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ABSTRACT: The oxidative dissolution of arsenic-containing pyrite
is an important process controlling arsenic fate and transport in
groundwater aquifers. This process is further complicated by iron(III)
(hydr)oxide formation during pyrite oxidation, which can serve as a
crucial sink for mobilized arsenic. This study examines the oxidative
dissolution of arsenopyrite in the presence of Fe®* at circumneutral
pH. We show for the first time that despite their low solubility, small
quantities of additional Fe®" trigger electron transfer between Fe®*
and Fe(II) in arsenopyrite, resulting in higher extents of secondary
mineral formation and faster phase transformation. In addition,
dissolved arsenic concentrations are elevated in these systems because
of faster dissolution and faster phase transformation. These findings
have significant environmental implications for arsenic transport
under dynamic redox conditions, where interactions between Fe*
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and arsenopyrite can dominate arsenic-bearing pyrite oxidation as well as iron(III) (hydr)oxide formation and stability.

B INTRODUCTION

The oxidative dissolution of arsenic-containing pyrite crucially
affects the fate and transport of arsenic in groundwater and
surface water systems. According to the World Health
Organization, more than 137 million people worldwide are
affected by arsenic contamination of drinking water, leading to
increased risks of cancer.' Elevated arsenic levels frequently
result from biogeochemical processes mobilizing arsenic from
naturally occurring minerals in the sediment.”~* These minerals
include iron sulfides, such as arsenopyrite (FeAsS) and arsenian
pyrite [Fe(As,S),, where the As content is <I1—10%].°
Arsenopyrite can be oxidized by dissolved oxygen and by
Fe*(aq) through the following mechanisms:*’

4FeAsS(s) + 6H,0 + 110,(aq)
< 4Fe’*(aq) + 4H,As0,(aq) + 4S0O,> (aq) (1)

FeAsS(s) + 7H,O + 11Fe**(aq)

< 12Fe**(aq) + H;As0;(aq) + SO,* (aq) + 11H*

)

The oxidation of arsenic-containing pyrite is extremely
complex because of the simultaneous mobilization of arsenic
and iron.*”"’ Under oxidizing conditions, aqueous Fe** (egs 1
and 2) oxidizes to form Fe**, which can be further hydrolyzed
in aquatic systems to form iron(Ill) (hydr)oxide secondary
mineral precipitates.7 These precipitates can attenuate arsenic
through adsorption and coprecipitation, acting as natural sinks.
In this letter, we express the oxidation state of solid phases as

W ACS Publications  © Xxxx American Chemical Society

Roman numerals and the oxidation state of aqueous and sorbed
species as Arabic numerals. In addition, the term “dissolved (or
aqueous) Fe® species” is used to describe any reactive
hydroxo—Fe** aqueous complexes, such as Fe(OH)," or
Fe(OH),(aq), rather than just free Fe**(aq) cations. The
term “Fe**” is used to describe both colloidal Fe(III) phases
and hydroxo—Fe®* aqueous complexes.

Many previous studies have shown that Fe** can catalyze the
phase transformation of iron(III) (hydr)oxides,"'~"> and Fe?*
from arsenopyrite dissolution can potentially act in the same
manner. For instance, Burton et al."> studied the effect of Fe?*-
catalyzed phase transformation on arsenic associated with the
Fe(III) mineral precursors and found that the arsenate became
more tightly bound in the crystallized product phases after
phase transformation. While these studies have considered the
effects of aqueous Fe?* on iron(III) (hydr)oxides, more
complex redox systems are less studied. For instance, redox
interactions in systems in which Fe(II) minerals dissolve while
simultaneously precipitating iron(III) (hydr)oxides are not well
understood.

Furthermore, additional Fe3" can be introduced into
groundwater systems through anthropogenic means, such as
the injection of treated wastewater during managed aquifer
recharge (MAR) or in energy exploration water disposal.”'’
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Figure 1. AFM height images for arsenopyrite flat coupons reacted for 7 days in batch reaction mixtures containing 1.5 4M Fe** and 10 mM sodium
nitrate (A1), 1.5 #uM Fe*" and 10 mM sodium chloride (A2), 10 mM sodium nitrate (B1), and 10 mM sodium chloride (B2). The colored area under
the AFM line cuts indicates where on the surface there appears to be secondary mineral precipitation compared to the background roughness.

The quality of water used during MAR varies greatly from
resident groundwater because of the presence of oxidants such
as dissolved oxygen and Fe’', and arsenic can become
mobilized as a result.”'™>

Thus, this study examines how the presence of low additional
Fe** concentrations, comparable to those found in reclaimed
water used for MAR, will influence arsenopyrite oxidation and
secondary mineral phase formation.'"” While previous studies
have tested the ability of dissolved Fe** species to oxidize
arsenopyrite,””* most were conducted under low-pH con-
ditions, as dissolved Fe®* species have decreased solubility at
higher pHs. However, Moses et al. found that at higher pHs,
the oxidation of pyrite, a related iron sulfide mineral, by
aqueous Fe®" was 1 order of magnitude higher than oxidation
by dissolved oxygen.”® They hypothesized that at higher pHs,
aqueous Fe®" exists as a hydroxo—Fe** complex that can still act
as an effective oxidant.

The circumneutral oxidation of arsenopyrite by aqueous Fe**
species is crucial. This pH range is more environmentally
relevant than those in previous studies, and these geochemical
reactions can trigger the release of toxic arsenic into
groundwater resources. While higher or lower pH conditions

can occur in specific scenarios such as acid mine drainage,
circumneutral pH conditions are more common and can
provide a basis for studying other extreme pH scenarios.
Furthermore, the study by Moses et al. of pyrite oxidation by
Fe** did not consider secondary mineral formation, which can
act as a sink for aqueous arsenic in real systems.

Moreover, no studies have examined the simultaneous effects
of Fe** on arsenic mobilization, secondary mineral precip-
itation, or phase transformation under the circumneutral pH
conditions observed in most natural and engineered aquatic
systems. Both the formation and phase transformation of
iron(III) (hydr)oxide minerals can significantly impact the fate
and transport of arsenic where the oxidative dissolution of
arsenopyrite is a concern. The study presented here not only
addresses these knowledge gaps but also delineates how
complex Fe(II)—Fe(IIl) interactions, which can occur under
dynamic redox conditions, influence arsenic mobilization from
arsenic-containing iron(II) sulfide minerals.

B MATERIALS AND METHODS

Investigation of Arsenic Mobilization from Arsen-
opyrite. Arsenic mobilization from arsenopyrite powder was
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Figure 2. Arsenic concentration evolution for batch reactors containing arsenopyrite powder and 1.5 uM Fe®* over a 6 h reaction period for aerobic
sodium nitrate (A1), aerobic sodium chloride (A2), anaerobic sodium nitrate (A3), and anaerobic sodium chloride (A4). The dotted lines indicate
the maximal concentrations seen for the reactors without added Fe®" at 35 °C for each system. These dotted line values can be found in our previous

10
work.

monitored under aerobic and anaerobic conditions for systems
containing either 10 mM sodium nitrate and 1.5 uM Fe*" or 10
mM sodium chloride and 1.5 uM Fe*, concentrations
comparable to levels measured in tertiary treated wastewater
samples.'” Aqueous samples were taken from triplicate batch
reactors at 1 h intervals for 6 h. Arsenic concentrations were
measured using inductively coupled plasma-mass spectroscopy
(ICP-MS). The batch reactor temperature was varied from S to
35 °C to calculate activation energies (Table S1 of the
Supporting Information). The results from these experiments
were compared with our previously published data on arsenic
mobilization in systems without added Fe®* containing either
10 mM sodium nitrate or 10 mM sodium chloride under
aerobic and anaerobic conditions.'® Thus, a total of eight
systems were included in our experimental data set.

The nature of Fe’* in our system was investigated using
MINEQL+ (version 4.6). We found that when the formation of
ferrihydrite is considered, only 3.95 X 107 M Fe(OH)," is
soluble for both the nitrate and chloride systems. Considering
only the aqueous phase species, 90% of iron exists as Fe(OH),"
and 10% existed as Fe(OH),’(aq) for both systems. However,
these calculations assume that the system is at equilibrium.
Because the real system may have kinetic limitations, dissolved
Fe** species can exist as aqueous complexes at concentrations
higher than equilibrium values. For example, Dousma and
Bruyn®® studied the hydrolysis of a ferric nitrate solution and
found that, while the formation of smaller polymeric species
occurred quickly, larger polymers formed relatively slowly. In
addition to dissolved species, Fe** can also be present as
colloidal Fe(III) phases. These Fe®" species can potentially
react with arsenopyrite and form iron(IIl) (hydr)oxide

secondary mineral precipitates, as described later in our
proposed reaction mechanism.

Investigation of Secondary Mineral Formation.
Quantities and the morphology of secondary mineral phases
were determined using a combination of atomic force
microscopy (AFM), to assess the surface coverage, and
citrate—bicarbonate—dithionite (CBD) extraction, to quantify
the total amount of precipitated Fe(II) phases.”” Raman
spectroscopy at a low ma%niﬁcation was used to identify
secondary mineral phases.'” While the low magnification
prevented artificial aging of precipitates by the Raman laser,
acquired spectra still show the secondary minerals clearly. Tests
also confirmed that Raman did not cause phase transformation
of iron(IlI) (hydr)oxides (Figure S2 of the Supporting
Information). For these experiments, flat polished arsenopyrite
“coupons” were placed in the described batch reactors at room
temperature and allowed to react for up to 14 days. X-ray
diffraction (XRD) and transmission electron microscopy
(TEM) analyses of these systems were not feasible because
our experiments were conducted on a flat substrate.

Our experimental methods are detailed in the Supporting
Information.

B RESULTS AND DISCUSSION

We found that the effects of Fe** on arsenopyrite oxidative
dissolution are threefold.

More Secondary Mineral Precipitation in Additional
Fe3* Systems. AFM images (Figure 1) show significantly
more precipitation in the systems with additional Fe** after 7
days compared to the systems without Fe**."” With additional
Fe®', precipitation was smaller (10—50 nm height; N > 100

DOI: 10.1021/acs.estlett.5b00311
Environ. Sci. Technol. Lett. XXXX, XXX, XXX—XXX


http://pubs.acs.org/doi/suppl/10.1021/acs.estlett.5b00311/suppl_file/ez5b00311_si_001.pdf
http://pubs.acs.org/doi/suppl/10.1021/acs.estlett.5b00311/suppl_file/ez5b00311_si_001.pdf
http://pubs.acs.org/doi/suppl/10.1021/acs.estlett.5b00311/suppl_file/ez5b00311_si_001.pdf
http://pubs.acs.org/doi/suppl/10.1021/acs.estlett.5b00311/suppl_file/ez5b00311_si_001.pdf
http://pubs.acs.org/doi/suppl/10.1021/acs.estlett.5b00311/suppl_file/ez5b00311_si_001.pdf
http://pubs.acs.org/doi/suppl/10.1021/acs.estlett.5b00311/suppl_file/ez5b00311_si_001.pdf
http://pubs.acs.org/doi/suppl/10.1021/acs.estlett.5b00311/suppl_file/ez5b00311_si_001.pdf
http://dx.doi.org/10.1021/acs.estlett.5b00311

Environmental Science & Technology Letters

precipitates) in the sodium nitrate system than in the sodium
chloride system (50—100 nm; N > S0 precipitates). For the
sodium chloride system with Fe¥, the surface was much
rougher (RMS = 3.51 nm without added Fe**, compared to
23.9 nm with added Fe®'), indicating more extensive
dissolution and secondary mineral precipitation. Interestingly,
in the absence of Fe¥', there was less precipitation observed for
the chloride system (Figure 1B2) than for the nitrate system
(Figure 1B1). This mechanism is explored further later in the
manuscript.

The AFM observations are consistent with CBD measure-
ments of the total Fe(III) phases precipitated on arsenopyrite
powder after 7 days. Even after subtraction of the Fe*" initially
added to batch reactors (0.375 umol of Fe** per batch reactor),
the total precipitated Fe(III) phases quantities per reactor were
245 + 0.30 and 2.81 + 0.14 umol of Fe(OH); for the nitrate
and chloride systems, respectively. Without additional Fe®*, the
total quantities were 0.69 + 0.0015 and 0.65 =+ 0.14 pmol of
Fe(OH); for the nitrate and chloride systems, respectively.
Thus, the addition of Fe** led to more extensive precipitation.

Higher Arsenic Mobilization in Additional Fe3*
Systems. As shown in Figure 2, after 6 h with added 1.5
UM Fe’*, the concentration of arsenic increased to a maximum
of 0.45 + 0.05 uM for the sodium nitrate system and 0.65 +
0.06 uM for the sodium chloride system under aerobic
conditions at the highest temperature, 35 °C. These values
represent a 36% increase in arsenic concentration for the nitrate
system and an 18% increase for the chloride system compared
to same systems without added Fe*"."” We also expect that for
the aerobic systems at 35 °C, the impacts of secondary mineral
formation on arsenic concentration are the most exaggerated, as
previous testing has showed increased iron(IIl) (hydr)oxide
precipitation at higher temperatures (Figure S3 of the
Supporting Information). While the differences in arsenic
concentration are not striking, particularly for lower temper-
atures, the increase is troubling in the context of the increased
secondary mineral formation in Fe*'-containing systems. Our
results indicate that these minerals may not be a sufficiently
effective sink to entirely mitigate arsenic, despite their large
quantity.

To test whether the increases in arsenic concentration could
be due to increased oxidation of arsenopyrite by Fe®* in
addition to dissolved oxygen, these experiments were repeated
under anaerobic conditions. Interestingly, the maximal arsenic
concentrations for the anaerobic nitrate and chloride systems
containing Fe" were 0.17 + 0.02 and 0.18 + 0.06 uM (Figure
2A3 and 2A4), respectively. These values were similar, for the
chloride case, or even lower, for the nitrate case, than those of
the anaerobic systems without additional Fe*, indicating that
for circumneutral pH conditions in the absence of dissolved
oxygen, Fe®* is not able to oxidize arsenopyrite to a significant
extent.'”

The increased arsenic concentration under aerobic con-
ditions thus cannot be attributed to the oxidation of
arsenopyrite by Fe®, even though additional Fe* increased
secondary mineral formation. Possibly without dissolved
oxygen, the concentration of Fe’* was not high enough to
mobilize arsenic from arsenopyrite: The added Fe** concen-
tration was only 1.5 uM, compared to a dissolved oxygen
concentration of 6.19 mM. However, it is clear that when Fe3*
and dissolved oxygen coexist during arsenopyrite oxidative
dissolution, both iron(III) (hydr)oxide formation and arsenic
release are increased. We explore this mechanism further below.

Faster Secondary Mineral Phase Transformation with
Additional Fe**. Although the addition of Fe* increased
secondary mineral precipitation, this increase did not entirely
mitigate arsenic mobility, but rather arsenic concentrations
were increased. Mobilized arsenic quantities may exceed what
can be attenuated by secondary minerals. In addition, the
sorption capacity of these minerals is related to their phase.
Thus, to determine the process responsible, the phase of the
secondary minerals was investigated using Raman spectroscopy
(Figure 3). In our previous study without additional Fe**, only
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Figure 3. Optical microscope images of the arsenopyrite coupon
reacted in systems containing 1.5 4M Fe’* and 10 mM sodium nitrate
for 7 days (A1) and 14 days (A2), or 1.5 uM Fe*" and 10 mM sodium
chloride for 7 days (B1) and 14 days (B2). Colored symbols indicate
where the Raman spectra (C) were taken. Maghemite was the
dominant phase identified for the 14 day sample from the chloride
system, while for all other systems, hematite was the dominant phase.
The macro-scale mechanism for secondary mineral phase trans-
formation is shown in panel D. The spectra for ferrihydrite can be
found in Figure S4 of the Supporting Information.

maghemite was observed on the arsenopyrite surface for the
nitrate system, while both maghemite and hematite were
observed for the chloride system. Furthermore, for the nitrate
system, only maghemite was observed, even after reaction for
14 days."

For both systems with additional Fe®*, maghemite was the
first detectable secondary phase after 4 days. By 7 days, the
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maghemite had undergone phase transformation, becoming
hematite. With an increase in time, maghemite precipitates
were again observed on the surface of these coupons, even on
areas coated in the blueish precipitates. These blueish
precipitates were consistently identified as hematite during
our previous study of arsenopyrite oxidation.'” Additional CBD
analysis conducted on arsenopyrite powder reacted for 14 days
showed that the iron(III) (hydr)oxide precipitate quantities per
batch reactor increased with time from 2.83 + 0.30 gmol at 7
days to 3.36 + 0.17 pmol at 14 days for the nitrate system and
from 3.19 + 0.14 ymol at 7 days to 3.47 + 0.28 pumol at 14 days
for the chloride system. If the phase transformation of hematite
back into maghemite were the main mechanism, the total
Fe(Ill) precipitate quantity would not increase. Thus, we
concluded that the observed maghemite spectrum results from
maghemite precipitates forming on surfaces already coated with
hematite (Figure 3D). These Raman observations show that
additional Fe®" not only led to increased precipitation but also
accelerated phase transformation.

Mechanism of Fe3*—Arsenopyrite Interactions. We
propose a mechanism analogue to the discussion by Moses and
Herman for circumneutral pyrite oxidation.”® First, the
additional Fe** can sorb on the surface. Fe'! in the mineral
can then donate its electron to Fe’*, forming Fe' and either
directly reducing Fe** to Fe?* or forming a Fe**/Fe** complex
with a delocalized electron. This Fe** or Fe**/Fe** complex will
donate its electron to dissolved oxygen, forming Fe®* again and
repeating the cycle. With time, Fe' on the surface will form
iron(Ill) (hydr)oxide secondary mineral precipitates. The
phase transformation of these minerals can be accelerated
because of electron transfer and atom exchange between Fe*
and Fe®', and the precipitation extents will be greatly increased
due to the increased oxidative dissolution by Fe**. Colloidal
Fe(III) phases can also potentially adsorb onto the arsenopyrite
surface and undergo phase transformation to form more aged
iron(IIT) (hydr)oxide minerals such as maghemite.”” This phase
transformation can be accelerated by Fe** present from
arsenopyrite dissolution. However, even if all of the added
Fe** formed Fe(III) colloids that deposited on the arsenopyrite
surface, this could account only for less than 12 and 13% of the
total precipitated secondary Fe(IIl) minerals for the chloride
and nitrate systems, respectively. Therefore, this mechanism
may be less significant than precipitation which forms during
the oxidation of arsenopyrite.

During this oxidation process, arsenic can be dissolved from
the exposed arsenopyrite surface. Even after reaction for 14
days, there was still some arsenopyrite surface exposed to the
solution that could be seen using the Raman optical
microscope. However, dissolution may become slower as
more of the surface is coated in secondary minerals.

In addition, if iron(III) (hydr)oxide solids on the
arsenopyrite surface become charged with Fe(II) due to the
delocalization of electrons, they can be continuously oxidized
by dissolved oxygen, which explains the increased precipitation
quantities even after 14 days, when the surface is coated by
precipitates. Electron transfer kinetics can also be different in
the presence of these iron(III) (hydr)oxides. For example, if
electron transfer from arsenopyrite to maghemite to oxygen is
faster than transfer from arsenopyrite to oxygen, oxidation can
occur more rapidly. Furthermore, because the electrical
conductivity of sodium chloride exceeds that of sodium nitrate
at ambient temperatures, electron transfer would be faster in
sodium chloride than in sodium nitrate.®® Thus, this

mechanism bolsters our observation of faster dissolution and
more extensive precipitation in the chloride system compared
to the nitrate system (Figure 1Al and 1A2).

Our findings call immediate attention to the role of
additional Fe®* in arsenopyrite oxidative dissolution kinetics
at circumneutral pHs. We have found that aqueous Fe* species
can still be highly reactive toward arsenopyrite, resulting in both
faster dissolution and more extensive secondary mineral
precipitation. These species can be present along with
precipitating iron(III) (hydr)oxides as the system approaches
equilibrium. Future investigations are needed to delineate the
exact mechanism of reaction, including (1) the potential
formation of Fe**/Fe** complexes and (2) the fate of sulfur and
arsenic speciation from arsenopyrite in our experimental
systems. This study provides insight into arsenic transport in
aquatic systems, where the quantities and phase of iron(III)
(hydr)oxides can significantly impact arsenic concentrations.
These findings also have vital implications for MAR, where Fe3*
can be introduced along with dissolved oxygen to subsurface
systems containing arsenic-bearing sulfides.
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