rather than rate control by diffusion of ions to or from the mineral
surfaces through a layer of reaction products. The activation energy of 27 kJ mol-1 for
sphalerite is only slightly higher than the 20 kJ mol-! expected for diffusion control. The
activation energy of arsenopyrite varies significantly over the temperature range
considered. The E, is ~ 18 kJ mol-! from 0 to 25°C and then becomes = —6 kJ mol-1
from 25 to 60°C. The slightly negative E, for arsenopyrite does not appear to be the
result of the precipitation of scorodite on the arsenopyrite in the higher temperature
experiments because the initial rate method determines the rate at a very small extent of
reaction, before significant scorodite could precipitate. The negative activation energy is
best explained by a sequence of reactions that contains a branch where one reaction path
is dominant at all temperatures while the less vigorous side reaction that produces an
inhibitor of the rate-limiting step becomes increasingly important at higher temperatures.
Because none of the other iron-bearing sulfide minerals show this behavior,
circumstantial evidence points to an arsenic species as the most likely inhibitor. Negative
activation energies, have been reported in other complex reactions such as the
chemisorption of gases on solids (25) and reactions in cool flames (26, 27).

Figure 3 compares the relative rates of consumption of Fe(II) by the sulfide
minerals studied here to pyrite (data from Rimstidt, Geochim. Cosmochim. Acta in
press). The figure shows galena, pyrite, and arsenopyrite oxidize relatively quickly
whereas sphalerite and chalcopyrite react sluggishly. In nature, the development of
anglesite on the exterior of galena and scorodite on the surface of arsenopyrite produces
an armoring effect which slows the reaction rate. Given a larger extent of reaction, we
would likely have found that the reaction rate was controlled by diffusion of reactants
and/or products through such a product layer.

Table III shows a comparison of the reaction rate of Fe(II) with various
sulfides. This wide range of behavior together with the negative activation energy for
arsenopyrite oxidation demonstrates that the chemistry of sulfide mineral oxidation is
quite complex and that simply studying pyrite oxidation as a proxy for the other sulfide
minerals is not likely to produce a sufficient understanding of the reaction mechanism.
Although this complexity may frustrate our present attempts to understand the reaction
mechanism, it offers us the hope that once the mechanism is elucidated the oxidation
behavior of the various sulfide minerals can be modified, using catalysts and inhibitors,
to improve the technology of hydrometallurgy and to decrease pollution problems arising
from mine wastes. This is a particularly important goal in the cases of the minerals
studied here. If the oxidation rate of chalcopyrite could be accelerated without producing
an armoring layer of elemental sulfur, hydrometallurgical extraction of copper from this
mineral would be more economic. On the other hand, the relatively rapid rate of
oxidation of arsenopyrite in acidic Fe(III) solutions indicates mine tailings containing
modest amounts of pyrite and arsenopyrite could release arsenic into the environment at
a significant rate. In this case we must discover a method to inhibit this reaction in order
to mitigate the arsenic pollution problem.
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Figure 3. Graph showing the rate of reaction of Fe(III) at 25°C with various sulfide
minerals as a function of the Fe(IlT) concentration in solution at pH = 2. Equations for the
lines are given in Table II. Data for pyrite from (9).

Table III. Comparison of the Reaction Rates of Fe(IIT) with
Various Sulfide Minerals [Left side: mge3+ = 10-3 and pH = 2; data
for pyrite and marcasite are from (15); data for blaubleibender
covellite and covellite are from (29); Right side: mpe3+ = 10-1; data
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from (28)]
MINERAL RATE MINERAL RATE
mol m-2 sec-1 relative rate
Arseno 'te -6 Pyl‘rhotitc 4.?
pyrite | 1.7x10 Teirahedrite | 338
Galena 1.6x106 ;
. Arsenopyrite 1.7
Pynte. 2.7x10°7 Galena 1.5
Marcasite 1.5x107 Enargite 1.1
Blaubleibender Marcasite 0.9
Covellite | 7.1x108 Pyrite 0.8
Sphalerite 7.0x10-8 Sphalerite 0.5
Chalcopyrite | 9.6x109 Chalcopyrite 0.3
Covellite 9.1x10°9
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Chapter 2

Laboratory Studies of Pyrrhotite Oxidation
Kinetics

Ronald V. Nicholson! and Jeno M. Scharer?

Department of Earth Sciences, Waterloo Centre for Groundwater
Research, and *Department of Chemical Engineering, University
of Waterloo, Waterloo, Ontario N2L 3G1, Canada

A pneumatically mixed flow-through reactor was used to study the
oxidation kinetics of pyrite and pyrrhotite.  Experiments were
conducted at pH values of 2, 3, 4, and 6 with temperatures controlled
at 10, 22, and 33°C. A grain-size fraction with an average particle
diameter of 105 microns was used in all experiments.

The rates of pyrrhotite oxidation ranged from 6 to 14 x 10°
mol'm?s™ at 22°C for solution pH values of 2 to 6. Although the
rates were not strongly pH-dependent, minimum values were observed
for pH values of 3-4. Experimental activation energies were
approximately 50 kJ'mol” at pH values of 2 and 4, but in excess of
100 kI'mol’ at pH=6. The molar ratio of SO,*/Fe in the reactor
effluent varied from 0.93 at pH=2 to 0.76 at pH=6, suggesting a
preferential retention of sulfur on the pyrrhotite solids with increasing
pH. The rates of pyrrhotite oxidation at atmospheric concentrations of
O, and at 22°C were on the order of 100 times those measured for
pyrite. The iron deficiency in pyrrhotite is considered the major factor
for these high rates.

Wastes from non-ferrous metal mines often contain environmentally significant
quantities of iron sulfide minerals, usually as mixtures of pyrite (FeS,) and pyrrhotite
(Fe,.S). Exposure of these minerals at the ground surface to atmospheric oxygen and
water results in oxidation and release of acidity to the environment. The rate of
oxidation and the environmental controls on the rates determine, to a great extent, the
quality of the water that has passed through the sulfide wastes. The oxidation of
pyrite is well understood in comparison to that of pyrrhotite. Although the precise
reaction mechanism for the oxidation of pyrite remains under investigation (e.g. (1)),
the macroscopic rates of reaction can be predicted with reasonable certainty and the
products of oxidation are well known under most environmental conditions. In
contrast, very few investigations of pyrrhotite oxidation have been reported. The rate

0097—6156/94/0550—0014306.00/0
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controls on the reactions are not known and even the oxidation products are poorly
understood.

Pyrite oxidation has received a large degree of attention as a focus of research
because of the prevalence of that mineral in rocks associated with coal deposits in the
United States. A vast amount of research pertaining to pyrite oxidation and acid
generation has been reported and many reviews exist (e.g. 2-5). Although pyrrhotite
oxidation kinetics have not received much research attention, the proportion of
pyrrhotite to pyrite at many base and precious metal mines is quite high and in some
instances, pyrrhotite is the only significant waste sulfide present.

Pyrrhotite chemistry is complicated by the deficiency of iron in the crystal
structure. The general formula for pyrrhotite is Fe, S, where x can very from 0.125
(Fe,Sg) to 0.0 (FeS). The monoclinic form of the iron-deficient Fe,S; is one end
member. The intermediate hexagonal or orthorhombic structures are less iron-
deficient with stoichiometries of Fe,S,, to Fe,;S,,. The equimolar FeS variety known
as troilite is hexagonal (6). The iron deficiency may affect the oxidation of
pyrrhotite. It has been speculated that iron vacancies in the crystal structure are
compensated by the presence of Fe** (6). However, this has not been confirmed. It
is critical to recognize the iron deficiencies, particularly when writing the oxidation
of pyrrhotite by ferric iron as shown below.

When oxygen is the primary oxidant, the overall reaction may be written as;

Fe, S * (2-3)0, + H,0 = (1-x)Fe** + SO, + 2:H" M

This implies that each mole of pyrrhotite can produce up to one-quarter mole of
protons for the most iron deficient form (x=0.125) or no protons from the
stoichiometric FeS (x=0). Acid (protons) can also be produced upon oxidation of the
dissolved iron and precipitation of ferric hydroxide as illustrated in the following
equation:

Fe* + 10, +>H,0 = Fe(OH),, + 2H" )]

Alternately, the oxidation reactions may not proceed to completion. If elemental
sulfur is produced, the following reaction may apply:

Fe, S, + ( ;‘)o2 +2(1-xH' = (1-x)Fe** + 8 + (1-H,0 ()

In this case, acid can be consumed, although net consumption will be less if the
ferrous iron oxidizes as in equation 2. These reactions and their variable effect on
acid formation indicate the importance of defining the precise mechanism of
pyrrhotite oxidation.
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At low pH, ferric iron concentrations can be significant. Measured
concentrations of ferric iron (Fe;™) in porewater within a pyritic tailings were found
to be as high as 2000 mg/L near to the ground surface (7). Oxidation of pyrrhotite
by ferric iron may occur as follows:

Fe S, + B-2xFe’ + 4H0 - ©-3x)Fe®" + SO; + 8H*

if the sulfide is transformed completely to sulfate or as:

Fe, S, + 2-2xFe®" = (3-3x)Fe?" + S )
if elemental sulfur is formed as a reaction intermediate. The oxidation to sulfate can
produce almost equimolar quantities of H* from Fe**, whereas sulfur production does
not produce acid.

Previous Work

One of the more complete studies involving abiotic pyrrhotite oxidation was reported
by Steger and Desjardins (8). The stoichiometry of reaction products was discussed
but no data on the rates of reaction were provided. Products of pyrrhotite oxidation
have been inferred from reactions for pyrite and field evidence for naturally oxidized
tailings containing large fractions of pyrrhotite (9).

Field observations of well oxidized tailings indicate that elemental sulfur exists
in quantities up to 2.5% (by weight) as a result of oxidation of pyrrhotite (10). The
partial oxidation of pyrrhotite may also lead to the formation of marcasite (FeS,)
coatings on the pyrrhotite. Observations of the mineral zoning of oxidized ore
deposits has suggested that pyrite and marcasite are intermediate products of
pyrrhotite oxidation. The secondary FeS, would later oxidize in the presence of
oxygen or aqueous Fe* (11-14). The formation of pyrite (and/or marcasite) during
pyrrhotite oxidation was confirmed experimentally (15-17) by Mossbauer spectroscopy
and X-ray photoelectron spectroscopy (XPS) suggesting the following reactions:

6
2Fe, S + (%—x)o2 + @2 -4xH"' = FeS, + (1 -2x)Fe?" + (1 -2x)H,0 ©

followed by the formation of a very iron-deficient sulfide (Fe,S where y < 0.5) and
then by the fully oxidized products consisting of Fe™ solids and sulfate. Sulfur and
marcasite/pyrite are metastable in the presence of oxygen and will also oxidize. In
any case, the formation of FeS, must either consume acid as in equation 6 or at least
result in no net production of protons even if Fe** is oxidized as in equation 2. This
is shown by adding equations 2 and 6 to give:

2Fe, S + (% -%x)Oz * (g -3x)u,o = FeS, + (1 -2x)Fe(OH),, (7
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However, the presence of these intermediates may have important implications in the
determination of the eventual prediction of oxidation rates for pyrrhotite.

Similarly, sulfur oxyanions are known to be produced at high rates of
oxidation in pyritic systems (18). It was recognized, however, that the intermediate
sulfur species are not stable in the presence of oxygen and neutral to acidic pH and
transform to sulfate so readily that analysis needed to be performed very shortly after
sampling to avoid loss of intermediates. However, the realization that the
intermediates form led to a more thorough understanding of the oxidation mechanism.
Similar intermediates may be expected in the oxidation of pyrrhotite when high rates
occur.

Present Work

The current laboratory work concerns the abiotic and biological oxidation of pyrrhotite
at ambient environmental conditions. There is a dearth of kinetic data on the
oxidation of this mineral. The few previous studies on the mechanism and the
stoichiometry of pyrrhotite oxidation show pyrrhotite to be more reactive than pyrite
(8, 11-13, 19, 20, 21), but kinetic and thermodynamic data lack reproducibility (22).
Reliable and reproducible kinetic data are essential for establishing the extent to which
short-term laboratory data may be used to predict long-term processes in the field.

Modeling is a useful tool for examining the consequences of oxidation under
various physio-chemical conditions. However, the existing uncertainties in the data
base for pyrrhotite and the inability to achieve a consistent model for well-controlled
scenarios of oxidation diminish the usefulness of modeling studies. The objectives
of this work were to develop a kinetic (biological and non-biological) model for
pyrrhotite oxidation based on laboratory data. The model should include factors that
are known to be important to pyrite oxidation, including, pH, surface area, oxygen
concentration, ferric iron concentration and temperature. The stoichiometry or
material balance of the oxidation reactions provides insight into the reaction
mechanism. The potential significance of interaction between pyrite and pyrrhotite
mixtures was also considered because galvanic interaction has been reported in
biologically active systems of mixed sulfides (23).

The long-term goal of the investigation is to evaluate the degree of
applicability (or translatability) of fundamental laboratory data to observed oxidation
rates under conditions similar to those of tailings in a field setting. It is important to
establish the extent to which short-term laboratory data on oxidation kinetics and
mass-transport properties may be used to predict these coupled processes. For this
reason, experimental data on pyrite and pyrrhotite oxidation (both biological and non-
biological) should be compared under conditions of "kinetic control” (i.e. controlled
laboratory reactors) and "diffusion control" (i.e. dynamic column studies and field
scenarios).

The results reported here involve abiotic oxidation by oxygen only under
kinetically controlled conditions. Investigation of biologic oxidation and reactions
with ferric iron are in progress.
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Materials and Methods

Museum-grade pyrrhotite and pyrite were pulverized in a ball mill and passed through
a series of standard mesh (Tyler) screens. The XRD method of Arnold (24) was used
to determine the iron content (stoichiometry) and crystal structure of the pyrrhotite
used. A hexagonal variety with a formula of Fe,S,, was used for these experiments.
The mass fraction sized between sieves #120 and #170 mesh (105 micron nominal
particle diameter) was used for most kinetic studies. The sample was suspended in
methanol, cleaned for 30 to 45 s in an ultrasonic cleaner, washed with 1IN HCI
followed by distilled water, rinsed several times with fresh aliquots of methanol, and
dried before storage. In the mixed-flow kinetic studies, a weighed sample was
suspended in 0.001 M EDTA solution and the pH was adjusted to the desired value
(pH=2 to pH=6) with either HNO, or NaOH. The chelating effects of EDTA on Fe**
was desired to prevent precipitation of ferric oxyhydroxide for experimental pH values
above 4.

The mixed-flow kinetic experiments were performed in internal split flow,
pneumatically mixed reactors, shown on Figure 1. The reactors had an internal
diameter of 5.6 cm and a height to diameter aspect ratio of 7. Each reactor was water
jacketed to maintain a constant temperature and experiments were run at 10, 22, and
33°C. A liquid reactor volume of 650 mL containing 3.0 g-L" to 10.0 gL solid
suspension was maintained. Oxygen transfer and mixing were provided by air flow
through a sintered glass sparger at the bottom of the vessel at a flow rate of 0.3
cm’cm”min™. The reactors were operated in a continuous flow-through manner.
Fresh liquid was delivered into the reactor at a rate of 30 mL+h” and removed from
the headspace by overflow at the same rate, while the solids were retained in the
reactor. The duration of the continuous-flow experiments was approximately 50 hours
with each fresh batch of pyrrhotite sample.

Fixed-bed column reactors such as those described by Nicholson et al. (25)
were used to study the oxidation kinetics of pyrite and pyrrhotite mixtures. The
fixed-bed column experiments were performed in 1-cm diameter plastic tubes loaded
with 10 g of selected sulfide mixtures. Pyrrhotite fractions were set at 0, 0.25, 0.5,
0.75, and 1.0. Water flow was about 5 mL+h™ and an air flow rate of about 600
mL+" was maintained by a slight positive pressure that kept the granular sample
partially drained at all times. The experiment was run at room temperature (22+2°C).
Effluent samples were collected every day and experiments were run for as long as
two weeks.  The effluent was analyzed routinely for ferrous ion by colorimetry with
bathophenanthroline reagent (26), total iron by atomic absorption spectroscopy and
sulfate content by ion exchange chromatography. Usually, steady-state mass flux was
achieved after 24 hours of continuous operations.

Measurements of the oxygen mass-transfer characteristics in the mixed-flow
reactors were performed using a series-900 galvanic dissolved oxygen electrode (New
Brunswick Scientific Co., Edison, NJ). The liquid in the vessel was first
deoxygenated with nitrogen. Then, air was introduced through the sparger at various
flow rates and the increase of the dissolved oxygen with time was measured in the
downcomer (bubble-free) section of the vessel. The values of the mass-transfer
coefficients were calculated from log-transformed concentration profiles. The actual
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Figure 1. Split-flow, pneumatically mixed reactor design used to study the kinetics
of pyrrhotite oxidation.
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mass-transfer coefficients at various air velocities were compared with an acceptable
minimum value calculated from the stoichiometric oxygen uptake rate expected during
pyrrhotite oxidation. It was evident that actual aeration rates employed in this study
were adequate to meet the oxygen demand.

Surface area of the sulfides was not measured. Estimates of surface area were
made using the empirical relationship demonstrated between grain size and BET
measured surface areas for silica grains given by Parks (27). Comparison of pyrite
grain size with measured BET values indicates that surface area estimates are well
within a factor of two using Parks’ relationship for silica grains (data from 1, 28, 29).
The regression of BET surface area (A in cm?/g) on grain diameter (d in cm) is
log(A)=0.415-log(d) (27) that gives a specific surface area of 248 cm’g" for the 105
micron grains used. This approach allows comparison of rates to other studies on the
basis of surface area when grain size is known.

Results

The concentrations in the reactor effluent were typically in the range of 8 x 10°® to
2 x 10* mol-L"! for both iron and sulfate. A typical plot of concentration versus time
is shown in Figure 2 for an experiment at 22°C. Initial experiments that were
conducted over longer time periods exhibited nearly constant concentrations over
periods of days. Most experiments exhibited steady-state concentrations between 500
and 1500 minutes from initiation.

The rates of oxidation derived from iron concentrations ranged from 6.4 to
14.1 x 10° mol'm™s™ for solution pH values in the range of 2 to 6 at 22°C. Varying
the temperature from 10 to 33°C resulted in a maximum difference of oxidation rates
from 2.5 to 57.6 x 10 molm?s™ at pH=6.

Effects of pH. The variation of solution pH from 2 to 6 resulted in mean differences
in rates of 40% at 22°C and 60% at 33°C. The effect of pH was not consistent at the
three temperatures studied. At the lowest temperature (10°C), the rate of oxidation
decreased slightly with increasing pH (Figure 3). At the two higher temperatures (22
and 33°C), the rates appear to be near minima at pH values of 3 to 4. At 22°C, rates
were essentially equal at pH values of 2 and 6, whereas, at 33°C, the rate at pH=6
was almost two times the value at pH=2.

Effects of Temperature. The surficial rate constant (k) is defined with units of
mol'm?s?. Typical Arrhenius behaviour was observed for all pH values investigated
(Figure 4). The calculated activation energies (E,) were not, however, constant
across the range of pH values. The lower activation energies were found at pH=4 and
at pH=2 but, at pH=6, the value of E, was almost double the value at pH=4 (Table

D.

Effects of Surface Area. With the narrow range of grain size used in the
experiments, it was assumed that surface area increased linearly with the mass of
pyrrhotite exposed to oxidation. The rate of oxidation (mols') was therefore
compared to the mass of pyrrhotite to determine the dependence of oxidation rates on
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Figure 2. Concentrations of iron and sulfate as a function of time for an experiment
at 22°C. Steady-state concentrations usually occur between 500 and 1000 minutes.
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Figure 3. Rate of reaction as a function of pH at temperatures of 10°C, 22°C, and

33°C.
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Figure 4. Arrhenius plots with individual regressions lines for pH values of 2, 4,
and 6.
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Table 1. Experimental Activation Energies as a Function of pH

pH

E,
(J/mol)

58,100
52,400
100,400

surface area. The limited data suggest a near-linear dependence of rate on mass and
hence surface area (Figure 5). Repeated experiments suggest that one standard
deviation in measured rates is about 30% of the measured value. Error bars were
placed on the single measurement values in Figure 5 to reflect this uncertainty.

Ratio of Sulfate to Iron. Both iron and sulfate were measured over time in four
experiments. The molar ratios of sulfate to iron in the reactor effluent varied with
pH. Complete release of oxidation products from FeyS,, should exhibit a SO,*/Fe
value of 1.1 in the effluent solution. The value closest to the theoretical was observed
at pH=2 (SO,*/Fe = 0.925). This ratio decreased with increasing pH to a low of 0.76
at pH=6 (Table IT). The exception to this trend was exhibited by an experiment at
pH=6 with no EDTA that resulted in a ratio of 2.46.

Table II. Molar Ratios of SO,*/Fe in Reactor Effluent for the Three
Solution pH Values Studied

Exp. No. pH EDTA

Number  Average SO,”/Fe

Present  of Points + Std. Dev.
PO-4 2 YES 5 0.925 * 0.006
PO-2 4 YES 5 0.83 £ 0.15
PO-8 6 YES 10 0.76 £ 0.13
PO-5 6 NO 7 2.46 + 0.39

Effects of EDTA. The addition of 0.001 M EDTA to the reactor solution had no
significant effect on measured rates for experiments conducted at pH=2 and pH=4

In Environmental Geochemistry of Sulfide Oxidation; Alpers, C., et a.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1993.



Publication Date: December 20, 1993 | doi: 10.1021/bk-1994-0550.ch002

August 10, 2012 | http://pubs.acs.org

24 ENVIRONMENTAL GEOCHEMISTRY OF SULFIDE OXIDATION

(Table III). At pH=6, however, the rates based on Fe concentrations were as much
as 80 times lower when EDTA was absent from solution.

Table III. Values of Rate Constants with and without 0.001 m EDTA in
Reactor Solutions at pH Values of 2, 4, and 6

Temp. Rate (x 10° mol'm?s?)
e PH  "NoEDTA  EDTA
10 2 4.6 24
22 2 6.5 9.6
22 4 50 6.5
30 6 0.7 58.0

Mixtures of Pyrite and Pyrrhotite. Three mixtures and two pure sulfide samples
were oxidized in the column (fixed-bed) reactors. The oxidation rate of the pure
pyrrhotite was 1.3 x 10® mol'm?s! and compares well with the oxidation rate
measured in the mixed-flow reactor at 22°C and pH=2 (1.2 x 10® mol'm™s™). The
reaction rate of the pure pyrite was 1.13 x 10"° mol'm?s™ that compares well with
the average rate of five independent studies of 5+2.1 x 107° mol'm™s™ compiled from
the literature by Nicholson (unpublished). The rates of the mixtures were slightly
higher than calculated values based on the fractions of each sulfide (Figure 6) but the
predicted and observed rates are not significantly different considering that standard
deviations of average rates are about 30 to 50 percent of the mean.

Discussion

Measured oxidation rates are reproducible (see T=22°C in Figure 4) and relatively
small changes in rates caused by changes in pH were easily observed. The most
significant effect on the rates of reaction was caused by changes in temperature.
There are, however, some interesting trends between rates and pH and between
activation energy and pH that deserve further discussion.

The overall effect of pH in the range of 2 to 6 on the rate of oxidation is
relatively small, the rates being within about 50% of the mean value. Yet, the trends
of oxidation rate with pH were not anticipated. And more surprising was the change
in pH trends with temperature (Figure 3). A rate minimum around pH=4 at
temperatures of 22 and 33°C has not been reported in other studies of sulfide
oxidation. Results of Smith and Shumate (30) and those of McKibben and Barnes
(28) both indicate a very slight increase in oxidation rate for pyrite from pH values
less than 2 to pH=4. In a review of experimental oxidation rates for pyrite, Nicholson
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Figure 5. Rate of pyrrhotite oxidation as a function of mass of pyrrhotite (-120 +
170 mesh particles) at 22°C; (o) pH = 2 and (*) pH = 6. Regression line includes
the origin.
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Figure 6. Rates of oxidation (as iron released) as a function of the fraction of
pyrrhotite in mixtures with pyrite at pH = 2 and 22°C. The solid line represents
calculated rates based on the fractions present and oxidation rates of pure end-
members.
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(unpublished) found very small differences in rates for pH conditions from 2 to 8.
The pyrrhotite oxidation rates observed in this study exhibit decreasing rates from
pH=2 to pH=6 at 10°C but show increases by a factor of two to three from pH=4 to
pH=6 for the two higher temperatures. This anomaly may be linked to a change in
the reaction mechanism that is also suggested by the measured activation energies.

Activation energy also varies as a function of pH with low values around
pH=2 to 4 (Table I) and effectively doubling with an increase of pH from 4 t0 6. A
similar behavior for pyrite oxidation was noted. The data are quite variable, yet E,
for pyrite oxidation by oxygen varies from about 57 kJmol” in acidic solutions (pH
from 2 to 4, (28)) to values approaching 90 kJ-mol” at pH values of 7 to 8 (25).

It is possible that the increase in activation energy represents a change in the
rate-limiting step from that of surface controlled or heterogeneous reaction with a
lower E, to a more homogeneous step with a larger E,, likely involving covalent bond
cleavage. However, silicate mineral dissolution also exhibits significant trends of
activation energy with pH that have been attributed to other processes. It has been
suggested that proton adsorption-desorption can contribute up to 50 kJ'mol® to the
experimental activation energy of dissolution reactions (31). It was further suggested
that the difference in E, values is related to the difference between the experimental
pH and the point of zero net proton charge (PZNPC) of the solid surface. Although
it would seem logical to attempt to identify the rate-controlling mechanism of the
oxidation reaction at various pH levels by the changes in experimental activation
energy, the results of such comparisons would be of little value if the large enthalpies
of proton adsorption-desorption are not taken into account. It appears that
temperature dependence of reaction rates is similar for silicates and sulfides and the
latter deserves further attention.

The simplest oxidation reaction (equation 1) indicates that the molar ratios of
sulfate to iron should be close to unity. High SO.*/Fe ratios imply that iron has
either not been released from the sulfide structure or that it has been lost from
solution after release. Similar logic applies to the sulfur component for low ratios of
SO,*/Fe. Previous studies indicate that more iron than sulfate is released under
certain conditions of oxidation resulting in formation of secondary marcasite or pyrite
are formed (17). A major concern in these experiments is related to the possible
oxidation and precipitation of the ferrous iron as ferric hydroxide at pH=6. This
process not only interferes with the detection of the released iron in the reactor
effluent but also can lead to coating of the pyrrhotite surfaces, resulting in lower rates
of oxidation in the same way that has been demonstrated for pyrite (32). The
difference in rates by a factor of about 80 with and without EDTA (Table IIT) suggest
that this should be a major concern for experiments above pH values of 4. Although
fresh Fe(OH), solubility can be on the order of 107 mol-L* at pH=4, well below total
Fe concentrations observed in the effluent, it is probable that the low abiotic rates of
Fe* oxidation at that pH prevent the formation of significant concentrations of ferric
iron in solution. At pH=6, the rate of oxidation of Fe* by oxygen is orders of
magnitude faster (3) and it is therefore necessary to prevent the formation of Fe(OH),
solids to avoid the loss of iron in solution.

The observed sulfate to iron ratios of less than unity in the effluent indicate
a relative depletion of sulfur. There may be several reasons for this. First, the
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released sulfur could comprise various intermediate sulfoxyanions, particularly sulfite
and thiosulfate. Acidic conditions favour the decomposition of thiosulfate to
elemental sulfur and sulfite as products (33). Some effluent samples were treated
with hydrogen peroxide and reanalysed for sulfate with no significant differences in
concentration noted. The missing sulfur, therefore, does not appear to be in the form
of dissolved sulfur intermediates. Transformation of the sulfide to elemental sulfur
on the surface of the pyrrhotite is the second possibility to account for the lost sulfate.
Elemental sulfur has been observed in oxidizing sulfide tailings, up to 2.5% of the
bulk weight that had an estimated 25% sulfide content (34). Third, the sulfur may
not have been released but may remain in the sulfide structure while iron was
released. Secondary marcasite and pyrite may form by oxidation in acidic solutions
(17). The results of this study are not conclusive regarding sulfur unaccounted by
sulfate. Further analytical work and surface analysis is planned to address this issue.

Mixtures of sulfide minerals have been shown to exhibit galvanic protection
of minerals lower in the electromotive series (23). The results of the current study
suggest that galvanic enhancement did not occur when pyrite and pyrrhotite were
physically mixed. Because the study of the grain surfaces is not yet complete, it is
not known whether or not pyrite oxidation was inhibited. However, observed pyrite
oxidation rates being a factor of 100 less than those for pyrrhotite, it may not be
possible to distinguish such galvanic interaction. These experiments were purposely
performed in fixed-bed reactors to insure physical contact of the grains and allow
electrical connection that was expected to be necessary for galvanic protection to
occur. Lack of a galvanic response suggests that the bulk oxidation rate is linearly
dependent on the mole fraction of the sulfides. Additional experiments will be
performed under biologic oxidation and ferric iron leaching to verify this response.

Comparisons With Pyrite Oxidation. At atmospheric oxygen saturation and 22°C,
pyrrhotite oxidation is a factor of 20 to 100 faster than values reported for pyrite
oxidation at 25°C. This is consistent with the observed higher relative reactivity of
pyrrhotite that is commonly observed in the field. The deficiency of iron in the
crystal structure of pyrrhotite (6) could account for the more rapid oxidation rates
because of the lower stability of the crystal lattice. The trend in activation energies
with pH for pyrite oxidation is quite comparable to those found for pyrrhotite in this
study, with values almost doubling from acidic solutions to near-neutral conditions
(Table IV).

Further Work Needed. There are many issues that have not been addressed here
that may represent significant roles in the pyrrhotite oxidation process. Oxygen
concentration will almost certainly affect reaction rates. It is important to determine
the dependence on oxygen for predictive purposes. Oxidation by ferric iron may
dominate in acidic environments where rapid oxidation of Fe** by bacteria can
produce significant concentrations of Fe*, as seen in shallow pyritic tailings (D). It
is also known that bacteria such as Thiobacillus ferrooxidans play a catalytic role in
the oxidative dissolution of sulfide minerals. The biologic system can be investigated
to study the enhancement of reaction rates and also to gain insight into the role of
sulfur intermediates that may be produced during rapid oxidation of sulfide minerals.
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Table IV. Reported Activation Energies of Oxidation of Pyrite by Oxygen
at Different Solution pH Values Compared to Activation Energies Found
in This Study

pH Activation Energy (J/mol)
Pyrite Pyrrhotite®
57,000 58,000
57,000 52,000
100,000
7-8 88,000

# - McKibben and Barnes (28)
® - Nicholson et al. (25)
¢ - this study

Finally, the deficiency of iron in the pyrrhotite crystal structure requires further study
to determine what effect this has on rates of reaction. The pyrrhotite used in these
experiments was hexagonal with the approximate formula Fe,S;, yet other
stoichiometry (e.g. Fe,Sg) and crystal structures (e.g. monoclinic) are common. The
study of the role of the iron deficiency may provide insight into the mechanism for
the oxidation reaction. An analysis of stabilization energies of the Fe,S; crystal lattice
showed that a mixed valence model [(Fe,"Fe,™)S;™)] was most reasonable (35).
However, Mdssbauer studies revealed mixed results. Some early results (36)
suggested that Fe™ did not exist in the crystal structure as a separate entity for
Méssbauer transition times of 107 to 10 seconds. A later study (37) indicated a
complex Mdssbauer spectra for iron that is consistent with the presence of Fe™ in the
lattice. Although the concept of mixed valence iron in a covalent bonded structure
like pyrrhotite is ambiguous, the net deficiency in electrons may account for the
increased oxidation rates over those observed for pyrite.

Conclusions

The split-flow, pneumatically mixed reactor is an effective means of studying
pyrrhotite oxidation kinetics. Dissolved iron is a good indicator of the oxidation rate
but care is required at pH values above about 4 where oxidation of ferrous iron and
loss by precipitation can result in erroneously low rates of reaction. A chelating agent
such as EDTA can help avoid such iron losses.

At atmospheric oxygen concentrations and at 22°C, the rate of pyrrhotite
oxidation is on the order of 1 x 10® mol'm?s™ or about one hundred times higher
than that for pyrite under similar conditions. The reaction rates are mildly dependent
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on pH but the trends are not consistent at all temperatures. For a range of pH from
2 to 6, maximum differences in oxidation rates were about a factor of 2 or within
50% of the mean rate at a specified temperature. The inconsistent trends of rate with
PH at different temperatures are related to the differences in activation energy that
occur across the range of pH studied. Implications for doubling of activation energy
from pH=4 to pH=6 are unclear but may be related to proton adsorption on the sulfide
surface, similar to that suggested for silicate minerals. The lack of interaction in
pyrite-pyrrhotite mixtures suggests that oxidation rates can be estimated independently
for each mineral in mixtures such as sulfide tailings.

The deficiency of sulfate in the effluent solution and the increase of this
deficiency with increasing pH indicate that simple oxidative dissolution of the Fe, .S
is not likely. The increased production of non-soluble sulfur products with increasing
pH may be linked to a change in reaction mechanism and rate limiting step. Further
study of this phenomenon is required.

While some preliminary controls on the surface-based pyrrhotite oxidation
reaction have been quantified, many other factors require investigation before a
comprehensive kinetic model can be constructed and applied to field conditions.
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Chapter 3
Effect of Humidity on Pyrite Oxidation

Sandra L. Borek

Pittsburgh Research Center, U.S. Bureau of Mines, Pittsburgh, PA 15236

The amounts of weathering products formed during abiotic
chemical pyrite oxidation was dependent on relative humidity and
time. Six pyrites were placed under four relative humidities (RH)
(34%, 50%, 70%, and 79% RH). These samples were periodically
analyzed using Mdssbauer spectroscopy to determine the types and
amounts of weathering products formed. Hematite was present in
Waldo pyrite samples after 30 days in all experimental humidity
conditions. Ferrous sulfates (melanterite and rozenite) were
detected in the three sedimentary pyrites (Pittsburgh, Kirby-U, and
Kirby-R) after 30 days in 79% RH, and after 90 days in 50%, 70%,
and 79% RH conditions. Two hydrothermal pyrites (Iron
Mountain and Noranda) displayed no significant weathering over
time in any relative humidity.

Pyrite (FeS,) is an iron disulfide often associated with coal and adjacent strata.
Pyrite reacts with water and oxygen to form ferrous iron, sulfate, and acidity:

FeSy + 7/2 0, + H,O » Fe** + 250> + 2 H* (1)

Humidity is an important factor in pyrite oxidation as it has been shown that
pyrites weather differently depending on the humidity. The formation of
oxidation products is also determined by humidity (1-2). These observations
suggest that if pyritic waste materials are not in direct contact with water (i.e.,
high and dry), the exclusion of water is not guaranteed. High humidity
conditions can contribute the water needed for pyrite oxidation. Previous studies
performed to determine the effect of humidity on pyrite oxidation rates have

“This chapter not subject to U.S. copyright
Published 1994 American Chemical Society

In Environmental Geochemistry of Sulfide Oxidation; Alpers, C., et a.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1993.



Publication Date: December 20, 1993 | doi: 10.1021/bk-1994-0550.ch003

August 10, 2012 | http://pubs.acs.org

32 ENVIRONMENTAL GEOCHEMISTRY OF SULFIDE OXIDATION

shown little dependence on humidities below 98% RH (3), or some dependence
on relative humidities at or below 85% (4). Each study included only one pyrite
sample. A variety of pyrites must be examined to determine the effect of
humidity on oxidation. The variation in ability of different pyrites to utilize
water vapor for oxidation could not be realized as a factor in a one-pyrite study.

Maoéssbauer spectroscopy, which utilizes resonant, recoil-less gamma-ray
emissions and absorptions, was used to analyze the products of pyrite oxidation.
By examining the position, number, shape, and relative absorbance of spectral
lines, the identity of iron minerals in a sample can be determined (5-7). Two
quantities routinely used to identify the iron minerals in a sample are isomer
shift (IS) and quadrupole splitting (QS).

Isomer shift is caused by an electrostatic interaction between the charge
distributions of the nucleus and electrons of an atom. This interaction results in
the shifting of ground- and excited-state nuclear levels. IS indicates the oxidation
state of the iron atom as well as the characteristics of its substituent groups.
Quadrupole splitting occurs because an uneven distribution of electronic charge
around the iron nucleus creates an electric field gradient that interacts with the
nuclear quadrupole moment of the S’Fe excited state. The excited energy level
splits, losing its degeneracy. QS indicates the bonding structure around atoms,
isomerization and structure defects.

If the material has magnetic order, a third parameter called magnetic
splitting can also be utilized. Magnetic compounds are characterized by a six-
peak spectrum. These quantities are used to identify the iron minerals while the
area under the peaks can be used to calculate relative abundance of each
mineral.

Experimental Methods

The six different pyrite samples used in this experiment are from Iron Mountain,
California; Waite-Amulet, Noranda, Quebec; Pittsburgh seam coal, Pennsylvania;
Waldo Mine, New Mexico; and two from Kirby, Pennsylvania. Iron Mountain,
Noranda, and Waldo are hydrothermal pyrites; Pittsburgh and the two Kirby
types are sedimentary pyrites. Each sample was crushed to size fractions
between 63um and 75um with mortar and pestle. Samples were washed with 1:2
solution of HCl and water to remove any weathered products already present.
This was followed by several deionized water rinses. An initial Mossbauer
spectrum was recorded for each pyrite sample after the washings. Additional
splits from each sample were examined for variations in shape characteristics
under 100x power according to standard petrographic procedures (8).

Four different relative humidity environments were set up using saturated
salt solutions. Four solutions were selected to maintain a range of relative
humidities, from 34% to 79% (Table I).

Temperatures remained relatively constant over the 250 day experiment.
Seven-100 mg samples of each pyrite were placed in each of the four
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Table I. Average Relative Humidities (RH) and
Temperatures for Saturated Salt Solutions

Average
Salt n? Average RH(%) Temp.(°C)
CaCl,-6H,0 51 3443 217422
NaBr-2H,0 51 50+3 22242.6
ZnSO,-TH,O 51 70+3 21.7+18
CuSO, -5SH,0 51 7942 217418

*n=number of readings

polycarbonate desiccators with a salt solution. A combination analog
hygrometer/digital thermometer permitted continuous monitoring of the relative
humidity and temperature within the chambers. The desiccators were opened
only long enough to take samples and remained closed at all other times. Pyrite
oxidation did not significantly deplete the oxygen content in each desiccator.

After approximately 30, 60, 90, 120, 150, 200, and 250 days, one sample
of each pyrite was removed from each desiccator and analyzed by Mdssbauer
spectroscopy. The velocity oscillated between -10 and +10 mm/sec. An iron foil
standard was run approximately every 30 days to ensure an accurate reference
channel for zero velocity. Each sample was run until a clear spectrum was
obtained. The resulting spectra were analyzed by a curve-fitting computer
program (9) which computed peak areas and positions. Resultant QS and IS
values were calculated and used to identify the iron minerals in each sample
(Table II). The physical appearance of each sample was also noted for water
content and color.

Each pyrite type was tested for the presence of iron-oxidizing bacteria by
placing samples of the weathered pyrite in a test tube containing a biomedia
solution developed by Cobley and Haddock (10). If the bacteria were present,
the ferrous iron would be oxidized to ferric, and an orange color would result.
Samples sat for three weeks. No evidence of iron-oxidizing bacteria was
detected in any sample at any humidity. The absence of bacteria may be
explained by the use of acid to remove existing salts from the pyrite samples. In
this experiment, weathering products were formed by abiotic pyrite oxidation.

Results and Discussion

The weathering products identified in this study using the calculated Mossbauer
spectroscopy parameters (QS, IS) included two ferrous sulfates, melanterite
(FeSO, - 7H,0) and rozenite (FeSO,-4H,0), and hematite (oc-Fe,0;) (7.11).
In a few instances, the QS value for the ferrous sulfate salts were lower than the
referenced value. A small amount of szomolnokite (FeSO,-H,0), or other
intermediates, may form upon drying of the sample during the measurement.
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Table II. QS and IS Values for Samples in Experimental Relative

Humidities
Sample Name RH% S mm/sec IS mm/sec
Noranda pyrite 34 .618 (.007 342 (010
50 612 (.020 341 (.009
70 .617 (.008 339 (.013
79 617 (.011 342 (.012
Iron Mountain
pyrite 34 .619 (.010 344 (.010
50 618 (.012 339 (.010
70 .608 (.012 344 (.010
79 .603 (.016 342 (012
Kirby-R pyrite 34 625 (.018 343 (010
50 620 (.011 338 (.009
70 627 (.013 337 (012
79 619 (.019 339 (.015
melanterite/
rozenite 34 321 (.003 1.16 (.004
50 298 (.001 120 (.001
70 323 (.011 130 (.004
79 3.06  (.012 130 (.001
Kirby-U pyrite 34 610 (.011 341 (.009
50 .628 (.008 340 (.0
70 634 (.015 338 (.009
79 .624 (.005 346 (.009
melanterite/
rozenite 34 336 (.003 120 (.006
50 3.05 (.008 125 (.007
70 331 (.003 132 (.001
79 321 (.008 131 (.004
‘Waldo pyrite 34 .613 (.015 342 (.015
50 .621 (.008 340 (.010
70 611 (.010 339 (.012
79 .619 (.010 346 (.012
hematite
Pittsburgh pyrite
melanterite/
rozenite 34 3.02 (.001 122 (.001
50 298 (.004 124 (.003
70 328 (.005 124 (.005
79 324 (001 133 (.001
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The presence of other iron salts could affect the overall calculations of QS
values, but there may not be sufficient quantity for a distinction.

The formation of ferrous sulfate products is one possible end product
according to the reaction series for pyrite oxidation explained by Nordstrom (12):

FeSyg + 7/20, + HO > Fe’* + 250 + 2H* @
Fe2t + 1/4 O, + HY - Fe3t + 1/2 H,0 o
Fe3t + 3 H,O - Fe(OH)5 + 3g+ @
FeSyg + 14 Fe* + 8 H,0 > 15 Fe?* + 2502+ 16 H* ®)

Other species are also possible products of pyrite oxidation. Hematite
may have formed by the following dehydration reactions that would follow
reaction (4) in the series:

Fe(OH); = = > FeOOH + H,0 (6)
2 FeOOH == > Fe203 + H20 (7)

There were three weathering trends among the six pyrite samples included
in this experiment. Noranda and Iron Mountain pyrites displayed no weathering
products throughout the experiment. Both Kirby pyrites weathered only at mid
to high relative humidities. The Waldo and Pittsburgh pyrites were very reactive
and oxidized in every experimental relative humidity.

The Noranda and Iron Mountain pyrites showed no weathered products
during the 250 days of exposure in any relative humidity. Méssbauer spectra of
Noranda pyrite are shown in Figure 1 both before and after 250 days of exposure
at 79% RH. The two distinct peaks are due to pyrite. No peaks indicating
oxidation products developed in the Noranda samples throughout the course of
the experiment. The Iron Mountain spectra (Figure 2) also show this trend as
only two pyrite peaks are present before and after exposure to all experimental
relative humidities.

The two pyrite samples from Kirby (designated U and R) both produced
iron-sulfate salts (melanterite and rozenite) as weathering products. Kirby-U
pyrite displayed detectable weathering products only at the two highest relative
humidities, 70% and 79%. As shown in Figure 3, only the third spectrum, after
251 days in 70% RH, contains peaks other than those attributed to pyrite. No
weathering products are evident in Kirby-U samples exposed to relative
humidities below 70%. The Kirby-R pyrite shows a very small iron sulfate peak
after 252 days in 34% RH and 257 days in 50% RH (Figure 4). The peaks due
to iron sulfate after 251 days at 70% RH are significantly larger indicating a
greater amount of weathering products has accumulated under this condition.
Kirby samples produced significantly more iron-sulfate salts at higher relative
humidities than in the lower relative humidities.

The samples that reacted most readily under experimental conditions were
the Waldo and Pittsburgh pyrites. Although the amount and type of product
formed differed, both pyrites tended to weather in all RH conditions. Figure
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Figure 1. Noranda pyrite (A) before weathering and (B) after 249 days
in 79% RH.
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Figure 2. Iron Mountain pyrite (A) before weathering and (B) after 250
days in 79% RH.
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Figure 3. Kirby-U pyrite (A) after 257 days in 34% RH, (B) 256 days in
50% RH and (C) 251 days in 70% RH.
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Figure 4. Kirby-R pyrite (A) after 252 days in 34% RH, (B) 257 days in
50% RH and (C) 251 days in 70% RH.
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5 shows spectra of Waldo pyrite before and after weathering. Hematite (oc-
Fe,0;) was produced after 30 days in all relative humidities. The Waldo
samples weathered to the greatest extent in 34% RH. Figure 6 shows the
increase in iron sulfate content of oxidized Pittsburgh pyrite samples. After
approximately 250 days, the amount of weathered product increased with
increasing humidity. These two pyrites showed oxidation product peaks in all of
the experimental humidity conditions.

The amount of water associated with the pyrite samples was also noted
over time. The Waldo pyrite remained dry throughout the experiment in the
lower three humidities (34%, 5S0%, and 70%) and contained water drops in the
highest humidity, 79% RH. Noranda and Iron Mountain samples remained dry
in the two lower humidities and contained water in relative humidities of 70%
and 79%. Both samples from Kirby and the Pittsburgh pyrite displayed similar
amounts of water present with the samples; the samples were dry in the two
lower humidities (34% and 50%) and began displaying water drops in the 70%
RH environment. The samples became very wet in 79% RH and had to be air
dried before they could be placed in the Mossbauer spectrometer. The
Pittsburgh samples in 79% RH environment contained water that was yellow in
color whereas Kirby sample water was colorless. Upon drying, the wet samples
displayed a small amount of whitish-yellow salts. There was not a sufficient
amount of salt available to collect and analyze separately from the sample. It
was most likely an iron-sulfate salt.

Areas under the absorption peaks were calculated by the curve-fitting
program. These peak areas have been used to represent the relative abundance
of the weathering products present in pyrite samples. The percent area of
weathering product is plotted over time for each pyrite type in each humidity
(Figures 7-10). These figures illustrate the relative reaction rates for the samples
in each humidity. Generally, the three sedimentary pyrites weathered more
rapidly than the hydrothermal pyrites.

The shape classes (13) for the samples varied from very angular through
subrounded: Noranda- angular to subangular; Iron Mountain- subangular to
subrounded; Waldo- subrounded; Kirby-R- very angular to angular; Kirby-U-
subangular to subrounded; and Pittsburgh- subangular to subrounded.
Examination of the sample shape classes relative to the rates of weathering did
not show apparent relationships. This may be a result of the sample processing
rather than a geochemical phenomenon.

Conclusions

Relative humidity has been shown to be a significant factor in the formation of
oxidation products for the sedimentary pyrites in this study. M&ssbauer spectra
indicated that sedimentary pyrites formed only melanterite and rozenite as
oxidation products in all of the humidities tested.

Two hydrothermal pyrites (Iron Mountain and Noranda) produced no
detectable weathering products at any humidity tested. However, both pyrites
are believed to be responsible for contaminating water at their field sites. This
may indicate that more time and/or higher humidities are required if oxidation
is to occur to a significant extent. Also, the absence of iron-oxidizing bacteria

In Environmental Geochemistry of Sulfide Oxidation; Alpers, C., et a.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1993.



Publication Date: December 20, 1993 | doi: 10.1021/bk-1994-0550.ch003

August 10, 2012 | http://pubs.acs.org

ENVIRONMENTAL GEOCHEMISTRY OF SULFIDE OXIDATION

100

S
a
=z
o
[}
124 Y
= i
[2] b
= IE
=
- 92t H 4
r T T 1 T 1Y
100 iy . d y
e P
¢ laf
it
90 1 1 1
-10 -5 0 5 10

VELOCITY, mm/s

Figure 5. Waldo pyrite (A) before weathering, (B) after 60 days in 34%
RH and (C) 250 days in 79% RH.
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Figure 6. Pittsburgh pyrite (A) before weathering, (B) after 251 days in
34% RH, (C) 252 days in 50% RH and (D) 251 days in 70% RH.
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could account for the slow weathering of these pyrites under these experimental
conditions, as the oxidation of pyrite in the field can be bacterially catalyzed.
The third hydrothermal pyrite, Waldo, produced hematite in all humidities but
showed no evidence of iron(IIl) hydroxide or oxyhydroxide as intermediates.
This could be explained by the instability of the these forms and their rapid
transformation to hematite.

As previous studies of this type included only one pyrite type, this study
may present a more comprehensive view of the effect of humidity on pyrite
oxidation. While the amount of product was found to be dependent on the
humidity and time, the type of product produced seems dependent on the mode
of pyrite formation. The physical properties of pyrite, such as crystal structure,
may need to be introduced as contributing factors in oxidation and should be
examined like other factors (e.g. oxygen partial pressures, temperature, etc).

Results of this study have demonstrated the utility of Mossbauer
spectroscopy as a tool for monitoring pyrite oxidation and identifying oxidation
products (5-7). This work has also indicated that humidity control may be an
effective means of limiting pyrite oxidation. More work is necessary to
determine the effect of humidity on the biotic oxidation of pyrites.
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Kinetics of Hydrothermal Enrichment
of Chalcopyrite

Joon H. Jang! and Milton E. Wadsworth

Department of Metallurgical Engineering, University of Utah, Salt Lake
City, UT 84112

Chalcopyrite undergoes enrichment in an acid medium under conditions
of controlled oxygen injection. When oxygen is fed on a demand basis,
the E, may be maintained at controlled low values resulting in copper
enrichment. During the enrichment process, iron is rejected to solution
as ferrous ion and a portion of the sulfide sulfur is oxidized to sulfate
ion. Copper remains in the solid phase in the form of sulfides, covellite
(CuS) and dominantly digenite (Cu, zS). A kinetic model is presented
which considers a dynamic balance between anodic enrichment and
cathodic oxygen discharge reactions. The particle voltage is controlled
by the rate of oxygen injection. Copper remains in the solid phase as
long as the E, is maintained below predicted values. The required rate
of oxygen injection for enrichment is related to particle size, the solid
to liquid ratio, pH and temperature. Extrapolated to lower temperatures,
these reactions are pertinent to the management and environmental
control of on-going or discontinued massive dump leaching operations.

The concept of secondary enrichment of porphyry copper deposits was introduced by
Emmons (1) in 1900. Later Bateman (2,3) refined the existing concepts and suggested
that the copper leached from surface deposits by weathering and groundwater would
be reprecipitated below the water table to form various secondary copper sulfide
minerals. Most of the early geological studies have dealt with the basic mechanisms
and chemistry associated with the changes occurring in ore deposits.

McGauley et al. (4) borrowed the idea of copper enrichment from geologists
and patented it for metallurgical purposes. They treated chalcopyrite with cupric
sulfate solution in the temperature range of 160 to 230°C. The associated chemical
reaction proposed was

ICurrent address: Pohang Iron and Steel Company, Pohang, Kyung Puk, South Korea
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CuFeS, + CuSO, ~ 2Cus$ + FeSO, @

McKay et al. (5) observed that the above reaction took place at 140°C in the absence
of air. For the temperature range of 180 to 200°C, Johnson and Coltrinari (6) proposed
the following reaction forming digenite

3CuFeS, + 6CuSO, + 4H,0 - 5Cu, S + 3FeSO, + 4H,50, 2

Sohn (7) observed this reaction in the temperature range of 55 to 90°C for finely
ground chalcopyrite. He suggested the reaction took place in two steps, first forming
covellite by equation (1) and secondly forming digenite by the reaction

6CuS +3CuSO, + 4H,0 ~ 5Cu, S + 4H,S0, ©))

Peterson (8) studied the kinetics of the enrichment reaction in the temperature range
of 125 to 200°C and proposed an electrochemical mechanism for the enrichment
process according to reaction (2).

Enrichment to prepare "super concentrates” was proposed by researchers at
Anaconda (9,10). In a pilot plant run, it was observed that it was possible to enrich
chalcopyrite concentrates by oxygen injection with an overall reaction

1.8CuFeS, + 480, +0.8H,0 ~ Cu, S + 1.8FeSO, + 0.8H,S0, )

Bartlett (11) subsequently proposed a process for the production of "super-
concentrates”, based on the kinetics of Peterson (8) for the reaction shown in equation
2.

In this study, the hydrothermal enrichment of chalcopyrite to copper-rich
sulfides by direct oxygen injection has been investigated. The main objective was to
investigate the fundamental kinetics and mechanisms of in situ chalcopyrite
enrichment.

Experimental

Equipment. Experiments were carried out in a two-liter Autoclave Engineers autoclave
made of 316-stainless steel with a jacket-type heater and a MagneDrive unit for
agitation. All stainless steel parts in contact with the solution were replaced by parts
made of titanium, and a baffled, cylindrical glass liner was placed inside the body of
the autoclave. Agitation speed was monitored with a built-in tachometer. In the
conversion tests, oxygen gas was fed into the system at a constant rate. Oxygen
flow-rate was controlled with a Brooks Model 5850C mass flow controller in
conjunction with a Brooks Model 5876 control unit. The pressure generated during the
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reaction was monitored with a pressure gauge. A sintered glass frit sampler, connected
to a titanium tube, was used to withdraw filtered liquid samples. A schematic diagram
of the experimental setup is shown in Figure 1.

Material. The chalcopyrite mineral used in this study was a Kennecott (Bingham)
flotation concentrate. By chemical analysis the concentrate was 31.4% Cu, 25.0% Fe
and 30.5% S. The concentrate was sized by screening for the preparation of monosize
particles: -100/+115 mesh, -170/+200 mesh and -270/+325 mesh. Each size fraction
was examined with an optical microscope and by X-ray diffraction for the
identification and characterization of the mineral phases contained.

A microscopic point-counting method was employed to determine the
mineralogical composition of each size fraction. A description of the method is given
by Hausen (12). The results of computer processed point-count data and the
mineralogical compositions for three size fractions used in this study are presented in
Table 1. The method used for data reduction by computer was essentially the same as
that described by Odekirk et. al. (13). Details of the computer analysis are presented
elsewhere (14). Bomite and chalcocite were predominantly locked in chalcopyrite
whereas pyrite existed largely as free particles. Also, as expected, the degree of
liberation decreased as the particle size increased.

Table 1. Mineralogical Analysis of Kennecott Concentrate

Weight percent

Mineral Screen size, mesh
-270/+325 -170/+200 -100/+115
Chalcopyrite 75.26 73.27 69.24
Bornite 9.37 8.55 6.40
Pyrite 7.44 7.51 7.75
Chalcocite 4.63 3.70 3.66
Molybdenite 1.93 2.35 1.64
Gangue 1.37 4.62 11.31

Procedure. Tests were carried out on slurries containing 5 percent of the chalcopyrite
concentrate by weight. The solids were pulped with 690 ml of distilled and deionized
water and acidified with about 10 ml of sulfuric acid to maintain extracted iron in the
soluble form during the course of the reaction. The pulp was agitated and purged with
prepurified nitrogen gas for one hour to remove the oxygen remaining inside the
system. The autoclave was then heated to the desired temperature. Oxygen was fed
American Chemical
Society Library
1155 16th St., N.W.
Washington, D.C. 20036
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into the system at a predetermined rate. During the reaction, the total pressure was
measured and samples of about 20 ml were taken. The fraction of chalcopyrite
enriched at any time was taken as the fraction of iron released into solution.

Preliminary Conditions. A portion of the iron was acid soluble and was
completely dissolved during the heat-up period. For the kinetic study, the fractional
conversion of chalcopyrite by oxygen alone was calculated by subtracting the amount
of iron released by acid addition from the total amount of iron in solution.

To examine the effect of agitation on the rate of conversion, experiments were
performed at three different agitation speeds: 450, 600 and 750 rpm. The rate was
independent of the agitation speed. Based on this observation, an agitation speed of
500 rpm was used for subsequent experiments.

Results and Discussion

Chalcopyrite undergoes copper enrichment with the rejection of iron and sulfur at
redox potentials slightly above the chalcopyrite stability region. At increasingly more
positive potentials, induced by slow oxygen injection, enrichment was observed to
occur by sequential anodic reactions in two steps:

Step 1

CuFeS, + 4H,0 ~ CuS + Fe** + HSO,” +TH" +8e~ ®)

Step 2
1.8CuS +3.2H,0 ~ Cu,¢S + 0.8HSO,” + 5.6H" +4.8¢" ©)

1.8CuFeS, + 104H,0 ~ Cu, S + 1.8Fe* +2.6HSO, +182H" +192¢~ (1)

Coupled with oxygen reduction, equations 5 and 6 become respectively,

CuFeS, +20, ~ Cu$ + FeSO, ®
1.8CuS + 0.8H,0 + 120, ~ Cu, S + 0.8H,50, ©)

According to equation 8, the covellite (CuS) enrichment stage is expected to be pH
independent, while CuS enrichment to digenite (equation 9) is acid producing.
Similarly, equation 7, coupled with oxygen reduction is acid producing.

Effect of Oxygen Feed Rate. Figure 2 illustrates the fraction reacted as a function of
time for oxygen feed rates of 10, 21 and 30 scc (standard cubic centimeters)/min at
200°C for the -270/+325 mesh size fraction. The enrichment rate increased with a
fractional order dependence on oxygen concentration. Figure 3 illustrates the variation
of oxygen partial pressure with time. The pressure increased to an initial plateau,
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Figure 1. Schematic diagram of the experimental setup.
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diminished, and then increased to a second plateau. The two regions correspond
essentially to consecutive enrichment processes, forming first covellite (CuS) and then
digenite (Cu, S). Optical examination of reaction products indicated a broad overlap
of the two regions. During the latter stage of enrichment, oxygen pressure remained
constant, and the rate of oxygen consumption was equal to the rate of oxygen
injection. The fraction of copper dissolved was essentially zero for the first 4 hours for
10 scc/min, 2 hours for 21 scc/min and 1 hour for 30 scc/min. Following this initial
period the fraction of copper dissolved increased to 0.009, 0.109 and 0.310,
respectively, for 10, 21 and 30 scc/min, following closely the increase in oxygen
pressure as shown in Figure 3. It should be noted that enrichment occurred essentially
without copper dissolution at an oxygen feed rate of 10 scc/min for the 5 percent
slurry. The hydrogen ion concentration remained unchanged up to about 2 hours of
reaction time, corresponding to the formation (nucleation and growth) of covellite
according to equation 8. As the reaction continued beyond two hours, the pH
decreased, as expected for digenite formation.

Acid concentration had little influence on the rate of conversion over the range
used in this study, 0.27 M to 0.53 M. To examine the effect of back reactions by
ferrous ion, experiments were performed at two different initial ferrous ion
concentrations. The experimental results without the addition of ferrous ion were
compared with those with initial ferrous concentrations of 0.01 M and 0.05 M. The
back reaction by ferrous ion had a negligible effect on the rate of conversion.

Effect of Particle Size and Temperature. To investigate the effect of particle size on
the conversion rate, experiments were conducted with the three particle sizes prepared
for this study. Figure 4 illustrates the results for the three size fractions and an oxygen
flow rate of 10 scc/min. The results show an increasing conversion rate with
decreasing particle size.

To determine the effect of temperature on the conversion rate, experiments
were performed over the temperature range of 172 to 200°C with an oxygen flow rate
of 10 scc/min. Rates of conversion for 172, 181, 190 and 200°C are illustrated in

Figure 5.

Photomicrograph and X-Ray Examination. Solid samples were taken at 1-hour
intervals during the course of the enrichment reaction and examined by x-ray
diffraction and with an optical microscope using reflected light with polished
specimens. The experimental results were incorporated with the X-ray diffraction and
microscopic analysis data to interpret the reaction mechanism. The reaction products
formed under constant low oxygen injection rates were identical to those formed under
rapid initial oxygen injection rates. The micrographs of the partially enriched
chalcopyrite grains clearly indicated that the enrichment reaction takes place in two
steps. In the first step chalcopyrite reacted to form columnar, porous covellite. The
chalcopyrite grains became totally surrounded with the covellite product layer as the
reaction proceeded. The covellite occupied the same volume as the original grain. As
the reaction continued, the particle voltage increased into the region where the
formation of digenite was favored, step 2. Digenite nucleated at the chalcopyrite-
covellite interface and formed a continuous intermediate phase surrounding the
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chalcopyrite, with an inner chalcopyrite-digenite interface and an outer digenite-
covellite interface. The inner boundary moved toward the center of the particle,
consuming chalcopyrite. The digenite-covellite outer boundary moved outwardly,
consuming the covellite layer. Also nucleation and growth of digenite occurred at sites
throughout the covellite. The digenite filled the volume of the reacted chalcopyrite as
a pseudomorph leaving about 60 percent void space. In both cases, the reactions
proceed topochemically, with a well defined shrinking core. These porous products
provide easy paths for the diffusion of ferrous, sulfate and hydrogen ions away from
reaction interfaces. This would indicate that the kinetics may be controlled by the
surface reactions. Figure 6 illustrates the layers and proposed boundary reactions.

Rate Equation for the Enrichment Process

A simplified rate expression, based on the electrochemical reactions, as shown in
Figure 6, has been developed to simulate the conversion of chalcopyrite to copper
sulfides. Because of the highly porous products, permitting the rapid diffusion of ions
out through the pore space, it is proposed the rate-controlling reactions are surface-
charge-transfer limited. Also, the character of the observed experimental data suggests
surface rate control. Chalcopyrite reacts anodically (equations 5 and 6) and is
balanced by the cathodic half-cell oxygen discharge reaction (equation 7) occurring at
the particle outer surface. These reactions result in a particle mixed potential where the
anodic and cathodic total currents are balanced. Butler-Volmer equations for the anodic
and cathodic reactions may be simplified, assuming that anodic and cathodic back
reactions are negligibly slow and that single electron transfer is favored for both
anodic and cathodic charge transfer processes, to give:

anode : L, = AZFkexp(B,FE/RT) (10
cathode: L, = - AZFk [O,lexp(-B.FE/RT) an

where A and A, are the anodic and cathodic surface areas and F is the Faraday
constant and Z, and Z_are the total anodic and cathodic charge transferred. Assuming
spherical geometry, A = 4nr®, where r (cm) is the radius of the chalcopyrite shrinking
core at any time t and A, = 4nr%, where r, is the initial radius of the particle. The
anodic and cathodic currents (I, , L) are expressed in coulombs hr and the voltage-
independent rate constants are k, (mole cm? hr') and k. (cm hr'). The transfer
coefficients, B, and B, usually have a value of approximately one-half and, in this
analysis, are assumed to be equal to 0.5. At the mixed potential, E,,, E,, = E, = E, and
the anodic and cathodic currents are balanced such that, I, = -I.. Substitution into
equations 10 and 11 yields an expression for the mixed potential,

exp(FE\/2RT) = (A,ZkJAZK,)" [0,]'? 12)
The rate of reaction of chalcopyrite is related to the anodic current:

dngpes/dt = -IJZF = -4nrr,((ZJZ,) k k)2 [0,]'2 (13)
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Also, from the continuity requirement,
dngypes/dt = (4rrfv) (dr/dt) (14)

where v is the molar volume of chalcopyrite. The radius r is related to the fraction
reacted, o, by the equation

r=r, (1-o)'"? as)
Differentiating equation 15 for do/dt, and combining with the above relations yields
do/dt = 3vir, (ZJZ,) kk)" (1-0)' [0,]"* (16)

At any time t, the number of moles of oxygen remaining unreacted, n,,, may be
expressed as

No; = Ngge + Ngyy = Nl - C N an
where
n, : oxygen feed rate (mole hr?),
Noyg : number of moles of oxygen in the gas phase,
Ny : number of moles of oxygen in the liquid phase,
n, : original moles of chalcopyrite,
contained in the mineral feed,
o : stoichiometry factor, number of moles of,
oxygen reacted per mole of chalcopyrite , and
t : time (hr).

Introducing the ideal gas law and Henry’s law ([0, ] = k,P,,), equation 17 may be
expressed in terms of [OQ,],

[0,] = (n; t - 6 n)/(V, + V/KRT) (18)
where
k, : solubility constant of oxygen (mole cm™ psi™),
Po, : partial pressure of oxygen (psi),
Ve V) : volume of gas and liquid (cm®), respectively.

: 1.205 x 10* psi cm® mole! K.
Equation 16 becomes
dovdt = K, (1-0)" (nt/) - K,o0)!2 19)

and,
K, ((cm® mole?)"? hr') = 3vh, (ZJZ,) kk)"? (20)
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K, (mole cm™ ) = on /¢ (21)

¢ =V, + V/RT (22)
Also,

K, =(K,/r,) exp{-(E, + E, )/2RT)} (23)
where,

K, {(cm*/mole)**(cm/hr)} =3v {(ZJZ, )f, £} 24)

and f, and f; are the Arrhenius frequency factors for k, and k.. The value of k, for the
solubility of oxygen in water at various temperatures was calculated using the equation
of Zoss et al. (15) for T in °C,

k, = 1.068x107 - 1.168x10” T + 6.109x10™2 T? (25)
Equation 19 was solved numerically by a fourth-order Runge-Kutta method and the

constants were determined by nonlinear regression analysis. The values of K,
and K, are summarized in Table II.

Table II. Values of K, and K, for Various Experimental Conditions

Variables K K,x10°

1
(cm® mole™)'” hr! mole cm!

200°C, 10 scc/min

-270/4325 52.6 2.98
-170/+200 34.2 3.00
-100/+115 21.1 3.00
200°C, -270/+325

10 scc/min 52.6 2.98
21 " 57.3 5.32
31 " 66.0 6.40
10 scc/min

-270/+325

200°C 52.6 2.98
190 40.3 3.00
181 314 2.90
172 22.6 2.75

In Environmental Geochemistry of Sulfide Oxidation; Alpers, C., et a.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1993.



Publication Date: December 20, 1993 | doi: 10.1021/bk-1994-0550.ch004

August 10, 2012 | http://pubs.acs.org

ENVIRONMENTAL GEOCHEMISTRY OF SULFIDE OXIDATION

Eqct= 58.6 kJ/mole
= 140 kcal/mole

40

In K,

3.5

|
2.1 2.2 23

+ x103(°<™)

3.0,

Figure 7. Arrhenius plot of constant K.

In Environmental Geochemistry of Sulfide Oxidation; Alpers, C., et a.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1993.



Publication Date: December 20, 1993 | doi: 10.1021/bk-1994-0550.ch004

August 10, 2012 | http://pubs.acs.org

4. JANG & WADSWORTH  Hydrothermal Enrichment of Chalcopyrite 57

The values of K, increased as the oxygen feed rate increased. This implies that the
oxygen introduced to the system is consumed, not only by enrichment reactions, but
also by additional anodic reactions such as the dissolution of copper and the oxidation
of iron. As expected, K; decreased linearly with r,”! and increased with temperature.
Figure 7 is an Arrhenius plot of K, against reciprocal temperature. It is apparent from
equation 23 that the experimental activation energy is (E, + E.)/2 or the average (E,,,)
of the activation energies of the anodic and cathodic charge transfer processes. The
average activation energy was found to be 58.6 kJ/mole (14.0 kcal/mole). The
calculated value of K, was 7.59x10°.

In calculating rates of reaction, an average value of 2.99x10”° was used for K,
for all conditions except the higher oxygen feed rates (21 and 31 scc/min) where the
values listed in Table II were used. Calculated o-t curves for different oxygen feed
rates, particle sizes, and temperatures are shown as the solid curves in Figures 2, 4 and
5, respectively. These figures show good agreement between the experimental results
and the calculated values.

Conclusions

Based upon experimental rate data under a variety of conditions and upon optical

microscopy it is concluded that:

1. Enrichment can occur in situ by iron and sulfur rejection with containment of
copper in the original solid phase, forming first covellite followed by digenite.

2. The kinetics are moderately rapid in the temperature range of 170 - 200°C.
Initial acid concentrations up to 0.53 M H,SO, and ferrous ion up to 0.05 M
did not influence the rate.

3. Final products are essentially independent of the rate of oxygen injection.

4. An electrochemical model explained the observed results closely and accounted
for temperature, oxygen feed rate, and particle size. The experimental
activation energy was 58.6 kJ/mole (14.0 kcal/mole).

5. The results illustrate that even at low temperatures, after sufficient time,
chalcopyrite will undergo enrichment to more readily leachable copper sulfides.
This can occur entirely by oxygen ingress and does not require exposure of the
chalcopyrite to copper bearing solutions. Therefore these reactions add to the
many reactions expected in the environmental management of operating and
discontinued massive copper sulfide leach dumps and mine sites.
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Isamu Suzuki, C. W. Chan, and T. L. Takeuchi

Department of Microbiology, University of Manitoba, Winnipeg, Manitoba
R3T 2N2, Canada

Thiobacilli oxidize inorganic sulfur compounds to sulfuric acid and
obtain energy for growth from the oxidation. Various species of
thiobacilli have different oxidative capabilities, but most can oxidize
sulfide, sulfur and thiosulfate. The mechanism of inorganic sulfur
oxidation by thiobacilli has been studied for a number of years. It is
becoming increasing clear that sulfur and sulfite oxidation are the key
reactions in the oxidation of sulfide, elemental sulfur, thiosulfate and
polythionates.

Thiobacilli are capable of oxidizing reduced inorganic sulfur compounds such as
sulfide, sulfur and thiosulfate to sulfate and of using the energy of oxidation for
growth on inorganic nutrients. The physiology and the role of these bacteria in
biohydrometallurgy have been extensively reviewed (1).

Sulfur Oxidation Scheme

The mechanism of oxidation of these sulfur compounds was formulated in 1974 (2)
essentially as shown in Figure 1. The scheme still satisfies most experimental results,
particularly the accumulated knowledge of enzymes involved. Reaction 1 is the
oxidation of sulfide to sulfur which will be discussed later.

ST 5 S+2 6]

The original proposal was based on the following series of evidence. The S°-grown
Thiobacillus thiooxidans (3) and Thiobacillus ferrooxidans (4) and thiosulfate-grown
Thiobacillus thioparus (5) (accumulating sulfur as intermediate) and Thiobacillus
novellus (6) had the sulfur-oxidizing enzyme (reaction 2 in the presence of reduced
glutathione, GSH) (5).
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Figure 1. Oxidation of inorganic sulfur compounds. Reactions 1 to 6 are
discussed in detail in the text. In the original assignment (2), the enzymes
responsible for the reactions were identified as follows: reaction 1, sulfide
oxidase; 2, sulfur-oxidizing enzyme; 3, sulfite oxidase or APS reductase; 4,
rhodanese (thiosulfate-cleaving enzyme, sulfur transferase); and 5, thiosulfate-
oxidizing enzyme.
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S’ + 0, + H,0 - H,S0, Q)

Sulfite oxidase (reaction 3a) was present in T. thioparus, T. novellus, and T.

ferrooxidans (1-9) and APS(adenosine phosphosulfate) reductase (reaction 3b) in
Thiobacillus denitrificans and T. thioparus (10,11).

SO, + H,0 —» SO” + 2¢’ + 2H" (3a)

SO, + AMP — APS + 2¢ (3b)

Rhodanese (reaction 4) found in T. denitrificans and T. novellus (12,13) was
considered as sulfur transferase.

$S0,” & S + SO,> @

In addition the two sulfur atoms of thiosulfate showed a differential behavior in the

oxidation (14). Thiosulfate-oxidizing enzyme (reaction 5) was present in Thiobacillus
neapolitanus, T. thioparus and T. ferrooxidans (15-18).

2880, ¢ "0,SSSS0; + 2¢° (5)

The membrane-bound sulfide oxidase (reaction 1) was studied in Thiobacillus
concretivorus, T. thiooxidans and T. thioparus (19,20). Sulfite readily combined with
sulfur chemically to form thiosulfate (reaction 4). Reaction 6 was considered for the
interconversion of the single sulfur atom (S) to the elemental sulfur octet (Sg or S°).

Se s ©

New Enzymes
New enzymes have been added to the list since 1974. Thiobacillus ferrooxidans
grown on Fe** oxidize sulfur or sulfide by reactions 2 and 3, but by transferring
electrons first to Fe* instead of O, (21-23) (sulfur:Fe* oxidoreductase, reaction 7 and
sulfite:Fe* oxidoreductase, reaction 8),
S° + 4Fe* + 3H,0 — H,S0, + 4Fe¢** + 4H* )
H,S0, + 2Fe* + H,0 — H,SO, + 2Fe** + 2H* ®)

followed by the oxidation of Fe?* by an iron oxidizing system (reaction 9).

6Fe™ + 3/20, + 6H* — 6Fe* + 3H,0 )]
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The overall stoichiometry is the same as in other thiobacilli (reaction 10).
S® + 3120, + H,0 — H,SO, (10)

The enzyme oxidizing S° requires GSH similar to the enzyme in T. thiooxidans and
T. thioparus, but in substrate quantities and is considered to use sulfide as substrate
(24), although GSH is still required and evidence presented does not eliminate
glutathione polysulfide (GSS,H) or glutathione persulfide (GSSH) as a possible
substrate. Recently, a sulfide-binding protein containing iron has been isolated from
T. ferrooxidans membrane (25). The protein acquires a characteristic absorption
spectrum upon reaction with sulfide (green color with peaks at 435, 533 and 637 nm)
and is considered the sulfide donor for the sulfur (sulfide):Fe* oxidoreductase. The
sulfur (sulfide):Fe* oxidoreductase has been found in all the T. ferrooxidans strains
so far tested (26,27) as well as in Leptospirillum ferrooxidans strains (26) which are
incapable of growth on sulfur.

Versatility of T. ferrooxidans

T. ferrooxidans is an extremely versatile organism and in addition to Fe?* and reduced
inorganic sulfur compounds the organism can grow on H, (28) and HCOOH (29) as
oxidizable substrate. The formate-grown cells oxidize both formate and sulfur
aerobically and anaerobically with Fe* (reactions 11 and 12)

HCOOH + 2Fe* — CO, + 2Fe* + 2H* (a1
S + 6Fe* + 4H,0 — SO,* + 6Fe** + 8H* (12)

and the anaerobic ferric iron respiration can supply energy for glycine uptake (30).
Finally it has been demonstrated recently that 7. ferrooxidans can successfully grow
anaerobically on elemental sulfur using Fe* as the electron acceptor (31). Since T.
ferrooxidans cells can leach pyrite with Fe* (32) the anaerobic growth potential
implies that the so-called indirect leaching of sulfide ores by Fe* may be accelerated
by the organism.

The mechanism shown in Figure 1 was questioned when Thiobacillus versutus,
grown in a chemostat under thiosulfate-limited conditions, produced a thiosulfate-
oxidizing enzyme complex which carried out the complete oxidation of thiosulfate to
sulfate without any accumulation of intermediates (reaction 13)

S,0. + 20,+H,0 - 2S0,* + 2H* (13)

and none of the protein components separated from the complex showed any enzyme
activity shown in the scheme (33-37). This is probably a special example of fully
integrated thiosulfate-oxidizing system devoted for maximal derivation of energy
forced upon the organism by the growth condition. When 7. versutus is grown in
batch cultures on thiosulfate, on the other hand, cells can oxidize elemental sulfur and
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sulfite as well as thiosulfate and in fact T. versutus can even grow on sulfur if the O,
pressure is reduced to 2.5 kPa (38). Energy considerations extensively used in
evaluating possible mechanisms of oxidation of inorganic sulfur compounds (33)
should not be accepted without caution, since the bacterial growth yield does not
necessarily correspond to the ATP yield (39) and chemostats lead to the selection of
certain predictable types of cells.

Polythionates

Polythionate ("O,S-S,SO;’) oxidation reactions were extensively studied earlier (14),
but with the isolation of long S chain polythionates from tetrathionate-grown T.
ferrooxidans (40,41) they have again been considered as possible intermediates in the
metabolism of inorganic sulfur compounds (41). This situation is reminiscent of
controversy over the reduction of sulfite to sulfide by sulfate reducing bacteria with
respect to the intermediate formation of trithionate (‘0,S-S-SO;) (42). In the case of
sulfite reduction, both theories had strong enzymatic evidence (42), whereas in the
oxidation of sulfur compounds the original thiosulfate-oxidizing enzyme (reaction 5)
is the only enzyme clearly established. Evidence for the existence of postulated
polythionate hydrolyzing enzymes (reactions 14 and 15)

S,08 + H,0 — S,0% + SO + 2H" (14)
S,02 + H,0 - HS,S0; + HSO, (15)

is not unequivocal (41, 43-45). The formation of sulfur during the oxidation of
sulfide, thiosulfate, trithionate and tetrathionate by T. ferrooxidans (41,45) and the
inhibition of further oxidation of sulfur by N-ethylmaleimide (NEM) support the
mechanism proposed in Figure 1. The O, consumption data published on
tetrathionate-grown T. ferrooxidans (45) in the presence of NEM agree with the
stoichiometry expected of the following equations:

Na,S + %0, + H,0 —» $° + 2NaOH (16)
Na,S,0, + %20, — S° + Na,SO, an
Na,S,0; + %0, + H,0 — 28° + Na,S0O, + H,S0,. (18)
Further Support for the Scheme

These results accumulated over many years support the central pathway shown in
Figure 1 for the oxidation of inorganic sulfur compounds. The two key intermediates,
sulfur and sulfite, are connected by sulfur-oxidizing enzyme system, reaction 2. The
aerobic sulfur-oxidizing enzyme has been found also in Sulfolobus brierleyi (46) and
Desulfurolobus ambivalens (47), thermophilic and extremely thermophilic
archaebacteria. It is interesting that the enzyme from both organisms had a molecular
weight of nearly a half million consisting of one type of subunits with a molecular
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weight of 35-40,000. The purified enzyme oxidized sulfur to sulfite with O, in the
absence of GSH at 65°C (46) and 85°C (47). In the latter (47) hydrogen sulfide was
also produced particularly in the presence of Zn?* and the enzyme activity was
inhibited by thiol-binding reagents. It is possible that elemental sulfur is more reactive
at the elevated temperatures for potential hydrolysis (48).

The role of thiosulfate-oxidizing enzyme (reaction 5) may in fact be more than
the oxidation of thiosulfate to tetrathionate. The enzyme isolated from a marine
heterotroph catalyzes the formation of thiosulfate from tetrathionate, i.e. tetrathionate
reductase activity (49). The thiosulfate-oxidizing enzyme of Thiobacillus tepidarius
(44) is also reversible. Therefore the reaction is now justifiably written as reversible
in Figure 1.

Reaction 1 is also shown as reversible (although not necessarily by the same
enzyme system) because the anaerobic formation of H,S from sulfur by T.
ferrooxidans cells can be as fast as 10% of the rate of aerobic formation of sulfate
(50) and the possibility of sulfide as the substrate for the sulfur (sulfide): Fe*
oxidoreductase exists in 7. ferrooxidans (24,25). In Figure 1 "S" should be considered
as "reactive sulfur" which is formed from sulfide (reaction 1), thiosulfate (reaction 4)
or elemental sulfur (reaction 6) and is converted to elemental sulfur (S° or Sg) when
accumulated. It could be equivalent to sulfane sulfur of polysulfanes (HS-S,-SH) or
polythionic acids (HO,S-S,-SO;H) which are known to be susceptible to nucleophilic
attack by cyanide (CN"), sulfite (SO,) or thiols (RS’) (14,48). The oxidation pathway
is then governed simply by the rates of the sulfur-oxidizing system (reaction 2) and
sulfite-oxidizing system (reaction 3). The oxidation of sulfide to sulfur (reaction 1)
by thiobacilli is very fast and sulfane sulfur accumulates (6,19,20) when reaction 2
is not fast enough. If reaction 3 is slower than reaction 2, sulfite accumulates and
sulfur plus sulfite yield thiosulfate as the oxidation product. Once thiosulfate is
formed, reaction 5 can initiate the polythionate pathway. The reversibility of reaction
5 and the copurification of thiosulfate-oxidizing enzyme and trithionate hydrolase
activities (44) and the formation of sulfur during tetrathionate oxidation (41,45)
suggest the possibility of polythionate oxidation by reactions 5, 4, 2 and 3.

Reaction 3, as the major oxidation step, is catalyzed by sulfite oxidase, APS
reductase or sulfite:Fe* oxidoreductase. The first two enzymes were thought to couple
for the reduction of c-type cytochromes (2) and cytochrome oxidase. There is now
a clear evidence that sulfite oxidase can enter the electron transfer chain at
cytochrome b. Antimycin A or 2-heptyl-4-hydroxyquinoline-N-oxide (HQNO) inhibits
sulfite oxidation (43, 51-54) and a b-type cytochrome solubilized from T. thiooxidans
membrane is reduced by sulfite in the presence of the membrane (54). Inhibition by
HQNO of not only sulfite, but also trithionate and tetrathionate oxidations in 7.
tepidarius (43) again supports the idea that polythionate oxidation involves the
oxidation of both sulfane (-S-) and sulfonic acid (-SO,H) portions by the enzymes
involved in reactions 2 and 3, respectively.
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Chapter 6

Microbial Oxidation of Sulfides by Thiobacillus
denitrificans for Treatment of Sour Water and
Sour Gases

K. L. Sublette!, Michael J. McInerney?, Anne D. Montgomery?, and
Vishveshk Bhupathiraju®

!Center for Environmental Research and Technology, University of Tulsa,
600 South College Avenue, Tulsa, OK 74104
2Department of Botany and Microbiology, University
of Oklahoma, 770 van Vleet Oval, Norman, OK 73019

It has been demonstrated that the bacterium Thiobacillus denitrificans may
be cultured aerobically and anoxically in batch and continuous cultures on
hydrogen sulfide (H,S) gas under sulfide-limiting conditions. Under these
conditions sulfide concentrations in the culture medium were less than 1uM
resulting in very low concentrations of H,S in the reactor-outlet gas.
Heterotrophic contamination was shown to have negligible effect on reactor
performance with respect to hydrogen-sulfide oxidation. In fact, growth of
T. denitrificans in the presence of floc-forming heterotrophs produced a
hydrogen-sulfide-active floc with excellent settling characteristics.
Flocculated T. denitrificans has been used to remove H,S from gases and
to remove sulfides from sour water at concentrations up to 25 mM. Reactors
containing flocculated T. denitrificans have been operated for up to nine
months continuously.

A sulfide-tolerant strain (strain F) of 7. denitrificans has also been
shown to prevent the net production of H,S by sulfate-reducing bacteria in
both liquid cultures and sandstone cores. As hydrogen sulfide was produced
by sulfate-reducing bacteria, it was immediately oxidized to sulfate by 7.
denitrificans. Strain F has also been used to remove dissolved sulfides from
formation water pumped from an underground gas storage facility.

The high reaction rates and mild reaction conditions characteristic of microbial
processes offer potential for improvement of processes which have historically been
purely chemical or physical in nature. One such process, dominated by
physicochemical methodology, has been the removal and disposal of hydrogen sulfide
(H,S) from natural gas, biogas, syngas, and various waste gas streams such as the
gas stream produced when air or other gases are used to strip H,S from sulfide-laden
(sour) water. However, a microbial process can replace an H,S-removal system
(amine unit), an H,S disposal unit (Claus or Stretford process), a tail-gas clean-up

0097—6156/94/0550—0068$06.00/0
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or an entire conventional gas processing train. Also a microbial process can be used
directly to remove dissolved inorganic sulfides from sour water.

We have developed on the bench scale a process for the desulfurization of gases
by H,S oxidation, based on the contacting of a sour gas with a culture of the
chemoautotrophic bacterium, Thiobacillus denitrificans. The same basic process has
also been used to treat sour water and prevent the net formation of H,S by sulfate-
reducing bacteria (SRB). The results of much of this work have been described in
detail elsewhere (1-10). We present here a short review including some of our more
recent results.

Thiobacillus denitrificans is an obligate autotroph and facultative anaerobe which
can utilize reduced sulfur compounds as energy sources and oxidize them to sulfate.
Under anoxic conditions, nitrate is used as a terminal electron acceptor and is
reduced to elemental nitrogen (N,).

Growth of T. denitrificans on H,S(g)

In the laboratory we initially grow T. denitrificans in 1.5-2.0 L cultures (pH 7.0,
30°C) on thiosulfate as an energy source in the medium described by Table I to a cell
density of 108-10° cells/mL. Following depletion or removal of thiosulfate, H,S is
introduced. The H,S feed gas generally consisted of 1% H,S, 5% CO, and the
balance Nj. It is important to note that this concentration of H,S is not a technical
limitation, merely a safety precaution.

Table I. Growth Medium for T. denitrificans

Component perL
Na,HPO, 12¢g
KH,PO, 1.8¢
MgSO,4-7H,0 04¢g
NH,Cl 05¢g
CaCl, 0.03g
MnSO, 0.02¢g
FeCl4 0.02¢g
NaHCO4 10g
KNO;(anoxic) 50¢g
Na,$,0,; 100g
Trace metal solution (1) 15 mL
Mineral water 50 mL
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When H,S was introduced to batch anoxic or aerobic cultures of T. denitrificans,
the H,S was immediately metabolized. At an initial loading of 4-5 mmoles hrigl
biomass, and with sufficient agitation, H,S was not detected in the outlet gas (less
than 0.05 M). The residence time of a bubble of feed gas (average diameter 0.25 cm)
was 1-2 s. Less that 1 uM of total sulfide (H,S, HS", $*') was observed in the reactor
medium. No elemental sulfur was detected; however, sulfate accumulated in the
reactor medium as H,S was removed from the feed gas. Oxidation of H,S to sulfate
was accompanied by growth, as indicated by an increase in optical density and
biomass protein concentration and a decrease in the NH,* concentration.
Consumption of OH" equivalents indicated that the reaction was acid-producing.
Nitrate was consumed under anoxic conditions. A sample material balance is given
in Table II.

These reactors also have been operated continuously on an H,S-containing feed,
at dilution rates of 0.029 hr! to 0.053 hr'l, for up to five months. Therefore, the
biology of the reactor system is considered very stable.

Table II. Sample Material Balances: Aerobic and Anoxic Oxidation of H,S in Batch
Reactors by T. denitrificans

Aerobic Anoxic
H,S oxidized 86.0 mmoles 18.3 mmoles
S0, produced 81.8 mmoles 18.8 mmoles
Biomass produced 453 mg 246 mg
NOj;™ consumed - 27.0 mmoles
NH,* consumed 8.4 mmoles 2.2 mmoles
OH" consumed 151.3 meq 31.8 meq

Upset and Recovery

Hydrogen sulfide is toxic to most, if not all, forms of life including 7. denitrificans,
even though the organism can use H,S as an energy source. Therefore, H,S is said
to be an inhibitory substrate for the organism. In the experiments described above,
the cultures were operated on a sulfide-limiting basis. In other words, the H,S feed
rate was always less than the maximum rate at which the biomass was capable of
oxidizing the H,S. If this maximum capacity of the biomass of H,S oxidation is
exceeded, inhibitory levels of sulfide will accumulate.

To examine the behavior of a 7. denitrificans reactor in an upset condition, the
H,S feed rate to aerobic and anoxic batch and continuous-flow reactors, like those
described above, was increased in a stepwise manner until H,S breakthrough was
observed. At the point at which breakthrough occurred, N,O was detected in the
outlet gas from anoxic reactors in concentrations approximately equal to that of the
H,S in the feed gas. Analysis of the reactor medium from both aerobic and anoxic
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reactors also indicated an accumulation of sulfide and elemental sulfur. Sulfur
balances for reactors operated under upset conditions showed that all of the H,S
removed from the feed gas could be accounted for in terms of sulfate, elemental
sulfur, and sulfide in the medium. It was observed that the upset condition was
reversible if the cultures were not exposed to the accumulated sulfide for more than
2-3 hours. Reduction in H,S feed rate following an upset condition reduced H,S and
N,O concentrations in the outlet gas to pre-upset levels. In addition, elemental sulfur,
which accumulated during upset, was oxidized rapidly to sulfate.

It is important to know at which H,S loading the specific activity of the
T. denitrificans biomass will be exceeded, resulting in upset. The maximum loading
of the biomass under anoxic conditions was observed to be in the range of 5.4-7.6
mmoles hrlg! biomass. Under aerobic conditions, the maximum loading was
observed to be much higher, 15.1-20.9 mmoles H,S hr'lg™! biomass.

Effect of Septic Operation on H,S Oxidation by T. denitrificans Reactor

The medium used in the experiments described above will not support the growth of
heterotrophs because there is no organic-carbon source. However, early on in this
study it was observed that if aseptic conditions were not maintained, heterotrophic
contamination developed in the 7. denitrificans culture. Evidently T. denitrificans
releases organic material into the medium in the normal course of growth, or through
lysis of non-viable cells, which supports the growth of heterotrophs. To investigate
the effect of heterotrophic contamination on the performance of a T. denitrificans
continuous stirred-tank reactor (CSTR), one anoxic reactor which became
contaminated was allowed to operate for an extended time (30 days). The reactor was
originally contaminated by two unidentified heterotrophic bacteria with distinctly
different colony morphologies when grown on nutrient agar. After 145 hours of
operation, the reactor was injected with suspensions of four different heterotrophic
bacteria (Pseudomonas species) known to be nutritionally versatile. The total
heterotroph concentration increased to about 108 cells/mL and leveled off. Apparently
growth of the contaminants became limited by the availability of suitable carbon
sources. The viable count of T. denitrificans at steady state was 5.0 x 10° cells/mL.
The steady-state composition of the culture medium, and the outlet-gas condition,
were indistinguishable from that of a pure culture of 7. denitrificans operated under
the same culture conditions. Therefore, the proposed microbial process for H,S
oxidation need not be operated aseptically. These observations led to the efforts to
immobilize T. denitrificans by co-culture with floc-forming bacteria.

Co-culture of T. denitrificans With Floc-forming Heterotrophs

Many microorganisms exist co-immobilized in