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ABSTRACT: High surface area porous n-type WO3 electrodes
were prepared electrochemically and used as a photoanode in a
water-splitting photoelectrochemical cell. Various electrolytes
containing different anions (acetate, chloride, phosphate, per-
chlorate, and sulfate) and cations (Li+, Na+, and K+) were prepared
at pH 1, 3, and 5 to investigate how these anions and cations affect
the efficiency of the photo-oxidation reaction of water on the WO3
surface. To quantitatively compare their effects on O2 evolution,
photocurrent to oxygen conversion efficiency was obtained for
each electrolyte by simultaneously measuring photocurrent and O2 produced in a sealed divided cell. The type of competing
reactions present in each electrolyte and their effects on water oxidation to O2 or to hydrogen peroxide, which is known to
accumulate on the WO3 surface and cause photocorrosion, were investigated. The results reported in this study will be useful in
formulating optimum electrolyte compositions to enhance desired photo-oxidation reactions for various photoelectrochemical
cells.

■ INTRODUCTION
Tungsten trioxide (WO3) is an n-type semiconductor that has a
bandgap energy of ca. 2.6 eV. It has been investigated as a
photoanode for the photoelectrolysis of water, because it is
inexpensive, environmentally benign, and chemically stable in
acidic to semiacidic aqueous media (pH < 7).1−19 In a water-
splitting photoelectrochemical cell, photogenerated holes in the
valence band of an n-type WO3 electrode are used at the WO3/
electrolyte junction to oxidize water to O2 while photoexcited
electrons in the conduction band are moved to the counter
electrode to reduce protons to H2. (An external bias is
necessary to complete the H2 evolution reaction as the
conduction band edge and flatband potential of WO3 are not
located at a negative enough potential to reduce protons.)
However, previous studies on n-type WO3 electrodes reported
that oxidation of water to O2 was not the only photo-oxidation
reaction that occurred at the WO3 surface under illumination
(eq 1).18−20 Because of poor kinetics at the WO3 surface for the
O2 evolution reaction, incomplete oxidation of water to
peroxide species can also easily occur (eq 2). The formation
and accumulation of peroxide species on the WO3 surface were
reported to cause considerable decreases in photocurrent over
time and eventually resulted in the photoinactivity of the WO3

surface,18,19 which warranted recent studies seeking various
ways to enhance the photostability of WO3.

19,21,22 In addition,
photo-oxidation of anions in the solution present as supporting
electrolytes (e.g., Cl−, SO4

2−) can also compete with the photo-
oxidation of water (eqs 3,4).18,20,23,24
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o
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→ + =− − − E2SO S O 2e 2.010V vs NHE4
2

2 8
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(4)

These competing reactions are thermodynamically less
favorable than the oxidation of water to O2.

20,23,24 Therefore,
they are of no serious concern for the electrolysis of water in
the dark. However, for photo-oxidation achieved by photo-
generated holes in a photoanode, these reactions can compete
with water oxidation if holes in the valence band edge of the
photoanode have enough overpotential to drive these reactions,
which is the case for WO3.

19 (The valence band edge of WO3 is
located at ca. 2.97 V vs NHE at pH = 0).25 In particular, if the
kinetics of O2 evolution on the photoanode surface is poor,
these competing reactions can consume the majority of
photogenerated holes, significantly decreasing the O2 evolution
efficiency. Therefore, a systematic investigation on the effects of
electrolytes (anions, cations, pH) on oxygen evolution and
peroxo formation would be extremely beneficial for formulating
conditions, which minimize undesirable side reactions and
maximize long-term stability for WO3 photoanodes and for any
other photoanode in general.
In this study, we prepared acetate, chloride, phosphate,

perchlorate, and sulfate solutions with varying pH’s (pH 1, 3,
and 5) and studied the effect of each anion on the photo-
oxidation of water on the WO3 photoanode in a quantitative
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manner for the first time. We also changed cationic types (Li+,
Na+, and K+) to probe whether cations also exert any noticeable
effect on the photo-oxidation of water. WO3 electrodes used in
this study were prepared by electrodeposition. We report new
deposition conditions modified from those previously estab-
lished,26−29 which produce highly porous WO3 electrodes that
generate significantly enhanced photocurrents. As a result,
more reliable photocurrent measurement and O2 detection
were possible. Simultaneous measurements of photocurrent
and O2 were carried out using a sealed divided cell to analyze
what portion of the photocurrent was associated with water
oxidation to O2 in each electrolyte (i.e., photocurrent to oxygen
conversion efficiency). Because of its poor kinetics for O2
evolution, the WO3 surface provided an ideal system to
examine all possible photo-oxidation reactions that can
compete with photo-oxidation of water. Here, we report the
synthesis of a porous WO3 electrode and the effects of various
cations and anions on the photoelectrochemical performance
and the stability of WO3 electrodes for use as a photoanode in a
water-splitting photoelectrochemical cell.

■ EXPERIMENTAL SECTION
Synthesis of WO3. The plating solution was prepared by

dissolving tungsten metal powder (99.95%, <1 μm, Alfa Aesar)
in excess hydrogen peroxide solution (30%, ACS, Mallinckrodt)
to produce a 0.1 M peroxo-tungstic acid solution.27,29 The
dissolution process was very exothermic and resulted in a
colorless solution. Subsequently, the excess hydrogen peroxide
was decomposed with platinum black (Alfa Aesar). After the
cessation of effervescence, the appropriate amounts of high
purity water (Millipore Milli-Q purified system, resistivity ≥18
MΩ) and alcohol, either isopropyl alcohol (IPA, reagent grade,
Mallinckrodt) or ethylene glycol (EG, purified, Spectrum),
were added while stirring. The resulting peroxo-tungstic acid
solution had a pH of ca. 1.3. Electrodeposition was carried out
in an undivided cell using a three-electrode setup consisting of
an Ag/AgCl (4 M KCl) reference electrode, fluorine-doped tin
oxide (FTO) (8−12 Ω resistance) as the working electrode,
and a glass slide sputter coated with 1000 Å of platinum on 300
Å of titanium as the counter electrode. All potential values
reported in this study are against the Ag/AgCl (4 M KCl)
reference electrode. Prior to use, FTO was soaked in 2 wt %
Alconox solution at 95 °C for 5 min, then sonicated and rinsed
with isopropyl alcohol and DI water. Tungsten oxide films were
deposited potentiostatically at E = −600 mV vs Ag/AgCl using
a VMP2 multichannel potentiostat (Princeton Applied
Research). The resulting blue films were washed with DI
water and dried under nitrogen. The as-deposited amorphous
films were converted to crystalline WO3 electrodes by
annealing at 500 °C for 1 h in air, with a 2 °C/min ramping
rate.
Characterization. Powder X-ray diffraction (XRD) pat-

terns were collected using a Scintag X2 diffractometer (Cu Kα

radiation). UV−vis absorption spectra were measured with a
Cary 300 UV−vis spectrophotometer in diffuse reflectance
mode by scraping tungsten oxide films off the FTO substrate it
had been deposited on and mounting the resulting powders
onto the compact barium sulfate matrix that was used as the
reference (Fisher Scientific). Scanning electron microscopy
(SEM) images were acquired via a field emission scanning
electron microscope (FEI Nova NanoSEM) at an accelerating
voltage of 5 kV. The SEM samples were first sputter coated
with ca. 2 nm thick Pt.

Electrolyte Preparation for Photocurrent Measure-
ments. The acetate solution (pH 5) was prepared by adjusting
the pH of a 0.1 M CH3COONa solution (as-prepared solution,
pH 8.2) with acetic acid. The final concentration of acetate and
acetic acid in solution ([CH3COO

− + CH3COOH]) was 0.16
M. The acetate solution (pH 3) was prepared by adjusting the
pH of a 0.1 M acetic acid solution (as-prepared pH, 2.7) with
NaOH. The sodium chloride solutions (pH 1, 3, and 5) were
prepared by adjusting the pH of a 0.1 M NaCl solution (as-
prepared solution, pH 5.1) with HCl. This procedure increased
the final concentration of Cl− ions in the pH 1 solution to 0.19
M, but the change of the sodium concentration was negligible.
The sodium perchlorate solutions (pH 1, 3, and 5) were
prepared by adjusting the pH of a 0.1 M NaClO4 solution (as-
prepared solution, pH 5.8) with HClO4. This procedure
increased the final concentration of ClO4

− ions in the pH 1
solution to 0.17 M, but the change of the sodium concentration
was negligible. The sodium phosphate solution (pH 5) was
prepared by adjusting the pH of a 0.1 M NaH2PO4 solution
(as-prepared solution, pH 4.3) with NaOH, while the sodium
phosphate solutions (pH 1 and 3) were prepared by adjusting
the pH of a 0.1 M NaH2PO4 solution with H3PO4. Because the
pKa1 of H3PO4 is only 2.148, a significant amount of H3PO4
was necessary to lower the pH to 1, and the final concentration
of phosphate in the pH 1 solution was 0.81 M. The change of
the sodium concentration was negligible. The sulfate solutions
(pH 1, 3, and 5) were prepared by adjusting the pH of a 0.1 M
Na2SO4 solution (as-prepared solution, pH 5.7) with sulfuric
acid. This procedure increased the final concentration of sulfate
in the pH 1 solution to 0.17 M, but the change of the sodium
concentration was negligible. The sulfate, phosphate, and
perchlorate solutions (pH 3) containing lithium and potassium
ions were prepared by the same procedure using the
corresponding compounds containing lithium and potassium
ions.

Photocurrent Measurements. Photocurrent measure-
ments utilized simulated solar illumination obtained by passing
light from a 300 W xenon arc lamp through neutral density
filters and an AM 1.5G filter into an optical fiber and calibrating
the output to 100 mW/cm2 at the WO3 film surface (front
illumination). The illuminated area was 0.2 cm2. The linear
sweep voltammograms (LSVs) were obtained by scanning in
the negative direction at a scan rate of 10 mV/s with chopped
illumination (AM 1.5G, 100 mW/cm2) to obtain photocurrent
and dark current using a single sweep. When photocurrent and
O2 measurements (see below for details) were carried out
simultaneously, the light intensity was increased to 400 mW/
cm2 to ensure a higher signal-to-noise ratio in O2 measurement
because O2 generated from the limited illuminated area, 0.2
cm2, in our measurement setup was not substantial when the
standard illumination was used. All electrolytes were purged
with Ar before photocurrent measurement. The electro-
chemical cell consisted of the aforementioned prepared n-
WO3 film was used as the working electrode (photoanode), a
glass slide sputter coated with 1000 Å of platinum on 300 Å of
titanium as the counter electrode, and an Ag/AgCl (4 M KCl)
reference electrode. A constant potential of 0.9 V vs Ag/AgCl
was applied to all samples during photocurrent and oxygen
detection measurements.

Oxygen Detection. Oxygen was detected quantitatively
using an Ocean Optics fluorescence-based oxygen sensor
(FOSPOR-R 1/16”). A custom-built airtight two-compartment
cell divided by a frit was used for simultaneous measurements
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of photocurrent and O2. One side held a Pt counter electrode,
while the other side held the WO3 photoanode along with an
Ag/AgCl reference electrode. Both sides of the split cell were
filled with 30 mL of electrolyte, which left approximately 15 mL
of headspace. The solution and headspace were purged with
argon prior to capping the cell. The compartment was not
completely oxygen leak proof; thus the leak rate was
determined and subtracted from the experimental data by
calculating the slope of the baseline before and after
photoelectrochemically oxidizing the photoelectrolyte solution.
The needle probe of the oxygen sensor was inserted into a
septum on the cap of the WO3 compartment. A two-point
calibration was performed using argon as 0% O2 and air as
20.9% O2. The probe measures the O2 content in the headspace
and records it as mole %. This was converted to mmol after first
adjusting for the O2 dissolved in solution using Henry’s Law.
The expected amount of O2 was calculated from the total
charge passed as photocurrent during illumination assuming
100% Faradaic efficiency for O2 production. The photocurrent
to O2 conversion efficiency, the measure of what portion of the
photocurrent was associated with O2 production, was obtained
using the following equation (eq 5):

= ×

photocurrent to O conversion efficiency(%)

actual amount of O detected
expected amount of O produced based on photocurrent

100%

2

2

2

(5)

Gas Chromatography (GC) Analysis. Gas chromatog-
raphy (GC) was used to confirm photo-oxidation products
when 0.1 M sodium acetate solution (pH 5) was used for the
photoelectrolysis of water by a WO3 photoanode. An SRI
8610C GC was used with a HayeSepD stainless steel packed
column. High-purity helium (Indiana Oxygen, 99.999%) was
used as the carrier gas, and a helium ionization detector (HID)
was used. 0.5 mL of the sample was taken from the head space
of the sealed cell after illuminating 0.2 cm2 of a WO3
photoanode at 0.9 V vs Ag/AgCl (light intensity: 400 mW/
cm2 with an AM 1.5G filter, total charge passed as photocurrent
= 3.2 C), and the sample was injected directly onto the column.
Cl2 Detection. Cl2 produced by photo-oxidation of Cl− in

the chloride solutions was detected by the iodide−starch test
(Cl2 + I− → I2 + Cl−). Chlorine produced in the presence of
iodide acted as an oxidizing agent and oxidized iodide to iodine
while being reduced to chloride. The resulting iodine was
quantified by titrating with sodium thiosulfate using starch as a
color indicator (I2 + 2S2O3

2− → 2I− + S4O6
2−). For this

experiment, 30 mL of 100 mM sodium chloride solution was
prepared and used as an electrolyte for a WO3 photoanode
illuminated for 1 h (400 mW/cm2 with an AM 1.5G filter)
while applying 0.9 V vs Ag/AgCl. The total charge passed
through as photocurrent could produce 10.2 μmol of Cl2 when
100% Faradaic efficiency is assumed. To this solution,
potassium iodide was added to the concetration of 50 mM.
Three milliliters of the resulting solution was titrated with 0.1
mL of 10 mM sodium thiosulfate solution. This result indicated
that the majority of the photocurrent (>95%) was used for
chloride oxidation.

■ RESULTS AND DISCUSSION

The plating solution used for the deposition of WO3 contained
t u n g s t e n (V I ) p e r o x o s p e c i e s , W 2O 1 1

2 − ( i . e . ,
[W2(O2

2−)4(O
2−)3]

2−), which were obtained by dissolving

tungsten metal in hydrogen peroxide. An amorphous hydrated
form of WO3 film was cathodically deposited on the working
electrode when these species were decomposed by the
reduction of peroxo groups as shown in eq 6.29

+ + +

→ · +

− + −n

n

W O 10H H O 8e

2WO H O 5H O
2 11

2
2

3 2 2 (6)

The color of the as-deposited film was blue, but it gradually
disappeared when the film was exposed to air. The blue color
suggests the presence of tungsten(V) ions in the as-deposited
film (e.g., hydrated form of HxWO3, WO3−x, or HxWO3−y) with
the color originating from d−d transitions. It seems that during
the reduction of peroxide (E = −0.6 V vs Ag/AgCl), some
W(VI) ions in the WO3 film were also partially reduced to
W(V). The as-deposited film was converted to a crystalline
WO3 film (space group: P21/n, PDF no: 43-1035) by annealing
at 500 °C in the air, which was confirmed by X-ray diffraction
(Supporting Information). The color of the fully oxidized WO3
film was light opaque yellow. Its bandgap was estimated to be
2.6 eV based on its UV−vis spectrum (Supporting
Information).
The tungsten peroxo species present in the plating solution

are not very stable and form a precipitate within a few hours of
preparation. Therefore, isopropanol (IPA) was typically added
as a stabilizer in previous studies.27,29 However, the relatively
low boiling point of IPA (82.5 °C) makes it difficult to maintain
a constant concentration when the deposition is carried out at
an elevated temperature. Therefore, in this study, we replaced
IPA with ethylene glycol (EG), which has a higher boiling point
(197.6 °C), to study the effect of deposition temperature on the
electrodeposition of WO3 films and investigate whether the
presence of EG and elevated deposition temperatures affect the
morphology and photoelectrochemical properties of the
resulting WO3 electrodes.
Figure 1a,b compares SEM images of WO3 films deposited

with 25 vol % IPA and 25 vol % EG at room temperature. The
use of IPA resulted in the formation of a WO3 electrode with a
flat and featureless two-dimensional surface, but the use of EG
created a film with a rough and porous surface. The porosity
increased further when the amount of EG increased from 25 to
50 vol % (Figure 1c). As the content of EG increased, the
plating medium became more viscous and hindered facile ion
diffusion, which appeared to trigger diffusion-limited growth
more easily and resulted in the deposition of high surface area
films with a porous morphology. When the deposition
temperature of the plating solution containing 50 vol % EG
was raised to 45 °C, the resulting enhanced deposition kinetics
created a more severe diffusion limited growth, and, therefore, a
film with a even higher porosity and surface area was obtained
(Figure 1d). Because of the enhanced porosity and the resulting
volume expansion, the film deposited from a 45 °C solution
containing 50 vol % EG is approximately 6 times thicker than
the film deposited from room temperature solution containing
25 vol % IPA despite being deposited by passing the same
amount of charge, 0.72 C (Figure 1e,f). These results show that
the use of EG had a distinct advantage in generating high
surface area porous morphologies while allowing for more
reproducible deposition of WO3 electrodes at an elevated
temperature.
Figure 2 shows photocurrent obtained from the four WO3

electrodes shown in Figure 1a−d under AM 1.5G, 100 mW/
cm2 illumination at 0.9 V vs Ag/AgCl in a 0.1 M sodium acetate
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solution with pH adjusted to 5. All electrodes commonly
generated anodic photocurrents, confirming that they are n-
type and serve as photoanodes conducting photo-oxidation
reactions at the surface under illumination. Figure 2 also shows
that the porosity and the surface area of the WO3 electrodes
have a direct impact on photocurrent, and the WO3 electrode

deposited with 50 vol % EG at 45 °C, which had the highest
surface area, generated the highest photocurrent. When the EG
content was increased above 50 vol % or deposition
temperature above 45 °C, no additional increase in surface
area or photocurrent was observed. Therefore, WO3 electrodes
deposited with 50 vol % EG at 45 °C were used for the
remainder of this study to investigate the effect of various
electrolytes on the photo-oxidation of water.

Acetate Solution. Photocurrent of WO3 was measured in a
0.1 M acetic acid solution with pH adjusted to 3 and a 0.1 M
sodium acetate solution with pH adjusted to pH 5. An acetate
solution with pH lower than 3 was not investigated because it
requires the addition of a stronger acid, which results in the
introduction of another type of anion to the solution.
Photocurrent generated by the WO3 electrode immersed in
the acetic acid solution (pH 3) is shown in Figure 3a(i). While
the amount of photocurrent was significant, the O2 detection
experiment showed that none of this photocurrent was
associated with the production of O2. GC analysis identified
CO2 and ethane as the main products (Supporting
Information), suggesting that the dominant photo-oxidation
reaction in this solution was the oxidation of acetate ions to
carbon dioxide and ethane, called the Kolbe reaction (eq 7),
and the complete oxidation of acetate to carbon dioxide (eq
8).30−34

→ + +− −2CH COO C H 2CO 2e3 2 6 2 (7)

+ → + +− + −CH COO 2H O 2CO 4H 8e3 2 2 (8)

The oxidation reactions of acetate (ca. 2.20 V vs NHE) are
thermodynamically less favorable than oxidation of water to
O2.

31,32 Therefore, these reactions would not compete with the

Figure 1. SEM images of WO3 electrodes deposited with (a) 25 vol %
IPA at room temperature, (b) 25 vol % EG at room temperature, (c)
50 vol % EG at room temperature, and (d) 50 vol % EG at 45 °C.
Parts (e) and (f) show the side view SEM images of (a) and (d),
respectively. (The same amount of charge, 0.72 C, was used to deposit
WO3 electrodes shown here.)

Figure 2. Photocurrent of WO3 electrodes deposited with (a) 25 vol %
IPA at room temperature, (b) 25 vol % EG at room temperature, (c)
50 vol % EG at room temperature, and (d) 50 vol % EG at 45 °C
obtained at 0.9 V vs Ag/AgCl in 0.1 M sodium acetate solution with
pH adjusted to 5 under AM 1.5G, 100 mW/cm2 illumination.

Figure 3. (a) Photocurrent of a WO3 photoanode obtained at 0.9 V vs
Ag/AgCl under 400 mW/cm2 illumination with an AM 1.5G filter. (b)
LSVs of a WO3 obtained with chopped illumination (100 mW/cm2

with an AM 1.5G filter, 10 mV/s) in (i) 0.1 M acetic acid solution with
pH adjusted to 3 and (ii) 0.1 M sodium acetate solution with pH
adjusted to pH 5.
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water oxidation reaction when water is electrochemically
oxidized using a potential that provides a sufficient over-
potential for water oxidation but not for acetate oxidation.
However, for photo-oxidation reactions, because the photo-
generated holes in the valence band edge of WO3 have enough
overpotential to drive oxidation of both water and acetate,25 the
kinetically faster acetate reaction can become the dominant
reaction and completely suppress the kinetically slower water
oxidation reaction. In fact, it has been reported that electrolysis
in the dark at sufficiently high overpotentials, which allow for
both water oxidation and the Kolbe reaction, caused the
efficiency of the Kolbe reaction to approach 100%.31 This
suggests that the products obtained from photo-oxidation
utilizing holes at the very positive valence band edge of the
WO3 electrode are similar to those obtained from dark
oxidation at the very high overpotential region.
When the pH 5 acetate solution was used, a higher initial

photocurrent was observed, but the photocurrent was not
stable and began to slowly decay over time (Figure 3a(ii)).
Again, the O2 detection experiment showed that no portion of
the photocurrent was due to water oxidation to O2. However,
the photocurrent decay over time (Figure 3a(ii)) indicates that
some portion of photocurrent generated in a pH 5 acetate
solution was associated with incomplete water oxidation to
peroxo species. Accumulation of peroxo species on the WO3
surface is known to cause a gradual photocurrent decay.18,19

Because the photocurrent obtained in the pH 3 solution was
mostly stable with little sign of decay, the relative rate of
peroxide formation as compared to the rate of acetate oxidation
appears to diminish with decreasing pH.
The current−potential characteristics measured with chop-

ped illumination using an identital WO3 electrode in pH 3 and
5 acetate solutions are shown in Figure 3b. The photocurrent
onset potential obtained at pH 5 (0.02 V vs Ag/AgCl) was
shifted to the negative direction as compared to that otained at
pH 3 (0.14 V vs Ag/AgCl). This is because the flatband
potential of an ideally behaving oxide electrode shifts 59 mV to
the negative direction when pH is raised by 1. This means that
when the same bias is applied to WO3 electrodes immersed in
pH 3 and pH 5 solutions, the one in pH 5 solution would
generate a stronger electric field (i.e., band bending) and,
therefore, generate a higher photocurrent. This was originally
thought to be the reason the initial photocurrent (i.e., before
the photocurrent decay starts) obtained at pH 5 at 0.9 V vs Ag/
AgCl shown in Figure 3a was much higher than that obtained at
pH 3 at 0.9 V vs Ag/AgCl. However, Figure 3b shows that the
current−potential profile obtained at pH 5 cannot be obtained
by simply shifting the profile obtained at pH 3 by 118 mV in
the negative direction and that the significantly enhanced
photocurrent obtained at pH 5 cannot solely be explained by
the pH-dependent flatband potential shift. One plausible factor
that may be responsible for the observed phenomenon is the
adsorption of acetic acid/acetate ions on the WO3 surface.
When the solution pH changes, the acetic acid:acetate ratio and
therefore their adsorption behaviors will change, and this in
turn may affect the kinetics of acetate oxidation and water
oxidation significantly, creating a difference in photocurrent
that cannot be explained by a simple Nernstian shift.
Chloride Solution. 0.1 M sodium chloride solutions were

prepared, and the pH was adjusted to 1, 3, and 5 to operate the
WO3 photoanode. The current−potential characteristics
measured with chopped illumination using an identical WO3
electrode in these solutions are shown in Figure 4a. The

potential was swept to the negative direction. The dark
cathodic peak observed at 0.32 V in pH 1 solution and 0.10 V
in pH 3 solution are due to the electrochemical reduction of Cl2
generated by photo-oxidation of Cl− ions at a more positive
bias region (eq 3). A shift of the photocurrent onset potential
due to the pH-dependent shift of the flatband potential is again
observed in these solutions. As a result, in the low bias region
(E ≤ 0.3 V vs Ag/AgCl), the amount of photocurrent
generated at a given bias increases as the pH increases.
However, at a higher bias region (E ≥ 0.9 V vs Ag/AgCl) where
electron−hole pairs can be easily separated, photocurrent
becomes mainly limited by photon absorption and does not
change drastically by the applied potential or the strength of the
electric field generated. As a result, photocurrents obtained
from three different pH conditions at a given bias become very
similar. For example, at E = 0.9 V vs Ag/AgCl, the
photocurrents obtained in pH 3 and 5 solutions are
comparable, and photocurrent obtained in pH 1 solution is
only slightly lower (ca. 92%). This phenomenon was
commonly observed for all other electrolytes discussed below.
Figure 4b shows photocurrent−time profiles obtained at a

fixed potential of 0.9 V in the three different pH conditions. For
these experiments, to compare the photostability of WO3
electrodes in a more straightforward manner, three WO3
electrodes that generate very similar initial photocurrent in
pH 1, 3, and 5 solutions at 0.9 V vs Ag/AgCl were chosen.
(The same procedure was used for measuring photocurrent−
time profiles in phosphate, perchlorate, and sulfate solutions
discussed below.) The result shows that the photocurrents
generated in these solutions are relatively stable and decay very
slowly over time. However, as in the case of acetate solutions,
no oxygen gas was detected during photocurrent generation in
any of these solutions. This means that oxidation of Cl− ions

Figure 4. (a) LSVs of a WO3 obtained with chopped illumination (100
mW/cm2 with an AM 1.5G filter, 10 mV/s) and (b) photocurrent of a
WO3 photoanode obtained at 0.9 V vs Ag/AgCl under 400 mW/cm2

illumination with an AM 1.5G filter in 0.1 M NaCl solution with pH
adjusted to (i) 1, (ii) 3, and (iii) 5.
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(eq 3) is the dominant photo-oxidation reaciton that occurs on
the WO3 surface and completely suppresses the O2 evolution
reaction. The generation of Cl2 gas by photo-oxidation was
confirmed by the iodide−starch test, and the test result showed
that the majority of photocurrent (>95%) was indeed used for
chloride oxidation. The fact that the photocurrents obtained in
these solutions did not decay drastically over time suggests that
chloride oxidation also effectively suppresses the incomplete
water oxidation to peroxo species.18,19

Phosphate Solution. Photocurrent−time profiles obtained
in 0.1 M NaH2PO4 solutions with pH adjusted to 1, 3, and 5
are shown in Figure 5a. (Current−potential characteristics

obtained in these solutions are shown in the Supporting
Information.) The result shows that photocurrents at all pH
conditions were not stable and decreased gradually over time,
suggesting the formation and accumulation of peroxide species
on the surface of the WO3 electrode in phosphate
solutions.18,19 Oxygen detection experiments showed that
some portion of the photocurrent generated in the phosphate
solutions was associated with O2 production. In Figure 5b, the
dashed lines show the expected amount of O2 calculated from
the photocurrent assuming 100% of the photocurrent is
associated with O2 production, while the solid lines show the
amount of O2 that was experimentally detected. The steps or
abrupt increase appearing in the solid line in Figure 5b and all
other O2 detection plots shown in this study are due to the
abrupt burst of oxygen bubbles that formed and adhered to the
Teflon tape above the illuminated spot on the WO3
photoanode. To ensure that oxygen levels were not under-
represented, any remaining bubbles were shaken to burst prior
to the final oxygen level reading.
The photocurrent to O2 conversion efficiencies were 33%,

65%, and 79% at pH 1, 3, and 5, respectively (Table 1). The
fact that the photocurrent to O2 conversion efficiency increases

as pH increases suggests that the kinetics of oxygen production
increase more rapidly than the kinetics of water oxidation to
peroxo species when pH increases. If we assume that the only
dominant competing reaction with O2 evolution in phosphate
solutions is the formation of peroxo species, photocurrent
obtained in a pH 1 solution should decay the fastest because O2
evolution was the minimum in this solution. However, all three
photocurrents showed comparable decay profiles. This suggests
that the amount of peroxo species generated may not be
directly related to the amount of peroxo species accumulated
on the WO3 surface resulting in photocorrosion.18,19 It is also
possible that a third competing reaction exists. For example,
oxidation of phosphate to peroxydiphosphate was suggested as
a possible photo-oxidation reaction that may occur in a
phosphate solution in a recent study.20

Perchlorate Solution. Photocurrents obtained in 0.1 M
sodium perchlorate solutions with pH adjusted to 1, 3, and 5
are shown in Figure 6a. (Current−potential characteristics
obtained in these solutions are shown in the Supporting
Information.) Photocurrents at all pH conditions were not
stable and decreased gradually over time, suggesting the
formation of peroxide species. Oxygen detection experiments
showed that the photocurrent to O2 conversion efficiencies
were 32%, 29%, and 9% at pH 1, 3, and 5, respectively (Figure
6b). These values are much smaller than those obtained from
the phosphate solutions. Therefore, if the rest of photocurrent
was entirely associated with water oxidation to peroxo species, a
faster decay of photocurrent would be expected in the
perchlorate solutions than in the phosphate solutions.
However, comparison of Figures 5a and 6a revealed that, in
fact, the photocurrent decays observed in phosphate and
perchlorate solutions are comparable. This again indicates that
the amount of peroxo generated may not be directly related to
the degree of photocorrosion or that there may be other
competing photo-oxidation reactions occurring in the per-
chlorate solutions. Lewis and co-workers suggested that
formation of perchlorate radicals (ClO4

− ClO4(aq) + e−, Eo =
2.75 V) is the dominant photo-oxidation reaction in 1 M
HClO4 solution and that the perchlorate radical yields O2 as a
final oxidation product.20 It may be possible that generation of
perchlorate radicals may also occur in less acidic solutions (pH
1, 3, 5) used in this study, but its generation and reaction

Figure 5. (a) Photocurrent and (b) oxygen measurements of a WO3
photoanode at 0.9 V vs Ag/AgCl in 0.1 M NaH2PO4 solution with pH
adjusted to (i) 1, (ii) 3, and (iii) 5 under 400 mW/cm2 illumination
with an AM 1.5G filter. In (b), actual amounts of O2 produced (−) are
compared to expected amounts of O2 (- - -) calculated from
photocurrent assuming 100% photocurrent to O2 conversion
efficiency.

Table 1. Summary of the Photocurrent to Oxygen
Conversion Efficiencies Obtained in Electrolytes with
Varying pH Conditions and Anions

electrolyte type pH photocurrent to oxygen conversion efficiency (%)

CH3COOH 3 0
CH3COONa 5 0
NaCl 1 0
NaCl 3 0
NaCl 5 0
NaH2PO4 1 33
NaH2PO4 3 58
NaH2PO4 5 79
NaClO4 1 32
NaClO4 3 29
NaClO4 5 9
Na2SO4 1 35
Na2SO4 3 63
Na2SO4 5 88
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pathways may be pH-dependent such that the perchlorate
radical does not or only partially yields O2.
Sulfate Solution. Figure 7a shows photocurrent obtained

in 0.1 M Na2SO4 solution with pH adjusted to 1, 3, and 5.
(Current−potential characteristics obtained in these solutions
are shown in the Supporting Information.) Again, photo-
currents at all pH conditions decreased gradually over time,
suggesting that at least a portion of the photocurrent was

associated with the formation of peroxide species. Oxygen
detection experiments showed that the photocurrent to O2
conversion efficiencies were 35%, 72%, and 88% at pH 1, 3, and
5, respectively (Figure 7b). These values are comparable to
those obtained in phosphate solutions. However, the decay
rates of the photocurrents observed in sulfate solutions (Figure
7a) are slower than those obtained in phosphate solutions
(Figure 5a). This is most likely because the holes that were
used for peroxo formation in the case of phosphate solutions
are now used for both peroxo formation and noncorrosive
sulfate oxidation to persulfate, which is another well-known
competing photo-oxidation reaction observed in sulfate
solutions (eq 4).18,20 The fact that the photocurrent to O2
conversion efficiency increases with increasing pH suggests that
the kinetics of water oxidation to O2 improves more rapidly
than that of sulfate oxidation or formation of peroxo species
when pH increases.
The photocurrent to oxygen conversion efficiencies obtained

from various electrolytes discussed above are summarized in
Table 1.

Effect of Cations. So far, we have discussed the effect of
anions on the photo-oxidation of water by the WO3
photoanode. However, during our investigation, we observed
that the accompanying cations can also affect the photocurrent
to oxygen conversion efficiency. One example is shown in
Figure 8 where sulfate solutions (pH 3) prepared with lithium,

sodium, and potassium as the counterions resulted in variation
in the photocurrent-to-oxygen conversion efficiencies. The
photocurrent to oxygen conversion efficiencies obtained were
35%, 65%, and 80% for Li+, Na+, and K+, respectively. A similar
trend was observed with perchlorate and phosphate solutions
with the highest photocurrent to oxygen conversion efficiency
achieved when using potassium as the counterion (Figures 9
and 10). The photocurrent to oxygen conversion efficiencies

Figure 6. (a) Photocurrent and (b) oxygen measurements of a WO3
photoanode at 0.9 V vs Ag/AgCl in 0.1 M NaClO4 solution with pH
adjusted to (i) 1, (ii) 3, and (iii) 5 under 400 mW/cm2 illumination
with an AM 1.5G filter. In (b), actual amounts of O2 produced (−) are
compared to expected amounts of O2 (- - -) calculated from
photocurrent assuming 100% photocurrent to O2 conversion
efficiency.

Figure 7. (a) Photocurrent and (b) oxygen measurements of a WO3
photoanode obtained at 0.9 V vs Ag/AgCl in 0.1 M Na2SO4 solution
with pH adjusted to (i) 1, (ii) 3, and (iii) 5 under 400 mW/cm2

illumination with an AM 1.5G filter. In (b), actual amounts of O2
produced (−) are compared to expected amounts of O2 (- - -)
calculated from photocurrent assuming 100% photocurrent to O2
conversion efficiency.

Figure 8. (a) Photocurrent and (b) oxygen measurements of a WO3
photoanode at 0.9 V vs Ag/AgCl in (i) 0.1 M Li2SO4, (ii) 0.1 M
Na2SO4, and (iii) 0.1 M K2SO4 with pH adjusted to 3 under 400 mW/
cm2 illumination with an AM 1.5G filter. In (b), actual amounts of O2
produced (−) are compared to expected amounts of O2 (- - -)
calculated from photocurrent assuming 100% photocurrent to O2
conversion efficiency.
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for all three electrolytes with varying counterions are
summarized in Table 2.
Cations may interfere with O2 evolution through their

adsorption on the WO3 surface. The point of zero charge of
WO3 is reported to be ca. 0.4−0.5, and, therefore, its surface is
expected to be negatively charged at pH 3, allowing for cationic
adsorption.35,36 If the cations adsorb on the active sites for O2
evolution, it will hinder water oxidation to O2, and the effect
will be more pronounced with higher adsorption strength. It
has been demonstrated that the adsorption strength of alkali

metal ions on TiO2 or Fe2O3 surfaces is Li
+ > Na+ > K+.37 If the

same strength of cationic adsorption is assumed for the WO3
surface, the observed trend for photocurrent to oxygen
conversion efficiencies (i.e., the highest photocurrent to O2
conversion efficiency with K+ ions and the lowest with Li+ ions)
can be easily explained. Because of the more covalent nature of
the interaction between Li+ ions and terminal oxygen ions on
the WO3 surface, Li

+ ions are expected to serve as a stronger
blocker for active O2 evolution sites and, therefore, reduce the
portion of holes used for O2 evolution in the most effective
manner.

■ CONCLUSIONS
A high surface area porous WO3 electrode was prepared by
electrodeposition using an aqueous plating solution containing
50 vol % EG. The use of EG allowed for the production of high
surface area WO3 electrodes at an elevated temperature in a
more reproducible manner. The resulting n-type WO3
electrode was used as a photoanode in a water-splitting
photoelectrochemical cell. The types of anions (acetate,
chloride, phosphate, perchlorate, and sulfate) and cations
(Li+, Na+, and K+) contained in the electrolyte as well as pH
conditions were varied systematically to investigate how these
conditions affect the portion of photogenerated holes used for
the O2 evolution reaction (i.e., photocurrent to O2 conversion
efficiency). The total anodic photocurrents obtained in various
electrolytes were comparable, which made it possible to
compare the effect of different cations/anions on the selectivity
of the photo-oxidation of water to O2 simply by comparing the
photocurrent to oxygen conversion efficiencies. The results
show that when acetate and chloride ions are present, the
oxidation of acetate and chloride became dominant photo-
oxidation reactions, completely suppressing O2 evolution.
When a phosphate solution was used, O2 evolution and the
formation of peroxo species by water oxidation were the two
major photo-oxidation reactions. The photocurrent to oxygen
conversion efficiency in the phosphate solution was pH
dependent, and it increased gradually as pH increases. When
a perchlorate solution was used, O2 evolution and the
formation of peroxo species by water oxidation also appeared
to occur simultaneously. However, the photocurrent to oxygen
conversion efficiencies obtained in perchlorate solutions were
much smaller than those obtained in phosphate solution, and
they decreased as pH increased. This may indicate the presence
of a third competing reaction that is more favored at an
elevated pH, possibly oxidation of the reduced species of
perchlorate ions generated at the counter electrode. When
sulfate solutions were used, photo-oxidation of sulfate to

Figure 9. (a) Photocurrent and (b) oxygen measurements of a WO3
photoanode at 0.9 V vs Ag/AgCl in (i) 0.1 M LiClO4, (ii) 0.1 M
NaClO4, and (iii) 0.1 M KClO4 with pH adjusted to 3 under 400
mW/cm2 illumination with an AM 1.5G filter. In (b), actual amounts
of O2 produced (−) are compared to expected amounts of O2 (- - -)
calculated from photocurrent assuming 100% photocurrent to O2
conversion efficiency.

Figure 10. (a) Photocurrent and (b) oxygen measurement of a WO3
photoanode at 0.9 V vs Ag/AgCl in (i) 0.1 M LiH2PO4, (ii) 0.1 M
NaH2PO4, and (iii) 0.1 M KH2PO4 with pH adjusted to 3 under 400
mW/cm2 illumination with an AM 1.5G filter. In (b), actual amounts
of O2 produced (−) are compared to expected amounts of O2 (- - -)
calculated from photocurrent assuming 100% photocurrent to O2
conversion efficiency.

Table 2. Summary of the Photocurrent to Oxygen
Conversion Efficiencies Obtained in Electrolytes with
Varying Cations

electrolyte type pH photocurrent to oxygen conversion efficiency (%)

Li2SO4 3 35
Na2SO4 3 63
K2SO4 3 79
LiClO4 3 10
NaClO4 3 29
KClO4 3 49
LiH2PO4 3 63
NaH2PO4 3 67
KH2PO4 3 87
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persulfate could also compete with water oxidation to O2 and
peroxo species. When the pH of the sulfate solution increased,
the photocurrent to oxygen conversion efficiency increased,
indicating that increasing pH improves the kinetics of O2
evolution more rapidly than the kinetics of peroxo formation
or sulfate oxidation. Cations also appear to exert a substantial
effect on the photocurrent to O2 conversion efficiency. In
phosphate, sulfate, and perchlorate solutions at pH 3, the
highest photocurrent to O2 conversion efficiency was always
obtained with K+ and the lowest with Li+ ions. This is most
likely because Li+ ions can adsorb on the WO3 surface more
strongly and serve as a more effective blocker for active O2
evolution sites. This study, which for the first time discussed the
effect of various electrolytes on the efficiency of water oxidation
to O2 in a quantitative manner, will provide a good foundation
in formulating optimum electrolyte compositions to enhance
the efficiency of desired photo-oxidation reactions for various
photoelectrochemical cells.
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