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ABSTRACT
Arsenopyrite dissolution was studied by means of long-term, stirred and non-stirred flow-
through experiments in the pH range of 1 to 9 at 25, 50 and 70 °C and at different input
dissolved-O, concentrations (from 0.2 to 8.7 mg L™%).

At pH lower than 4, aqueous iron, which is mainly in the ferrous form, and arsenic are
stoichiometrically released. Sulphur concentrations released were lower than
stoichiometrically expected (S/As <1). X-ray Photoelectron Spectroscopy (XPS) and
MicroRaman Spectroscopy surface analyses on reacted and unreacted samples showed an
enrichment of the reacted arsenopyrite surface in sulphur and arsenic under acidic
conditions.

In the light of these results, the steady-state dissolution rates were estimated by the
release of arsenic at pH < 6 and were used to derive an empirical dissolution rate law

expressed as:

_10—7.4110.47. 0.76+0.11 ,-0.12+0.07

-2 ~-1
R (molm™s™) .. 3o, a,.

arsenopyrite

where a5 and a . are the activities of hydrogen ions and dissolved oxygen, respectively

and their exponents were estimated from multiple linear regression of the dissolution rates.
Temperature increase from 25 to 70 °C yields an apparent activation energy for the
arsenopyrite oxidation by dissolved oxygen of 18.5+1.6 kJ mol™.

At pH > 6, aqueous iron is mainly in the ferric form and is depleted as it precipitates as Fe-
oxyhydroxide onto arsenopyrite surfaces, yielding Fe/As and Fe/S less than one; between pH
7 and 9, iron depletion is complete, and sulphur released is more abundant than arsenic
released, which is precipitated as As-O phases, as confirmed by MicroRaman spectroscopy.
At pH 6-9, iron-oxyhydroxide phases and arsenic oxide phases upon the arsenopyrite surface

provide an effective layer that reduces diffusion of dissolved oxygen and arsenopyrite
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dissolution. As coating on the arsenopyrite surface becomes the rate-limiting step, the
Shrinking Core Model (SCM) allows quantification of the surface dissolution rate,
especially from data obtained whereas the effect of coating was still negligible. The SCM
also allowed us to calculate the effective coefficient for oxygen diffusion through the
coating, which can vary from 10" to 1.5-10"® m? s™. The formation of such a coating
produced a decrease in arsenic and sulphur release over time and a final surface passivation.

Keywords: arsenic, arsenopyrite, dissolution, kinetics, iron coating.
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1 INTRODUCTION

Inorganic aqueous As release is an environmental and human health concern worldwide
(Ferguson, 1990; Aposhian et al., 2004; Rosman et al., 2004; Bunnell et al., 2007).

The arsenic content in water (surficial or groundwater) has been attributed to two main
processes: desorption of arsenic previously sorbed onto the structures of Fe or Mn oxy-
hydroxides, and As release by oxidation of arsenopyrite and/or As-rich pyrites in mineralized
areas (Casiot et al., 2003, 2005; Frau and Ardau, 2003; Lee et al., 2005; Lee and Chon, 2006;
Pfeifer et al., 2007). The former process usually occurs in aquifers where redox conditions
have been changed, e.g., the arsenic contamination in the Bangladesh delta (Bhattacharya et
al., 1997, 2001, 2002, 2006; Nickson et al., 1998; Routh et al., 2000; McArthur et al., 2001;
Dowling et al., 2002; Smedley and Kinniburgh 2002; Anawar et al., 2003), whereas the latter
process is mainly encountered in areas where As-bearing sulphides oxidize in acid mine
drainage (AMD) or in near neutral to basic pH waters. In this study, we focus on the As
release as arsenopyrite dissolution takes place. An important example of As mobilization is
the Iberian Pyrite Belt (IPB) in the SW of Spain and S of Portugal, which is one of the most
important massive sulphide provinces in the world. This area contains a large number of
abandoned sulphide mines, open pits, galleries, tailings and sulphide-sludge ponds that
generate creeks with acidic water with high levels of arsenic (Sdnchez-Rodas et al., 2005;
Sarmiento et al., 2005, 2007; Acero et al., 2006; Asta et al., 2009). Dissolved oxygen
promotes dissolution of arsenopyrite (AsFeS) and arsenical pyrite (Fe(As,S);) with the
consequent As release into run-off water (Williams, 2001; Lazareva et al., 2002; Smedley and
Kinniburgh, 2002; Casiot et al., 2003; Frau and Ardau, 2003; Welch and Stollenwerk, 2003;
Lee et al., 2005; Pfeifer et al., 2007). Other examples of arsenic contaminated groundwaters
have been attributed to oxidation of arsenopyrite and As-bearing sulphides in non acidic

waters at pH ranging from 7-9 in the Madrid Tertiary detrital aquifer (central Spain)
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(Hernandez-Garcia and Custodio, 2004) or in groundwater with near neutral pH at Ester dome
(Fairbanks, Alaska), where dissolved arsenic concentration appears to be controlled by
oxidation of arsenopyrite in the near-surface environment (Verplanck et al., 2007). Smedley et
al. (2007) have recently reported arsenic contamination in circumneutral-pH groundwaters in
Proterozoic basement rocks in Burkina Faso. There are also other scenarios where higher pH
(neutral or alkaline) is common. For example, acid generation may be artificially attenuated by
adding alkaline substances to the AMD producing materials (Pérez-Ldpez et al., 2007), which
results in acid neutralization. Similarly, hydrometallurgical techniques such as cyanidation
have been conducted at high pH producing alkaline waters in contact with mine residues
(Salzsauler et al., 2005).

The effects of different factors on the oxidative dissolution of arsenopyrite, such as
temperature, Fe(lll) concentration, the presence of bacteria (Acidithiobacillus ferrooxidans),
pH and particle size have been reported in the literature, either related to aqueous chemistry
studies (Breed et al., 1997; Ruitenberg et al., 1999; McGuire et al., 2001a; Craw et al., 2003;
Yu et al. 2004, 2007; Tallant and McKibben, 2005, Walker et al., 2006; McKibben et al.,
2008) or to arsenopyrite surface spectroscopy research, mainly by X-ray Photoelectron
Spectroscopy (XPS) (Buckley and Walker, 1988; Richardson and Vaughan, 1989; Nesbitt et
al., 1995; Nesbitt and Muir, 1998; Hacquard et al., 1999; Mikhlin et al., 2006). This extensive
literature is indicative of the important role of arsenopyrite oxidative dissolution in different
geochemical environments, from AMD to metallurgical processes, and groundwater
contamination.

Recently, two thorough reviews on arsenopyrite oxidative dissolution that take into
account the aforementioned studies have been published (Corkhill and Vaughan, 2009;
Lengke et al., 2009). These authors indicate that discrepancies in the kinetics of arsenopyrite
dissolution still exist, being induced by different experimental parameters and limited datasets.

It is pointed out that there is no consensus in fundamental processes that are involved in the
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83  overall reaction, such as: (1) formation of S layers on arsenopyrite surface, (2) dissolution
84  stoichiometry, (3) variability in dissolution rate, (4) dissolution rate-DO dependence, (5)
85  anomalous rate-Arrhenius behaviour.

86 The aim of this paper is to describe the kinetics of arsenopyrite oxidative dissolution at
87  different oxidizing conditions by assessing the effects of environmental factors, such as pH,
88  dissolved oxygen, sulphate content, and temperature. The main innovation of this study is that
89  oxidation kinetic data were obtained at a long-term steady state (hundreds of hours) and a
90 wide range of pH values, dissolved oxygen concentrations and temperature, combining the
91 analysis of the reacted solutions with an exhaustive examination of arsenopyrite surface by
92  means of Scanning Electron Microscopy (SEM), X-ray Photoelectron Spectroscopy (XPS) and
93 MicroRaman Spectroscopy. In addition, the effect of iron coatings formed at high pH on
94  arsenopyrite surface and its implication on arsenic release has been contemplated using the
95  Shrinking Core Model (Wen, 1968). Therefore, the results from this study should be useful to
96 improve the applicability of the empirical rate laws for As-bearing sulphide dissolution.

97

98 2 MATERIALS AND METHODS

99 2.1 Characterization of arsenopyrite

100 The arsenopyrite samples used in this study were obtained from Martinet skarn
101  mineralization (East Pyrenees range). Some arsenopyrite fragments were crushed in an agate
102  mortar and sieved to a size fraction below 100 um. The powdered sample was examined by X-
103  ray diffraction (XRD) using Cu Ka radiation over a 20 range from 0 to 60 degrees and using a
104  scan speed of 0.025°/18s. The XRD patterns obtained showed that the sample consisted of
105  arsenopyrite as the main phase and a minor amount of quartz (approx. 5%). BSE image of the

106  raw sample by Cameca SX-50 electron microprobe showed that arsenopyrite (AsFeS) was the
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dominant phase with minor amounts of quartz (SiO;) (<3%), pyrite (FeS,) and native Bi (<
1%). The electron microprobe analysis (EMP) of the arsenopyrite atomic composition (%) was
Fe 33.5+0.1, As 32.1+0.4 and S 34.4+0.4 based on 18 points, yielding an average chemical
formula of Fe;oASp94S1.05. Geometric areas were estimated from particle size distributions,
determined for powdered reacted and unreacted arsenopyrite samples by using a laser
diffraction size analyser (Malver, mastersize E) after ultrasonic disaggregation in ethanol. The
obtained geometric areas ranged from 0.04 to 0.1 m? g™

BET surface areas in the same types of samples were measured using 5-point N,
adsorption isotherms with a Micromeritics ASAP 2000 surface area analyzer and the obtained
values were used for normalizing the experiments at pH<6. The final BET-determined
specific surface area in those experiments varied from 0.3 to 0.7 m? g™*. These values are
generally five to ten times larger than the corresponding estimated geometric areas, which is
very a common finding in kinetic studies and has also been described in earlier works (White
and Peterson, 1990; White and Brantley, 2003 and references therein). Unreacted and reacted
powders were examined by Scanning Electron Microscopy (SEM) using a JEOL JSM-840
microscope and a field-emission scanning microscope Hitachi H-4100FE.

XPS surface examination of the initial and reacted powdered samples mounted on
carbon conductive tabs was carried out with a Physical Electronics (PHI) 5500 spectrometer
using a monochromatic X-ray source (with an Al Ka line of 1486.6 ¢V energy and 350 W)
placed perpendicular to the analyzer axis and calibrated using the 3d5/2 line of Ag with a
width of 0.8 eV and a binding energy of 368.3 eV. All these measurements were made in an
ultra high vacuum (UHV) chamber (pressure between 6.6-10*" and 6.6.10™ atm). The
analyser pass energy was 23 eV. An electron flood gun at low energies (below 25 eV) was
used for charge compensation. Comparison of the relative positions of the different peaks in
all the studied spectra indicated that charge shifting could be considered uniform. Spectra are

shown as raw data corrected by adjusting the C1s peak (corresponding to adventitious carbon,
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to a binding energy of 284.6 eV) because of the charge of the sample. Given the lack of
sample cooling while acquiring the measurements, loss of elemental sulphur could occur.
Therefore, the presence or absence of elemental sulphur is discussed below. Atomic
concentrations of arsenic, iron and sulphur were determined from the XPS peak areas divided
by atomic sensitivity factors following the Shirley background substraction. A deconvolution
of the spectra into different components was carried out. Each spectrum was fitted by means
of an iterative least-squares procedure with Gaussian bands. The proportion of each surface
species was then determined as a function of the areas covered by each band. However, a
systematic quantification of the different iron species present in the samples is not presented
here because of the low signal-to-noise ratio in most of the XPS spectra for these peaks. Only
the approximate position of the observed sulphur species will be described below.

Surfaces of raw arsenopyrite powder and some powders retrieved at the end of the runs
at different pH were examined by MicroRaman spectroscopy, revealing traces of quartz and
pyrite at the surface. MicroRaman measurements were carried out in back scattering geometry
by using the polarized 514.5 nm line of an Argon-ion laser. Raman scattering measurements
were performed in air at room temperature with a triple spectrometer Jobin-Yvonne Dilor
integrated system with a spectral resolution of about 1 cm™. The power density at the sample
was set between 5 and 10 mW mm?. Acquisition time was between 30 and 120 s depending of
the quality of the spectra that were recorded in the Stokes region by a 1200 grooves/mm
grating monochromator and CCD detector system. A confocal microscope Olympus B-201
was used, with an objective 100x with 0.90 numerical aperture. The spatial resolution was less
than 1 um. In order to verify the homogeneity of the samples and the reproducibility of the

reported data, all the measurements were repeated at different random points of the samples.
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2.2 Solutions and analysis

All input solutions were prepared by mixing the respective analytical reagents and Millipore
MQ water (18.2 MQ - cm). The analytical-grade reagents in the acidic solutions (pH 1 and 3)
were HCI and H,SO,4 (95-97%). Reagents FeSO4-7H,0 and H,SO,4 (95-97%) were used to
prepare the 0.01M Fe®* in a H,SO4 solution. Input solution of pH 5.7 only consisted of
Millipore MQ water (18.2 MQ - cm). The solution of pH 7.6 was prepared with KH,PO, and
NaOH and pH 9 solution with Na,B,07-H0.

Total concentrations of As, S and Fe in input and output solutions were analyzed by
Inductively Coupled Plasma Atomic Emission Spectroscopy (ICP-AES, Thermo Jarrel-Ash
with CID detector and a Perkin Elmer Optima 3200 RL). Detection limits for As, Fe and S
were 1.3.10°, 3.6:10” and 3.1-10° mol L, respectively. The accuracy uncertainty in ICP-AES
measurements was estimated to be around 3%. Ferrous and total dissolved iron concentrations
in output solutions were determined by colorimetry using the ferrozine method (modified after
To et al., 1999) in a UV-VIS HP Spectrophotometer. Fe(lll) was taken as the difference
between Fe(tot) and Fe(ll). The quality of the results was assured by measuring several
standards, blanks and duplicates. Fe(tot) concentrations matched ICP-AES results within 5%.

Input and output solutions pH was measured at experimental temperature on an unstirred
aliquot of solution using a Crison meter combination electrode with temperature
compensation. pH calibration was made with standards of 2, 4, 7 and 9.21 buffer solutions.
The reported accuracy is £0.02 pH units.

Redox potential was measured by an Orion combination Pt/Ag-AgCl redox electrode.
The measurements were referenced to the Standard Hydrogen Electrode (SHE). Reliable redox
potential measurements could not be systematically obtained because of considerable drifting
in the recorded values with time. This drifting could be caused by the low concentrations of

aqueous species in the output solutions, by the presence of H,S or by the absence of a clearly
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dominant redox couple (Nordstrom, 2000). When it was possible to carry out the

measurements the Eh was between 0.2 and 0.7 V.

2.3 Flow-through experiments

Dissolution experiments were carried out using non-stirred and stirred flow-through
reactors (ca. 35 mL in volume) fully immersed in a thermostatic water-bath held at a constant
temperature of 25, 50 or 70°C (+ 1)°C. The reaction cells were composed of two chambers, a
lower chamber of 33-mm inner diameter and an upper chamber of 26-mm inner diameter. The
two chambers were separated by a fine (5 um) nylon mesh, on which arsenopyrite powder was
placed. In the stirred experiments, the magnetic bar was in contact with the powder. The
dissolved oxygen concentrations in the experiments at dissolved oxygen conditions lower than
those in equilibrium with a free atmosphere were achieved by enclosing the entire
experimental set-up (input and output solutions, peristaltic pump, flow-through reactors and
tubing) in a glove box purged with the corresponding O,/N, gas mixture (4.5% O; in N, for
the experiment with 2.0 mg L™ of input dissolved oxygen and pure N; for the experiment with
0.2 mg L of input dissolved oxygen). Input solutions were purged with the same gas
mixtures filling the glove box on a regular basis to ensure the dissolved oxygen
concentrations, which were checked before pumping into the reactors. Experimental oxygen
partial pressure in the glove box was continuously monitored by an oxygen partial pressure
detector with an accuracy of + 0.1 % Oag. The concentration of dissolved oxygen in the
reacting solution was measured at steady state in some representative experiments by
luminescence-based oxygen sensor using a Hach HQ10 portable dissolved oxygen meter.

To ensure that the rate of supply of oxidant (dissolved oxygen) into the cell (i.e., to the
reacting mineral surface) is faster than its consumption by the rate of reaction, a series of

experiments was carried out increasing the flow rate from 0.01-0.05 to 0.20-0.40 mL min™
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(see Table 1). Such a high increase in flow rate did not yield an increase in dissolution rate.
This fact suggests that the reaction rate is not affected by ionic transport limitations in the
surrounding solution.

Steady-state conditions were considered to be attained when differences in the metal
concentration of the output solution were within + 5% for at least 200 h and four consecutive
leachate samples. After the experiments, the reacted samples were collected, rinsed with
double-distilled water, dried at room temperature and stored in closed microvials under
controlled atmosphere until examination by Scanning Electron Microscopy (SEM) and X-Ray
Photoelectron Spectroscopy (XPS), and determination of BET surface area. A schematic
sketch of the experimental setting and some more details of the experimental procedure can be

found elsewhere (Cama and Acero, 2005; Acero et al., 2007a,b; and Asta et al., 2010).

2.4  Calculation of dissolution rates at pH < 6

The dissolution rate in steady state, Rategs;, (mol m™ s™) was based on the release of As, Fe

and S according to the expression:

q(C. -C.. )
Rate,, = jout  Tj,inp
v.A
(D) ]
where q is the fluid volume flux through the system (m® s-1), Cjinp @nd C; . are the

concentrations of component j (As, Fe or S) in the input and the output solutions, respectively

(mol m™), v; is the stoichiometry coefficient of j in the dissolution reaction, and A is the

reactive surface area (m?), which in this study is calculated using the final specific surface area
(m® g*) and the final mass (g). The error associated with the calculated dissolution rates was
estimated by the Gaussian error propagation method (Barrante, 1974) to range from 12 to 25

% and it was dominated by the uncertainty of BET surface area measurements (£10-15 %).
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2.5 Calculation of dissolution rates at pH > 6

At pH higher than 6, it is expected that Fe(ll) released from arsenopyrite dissolution
oxidizes quickly to Fe(lll) (Singer and Stumm, 1970), and that Fe(lll)-bearing phases
precipitate on arsenopyrite surface, coating arsenopyrite grains as dissolution proceeds. This
process is satisfactorily described by the shrinking core model (SCM) and was already applied
to pyrite oxidation at basic pH (Nicholson et al., 1990). The model assumes spherical particle
shape and, according to Wen (1968), the process of dissolution-coating can be divided into
three successive steps: diffusion of reactant (Oq) in our case) from the infinite solution to the
external surface of the coat, diffusion of O,@q) through the coat volume and, finally, Ozq)-
induced dissolution of the unreacted core. O,y consumption at the core surface gives rise to a
concentration gradient across the coat.

To simplify the system, we assume that diffusion in water is much faster than through
the solid coat and that the unreacted core shrinks much more slowly than the time needed to
reach steady-state diffusion across the coat. This means that, except in the early steps of
dissolution, the coat acts as the slow barrier for the whole process, and the dissolution rate
decreases as the coat accumulates.

At the onset of the experiment, when no coat is still developed, surface reaction is the
step that controls the overall process. For simplicity, it is assumed that the arsenopyrite

dissolution rate (mol m?s™) is linearly dependent on oxygen activity:

@) Rate = kpa,,

where k is a mass transfer dissolution constant (m s%), p is the molar density of arsenopyrite
(37850 mol m™), and ao; is the input O2q) activity. When the coating is developed, and the
overall process is controlled by oxygen diffusion through the coating, arsenopyrite dissolution

depends on the oxygen flux:
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(3) Rate= S D o«
v or

[0)

where v is O stoichiometry in the arsenopyrite dissolution reaction (see below), and D is the
effective diffusion coefficient of the coating (m? s™). The O, concentration gradient can be
calculated as:

%_C—Cs
or X

(4)

Where C is the concentration of O, in the pore water, Cs is the concentration on the core
surface, which is assumed zero, and x is the coating thickness. According to Wen (1968), the
time required to react a specified molar fraction of the initial arsenopyrite, X, can be
calculated on the basis of the step that controls the overall process:

- dissolution at the surface of the particle when no coating is developed (at the onset of the

experiment):

6 =" - -x)"]

- diffusion across the coat:

2
Vox r-0 ,0

bl h-30-X)" +(1- X))

6) t=

where rq is initial radius of the particle (m) and D is the effective diffusion coefficient of the
coating. The total time of the overall process is obtained by summing the duration of the two
steps. For each specific time, the molar fraction of arsenopyrite dissolved, X, was calculated
from the accumulated mass of solute (sulphate or arsenic) released during a time span divided

by the initial mass of arsenopyrite. The accumulative mass of solute was calculated as the

10
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product of concentration per flow rate and per time increment, and the result added to the
solute corresponding to the previous time span. Hence, the values of k and D were obtained
for each experiment as their best fit in egs. (5) and (6). As shown by egs. (5) and (6), the
values of k and D depend on the value of the initial radius ro, which was estimated to be
around 10 um , as corresponds to the average particle size obtained in the determination of

granulometric distribution for the initial unreacted arsenopyrite (see section 2.1).

3 RESULTS

3.1  Results based on solution chemistry

Variations with time of the output As, Fe and S concentrations in some representative flow-
through experiments with different pH are depicted in Fig. 1. The duration of the experiments
varied from 600 to 4500 h. In the experiments carried out at pH < 6 steady-state conditions
were attained after 300-1200 h and the duration of steady state lasted for more than 300 h. In
the experiments carried out at pH 7.5 steady state was not attained, and the output
concentration decreased with time (Fig. 1c). Some of the experiments consisted of two to
three stages with different DO concentrations while keeping pH, temperature and flow rate
constant. The experimental conditions for each experiment are shown in Tables 1 and 2. The
residence time in the reactors was between 1.5 and 20 h, depending on the flow rate (0.4-0.01
mL min™). Calculated total dissolved mass of arsenopyrite throughout the experiments was
usually less than 10 %. As shown in Fig. 1, concentrations of arsenic, iron and sulphur in the
output solutions were highest at the start of the experiments, subsequently decreasing. Initially
high concentrations were probably due to the dissolution of microparticles (Fig. 2a, b), with
surface areas higher than those of the bulk samples, or to the existence of external, altered

layers of the ground mineral (Lasaga, 1998; Acero et al., 2007a,b,c; Acero et al., 2009).

11
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According to Borda et al. (2004) high concentrations could be due to preferential dissolution
in the early stages of the experiments. The fact that a mineral dissolves apparently faster at the
start of the experiment and the fact that steady states are attained after some time (in our case
300 to 1200 h) highlight the need to carry out long term flow-through instead of short batch
experiments to predict arsenopyrite dissolution in field scenarios where an extended
interaction with solutions is expected.

From pH 1 to 4, sulphur concentrations in the output solutions were usually lower than
As and Fe, yielding S/As lower than one, whereas output concentrations of As and Fe were
practically the same, yielding Fe/As ratio close to one (Table 1). In a few experiments the
Fe/As was higher than one (e.g., 1.3 < Fe/As < 1.8). The deficit in aqueous sulphur when
dissolving arsenopyrite in the pH range 2 to 4.5 in the absence of initial dissolved Fe(lll) was
also reported by McKibben et al. (2008), who also observed a deficit in As. Sulphur deficit in
sulphide dissolution in acidic solutions has been described in earlier studies (Lochmann and
Pedlik, 1995; Weisener et al., 2003, 2004; Malmstrom and Collin, 2004; Acero et al., 2007b);
pyrite (Domenech et al., 2002); pyrrhotite (Janzen et al., 2000); galena (De Giudici and
Zuddas, 2001; Cama and Acero, 2005; Cama et al., 2005). Acero et al. (2007b) during the
collection of acidic output solutions detected a H,S(g) odour which resulted in aqueous sulphur
deficit. Although it can not be ruled out, this odour was not detected during the collection of
output solutions in our study. Therefore, for experiments at pH 1 to 4, the arsenopyrite
dissolution was computed from the output As and Fe concentration. As discussed below,
aqueous iron was partially depleted (Fe/As < 1) at mildly acidic pH (4.4 to 5.8) and totally
depleted at basic pH (7.5 to 9) ([Fe]oux Was below the detection limit). Arsenic output
concentrations were lower than sulphur in the neutral to basic pH range (Fig. 1c,d). Therefore,
for experiments at pH higher than 6, the arsenopyrite dissolution was computed from the

output SO, concentration.

12
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The saturation state of the output solution at the end of each experiment was calculated
using the PHREEQC code (Parkhurst, 1995) and WATEQ database (Ball and Nordstrom,
2001). Data for scorodite (FeAsO, 2H,0) are those revised by Krause and Ettel (1988). At pH
1-3, output solutions were undersaturated with respect to native sulphur, S-bearing phases and
Fe-oxy-hydroxides. In the pH range of 4.4 to 5.8, the amount of Fe(ll) measured was < 25 %.
Hence, with 75 % of Fe(lll) solutions were supersaturated with respect to scorodite and Fe-
oxy-hydroxide phases, such as amorphous Fe(OH)s, goethite and lepidocrocite. At pH > 7,
although aqueous iron was depleted, calculations were run by using a very low iron
concentration (107 mol L™), yielding output solutions supersaturated with respect to several
iron oxy-hydroxides. A comparison of SEM photographs of samples before and after reacting
in acidic and basic pH reveals the precipitation of new Fe-bearing phases at neutral and basic
pH (Fig. 2). The formation of secondary iron precipitates on reacted pyrite surfaces at basic
pH has been reported in earlier works (Koslides and Ciminelli, 1992; Bonnissel-Gissinger et
al., 1998; Pérez-Lo6pez et al., 2007).

Figure 3 plots the variation of the arsenopyrite dissolution rate with pH at 25 °C and
dissolved O, concentration of 8.7 mg L™ in this study and other reported works. According to
our results from pH 1 to 5 the arsenopyrite dissolution rate scarcely changes with pH
regardless of whether the results are based on As or Fe release (average log rate ~ -10.1 £ 0.2
mol As m?s™; see Table 1). At pH 5-6 the dissolution rate is similar to that at pH < 4. In the
pH range of 7.5 to 9 the dissolution rates increase.

The dependence of arsenopyrite dissolution rate on dissolved oxygen concentration was
assessed at acid pH values (Table 1). Figure 4 plots the variation in the output of As, S and Fe
concentrations as dissolved oxygen concentration increased or decreased in both multistage
and single experiments. The output concentrations of As, S and Fe decreased by lowering the
input dissolved oxygen concentration from 8.7 to 4.5 and 0.2 mg L™ (Fig. 4). The observed

log DO-log rate dependence suggests that oxidation rate may be proportional to a fractional
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power of the dissolved-oxygen activity (Fig. 5 a). Steady-state dissolved oxygen concentration
in the reactor in all experiments was calculated based on arsenic and used to derive a rate-DO

dependence in which the rate is proportional to a fractional power of the dissolved oxygen

(R =k aoz) where n is the reaction order with respect to dissolved oxygen. Remarkably, the

measured data in the representative experiments (Table 1) were the same (+ 0.1 log DO) as the
calculated DO concentrations. The reaction order with respect to oxygen estimated from
multiple linear regression of the rates was 0.76+0.11. Alternatively, a non-linear fit to the rate
— DO data was also possible (see Fig. 5 b). It was observed that when DO concentration

excedeed 1x10™ M, the rate became independent of DO concentration.
3.2 Results based on arsenopyrite surface spectroscopy

Atomic concentrations of iron, arsenic and sulphur at the reacted and unreacted
arsenopyrite surfaces were determined by the XPS examination of the samples before and
after the flow-through experiments and the obtained results are summarized in Table 3. The
poor quality of the signal in the Fe2p region of the reacted arsenopyrite surfaces prevented the
XPS identification of the iron surface species. The results show that, at acidic pH, arsenopyrite
surface is enriched in arsenic and sulphur, whereas, at pH 4 to 9, the surface is enriched in iron
and arsenic, consistently with the solution results.

An examination of the S2p spectra of arsenopyrite reacted at acidic pH and 8.7 mg L™ of
DO (Fig. 6a) indicates the existence of three possible species at binding energies (BE) of
approximately 161.3-162.7, 163.5-164.1 and 168.6-169.1. eV. These binding energies were
identified as S*, polysulphides (S, where n>2), and sulphate, respectively, according to the
values reported in earlier studies (Buckley and Woods, 1985; Mycroft et al. 1990; Nesbitt and
Muir, 1994, 1998; Pratt et al. 1994; Nesbitt et al., 1995; Hacquard et al. 1999). The detection

of elemental S on the surfaces was practically impossible (i.e., this could not be confirmed or
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ruled out) owing to the technical limitations of the equipment used in the acquisition of the
spectra. The examination of As3d peaks (Fig. 6b) shows a major peak at approximately 45.3
eV, which corresponds to As(V) (Nesbitt and Muir, 1998). The shoulder of the low binding
energy side may indicate the contribution of As(-1) and As(ll) species at binding energies of
41.3-41.7 eV and 43.3 eV, respectively (Nesbitt et al., 1995, 1998; Buckley and Walker,
1988). Spectra of arsenopyrite surface after reacting at acidic pH and low DO concentration
(1.8 mg L) showed that reduced sulphur and arsenic signals increased and the amount of the
most oxidized species (As(V) and sulphates) decreased (Figs. 6 c¢,d).

XPS results in the pH range of 4.5-5.5 (Figs. 6e, f) show changes with respect to the
results obtained at acid pH. First, at this pH the amount of surface iron is higher than in the
initial sample, which can be attributed to the presence of iron precipitates (e.g., Fe(lll)-
hydroxides). In the S2p spectra two species are identified with an energy binding of 164.7 and
169.2 eV (Fig. 6e), which correspond to an intermediate oxysulphur (Schaufuss et al., 2000)
and sulphate, respectively. In the case of As3d peak (Fig. 6f) the best fits of the spectra
indicate the presence of a major contribution of As(V) and minor As(lll) with peaks at 45.7
and 44 eV, respectively (Fig. 6f). In the range of pH 7-9 (Fig. 6g, h), S2p spectra show that S(-
I) oxidizes mainly to polysulphides, and the As3d spectra show a shoulder with binding
energies in the range of 41.8-42 that may indicate the contribution of As(-1) and a major peak
at approximately 45 eV, which corresponds to As(V) (Nesbitt and Muir, 1998) (Fig. 6g, h).

MicroRaman spectra are shown in Fig. 7. Samples reacted at acidic pH (1-3) show that
the most intense peaks are at 472, 219 and 150 cm™ (Fig. 7a). These peaks are attributed to
elemental sulphur, whereas the other noticeable peaks are due to iron oxide and As,Os. This
seems to indicate that, under acidic conditions, native sulphur could be a dominant surface
species along with a minor amount of a stable phase iron oxide. MicroRaman spectra of
samples reacted at pH 7.5 (Fig. 7b) show peaks that are associated with hematite, iron

oxy(hydroxide), probably goethite, as well as traces of As-O and As;O; (e.g., claudetite)
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(Table 4). Thus, secondary predominant surface species are pH dependent (e.g., see Brookins,
1988). It should be noted that native sulphur and iron oxy-hydroxides are very efficient Raman
scatterers, i.e. the higher their crystallinity, the higher their Raman efficiency. Raman
scattering involves hundreds of atomic layers below the surface.

Hence, taking into account the saturation index of the output solution and the Raman
microanalysis of the solids one can conclude that iron hydroxides such as goethite may be
responsible for Fe depletion at pH higher than 5. Sulphur detection by Raman spectroscopy
shows the formation of elemental sulphur in significant amounts at acidic pH (1-3), although
thermodynamic calculations indicate that it should not precipitate (solutions are
undersaturated).

Finally, As depletion at pH > 4 could be attributed to arsenate sorption on the Fe(lll)-
hydroxide surface At pH < 7 the surface is positively charged, and at 7 < pH < 9, although the
net surface charge is negative, positively charged sites are still available (Stumm and Morgan,
1996; Kosmulski, 2004). Accordingly, an estimation of the As sorption onto Fe-oxyhydroxide
at pH range 4-9 was made on the basis of the Generalized Two layer-surface complexation
model (Dzombak and Morel, 1990) using the PHREEQC code, a surface area of 600 m? g
(as described by Dzombak and Morel, 1990 for hydrous ferric oxide) and a surface site density
of 2.3 sites nm™ (Davies and Kent, 1990). Given the total amount of Fe-hydroxide, which was
based on SO, released (<0.1 g), the maximum amount of As(lll) and As(V) sorbed was less
than 10 mol As (at pH < 9.5). This arsenic amount was too low to account for the As that
was retained in the experiments, which was higher than 1/5 Fe (i.e. 10 mol As). Therefore,
the formation of an As phase seems to be responsible for As depletion at pH>4. Based on the
stoichiometry of our results (e.g., 1 < Fe/As < 2.6; Table 3), scorodite and/or pharmacosiderite
or pitticite could be responsible for As depletion. Beattie and Poling (1987) showed that, at pH
values greater than 7, arsenopyrite oxidation results in the formation of secondary arsenic

minerals such as  pitticite  [Fe,(AsO4)(SO4)OH-2H,0) and  pharmacosiderite
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(2FeAsO,4-Fe(OH)3-5H,0). Similarly, Hacquard et al. (1999) observed the formation of an
oxidation layer composed of Fe(lll) arsenite and arsenate on the arsenopyrite surface after

reacting with a solution of pH 10.

4  DISCUSSION

4.1 Evolution of the arsenopyrite surface during dissolution

The arsenopyrite structural formula (FeAsS) has been described as Fe**(AsS)* with a minor
contribution of Fe**(AsS)* (Nesbitt et al., 1995; Shuey, 1975). Arsenic and sulphur form a
dianionic group by means of a covalent bond. During dissolution, iron is mainly released as
Fe?*, and arsenic and sulphur as S and As™, respectively, which are not stable species in
solution with the result that oxidation probably occurs.

Inspection of the reacted samples confirmed that the arsenopyrite surface undergoes
critical variation as a function of pH, which influenced the overall arsenopyrite oxidative

dissolution. At pH < 4 the overall oxidative dissolution can be simplified as (Yu et al., 2007):

(7) FeAsS(s) + 14102 (aq) + 2 H,O = Fe’" + H,AsO, (aq) + SO~

Hence, steady-state dissolution rates were obtained at pH < 4 based on As and Fe release
normalized with respect to final BET specific surface area (Table 1). The dissolution rates
obtained in the experiments carried out in H,SO,4 (pH 1 and 3) were the same, within error, as
the rates obtained in HCI. This agreement shows that the arsenopyrite rates obtained in this
study are applicable to acidic environments with sulphate as the main anionic species (e.g.,
systems affected by acid mine drainage). Furthermore, the effect of Fe(ll) on arsenopyrite rate
was examined at pH 1 and 8.7 mg L™of DO. The results showed that Fe(ll) exerts little

influence on the arsenopyrite dissolution rate.
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From pH 5 to 6, iron depletion was incomplete, yielding Fe/As and Fe/S aqueous ratios
lower than one (Table 1). Likewise, incomplete arsenic depletion was observed, giving 0.81
<S/As < 1.38. At pH ranging from 7 to 9, aqueous iron was completely depleted (below the
detection limit), and As depletion was higher than that at pH 5-6.

Therefore, at pH > 6 released ferrous iron rapidly oxidized to ferric iron, which

precipitated as Fe-solid phases:
2+ 1 5 +
(8) Fe +ZOZ (ag) +E H,O = Fe(OH),(s)+2H
and As(I11) oxidized to As(V) (eq. 9 and 10) (Walker et al., 2006):

(9) H,AsO;(aq) + ;OZ (aq) =H,AsO, +H"

(10) H,AsO, (aq) + ;oz (ag) = HASOZ +2H *

To simplify, the variable S/As aqueous ratio can be interpreted as variable proportions in

the formation of scorodite and Fe(OH); phases:

(11) Fe* +%O2 (aq) + HAsO;~ +g H,O = FeAsO, -2H,0(s)

The amorphous Fe(OH)s(s) may represent ferrihydrite, which could transform into hematite
and/or goethite as pH increased (Schwertmann and Murad, 1983). This is a simplification and

mixed phases as pharmacosiderite can also be possible.

The precipitated Fe(lll) and As-bearing phases form a coat on the arsenopyrite grains as

dissolution proceeds. As stated above, this process was modelled using the shrinking core
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model (SCM). Thus, the limiting process of arsenopyrite dissolution at pH > 6 is the diffusion
of Oy@q) through the coating, resulting in the dissolution of the unreacted core of arsenopyrite.
An important parameter that governs dissolution under the SCM is the stoichiometry of Oy
in the arsenopyrite dissolution reaction (vx), which according to the addition of egs. 8, 9 or 10
(depending on pH) and 11 to eq. 7 is 15/4.

An example of application of the SCM that simulates the variation in sulphate
concentration versus time at pH 7.5 and 0.27 mol m™ O, is depicted in Fig. 8. As expected,
the early values are sensitive to k value, whereas the influence of D increases with time. The
effect of coating can be observed in the plot. After 250 h only 0.12 mol % of initial
arsenopyrite was dissolved. However, if no coating had been formed the dissolution of
arsenopyrite would have been 0.24 mol %. The value of the effective diffusion coefficient of
the coating (m? s™) (D) estimated for the experiments that follow the SCM pattern varies
within a range from 10-to 1.5.10™ m* s™. No variation with temperature, pH or Ox(q
concentration is apparent. In pyrite dissolution experiments, Nicholson et al. (1988) estimated
a D value around 3:10™® m? s for the diffusion coefficient of O, through the Fe-hydroxide
coating, and Huminicki and Rimstidt (2009) reported a value of 3.6:10™° m? s for the
diffusion coefficient of H,O,. Both values are comparable or higher than those obtained from
our experiments. One reason for the discrepancy could be the dependence of D on ro? (the
value assumed for initial radius, eqg. 6), which in our case is smaller than that reported in the
pyrite case. Furthermore, the D values estimated here are 7 to 8 orders of magnitude lower
than 2:10° m? s, the diffusion coefficient of Oyg in free water at 25°C (Han and Bartels,
1996). This difference is too large to be attributed to porosity and tortuosity of a porous
medium. On the other hand, these D values are much higher than the diffusion coefficient
values that are typical of solids (10%° to 10 m?s™, Levine, 1978), but could be similar to

those of poorly crystalline solids as suggested by Nicholson et al. (1988).
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4.2  The effect of pH on dissolution rates

We suggest that a hydrogen ion effect on the arsenopyrite dissolution rate in this pH range is
very low (Table 1; Fig. 3). This result is consistent with the insignificant pH dependence of
the arsenopyrite-rate reported by Yu et al (2007) in the pH range of 2-6 (e.g., nearly zero-order
dependence on pH), but is in disagreement with the pH-arsenopyrite-rate dependence reported
by McKibben et al. (2008) in the range of pH 2-4.5 (Rate=k-(My")%%).

A slight increase of the dissolution rates is observed as pH increased. A similar basic pH-rate
tendency was observed in pyrite oxidation by Williamson and Rimstidt (1994), Ciminelli and
Osseo-Asare (1995a,b). In the case of arsenopyrite oxidation, Yu et al. (2007) obtained
apparent arsenopyrite dissolution rates that reached a minimum near pH 7-8 followed by an

increase at higher pH values.

4.3  The effect of dissolved oxygen on dissolution rates

The rates obtained at 25 °C at acidic pH are DO-dependent, decreasing when the
dissolved oxygen concentration is diminished (Figs. 4 and 5). This type of dependence has
been reported for arsenopyrite at acidic pH (Yu et al., 2007; McKibben et al., 2008) and for
pyrite (Nicholson et al., 1988; Williamson and Rimstidt, 1994; Domeénech et al, 2002). The
reaction order of the arsenopyrite dissolution rate with respect to dissolved oxygen at acidic
pH was 0.76. This value is higher than those reported by Yu et al. (2007) (0.45+0.05) at pH
5.9 and McKibben et al. (2008) (0.33+£0.18) at pH 2-4.5 for arsenopyrite, and by McKibben
(1984), Williamson and Rimstidt (1994) and Domeénech et al. (2002) for pyrite (0.4-0.5+0.04)
at pH 2-10, suggesting that arsenopyrite dissolution is more strongly influenced by DO than
pyrite dissolution. In contrast to these results, Walker et al. (2006) reported rate-DO

independence in the pH range from 6.3 to 6.7.
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An alternative, non-linear fit to the data was also possible (see Fig.5 b), considering
that when DO concentration was higher than 1x10™ M, the rate varied barely, becoming thus
DO-independent. As it was reported by Nicholson et al. (1988) and Doménech et al. (2002)
for pyrite dissolution, this behaviour could be consistent with a surface mechanism that
involves equilibrium adsorption-desorption. Thus, according to the non-linear behaviour, the
dissolution rate-DO-dependence can be expressed as:

K-|0
(12) R=r, —[ |
1+K-[0,]
where R is the dissolution rate (mol m? s™), r,, (mol m? s™) is the rate based on
maximum saturation of available surface sites, K (L mol™) is the adsorption equilibrium
constant and [O,] is the dissolved oxygen concentration (mol L™Y). The best fit to the

arsenopyrite data was obtained with the following values: rn, = 1.2 + 0.1.10%° mol m? s™* and

K =1.10* L mol™.

4.4  The effect of temperature on the dissolution rate

The temperature dependence of dissolution rate generally follows the Arrhenius law:

IRT

(13) Rate=Ae

where A is the pre-exponential factor, Eap, is the apparent activation energy, R is the gas
constant and T is the temperature (K). To obtain experimentally the apparent activation energy
at different pH, experiments were carried out at 25, 50 and 70°C at acid pH by maintaining
constant both the pH and dissolved O, concentration (Table 1 and Fig. 9). The apparent
activation energy for arsenopyrite oxidation by oxygen at acid pH was 18.5 kJ mol™. Yu et al.
(2007) using short-term flow reactors (6-8 h) reported E,pp values (kJ mol™) of 43 (pH 1.8)
and 57 (pH 5.9). McKibben et al. (2008) carrying out short-term batch experiments at pH 2-

4.5 obtained a complicated non-Arrhenius behaviour similar to that reported by Rimstidt et al.
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(1994) for arsenopyrite dissolution in iron-rich solutions (from 0 to 25 °C, Egyp = 18 kJ mol™*
and from 25 to 60 °C, Eapp = -6 kJ mol™). Our E,pp values suggest that the overall arsenopyrite
dissolution is a mixture of surface and diffusion controlled processes. Further research using
rotating disk experiments would be necessary to distinguish between different reaction

mechanisms.

45  Arsenopyrite dissolution rates

A comparison of the arsenopyrite dissolution rates obtained in this study with previously
reported values is shown in Fig. 3. Table 5 gives the dissolution rates by abiotic oxidation by
DO and kinetic parameters obtained in our work and in reported studies of arsenopyrite
(Walker et al., 2006; Yu et al., 2007; McKibben et al., 2008). The rates of arsenopyrite
dissolution obtained in this work are approximately two-three orders of magnitude slower than
those reported by Yu et al. (2007) and McKibben et al. (2008), but in good agreement to that
reported by Walker et al. (2006). It is important to highlight that different experimental setups
and experimental conditions were used in these studies. Note that sulphide dissolution rates
obtained in very short-term experiments (< 50 h) are usually one order of magnitude faster
(Yu et al., 2007; McKibben et al., 2008). Indeed, on the onset of our long-term experiments
apparent dissolution rates were faster than steady-state rates. Thus, the advantage of the long-
term experiments is that achievement of durable steady state (> 300 h) guarantees the reaction
to proceed under steady mineral-solution conditions. In line with this explanation, the
dissolution rates obtained in this work are in good agreement with the rates obtained for other
sulphides such as pyrite (Domenech et al. 2002), chalcopyrite (Acero et al., 2007a, 2009),
sphalerite (Acero et al., 2007b), galena (Acero et al., 2007c) and marcasite (Asta et al., 2010)
based on long-term experiments. Therefore, we suggest that quantification of arsenopyrite

oxidation at acidic mine wastes is appropriately obtained by the long-term experiments.
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5 CONCLUSIONS

In the present study, the surface chemistry and arsenopyrite dissolution were studied by means
of stirred and non-stirred long term flow through experiments at a range of pH 1-9, at
temperatures from 25 to 70 °C at three different dissolved oxygen concentrations and under
far-from equilibrium conditions.

On the one hand, we have shown that under the studied experimental conditions,
arsenopyrite dissolution is strongly affected by dissolved oxygen and slightly affected by pH
and temperature. At acidic pH, stirred and non-stirred experiments yield the same dissolution
rate, and the rise in temperature yields an apparent activation energy of 18.5+1.6 kJ mol™ that
suggests that arsenopyrite dissolution is a mixture of surface and diffusion-controlled
processes. On the other hand, the arsenopyrite surface chemistry analysis showed that, under
acidic conditions arsenopyrite dissolution creates a sulphur-enriched surface layer. This layer
is mainly made up by polysulphides and sulphates although the presence of elemental sulphur
cannot be ruled out. However, these layers do not exert any passivating effect once the steady
state is attained. At mildly acid to basic pH, precipitation of Fe phases takes place. Fe-coating
grows on the mineral surface and prevents the diffusion of aqueous species through it. Thus,
steady state is not attained and the output concentration (and As release) decreases with time.

These results are representative of the conditions found in remediated AMD sites using
passive treatments where reacting limestone increases pH to ca. 7: Fe-layers passivate the
surface of sulphides, and in addition, the high stability of Fe oxy(hydroxide) at circumneutral
pH provides a considerable retention capacity of toxic metal(oid)s, such as arsenic, that are in
non-admissible levels in AMD.

This aqueous and solid chemistry-based study represents a firm step towards
understanding both the long-term behaviour of arsenopyrite dissolution and the implication

that arsenopyrite oxidative dissolution can have in arsenic contamination into distinct waters,
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showing the effects that dissolved oxygen and pH have on the complexity of arsenopyrite

dissolution kinetics.
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Table 1. Experimental conditions and arsenopyrite dissolution rates based on steady-state
values at acidic pH.

Table 2. Experimental conditions and dissolution rates obtained by the SCM at neutral and
basic pH. D is the diffusion coefficient for O, through the coating.

Table 3. Results obtained from X-ray Photoelectron Spectroscopy (XPS) determinations on
the initial and reacted arsenopyrite samples. Surface stoichiometry is represented by molar
ratios.

Table 4. Results obtained from micro-Raman spectra on the initial and reacted arsenopyrite
samples (AsFeS means arsenopyrite).

Table 5. Arsenopyrite dissolution rate laws obtained in earlier studies and in the present work.
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FIGURE CAPTIONS

Fig. 1. Variation in total iron (grey rhombi), arsenic (black rombhi) and sulphur (circles) as a
function of time in arsenopyrite representative experiments at different pH and 8.7 mgL™
of input O,-dissolved and 25 °C. Initial concentrations for the experiments are not
depicted for the sake of significance of the vertical scale at basic pH, and iron
concentration is not depicted because it was below detection limit.

Fig. 2. SEM images of (a) freshly ground arsenopyrite with attached microparticles on the
surfaces; (b) reacted arsenopyrite sample at pH 1 and 25°C, microparticles on the grains
mostly dissolved; (c) reacted arsenopyrite sample at pH 5.5, precipitates upon grains of
arsenopyrite; and (d) arsenopyrite grain with precipitates on surface after reacting at pH
1.5.

Fig. 3. Comparison of arsenopyrite oxidative dissolution rates versus pH obtained at 25°C and
atmospheric conditions in the present study and in reported works (see also Table 5 for the
experimental set up details). St-St means steady state conditions and SCM corresponds to
the dissolution rates obtained using the Shrinking Core Model (SCM).

Fig. 4. Variation in output As, S and Fe concentration as a function of time and dissolved
oxygen at 25°C and at pH 1 (a), at pH 3 (b). In (a) and (b) vertical lines delineate the
different stages with different input DO concentration at each stage.

Fig. 5. Arsenopyrite dissolution rate dependence on dissolved oxygen at pH 1 and 25°C. Log
arsenopyrite dissolution rate vs. log DO in the reactor calculated (a); dissolution rate vs.
dissolved oxygen (b).

Fig. 6. Curve fitted S2p and As3d spectra of arsenopyrite representative samples dissolved at
25°C, 8.7 mg L™ input DO and pH 3 (a) and (b); at 1.8 mg L™ input DO and pH 3 (c) and

(d); 8.7 mg L™ input DO and pH 5.6 (e) and (f) and ); 8.7 mg L™ input DO and pH 7.
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Fig. 7. MicroRaman spectra of arsenopyrite samples reacted at 8.7 mg L™ DO at 25 °C and at
pH 3 (a); and pH 7 (b).

Fig. 8. Evolution of the molar fraction of arsenopyrite dissolved, X, versus time in the
experiment ASP-22 (see Table 2). The curves are the plot of the process controlled by the
surface dissolution step (k control; eq. 2), by the diffusion across the coating step (D
control; eq. 3), and by the SCM model (the addition eq. 2 and 3).

Fig. 9. Arrhenius plot of arsenopyrite dissolution rates obtained at acidic pH (a) and 8.7 mg L

Linput DO. The apparent activation energy is obtained in kJ mol™.
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Figure 4b
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Figure 5a
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Figure 5b
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Figure 6
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Figure 7
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Table 1

Flow logDO Final  initial  final

T s Fe As R
Experiment Stiming Electrolyle  rate  PH  input _calculated e AN - R Rl e ko ki A
{mL min") (met L") (°c) (M) FelAs SiAs FelS (m'g ) ig) (mol m* s
ASP-1 no H,50, 0040 10 36 a7 25 99877 3276 2938 11 - - 054 05014 04875 7410 _101 8210 101
ASP.2 no H.S0, 0040 27 38 38 25 963 4134 3466 11 - - 040 05028 04062 1310™ .99 1410™ g
ASP-3 no HCI 0037 12 .38 3a 25 1837 3843 345 11 05 21 067 05039 04912 5710" .102 8210" .102
ASP4 no HCI po3s 31 38 37 25 1837 3086 2067 10 06 17 065 05076 04930 5910" 102 st10" 102
ASP.5 yes HCI 0041 11 .38 39™ 25 2776 5397 S033 11 05 19 063 08002 07330 7510" 101 810" 101
ASP.7 no HCI 0034 13 .42 44 25 434 918 783 12 08 12 043 0503 05013 2010" 107 2410 -108
ASP.-8 no HC! 0036 31 42 48™ 258 2260 2251 1742 13 13 10 060 07981 07%19 2210" 107 2810 -108
ASP.9 no HCI 0038 11 42 A7™ 26 2293 1889 1584 12 10 08 045 (08088 07992 25»10':: -106 3o010" .05
ASP-10 o FeAMSO, 0038 12 42 37 25 124520 10070 2149 - - - 0BT 04837 04829 47107 .03 . .
ASP.11 no HC! pot4 11 .52 5S4 25 9Bt 783 438 18 17 0B 033 08080 0875 2110% 117 37107 114
ASP-12-a yes HCI 0046 12 42 47™ 25 BBY 1628 1480 11 06 18 048 08239 08121 2310" 108 2610" -106
ASP-12-b yes HCI 048 13 .52 54 25 389 438 303 11 13 11 048 08239 08085 49107 113 70107 -112
ASP-50-1 no HCI 0033 11 38 A9 50 2012 5427 5184 10 06 19 048 05018 04742 13107 99 1310 99
ASP-50-2 no HCI 0035 29 386 39 SO 4838 7167 7872 10 06 15 051 08037 07763 1.210" -89 1110 -100
ASP.70-1 no MCI 0037 t0 .36 37 70 2801 59068 4913 12 09 21 041 0S011 04785 1410" .88 1710" .98
ASP-13 no HCI D038 52 38 -38 25 3/90 2563 3372 08 11 07 063 05086 04702 7310" -101 s5610" -103
ASP.14 no DDW 0036 55 -38 37 25 1545 406 1803 02 08 03 067 05023 04851 3210" 105 73107 111
ASP-15 yes DDW 0035 S8 .38 41 25 ©124 3505 6612 05 14 04 050 08039 07754 8410" 101 4510 -103
ASP-16-8 no Dow 0040 58 52 56 25 480 062 130 05 22 01 061 08033 08024 1710 .118 8410" -121
ASP-18-b no DDW 0033 58 38 40 25 7111 1524 804t 03 12 02 061 08033 07875 6910" 102 170" 108
ASP-17 no Dow 0030 44 38 39 70 6151 2368 4743 05 13 04 065 08002 07796 4610" -103 2310 -108
ASP.18 no HC! 043 13 .36 36 25 319 820 988 12 04 31 051 (7854 07444 1010™ 100 1210 .99
ASP-19 no HC 0176 12 -36 38 25 603 1409 1080 08 04 18 046 07065 06772 1010" -100 1310" .98
ASP-20 no HCI 0380 30 42 42 25 bdl 937 830 08 . . 060 08380 08092 1110 .100 121" .98
ASP-21 ) HC! D403 10 42 42 25 bdl 262 25 10 - - 034 08171 08076 6310" 102 6510" -102
BAT Dolow Fetecion R
n e Nt cakodated

(4) Log DO measured in the Steady State ey the same expeviments’ condions = 38201
&) Log DO measuad in the Steady Stale uer the same aapeimonted condtons = 47201
(¢) Log DO measved in the Steady Stwe under (he same experimantnl conditions = 552 0.1



Table 2

Experiment  Stirring Electrolyte Flow rate pH ot 'ND:MNM T iniialmass final mass Rs log Rg D
(mL min"') (mol L) (°C) (a) {molm*s”) (m?s’)
ASP-22 no KH.PO, 0.034 75 3.6 3.6 25 0.5027 0.5005 4.010"° 0.4 10107
ASP-23 yes KH,PO4 0.036 75 36 37 25 08040 0.7957 5610 92 7.010™
ASP-24 no N2,8,0, 0.031 9.1 36 37 25 0.5064 0.5014 4010 -84 1510
ASP-25 yes Na,B,0, 0.032 8.9 36 36 25 0.8040 0.7925 Do not fit SCM Do not fit SCM




Table 3

S Fe As
Sample pH (at. %) ! FelS As/S FelAs
Initial FeAsS 33.0 33.0 33.0 1 1 1
ASP-25-1* 1.0 35.9 26.2 36.7 0.73 1.02 0.71
ASP-25-3 1.2 37.5 27.5 34.2 0.73 0.91 0.80
ASP-25-2* 2.7 35.1 20.7 42.1 0.59 1.20 0.49
ASP-25-4 3.1 34.7 28.7 35.6 0.83 1.03 0.81
ASP-25-23 5.8 17.2 41.4 38.4 2.40 2.23 1.08
ASP-25-11 9.1 33.8 47.4 18.9 1.40 0.56 2.51

T Estimated normalizing out the rest of elements (oxygen and adventicious carbon)

* Expenments camed out in H ; SO , solutions



Table 4

Raw

AsFeS 1?2
AsFeS 12

AsFeS "2
AsFeS 2

SiO,
AsFeS '?

AsFeS 12
AsFeS 12

pH 3
AsFeS "2
Ass0;
AsFeS 12
Fe,0,°
AsFeS+S 12°
AsFeS +As,0, **
AsFeS '
Fe,0,+AsO,+S >4°07

(1) McGuire et al. (2001b);

(2) Costa et al. (2002);(3) Martens et al. (2003a);
(4) Flynn et al. (1976); (5) Bersani et al. (1999);

pH 7
AsFeS 2
As,0O; + Fe,0,>4°
AsFeS 2
AsFeS "2
As;0, ¥
As,0,
AsFeS 2
AsFeS 2

(6) Mycroft et al. (1990),(7) Martens et al. (2003b).



Table 5

Tome. > EM.':;" g oxo:oﬂmm
Experiment type pH
"C)  (mgLl")  (kImol’) (moim®s") mn
Walker ot al. (2006} Muoced flow reactor 8387 25 0.3.17 . =102 145009 10
McKibben et al, {2008) Bateh reactor 2-5 10-40 - = r=10" nlozm?lanzo 18) a,..°”"°°°' .
Yu et al. (2007) Mixed flow reactor 1884 1545 02248 57 e QIR [Osymr f" {20 0%) &8
This shudy Flaw through reactor 18 25.70 087 185 r= 107 A1 0947 IO,Wl""‘”"' a,,, "3 1007 600-4500






