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ABSTRACT: Greigite and other iron sulfides are potential, cheap,
earth-abundant electrocatalysts for the hydrogen evolution reaction
(HER), yet little is known about the underlying surface chemistry.
Structural and chemical changes to a greigite (Fe3S4)-modified electrode
were determined at −0.6 V versus standard hydrogen electrode (SHE) at
pH 7, under conditions of the HER. In situ X-ray absorption
spectroscopy was employed at the Fe K-edge to show that iron−sulfur
linkages were replaced by iron−oxygen units under these conditions.
The resulting material was determined as 60% greigite and 40% iron
hydroxide (goethite) with a proposed core−shell structure. A large increase in pH at the electrode surface (to pH 12) is caused
by the generation of OH− as a product of the HER. Under these conditions, iron sulfide materials are thermodynamically
unstable with respect to the hydroxide. In situ infrared spectroscopy of the solution near the electrode interface confirmed
changes in the phosphate ion speciation consistent with a change in pH from 7 to 12 when −0.6 V versus SHE is applied.
Saturation of the solution with CO2 resulted in the inhibition of the hydroxide formation, potentially due to surface adsorption
of HCO3

−. This study shows that the true nature of the greigite electrode under conditions of the HER is a core−shell greigite-
hydroxide material and emphasizes the importance of in situ investigation of the catalyst under operation to develop true and
accurate mechanistic models.
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■ INTRODUCTION

Metal sulfides find extensive use as electrode materials in Li-
ion batteries and as electrocatalysts.1−3 In aqueous media,
sulfides of molybdenum,4,5 nickel,6 and cobalt7 among others
have been shown to catalyze the hydrogen evolution reaction
(HER) and thus are considered as nonprecious metal
alternatives to platinum for electrocatalytic hydrogen gen-
eration from water.2,3 The cheap and earth-abundant iron
sulfide materials such as pyrite8−11 (FeS2), pyrrhotite12

(Fe1−xS), and greigite (Fe3S4)
13 have also been demonstrated

as stable electrodes for the HER. For iron sulfides, depending
on factors such as sulfide phase, morphology, solution
composition, and pH, water reduction is reported to take
place at potentials negative of −0.1 V versus standard
hydrogen electrode (SHE). Good material stability is reported
in most cases, as evaluated by constant current density
measurements recorded over many hours and reproducibility
with respect to repeated use. However, although ex situ
characterization of such electrodes has been carried out using

X-ray diffraction (XRD) and Raman and X-ray photoelectron
spectroscopy, in situ studies to determine the nature of the
catalyst surface under operating conditions are still lacking. In
some studies, the iron sulfide material has been re-examined
after use with scanning electron microscopy or XRD to
determine if structural or chemical changes have taken place
under catalytic conditions. However, these techniques would
not necessarily reveal the presence of amorphous materials or
changes confined to the surface of the catalyst.
It is important to consider the stability of iron sulfides at the

negative applied potentials required for the HER, as these
materials have a complex redox chemistry.14−20 Inspection of
the pH-potential (Pourbaix) diagrams for iron sulfides14,21

shows that at pH 7 the sulfide is no longer thermodynamically
stable at potentials more negative than ca. −0.4 V (depending
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on the sulfide) and is expected to reduce to Fe0. Thus, it is
predicted that under some experimental conditions reported
for HER catalysis, the thermodynamically stable form of the
iron sulfide electrode is metallic iron. In addition, at neutral
pH, the HER reaction proceeds as shown in eq 1

2H O 2e H 2OH2 2+ → +− −
(1)

Hence, because of the generation of OH− during the HER,
the local pH at the electrode interface may rise substantially
above 7 if buffering is not effective.22 As iron sulfide speciation
is both pH- and potential-dependent, it is important to
determine the stability of the iron sulfide electrode under such
local pH changes. Indeed, for studies carried out under basic
conditions, the transformation of iron sulfide to hydroxide and
oxyhydroxide could proceed even in the absence of an applied
potential. Given that theoretical models often assume a pristine
“as-prepared” catalyst surface,10 to truly achieve mechanistic
understanding and further improve catalyst performance,
experimental determination of the catalyst surface chemistry
during the reaction is required.
In this contribution, we describe the use of in situ X-ray

absorption spectroscopy (XAS) to monitor the oxidation state
and coordination environment of the iron centers in greigite as
a function of applied electrode potential at pH 7. Greigite is an
especially interesting case; as being a metastable sulfide, only
limited information is available about its stability in the
potential and pH ranges of the HER. In addition, iron is
present in both +2 and +3 oxidation states, meaning that the
reduction of greigite to FeS (eq 2) is also possible in the
potential range of interest

Fe S 2H O 2e 3FeS H S 2OH3 4 2 2+ + → + +− −
(2)

Figure 1 shows an adapted Pourbaix diagram for greigite
over the cathodic potential and pH ranges of interest. This

figure has been prepared using references where the reported
stability range of greigite does not extend above pH 7,14,21

although it should be noted that Pourbaix diagrams have been
calculated that extend the stability range of greigite to higher
pH when the S-to-Fe ratio is higher.23 From Figure 1, it is clear
that the reduction of greigite to FeS and then Fe0 is predicted
as the applied potential is swept more negative. However, in
this work, we show that the XAS spectral changes observed at
potentials negative of −0.6 V do not indicate reduction of
greigite to FeS, but the spectral changes are instead consistent
with replacement of sulfur coordination with oxygen. In situ
infrared (IR) spectroscopy is employed to show that at

negative applied potentials, the pH at the electrode surface
increases from 7 to ca. 12. We propose that under the
conditions of the HER, greigite converts to iron hydroxides, as
predicted by the Pourbaix diagram (Figure 1), where fougerite
(Fe(II)2Fe(III)(OH)7) and green rust (amorphous mixed
Fe(II)/Fe(III) hydroxides) are the indicated stable phases at
pH 12. In addition, given that greigite24 and other iron
sulfides25−27 have been shown to act as electrocatalysts for the
reduction of CO2, we have repeated these studies in a CO2-
saturated solution. CO2 reduction competes with the HER at
these electrodes, as potentials more negative than −0.6 V
versus SHE are required for appreciable conversion of CO2.
Repetition of the in situ XAS experiments in the CO2-saturated
solution shows that dissolved CO2 inhibits the transformation
of greigite to hydroxide. Calculated binding energies suggest
that the adsorbed HCO3

− species may protect the surface by
inhibiting the HER.

■ METHODOLOGY
Greigite was synthesized as described previously24 (Supporting
Information SI1) by solvothermal decomposition of iron
dithiocarbamate complexes in oleylamine (Z-octadec-9-enyl-
amine), which acts both as a solvent and capping agent. The
resulting amine-capped nanoplatelets were of average
dimensions 100 × 70 × 20 nm with the largest surfaces
being the {100} plane and the {111} edges, as determined by
high-resolution transmission electron microscopy (HRTEM)
(see Figure S1).24 For in situ XAS experiments, greigite
dispersed in a carbon nanoparticle matrix was used and
synthesized in the same way as the pure greigite but with
nanocarbon powder present in the reaction vessel.
The greigite nanoparticles were suspended in isopropanol

and then drop-coated onto a boron-doped diamond (BDD)
working electrode and characterized using cyclic voltammetry
(CV). For CV experiments, a standard three-electrode cell was
used, composed of the 3 mm diameter greigite-modified BDD
working electrode, a Pt wire coil counter electrode, and a Ag/
AgCl (sat. KCl) reference electrode. For in situ XAS
experiments, an air-tight cell was designed with a Kapton
window to allow penetration of X-rays to the electrode surface
(Figure 2a). The working electrode was a carbon rod coated
with greigite in a carbon matrix and positioned ca. 0.5 mm
from the window. Measurements were taken in fluorescence
mode on the Fe K-edge (Supporting Information, SI2), and
the X-ray absorption near-edge structure (XANES) was
analyzed semiquantitatively with linear combination fitting
(LCF) of possible contributions using reference spectra of iron
sulfide and hydroxide samples (Supporting Information, SI3).
In situ IR spectroscopy was carried out by positioning a
greigite-modified BDD electrode directly over the prism of an
attenuated total reflectance (ATR) IR spectrometer (Figure
2b, Supporting Information, SI6). Difference spectroscopy was
employed, where first a spectrum of the immersed electrode
without a potential applied was measured, which was used as
the background for all subsequent spectra. Thus, for the
spectra presented in this paper, an IR band showing an
increase in absorbance represents a species that increased in
concentration when the potential was applied, whereas a
negative band represents a species that decreased in
concentration. Density functional theory calculations were
carried out to predict energies for oxygen incorporation into
greigite and binding energies of species at greigite surfaces
(Supporting Information, SI7).

Figure 1. Pourbaix diagram for greigite (Fe3S4) over the pH and
potential range of interest in this study. Figure is adapted from ref 14,
where [Fe]T = 10−3 mol dm−3; [S(−II)] = 10−3 mol dm−3; and T =
298 K, p = 1 bar. The green line indicates the potential sweep range of
CV in Figure 4 at pH 6.8.
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■ RESULTS AND DISCUSSION

Stability of Greigite in a pH 7 Electrolyte. XANES
spectra are shown (Figure 3a) for dry greigite and after
immersion for 60 min in deoxygenated 0.1 M pH 6.8
KH2PO4/K2HPO4 solution with no applied potential. The
two are very similar and show a characteristic pre-edge feature
A, a shoulder to the edge B, and a white line (edge) intensity
C. A represents the forbidden Fe 1s to Fe 3d transition,
whereas C shows the first allowed Fe 1s to Fe 4p transition.28

Shoulder B is an indicator of the coordination between Fe and
S, as it represents the normally forbidden Fe 1s to Fe 4s
transition. This becomes more allowed and hence more
intense, when the S 3p orbital overlap contributes p character
to the Fe 4s orbital.29,30 Shoulder B is absent or less intense for
iron oxides28 as the oxygen is harder and hence oxygen p
orbital overlap is less effective.31 LCF analysis confirms that the
only contribution to the XANES spectrum for both dry and
immersed samples is from greigite. The lack of contribution
from oxide confirms that the oleylamine capping agent protects
greigite from oxidation by air. As immersion in 0.1 M
KH2PO4/K2HPO4 does not result in significant spectral
changes, this indicates that greigite is stable under neutral
conditions even under X-ray irradiation. Moreover, the spectral
response is not significantly perturbed by surface coordination
of water and phosphate or loss of the capping agent (through
dissolution).
Stability of Greigite at Negative Applied Potentials.

The greigite-modified electrode was characterized in 0.1 M pH
6.8 KH2PO4/K2HPO4 using CV (Figure 4). During the first
scan, the current is close to zero until −0.50 V versus SHE
when reduction currents start to flow (R1). On the reverse

scan, anodic peaks are observed at −0.20 V (O1) and 0.0 V
(O2). Subsequent scans differ from the first, with additional
cathodic peaks present at −0.20 V (R2) and −0.55 V (R3).
Peaks R2, R3, O1, and O2 increase in magnitude with repeated
cycling; their assignment is considered later. The near-zero
current observed between 0 and −0.5 V on the first scan
suggests the presence of a passivating layer, such as the
oleylamine capping agent, on the greigite surface. This inhibits
the close approach of electrolyte ions responsible for capacitive
currents, as well as slowing the kinetics of the redox processes
predicted to occur at these potentials. The Pourbaix diagram14

(Figure 1) shows that reduction of greigite to FeS (eq 2) is
feasible at potentials below −0.20 V at pH 6.8; however, no
reduction currents are observed at this potential. It is possible
that R1 may be attributed to this reaction if a passivating layer
and slow electron-transfer kinetics result in an overpotential for
the process. In addition, negative of −0.4 V direct reduction to

Figure 2. Schemes of (a) in situ XAS electrochemical cell, side view cross section (not to scale). WE = working electrode; CE = counter electrode;
RE = reference electrode; (b) in situ ATR IR experiment (not to scale); BDD = boron-doped diamond.

Figure 3. (a) XANES spectra for dry greigite (black); greigite immersed for 1 h in deoxygenated pH 6.8 0.1 M KH2PO4/K2HPO4 solution (red)
and pH 11.2 0.1 M K2CO3 solution (blue). (b) XANES spectra for the greigite electrode in deoxygenated pH 6.8 0.1 M K2HPO4/KH2PO4 solution
at −0.05 V vs SHE for 60 min (black) and −0.60 V vs SHE after 20 min (red), 40 min (blue), and 60 min (green). Labels A−C are described in
the text.

Figure 4. First and second CV scans of the greigite-modified
electrode in deoxygenated pH 6.8 0.1 M K2HPO4/KH2PO4 solution.
Scan rate 0.01 V s−1. Labels R1−3 and O1−2 are described in the
text.
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Fe0 also becomes possible and hence R1 may have
contributions from the reaction in eq 3

Fe S 8H O 8e 3Fe 4H S 8OH3 4 2 2+ + → + +− −
(3)

The competing reaction of water reduction (eq 1) could also
result in current R1 at this potential, consistent with previous
HER studies.10,13,26

To determine any changes in the iron oxidation state or
coordination environment associated with R1, in situ XANES
spectra were recorded at −0.05 and −0.60 V versus SHE, with
potentials held for 60 min (Figure 3b). At −0.05 V, the spectra
were identical to those of dry greigite, which is consistent with
the lack of redox behavior observed at this potential. The
Pourbaix diagram (Figure 1) predicts that greigite should
transform to green rust under these conditions, but this is not
observed, likely due to slow kinetics or the protection of the
greigite surface by the capping agent. At −0.60 V, the edge
shoulder B was lost over time and the white line intensity C
increased. Loss of B indicates a decrease in Fe−S
coordination28 and increased white line intensity is character-
istic of increased Fe−O coordination.32,33 Although the
shoulder B is lost, the position of the edge does not shift
significantly over time. The edge position is a reflection of the
average oxidation state of the iron centers, which remains
unchanged throughout the analysis. Hence, there is no
evidence in the XANES spectra for the transformation of
Fe3S4 to FeS, as predicted by eq 2, or further reduction to Fe0.
This indicates that although the reactions in eqs 2 and 3 are
thermodynamically viable, the kinetics are slow. Spectral
changes are instead indicative of replacement of S with O
and formation of surface oxide or hydroxide. This
interpretation is corroborated by extended X-ray absorption
fine structure (EXAFS) analysis, which shows a shortening
bond distance in first shell coordination at negative applied
potentials, consistent with replacement of longer Fe−S bond
distances with shorter Fe−O distance (Supporting Informa-
tion, SI4).
One explanation for this observation could be the

dominance of the HER at this potential (eq 1) with
concomitant generation of OH−, resulting in a pH increase
close to the electrode. According to the Pourbaix diagram,14 a
pH > 11 at −0.6 V can result in the transformation of both
Fe3S4 and its reduction product FeS into green rusts. These are
amorphous mixed Fe(II)/Fe(III) hydroxide species, including
fougerite, with stoichiometry depending on pH, potential, trace
oxygen, and the presence of other anions. Green rusts are
precursors to the iron oxyhydroxide goethite, α-FeOOH.
Therefore, a XANES spectrum for goethite was used as a
standard “hydroxide” for LCF fitting of the XANES spectra
(Supporting Information, SI3). LCF analysis of the XANES
spectrum at −0.60 V applied for 60 min (Figure 3b) shows
that the final electrode material has a greigite content of 60%
with iron hydroxides (goethite) contributing the remaining
40%. The feasibility of the proposed pH-induced change is
supported by comparison of the final XANES spectrum at
−0.60 V with that recorded for greigite immersed in
deoxygenated pH 11.2 electrolyte (Figure 3a). In the basic
electrolyte, shoulder B is lost and the white line intensity C
increases, even when no potential is applied and the spectrum
matches that shown in green in Figure 3b. LCF shows the
resulting material to have composition similar to greigite held
at −0.60 V in pH 6.8 electrolyte, that is, 38% iron hydroxide
and 62% greigite, thus confirming that the observed changes

could take place if the pH at the electrode interface increased
to >11 when the potential was applied.

Experimental Evidence for Local pH Increase. To
show that such a significant pH change takes place at −0.60 V,
in situ ATR IR difference spectroscopy was used to monitor
changes in the relative concentrations of phosphate species at
the electrode surface when negative potentials are applied
(Figure 5). At −0.60 V, in Figure 5b, clear changes in

absorbance are seen in the phosphate band region.22,34

Increases in absorbance are noted at 850, 990, and 1078
cm−1, corresponding to an increase in HPO4

2− in the IR
sampling region close to the electrode. The apparent splitting
of the 1078 cm−1 band is due to the concurrent loss in
absorbance at 1077 cm−1, which along with negative bands at
1159, 940, and 875 cm−1 indicates a decrease in the interfacial
concentration of H2PO4

−.35 Initially, a strong positive band is
also seen at 1010 cm−1, which decreases in intensity over time
and is absent by the final spectrum. The 1010 cm−1 band is
assigned to PO4

3− and indicates that application of −0.60 V
induces deprotonation of the solution phosphate species at the
electrode interface. The pKa values (not corrected for ionic
strength) for eqs 4 and 5 suggest that for the PO4

3− band to
emerge in the spectrum, the pH of the solution at the electrode
interface must be close to 12

KH PO H HPO p 7.22 4 4
2

a→ + =− + −
(4)

KHPO H PO p 12.34
2

4
3

a→ + =− + −
(5)

In contrast, at −0.05 V, only small changes in the spectrum
are observed (Figure 5a), indicating little change in interfacial
solution speciation at this potential compared to when no
potential is applied. The changes that are observed are
consistent with small amounts of deprotonation of the H2PO4

−

species in response to the applied potential.
Calculation of pH Increase at the Electrode. Using the

current density, j, achieved at −0.6 V in Figure 4, an
approximate surface OH− concentration [OH−]x = 0 can be
calculated, where x is the perpendicular distance from the
surface of the electrode to the bulk of the solution, assuming
that all current can be attributed to the water reduction
reaction in eq 1. The magnitude of j can be related to the
concentration gradient of OH− at the electrode by eq 6

Figure 5. In situ ATR IR difference spectra obtained at the greigite-
modified electrode in deoxygenated solution at pH 6.8 0.1 M
K2HPO4/KH2PO4 at (a) −0.05 and (b) −0.60 V (5 min = red; 35
min = blue; 55 min = green).
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j nFD
OH OHx 0 x

δ
=

[ ] − [ ] δ
−

=
−

=
(6)

where D is the diffusion coefficient for OH−, δ is the diffusion
layer thickness, n is the number of electrons transferred per
OH− formed (in this case 1), and [OH−]x = δ is the bulk
concentration of OH−. Approximate values for δ may be
calculated using δ = √(2Dt), where t is the time over which
the reaction proceeds. For a CV analysis carried out at 10 mV
s−1 (such as in Figure 4), t is of the order of 10 s, resulting in δ
of 0.03 cm. For the in situ XAS and IR experiments shown in
Figures 3 and 5, t is greater than 100 s, resulting in δ of 0.1 cm
and above. Substituting these values into eq 6, along with j of
approximately 1 mA cm−2 (from Figure 4), D from the
literature36 of 5 × 10−5 cm2 s−1, and [OH−]x = δ of 1 × 10−10

mol cm−3 (bulk solution of approximately pH 7), results in
values of [OH−]x = 0 of 1 × 10−3 mol cm−3 during a typical CV
analysis and 1 × 10−2 mol cm−3 for in situ XAS and IR
experiments. These concentrations correspond to interfacial
pH values of 11 and 12, respectively. The Henderson−
Hasselbalch equation can be used to calculate the anticipated
increase in PO4

3− concentration associated with a pH of 12,
using the pKa value for eq 5. A concentration increase of 35
mM is predicted, which is consistent with the spectral changes
observed at −0.6 V in Figure 5. In previous studies, we have
observed spectral changes of similar magnitude for concen-
tration changes in this range, obtained through calibration.35

The spectral changes and this calculation support the proposal
that water reduction increases interfacial OH− concentration
sufficiently to promote the transformation of iron sulfides into
hydroxides. The loss of the PO4

3− band over time indicates
that the local pH drops after the initial increase, likely due to
buffering. Similar local increases in pH (to >12) during
electrochemical H2 evolution at n-GaAs electrodes have also
been observed using ATR IR spectroscopy.22

Nature of the Iron Hydroxide. In situ XANES spectra
show that the hydroxide component of the electrode material
persists and remains stable when potentials of +0.2 V are
subsequently applied and throughout a second cycle of
negative applied potentials (Supporting Information, S3).
This indicates that once formed, the hydroxide is not stripped
off by electrochemical oxidation or reduction and is stable to
electrochemical cycling. This enables us to assign the O1 and
O2 peaks in the CV reverse scan (Figure 4) to redox processes
associated with the hydroxide. One example of such a redox
process is given in eq 7

Fe(II) Fe(III)(OH) OH

Fe(II)Fe(III) (OH) e
2 7

2 8

+

→ +

−

−
(7)

However, it is not possible to definitively assign O1 or O2 to
this reaction or one of the many different reported redox
reactions for both iron oxides/hydroxides and solution sulfide
species over this potential range.15−20 This is due to the
uncertain and amorphous nature of the iron hydroxide and a
lack of clarity in the literature regarding redox potentials of
potential sulphide and sulphoxide species that could be
present. Similarly, peaks R2 and R3 on subsequent scans are
attributed to the reverse of eq 7 and similar reactions.
The XANES data showing a final greigite content of 60%

with Fe hydroxides contributing 40% could be interpreted in
two ways. The first interpretation is that 40% of the greigite
nanoparticles are entirely converted to hydroxide, with the

remaining 60% completely unchanged. This could be the case
if some greigite particles are not in close contact with the
solution (e.g., embedded within the carbon support matrix)
and hence do not respond to the solution pH change. The
second interpretation is the formation of a sulfide-hydroxide
core−shell structure during electrochemical reduction, where
the surface layers of the majority of the greigite nanoparticles
are transformed to hydroxide. The presence of a core−shell
material is confirmed by HRTEM imaging of a greigite
nanoparticle after 60 min of repeated cycling between −0.05
and −0.80 V (Figure 6). A crystalline Fe3S4 core can be seen,

surrounded by an amorphous layer of thickness 10−20 nm.
This can be compared to a HRTEM image of the as-
synthesized greigite, where the lattice pattern for the crystalline
greigite can be seen to extend to the edge of the particle
(Supporting Information, S1). Elemental line map analysis
using energy dispersive X-ray (EDX) spectroscopy across the
nanoparticle shows a high relative concentration of oxygen at
the edge of the nanoparticle (Supplementary Information, S7).
XRD analysis of the cycled particles shows only the presence of
greigite, indicating that the shell structure is amorphous in
nature and the greigite core remains intact (Supplementary
Information, S8). The inability of XRD to pick up on the
substantial chemical and structural changes to the surface of
the greigite is an important observation, as XRD has often been
used as a primary characterization method for these materials
before and after use as a catalyst. Therefore, in previous work,
there may have been changes to the catalyst surface that were
undetected and hence unreported.
Computer modeling confirms that the incorporation of

oxygen into the {111} surface of greigite, simulated as
replacement of one sulfur (forming S8) by one oxygen atom
(from the O2 gas-phase molecule), is more favorable by 0.69
eV than the same reaction within the bulk conventional cubic
unit cell of Fe3S4. Oxygen incorporation into the {100} surface
is also thermodynamically preferred over the process in the
bulk, but it is unfavorable by 0.23 eV with respect to the {111}
plane. In addition, models of early oxidation stages of greigite
have shown that basic aqueous conditions allow for
substitution of sulfur by oxygen on the Fe3S4 {100} surface
but oxygen coordination is confined to the immediate
subsurface layer and does not continue into the bulk.37

Thus, these models support the proposal that a core−shell
structure is preferred over complete conversion to hydroxide.

Figure 6. HRTEM image of a typical greigite nanoparticle after
electrochemical cycling, where the black arrow indicates the
amorphous shell.
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However, it should be noted that the experimental data do not
preclude a mixed population of core−shell, 100% greigite and
100% hydroxide nanoparticles. It is, however, clear from
XANES spectra recorded over a second cycle of negative
applied potential (Supporting Information, S3) that the
proportion of greigite to hydroxide remains constant. This
indicates that a shell of constant thickness is formed during the
first hour of negative applied potential but does not continue
to grow in thickness. The CV curve in Figure 4 shows that the
peaks for the redox processes of the hydroxide increase in
magnitude between the first and second scans, suggesting that
the hydroxide layer is still growing on the timescale of the CV;
however, after cycling for up to an hour, the peak magnitudes
become constant, supporting the conclusions from the XANES
data that the hydroxide layer does not grow indefinitely.
Influence of Dissolved CO2 on the Changes To

Greigite at Negative Potential. As this same greigite
material has previously been employed for electrochemical
CO2 reduction using applied potentials over a similar range,24

it was of interest to determine changes to the greigite surface
when dissolved CO2 is present in the solution. CV studies were
repeated in CO2-saturated pH 6.8 phosphate electrolyte (final
pH = 6.5). The positions of the CV peaks in CO2-saturated
solution are the same as those in Figure 4, although the current
magnitudes are 3 orders of magnitude lower (Supporting
Information, S9). As the current magnitudes in the presence of
CO2 are significantly smaller, this suggests that reduction of
water and the resulting hydroxide redox chemistry are greatly
suppressed in CO2-saturated solutions. At pH 6.5, the major
product of CO2 dissolution is HCO3

−, which with a calculated
binding energy of −1.64 eV is predicted to adsorb strongly to
the {111} face of the greigite nanoparticles (Table 1).24 In

contrast, HCO3
− is not expected to bind competitively at the

{100} surface, as water, H2PO4
−, and HPO4

2− all have more
negative binding energies. Therefore, the CV current
magnitudes may be greatly decreased in the presence of CO2
because of the predicted passivation of the greigite {111} face
by a layer of adsorbed HCO3

−, which could inhibit the water
reduction reaction from taking place at this surface, as well as
protecting the surface from reaction with generated hydroxide.
Subsequent formation of the hydroxide shell is therefore
suppressed and the lack of resulting redox processes (e.g. eq 7)
leads to lower currents. The inhibition of the formation of the
hydroxide is confirmed by in situ XANES spectra obtained at
−0.60 V in CO2-saturated solution (Supporting Information,
S10). The edge shoulder B is present in all spectra, showing
that Fe−S bonding is maintained and the white line intensity C
barely increases. After 60 min, LCF analysis shows that
hydroxide contributes only 10% to the spectrum, compared to
40% when CO2 is not present. In situ IR spectroelectrochem-
istry in the CO2-saturated solution shows that the PO4

3−

species is still generated in the solution at −0.60 V (Supporting

Information, S11), indicating that the increase in interfacial pH
to >11 still takes place, but the resulting change in surface
chemistry is suppressed. These results show that the greigite
surface remains relatively stable under conditions of CO2
reduction, although slow transformation to the hydroxide
may take place over time.

■ CONCLUSIONS
In situ XANES spectroscopy has revealed that at −0.6 V versus
SHE in a pH 7 electrolyte, a greigite electrode loses sulfur,
which is replaced by oxygen, resulting in a 60% greigite 40% Fe
hydroxide product. The resulting hydroxide that is formed is
amorphous and stable to potential cycling. In CO2-saturated
solution, the formation of the hydroxide is inhibited. HRTEM
along with computational calculations suggest a greigite-
hydroxide core−shell structure for the product. This trans-
formation is proposed to take place due to the large increase in
local pH at the electrode caused by the HER taking place at
this potential. An increase in pH to 12 was confirmed using in
situ IR spectroscopy to monitor changes in the solution
phosphate species at the electrode interface. These results,
therefore, show that the true nature of a greigite electrocatalyst
under conditions of the HER is a greigite-hydroxide core−shell
material. This study suggests that sulfide materials that have
been proposed as HER electrocatalysts should be similarly
examined under operating conditions. However, ex situ
characterization techniques such as XRD may not detect the
presence of amorphous oxide materials, especially if confined
to the surface of the catalyst. For this reason, in situ studies
using techniques such as XAS can provide better information
about the real surface structure and chemistry, which are
essential when developing mechanistic models. However, a
simple consideration of possible changes to the catalyst that
could be induced by changes in surface pH may provide
researchers with an insight into catalyst stability and function
in the HER.
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