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Abstract: The mechanism of the oxygen evolution reaction (OER) by catalysts prepared by electrodepo-
sitions from Co2+ solutions in phosphate electrolytes (Co-Pi) was studied at neutral pH by electrokinetic
and 18O isotope experiments. Low-potential electrodepositions enabled the controlled preparation of ultrathin
Co-Pi catalyst films (<100 nm) that could be studied kinetically in the absence of mass transport and
charge transport limitations to the OER. The Co-Pi catalysts exhibit a Tafel slope approximately equal to
2.3 × RT/F for the production of oxygen from water in neutral solutions. The electrochemical rate law
exhibits an inverse first order dependence on proton activity and a zeroth order dependence on phosphate
for [Pi] g 0.03 M. In the absence of phosphate buffer, the Tafel slope is increased ∼3-fold and the overall
activity is greatly diminished. Together, these electrokinetic studies suggest a mechanism involving a rapid,
one electron, one proton equilibrium between CoIII-OH and CoIV-O in which a phosphate species is the
proton acceptor, followed by a chemical turnover-limiting process involving oxygen-oxygen bond coupling.

Introduction

Solar-driven electrochemical splitting of water to produce
hydrogen and oxygen is a high energy density method for the
storage of solar energy.1,2 This solar-to-fuels conversion consists
of the four electron, four proton oxidation of water to oxygen
and the reduction of the produced protons to hydrogen. Of these
two half-reactions, the oxygen evolution reaction (OER) is
particularly demanding because it requires the distribution of
four redox processes over a narrow potential range, the coupling
of multiple proton and electron transfers, and the formation of
two oxygen-oxygen bonds.3-10 The efficiency and conditions
required for this reaction are key determinants of the overall
viability of energy storage via water-splitting. As such, the
continued development of effective OER catalysts and elucida-
tion of their mechanisms stand as central scientific and tech-
nological challenges in energy conversion.

Conductive transition metal oxides have been shown to
promote the OER with high efficiency and current density under
either highly acidic or highly alkaline conditions.11-14 There
are two basic classes of metal oxide catalysts: those comprising
precious metals and those comprising first row transition metals.
Extensive mechanistic studies have been performed for the OER
catalyzed by platinum oxides. Distinct mechanisms prevail under
acidic and alkaline conditions (Scheme 1). The proposed reaction
for the OER under acidic conditions entails water binding to
the surface and the irreversible removal of one electron and
one proton to form a platinum hydroxide.15-18 In alkaline media,
a reversible binding of hydroxide ion coupled to a one electron
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oxidation is thought to precede a turnover-limiting electrochemi-
cal step involving the removal of one proton and one electron
to form a surface oxide species (Scheme 1).17-20 The shift in
mechanism between the pH extremes has been attributed to the
kinetic facility of oxidizing hydroxide ion relative to water.21

As such, studies of the OER on platinum oxides establish the
importance of evaluating electrode kinetics across a wide pH
range.

In contrast to precious metal oxides, first-row transition metal
spinels and perovskites have been studied mechanistically under
only alkaline conditions22-31 because oxide dissolution ac-
companies O2 evolution under acidic conditions.21 Even under
alkaline conditions, a mechanistic consensus has been elusive
because the identity of the substrate, method of preparation,
and thickness of the oxide layer strongly impact the current-
voltage characteristics and the observed reaction order with
respect to hydroxide. The variability in kinetic data may be
ascribed, in large part, to a barrier to electron transfer imposed
by the oxide film. These barriers may be of an ohmic or
nonohmic nature and serve to obscure the kinetics of the
interfacial reaction chemistry.20,30,32-36

While some of these precious and nonprecious metal oxides
have been optimized for use in commercial electrolyzers,37 these
technologies remain expensive for nonconcentrated solar energy
storage applications.38 As such, we have turned our attention
to developing inexpensive, highly manufacturable, water-
splitting catalysts for nonconcentrated solar energy storage. We

have recently described the self-assembly of a highly active
cobalt-based oxygen evolving catalyst that forms as a thin film
on inert electrodes when aqueous solutions of Co2+ salts are
electrolyzed in the presence of phosphate (Co-Pi) or borate
(Co-Bi);39,40 more recently, we have used a similar strategy to
discover a Ni-Bi catalyst.41 These catalysts are of interest
because they: (1) form in situ under mild conditions on a variety
of conductive substrates;39-41 (2) exhibit high activity in pH
7-9 water at room temperature;39,40 (3) are functional in salt
water;40 (4) are comprised of inexpensive, earth-abundant
materials;39,40 (5) self-heal by reversing catalyst corrosion at
open circuit upon application of a potential;42 (6) can be
interfaced with light absorbing and charge separating materials
to effect photoelectrochemical water splitting;43-45 and (7) are
functional models of the oxygen-evolving complex of Photo-
system II.46 The simple operation of the catalyst from conven-
tional water sources under benign conditions is an important
step toward providing distributed solar energy storage at low-
cost.47

The further development of new catalysts for water splitting
will benefit from an understanding of the OER process of Co-
Pi. EXAFS studies support a structural model wherein Co-Pi is
composed of cobaltate clusters of molecular dimensions.48 In
addition, XANES48 and EPR49 studies are consistent with a
proportion of cobalt centers attaining an oxidation state of IV
during water oxidation catalysis. Against this backdrop, we now
report the electrochemical kinetics and 18O isotope studies of
the OER catalyzed by Co-Pi in neutral water. The ability to
perform electrokinetic studies of an amorphous thin film
consisting of cobaltate clusters circumvents the difficulties
imposed by electron transport barriers in interpreting the
electrokinetics of the aforementioned metal oxide catalysts.
Controlled low potential deposition of ultrathin catalyst films
(∼60-600 nmol Co/cm2) enables the kinetics of water oxidation
chemistry to be isolated. As such, the current-voltage behavior
of Co-Pi and measurements of the relevant reaction orders reveal
a viable mechanism for the OER at neutral pH that is consistent
with spectroscopic and structural studies of the catalyst.

Results

Catalyst films were grown by controlled potential electrolysis
of 0.5 mM Co2+ solutions in 0.1 M potassium phosphate
electrolyte, pH 7.0 (Pi electrolyte). Performing the electrolysis
at 1.3 V (vs NHE) gives rise to a catalyst film of several
micrometer thickness after the course of several hours.39,40
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Whereas this procedure leads to rapid catalyst formation, the
growth of the film is accompanied by significant O2 evolution
at this potential. As such, the charge passed in a deposition is
not representative of the number of Co atoms deposited, making
it difficult to produce films of reproducible thickness and catalyst
loading. To avoid this problem, films used in the electrochemical
studies here were prepared by controlled potential electrolysis
at 1.05 V. As determined by independent measurements of
catalyst films in Co2+-free Pi solution, negligible water oxidation
catalysis occurs at this potential. Thus, the charge passed at 1.05
V during a deposition is a direct measure of Co2+ oxidation
and therefore provides an upper limit for the number of Co ions
incorporated into the film. Double layer charging currents can
be neglected owing to the long duration of a typical deposition
(∼1 h).

The current-voltage (Tafel) behavior of the catalyst in the
region of water oxidation was measured over a 210 mV range
in 10 - 30 mV increments. Electrolysis was conducted at each
potential in Co-free Pi electrolyte until the current density (i)
reached a steady state value. The potential values were converted
to overpotential values (η) by correcting for ohmic potential
losses and subtracting the thermodynamic potential for water
oxidation under the experimental conditions (see Supporting
Information). Tafel data were collected using freshly prepared
films that were deposited with passage of 6, 24, and 60 mC/
cm2 (Figure 1). Estimating that each Co atom, together with its
surrounding ligands, occupies a volume of 125 Å3 (see SI), these
deposition currents correspond to approximate film thicknesses
of 10, 40, and 90 nm, respectively. For catalysts prepared from
the passage of 6 and 24 mC/cm2, linearity in the Tafel plot (η
vs log(i)) is observed over 3 orders of magnitude; a slight
curvature is observed for the catalyst prepared with the passage
of 60 mC/cm2. The activity of the film increases monotonically
as the catalyst loading and film thickness increase but the Tafel
slope does not change appreciably; Tafel slopes of 61, 62, and
60 mV/decade are observed for 6, 24, and 60 mC/cm2 deposi-
tions, respectively. These slopes for the three films of different
thicknesses are near the 59 mV/decade value that corresponds
to 2.3 × RT/F. This slope is characteristic of an O2 evolution
mechanism involving a reversible one-electron transfer prior
to a chemical turnover-limiting step (vide infra).50 The Tafel
slopes are highly reproducible among independent and sequential
runs (Figures S1 and S2 of the SI) and they are not dependent
on the direction of potential scan (Figure S3), indicating that

the films are not appreciably altered during Tafel data collection.
Tafel plots were also measured for catalyst films deposited on
a Pt disk electrode rotated at 1000 and 2000 rpm; the Tafel
slopes (Figure S4) for these two different rotation rates were
identical, indicating that the reaction is not subject to limitations
of mass transport over the current range studied here.

Figure 1 also provides the lower limit of the turnover
frequency for O2 production per Co. In this work, films were
prepared at a potential where oxygen evolution does not occur.
Thus, the number of Co atoms deposited in the catalyst film is
proportional to the charge passed (C) during film deposition
with the assumption that deposition results from a CoII to CoIII

oxidation reaction. Such an assumption is validated by EPR49

and XAS48 studies, which point to a predominantly Co3+

containing film at the potential of electrodeposition, 1.05 V.
Applying the equation, i/4C, yields a lower limit turnover
frequency at η ) 410 mV of 2.6, 2.0, and 1.4 × 10-3 s-1 for 6,
24, and 60 mC/cm2 films, respectively.

The pH dependence of Co-Pi was examined by introducing
the catalyst film into Co-free Pi electrolyte solutions. The
potential applied to the catalyst was held constant at 1.18 V
and the pH of the solution was incrementally increased from
5.8 - 8.5. The electrode was operated at each pH step for 5
min to ensure that the pH and current had attained steady state
conditions. Measurement of the current density at fixed potential
allows for the direct interrogation of the reaction order in H+

activity. A plot of the log of the current density vs pH (Figure
2) exhibits linearity from pH 5.8-7.5 and a slope of 1.0 whereas
a negative deviation from linearity is observed beyond pH 8.
At pH values greatly exceeding the second pKa (7.2) of
phosphate, the electrolyte becomes a poor buffer and the local
pH is suppressed relative to its bulk value, resulting in attenuated
current densities. The problem is compounded by the fact that
the current density is expected to increase in an exponential
fashion as the pH is increased at constant applied potential,
rapidly overwhelming the buffering capacity of phosphate.

To examine the pH dependence of water oxidation over a
wider range of pH values, a galvanostatic titration was
conducted. The potential required to sustain a constant current
density of 30 µA/cm2 was measured while the pH was
incremented from 4.6 to 12 (Figure 3). At this low current
density, local pH gradients are obviated and the potential varies
linearly with pH up to ∼9.2, after which a slight negative
deviation in the slope is observed. A linear fit of the data in
Figure 3 over the pH range 4.6 - 9.2 yields a slope of -64
mV/pH unit. The data are unaffected (Figure S5) by repeating

(50) Gileadi, E. Electrode Kinetics for Chemists, Chemical Engineers, and
Materials Scientists; Wiley-VCH: New York, 1993; pp 127-184.

Figure 1. Tafel plots, V ) (Vappl - iR), η ) (V - E°), for catalyst films
grown with passage of 6 (2), 24 (b), and 60 (9) mC/cm2.

Figure 2. pH dependence of steady-state catalytic current density at
constant potential (E ) 1.18 V) for a catalyst film functioning in 0.1 M Pi
electrolyte.
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the titration in the presence of excess inert electrolyte, 0.5 M
KNO3, ruling out diffuse double layer effects.51,52 In this
galvanostatic experiment, the potential dependence of the current
density (the Tafel behavior) is convoluted with the slope of the
potential vs pH plot.50 Specifically,

Thus, the observed -64 mV/pH unit slope in the galvanostatic
experiment is consistent with the Tafel slope of 62 mV/decade
obtained from potentiostatic measurements for unity order in
pH, as observed in Figure 2. These studies establish a first order
dependence of log(i) on pH and, therefore, an inverse first order
dependence of the current density on proton activity.

The dependence of the current density on the concentration
of phosphate in solution was ascertained from Tafel data that
were collected on catalyst films operating in Pi electrolyte
solutions at concentrations of [Pi] ) 0.03, 0.1, 0.3, and 1 M at
pH 7.0 (Figure S6). In the case of 0.03 M Pi electrolyte, 0.07
M NaClO4 was added to maintain solution conductivity. Tafel
data were collected from independently prepared films from
depositions that passed 24 mC/cm2. All Tafel plots exhibit slopes
between 60 and 62 mV/decade and exchange current densities
between 4 and 6 × 10-11 A/cm2 (Figure S6). Interpolation of
each Tafel plot at 1.10, 1.15, 1.20, and 1.25 V yields steady
state current data as a function of the log of the phosphate
concentration (Figure 4). Consistent with the similarity in Tafel
slopes and exchange current densities, a zeroth order dependence
on phosphate concentration is observed at each potential.

The kinetic profile of the catalyst in the absence of a proton-
accepting electrolyte was determined by interrogating catalyst
performance in NaClO4 solutions. Steady state current densities
were measured on a 24 mC/cm2 catalyst film deposited on a Pt
rotating disk electrode in 0.1 M NaClO4 at pH 8 for a variety
of rotation rates, ω, and applied potentials. The bulk pH was
maintained at 8.00 ( 0.05 over the duration of the experiment
by periodic addition of dilute NaOH (see SI). For each potential
value examined, a Koutecký-Levich plot of i-1 vs ω-1/2 (Figure
S7) was extrapolated to infinitely high rotation rate (ω-1/2 ) 0)
to determine the activation controlled current density in the

absence of mass-transport limitations.53 For all data points,
ohmic potential losses amounted to less than 1 mV and were
ignored. Figure 5 shows the Tafel plot of the applied potential
vs the log of the activation controlled current density. The data
points exhibit linearity over a 0.15 V potential range and a slope
of 170 mV/decade. Upon collection of Tafel data in 0.1 M
NaClO4, the Tafel plots of the same films were recorded in 0.1
M Pi electrolyte at pH 8.0. Tafel slopes of 59 mV/decade were
obtained, similar to that observed at pH 7.

Cyclic voltammetry (CV) of a 24 mC/cm2 catalyst film in
Co-free Pi electrolyte was employed to examine oxidation state
changes in the film as a function of applied potential (Figure
6). On the initial anodic sweep from the resting potential, a
featureless rise in current is observed through the catalytic wave.
The return cathodic scan exhibits two very broad peaks at 1.10
and 0.87 V, both of which become more ill-defined upon further
scanning. Subsequent anodic scans exhibit a very broad anodic
wave with a half-wave potential of 0.92 V followed by onset
of catalysis at ∼1.1 V. Integration of the anodic feature prior
to 1.09 V accounts for 20% of the Co that was deposited in the
film. All of the CV features are preserved after the electrode(51) Parsons, R. In AdVances in Electrochemistry and Electrochemical

Engineering; Delahay, P., Tobias, C. W., Eds.; Interscience: New York,
1961; Vol. 1, pp 29-64.

(52) Angelinetta, C.; Falciola, M.; Trasatti, S. J. Electroanal. Chem. 1986,
205, 347–353.

(53) Bard, A. J.; Faulkner, L. R. Electrochemical Methods: Fundamentals
and Applications; Wiley; New York, 2001; pp 340-344.

Figure 3. pH dependence of steady-state electrode potential at constant
current density (ianodic ) 30 µA/cm2) for a catalyst film operated in 0.1 M
Pi electrolyte.

( ∂E
∂pH)

i
) -( ∂E

∂log(i))pH(∂log(i)
∂pH )

E
(1)

Figure 4. Phosphate concentration dependence of steady-state catalytic
current density at constant potential (E ) 1.10 V (9), 1.15 V (b), 1.20 V
(2), 1.25 V (`)) for a catalyst film operated in Pi electrolyte. For all
potentials, the order in phosphate is effectively zero.

Figure 5. Tafel plots, V ) (Vappl), η ) (V - E°), of Co-Pi catalyst films
deposited on Pt rotating disk electrodes and operated in cobalt-free 0.1 M
NaClO4, pH 8.0 (b). Activation controlled current density values were
derived from Koutecký-Levich analysis of steady-state current densities
measured at multiple rotation rates. Data are the average of three independent
runs and error limits fall within the size of the points. The Tafel plot (2)
of a catalyst film evaluated at 2000 rpm rotation rate in 0.1 Pi electrolyte
pH 8.0 immediately after data collection in 0.1 M NaClO4 is shown for
comparison. Tafel slopes are 170 (b), and 59 (2) mV/decade.
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has been subjected to two consecutive collections of Tafel data,
indicating that the electrode is not significantly altered over the
course of Tafel data collection. Repetitive scanning over the
range 0.5 - 1.25 V leads to minimal diminishment in the anodic
and cathodic waves and the magnitude of the catalytic wave is
unaltered. No additional cathodic features are observed if the
return scans are extended to 0.0 V.

Insight into the nature of the O-O bond formation step is
furnished from measurements of the isotopic distributions of
O2 evolved from 18O-enriched catalyst films operating in
nonenriched Pi electrolyte. The 18O-enriched catalyst films were
prepared by controlled potential electrolysis of 0.5 mM CoII in
Pi electrolyte solutions enriched with 87% 18OH2. Electrodepo-
sitions of the catalyst films were carried out at 1.10 V with the
passage of 1.5-6.8 mC/cm2. At this voltage, the film forms
but does not evolve oxygen. The amounts of charge passed in
the depositions correspond to film thicknesses of e10 nm (vide
supra). The use of extremely thin films minimized the amount
of 18OH2 that could be trapped in the film. Following the
deposition from a CoII solution in 87% 18OH2, the electrodes
with the catalyst films were transferred to CoII-free Pi electrolyte
enriched with 87% 18OH2, pulsed at 1.3 V for 100 s to effect
catalytic turnover in the enriched electrolyte, and then allowed
to equilibrate at open circuit for 30 min. Films were then
thoroughly rinsed in nonenriched Pi electrolyte (natural abun-
dance of 18O ) 0.2%) and placed in a gastight electrochemical
cell containing nonenriched Pi electrolyte that was placed in-
line with a mass spectrometer (MS). The cell was purged of
atmospheric O2 until the signal reached a baseline level (data
shown in Figure 7 prior to the red arrow). The cell was then
isolated from the MS and electrolysis was initiated (data shown
in Figure 7 after the red arrow). Upon conclusion of electrolysis,
the cell was opened to the MS (data shown after green arrow
in Figure 7). The signals for 32O2, 34O2 and 36O2 rise rapidly,
reach a peak after several minutes, and decay back to their
baseline levels over the course of 6-8 h. In certain cases, the
experiment was repeated using the same electrochemical cell
and electrode after all MS signals had returned to their baseline
levels. All traces were corrected for the instrument background
for each signal, as well as residual air. In addition, the 34O2

signal was corrected for 34O2 produced statistically from the
0.2% 18OH2 present in nonenriched water. This residual 18OH2

contributed negligibly to the 36O2 signal and was ignored. We

also note that if exchange of the 18O label in the catalyst film
with bulk solvent was complete, it would contribute <2 × 10-5

% to the 0.2% natural abundance of 18OH2 in nonenriched
solution and accordingly any contribution to 34O2 produced
statistically from such exchange was ignored.

Table 1 summarizes the results of the labeling experiments.
The charge passed during the deposition in 18O-enriched
electrolyte was varied from 1.5 to 6.8 mC/cm2 while the charge
passed during electrolysis in nonenriched Pi electrolyte was
varied from 0.55 to 10.0 C. Noting that oxygen evolution occurs
with quantitative Faradaic efficiency,39,40 the total charge passed
in each electrolysis was used to determine the moles of O2

evolved. Integration of the 32O2 and 34O2 peaks was used to
estimate the ratio of the amounts of the two gases evolved in
each run and this ratio, combined with the moles of O2 evolved,
was used to estimate the percentage of the deposited 18O label
that was extruded from the material as 34O2 during electrolysis
in nonenriched electrolyte.

Isotopic distributions of O2 evolved from 18OH2-enriched
catalyst films indicate that a significant percentage of the
estimated total 18O contained in the films was extruded in
the form of 34O2 and, to a lesser extent, 36O2 (Table 1 and SI).
The extrusion of the label did not occur in an initial burst of
34O2 or 36O2 from the film, as indicated by isotopic distributions
recorded after very short electrolyses (data not shown). Thus,
appreciable 18O extrusion that enabled MS detection of 34O2

and 36O2 required prolonged electrolyses. Consequently, the MS
counts consist of considerably more 32O2 than 34O2 or 36O2. For

Figure 6. Cyclic voltammogram of a freshly prepared catalyst-coated FTO
electrode, 10 mV/s scan rate, in 0.1 M Pi electrolyte, pH 7.0. Background
trace of an uncoated FTO electrode in the same electrolyte medium (- - -).
Five consecutive cycles, taken without pause, are shown. Up and down
arrows indicate progression upon successive scanning.

Figure 7. In-line MS detection of evolved 32O2 (black line), 34O2 (blue
line), and 36O2 (red line) from a catalyst film enriched with 87% 18O and
operated in unenriched 0.1 M Pi electrolyte solution. Film prepared in a
deposition that passed 30 mC (4.2 mC/cm2). The cell was isolated from
the MS (red arrow), operated galvanostatically at 6 mA (0.83 mA/cm2) for
27.8 min (10 C passed), allowed to equilibrate, and reopened (green arrow)
to the MS. Inset shows 34O2 (blue line), and 36O2 (red line) signals on an
expanded ordinate axis.

Table 1. Ratio of 32O2 to 34O2 Released from 87% 18O-Enriched
Catalyst Films

no. depositiona electrolysisb 32O2/ 34O2 % 18O extruded

1 10 mC (1.5 mC/cm2) 0.55 C (0.08 C/cm2) 120 7
2 30 mC (4.9 mC/cm2) 1.4 C (0.23 C/cm2) 140 5
3ac 30 mC (6.8 mC/cm2) 1.4 C (0.32 C/cm2) 110 6
3bc 1.4 C (0.32 C/cm2) 140 5
4ac 30 mC (4.2 mC/cm2) 10.0 C (1.4 C/cm2) 310 15
4bc 10.0 C (1.4 C/cm2) 710 7

a Charge passed during electrodeposition in 87% 18O-enriched Pi
electrolyte. b Charge passed during electrolysis in unenriched Pi
electrolyte immediately prior to MS detection. c Letters a and b denote
first and second electrolysis runs using the same electrode.
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electrolyses that passed 0.55 - 1.4 C, (0.08 - 0.32 C/cm2), the
ratio of 32O2 to 34O2 was greater than 100:1. Electrolyses that
passed significantly larger amounts of charge (10 C, 1.4 C/cm2),
exhibited ratios of ∼300 - 700:1. Subsequent electrolyses after
MS signals returned to baseline levels utilizing the same
electrode exhibited additional 18O extrusion. Together, the results
indicate a progressive extrusion of 18O in the form of 34O2 or
36O2 from the enriched catalyst concomitant with the catalytic
production of a large excess of 32O2. Extensive electrolysis
(passage of 20 C) of a catalyst film (30 mC deposition) over
two consecutive runs led to an aggregate extrusion of 22% of
the 18O label (runs 4a and 4b in Table 1) after 12 h.

Discussion

The Tafel relation between potential and the steady state
current density together with studies of the reaction order with
respect to pH provide a basis for mechanistic interpretation of
the OER catalyzed by Co-Pi. The current density measured at
steady state is directly proportional to the rate of the underlying
reaction for electrochemical reactions that are not mass-transport
limited.50 This condition applies to the electrokinetic studies of
Co-Pi described here, as evidenced by the rotating disk
current-voltage data shown in Figure S4. Tafel plots collected
at 1000 and 2000 rpm of Co-Pi films on a Pt rotating disk
electrode exhibit similar slopes (61 mV/decade) to those
collected on a stationary FTO electrode (62 mV/decade) in a
stirred solution, indicating that the observed currents are not
limited by mass transport to the catalyst films over this current/
potential range (Figure S4). The Tafel data is reproducible
between sequential potential sweeps (Figure S1) and is insensi-
tive to the direction of potential sweep (Figure S3), indicating
that the film is not appreciably altered over the course of Tafel
data collection. In addition, measurable steady-state current is
observed upon application of an overpotential of >0.2 V. At
these overpotentials, any current arising from the oxygen
reduction back reaction can be safely ignored and, thus, kinetic
information about the OER can be deduced directly from the
steady state current (rate) measurements.

Although the activity of the film increases markedly as the
film thickness is increased from 10 to 90 nm, the slope of the
Tafel plot is similar over the same range of current densities
for all thicknesses examined, indicating that the reaction kinetics
are not influenced by barriers to electron transport or mass
transport within the film (Figure 1). We note that the films
examined in this study are significantly thinner than the ∼1 µm
thick films reported originally.39,40 Tafel plots of those films
exhibit higher slopes and slight deviations from linearity at high
current densities, suggesting that barriers to electron and/or mass
transport within the film do arise for thick catalyst layers. The
Tafel slope of nearly 59 mV/decade observed for the thin films
studied here indicates that a single mechanism is dominant over
the potential range investigated. The transfer coefficient for the
OER is 1, which is consistent with a chemical turnover limiting
step following a single electron pre-equilibrium (vide infra).50

Inasmuch as the electrochemical kinetics are not sensitive to
film thickness for films <100 nm, increased activity with
increasing thickness of the film is likely due to an increased
number of active sites and not due to an increase in the intrinsic
rate of turnover of those active sites. Indeed, all three film
thicknesses exhibit similar lower limit turnover frequencies
(TOF) of ∼2 × 10-3 s-1 at an overpotential of 410 mV. This
TOF estimate assumes that every Co center in the film is
catalytically active. Since the vast majority of the cobalt centers

in the film are expected to play a purely structural role, this is
a gross underestimate of the real TOF of active sites. However,
as we currently have no direct measure of the electrocatalytically
active surface area or the active site density, we present this
value purely for the purposes of comparing different film
thicknesses. The similarity in the TOF among films of varying
thicknesses suggests that the films are permeable to the water
substrate and that the OER is not confined to the outer surface
of the catalyst layer. As such, higher geometric current densities
for Co-Pi may be achieved simply by increasing the number of
Co active sites on the anode by growing a thicker film. We
note that the lower limit for the turnover frequency per Co atom
of Co-Pi is similar to or exceeds most Co based water oxidation
catalysts. For instance, turnover frequencies of 1140 s-1 have
been reported for silica-templated nanoclusters of Co3O4

measured under photochemical conditions.54 When one consid-
ers the number of Co atoms in the nanorods, a turnover
frequency of ∼8 × 10-4 s-1 per Co of the entire nanoocluster,
which is stated to be poorly crystalline, is similar to that of the
Co-Pi system. We also note that the potential corresponding to
the [Ru(bpy)3]2+/S2O8

2- system used in the study of Co3O4

nanoclusters is difficult to define without knowing the details
of the catalytic mechanism.

The OER involves the removal of four protons per equivalent
of O2 generated and thus an explicit pH dependence may be
expected in the rate law for catalysis. Interrogation of the pH
dependence by both potentiostatic (Figure 2) and galvanostatic
(Figure 3) techniques indicates an inverse first-order dependence
on proton activity, which is consistent with loss of a single
proton in an equilibrium step prior to the turnover-limiting
process. While phosphate is neither a reactant nor product in
the overall water oxidation reaction, it can serve as a proton
acceptor in reactions involving PCET transformations (vide
infra).55 Notwithstanding, the zeroth order dependence of
phosphate over a >1.5 decade range of phosphate concentration
(Figures 4 and S6) indicates that proton transfer to phosphate
is not involved in the turnover-limiting step and therefore proton
transfer is also not turnover-limiting since phosphate is the only
viable proton acceptor in solution. Moreover, turnover-limiting
proton transfer to surface bound phosphate is unlikely provided
that phosphate has not saturated the catalyst film over the
potential range studied here. We note that turnover-limiting
internal proton transfers, as might be required for oxo-hydroxo
exchange between catalyst active sites, cannot be ruled out.

The data in Figures 1-4 point to an electrochemical rate law
that is described by the following expression:

where k0 is a potential-independent constant. This constant is
proportional to the exchange current density and therefore will
increase as catalyst loading increases as observed in Figure 1.
The rate expression carries the observed inverse first order
dependence on proton activity, aH

+ (Figures 2 and 3), the zeroth
order dependence on phosphate (Figure 4) and the exponential
relationship with potential, E (Figure 1). Rearrangement of the
log form of eq 2 yields a Tafel slope, ∂E/∂log(i), of 59 mV/
decade that is also consistent with the experimental data shown
in Figure 1.

(54) Jiao, F.; Frei, H. Angew. Chem., Int. Ed. 2009, 48, 1841–1844.
(55) Irebo, T.; Reece, S. Y.; Sjödin, M.; Nocera, D. G.; Hammarström, L.

J. Am. Chem. Soc. 2007, 129, 15462–15464.

i ) k0(aH+)-1 exp[FE
RT ] (2)
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Equation 2 is consistent with a mechanistic sequence involv-
ing a reversible one electron, one proton equilibrium step
followed by a rate-limiting chemical step:50

For such a sequence, the reaction velocity at steady state, υ,
can be described by the following:50

where k2 is the rate constant for the chemical step (eq 4) and
the θB is the surface coverage of the intermediate participating
in the rate-limiting chemical transformation. Specifically, θB is
the surface concentration of B (Γ, in mol/cm2) divided by the
maximum surface concentration (Γmax). We note that the number
of active sites in the film may represent a small proportion of
the total number of solvent exposed Co centers in the film. Thus,
Γmax does not equal the number of exposed Co centers per cm2,
but rather the number of actiVe sites per cm2 and θB represents
the fraction of these active sites in the form of intermediate B.
Similarly, θA is the fraction of active sites in the form of
intermediate A. The ratio of θB to θA is described by the Nernst
equation,50

where K1 is the equilibrium constant at E ) 0. This expression
corresponds to a quasi-equilibrium assumption for the conver-
sion of A to B (eq 3). Substituting for θB in eq 5 yields

If the surface coverage of the catalyst in its resting state, A,
is assumed to be appreciable (>0.9) throughout the potential
range in which Tafel and other kinetic data are collected, then
θA should not change appreciably with potential and, therefore,
can be set to be constant. Under these conditions, eq 7
approximates the experimental rate law with

The assignment of chemical species to A, B, and C in
reactions 3 and 4 is aided by insight into oxidation state changes
in the film as a function of the applied potential. The CV of a
freshly prepared catalyst film exhibits an anodic feature with a
half-wave potential of 0.92 V and a very broad feature on the
cathodic sweep that begins to decay at 0.9 V (Figure 6). No
additional cathodic features are observed in CV scans taken to
0.0 V. The observed half-wave potential of 0.92 V is typical of
a CoII/III redox couple; the Co(OH)2

+/0 couple is estimated to
be 1.1 V56 and the Pourbaix diagram of cobalt indicates that
oxidation of Co3O4 to Co(O)OH occurs at ∼0.75 V at pH 7.57

The CoII/III couple at 0.92 V for Co-Pi occurs ∼0.17 V negative
of the catalytic wave for water oxidation. Thus, the predominant
Co oxidation state is expected to be III or higher during catalysis.
Accordingly, we attribute the pre-equilibrium step (A H B) to

a formal CoIIIH CoIV redox transition that is coupled to a proton
transfer. The electrokinetic behavior described by eq 7 is in
accord with CoIV (B) as the minor component of this pre-
equilibrium. As has been detailed in the literature,50 θB must
be less than 10% for the equilibrium to exhibit a Nernstian
dependence on potential. Thus, at the highest potential (1.27
V) that Tafel data were collected, the maximum fractional
surface coverage of CoIV (θB,max) is 10%, and θB is expected to
diminish by an order of magnitude per 60 mV decrease in
potential.

EPR spectra of Co-Pi films subjected to prolonged electrolysis
at 1.14 V, a value sufficient for water oxidation, exhibit a CoIV

signal estimated to arise from 3% of the cobalt centers in the
film.49 Noting the sizable dead time (25 min) between termina-
tion of electrolysis and freezing of the EPR sample, we expect
the population of CoIV in the film during electrolysis at 1.14 V
to be significantly in excess of the residual 3% observed by
EPR. In line with this contention, recent in situ X-ray absorption
near-edge spectroscopy (XANES) data are consistent with an
appreciable population of CoIV when the films are held at
potentials sufficient for water oxidation catalysis.48 The large
population of CoIV observed by EPR and in situ XANES
suggests, therefore, that the catalyst resting state, A, is comprised
of CoIII/IV mixed valence clusters. The pre-equilibrium redox
process (A H B) therefore corresponds to further oxidation of
the CoIII/IV mixed valence clusters preceding a turnover-limiting
chemical process.

The catalytic intermediates most commonly invoked for the
OER reaction are M-OH2, M-OH, and M-O species. The
pH titration data of Figure 3 helps in distinguishing these
species. The nearly linear dependence of the slope in Figure 3
to a pH of 12 suggests that the reactant in the equilibrium step
defined by reaction 3 has a pKa in excess of 12. The Pourbaix
diagram of cobalt estimates a pKa for CoIII(OH2)6 of 1.2.57

Additionally, potentiometric titration data for Co3O4 indicates
a pH of zero charge (pHz) of ∼7.5.11 The pHz estimates the
average of the first and second pKa values of surface bound
water58 and, therefore, suggests a first pKa lower than 7.5. Thus,
the pKa of CoIII-OH2 species on the catalyst surface in Co-Pi
is expected to be much less than 12. As such, the pH titration
data argues against an equilibrium between CoIII-OH2 and
CoIV-OH. Taken together with the CV data, these results
suggest that reaction 3 is defined by the following PCET
equilibrium at pH 7,

where the reactant side of eq 9 highlights the CoIII species of
mixed valence cluster (species A) and the product side of eq 9
highlights oxidation of the center (species B). Under these pH
conditions, the proton acceptor is HPO4

2-. We note that the
oxidation state assignments may be poorly representative of
electronic structure since the charge may be delocalized among
the Co atoms comprising the active site.

The PCET reaction of eq 9 persists in quasi-equilibrium
during turnover in the presence of phosphate electrolyte. The
key role of phosphate in maintaining this equilibrium is
demonstrated by the Tafel behavior of catalyst films evaluated
in 0.1 M NaClO4, pH 8.0 (Figure 5). A Tafel slope of ∼170
mV/decade is observed in this unbuffered medium along with
a significant diminution of catalyst activity relative to the same

(56) Brunschwig, B. S.; Chou, M. H.; Creutz, C.; Ghosh, P.; Sutin, N.
J. Am. Chem. Soc. 1983, 105, 4832–4833.

(57) Chivot, J.; Mendoza, L.; Mansour, C.; Pauporte, T.; Cassir, M. Corros.
Sci. 2008, 50, 62–69.

(58) Daghetti, A.; Lodi, G.; Trasatti, S. Mater. Chem. Phys. 1983, 8, 1–
90.

Ah B + e- + H+ (3)

B f C (4)

υ ) k2θB (5)

θB

θA
) K1(aH+)-1 exp[FE

RT ] (6)

υ ) θAK1k2(aH+)-1 exp[FE
RT ] (7)

k0 ) 4F × θA × K1k2 (8)

[CoIII-OH]h [CoIV-O] + H+ + e- (9)
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film evaluated in Pi electrolyte at pH 8. The current densities
plotted in Figure 5 are corrected for mass-transport limitations
using Koutecký-Levich plots (Figure S7), and, thus, cannot be
merely attributed to local pH changes. Tafel plots of a catalyst
film in 0.1 M Pi, pH 8, generated immediately after experiments
conducted in 0.1 M NaClO4, pH 8.0, exhibit a slope of 59 mV/
decade (Figure 5) and these Tafel data overlay with data
obtained from a fresh film under identical conditions (Figure
S8). This observation indicates that the film does not degrade
during experiments in unbuffered solutions.

The marked increase in the Tafel slope in an unbuffered
medium is consistent with a change in mechanism. Slopes
significantly larger than 120 mV/decade are indicative of a
turnover-limiting single electron transfer with a very high
symmetry factor, �, which occurs from the catalyst resting
state,50 or a turnover-limiting chemical process occurring from
the same resting state22 (species A). In either case, the high
slope indicates that the only available bases in an unbuffered
medium (i.e., H2O and ClO4

-) cannot support the PCET
equilibrium described in eq 9; at pH 8, the concentration of
OH- is too low to support this equilibrium. The inability of
water to be an efficient acceptor in PCET reactions has also
been observed in the PCET interconversions of homogeneous
OsII-OH2, OsIII-OH, and OsIVdO complexes.59 Studies of
these osmium complexes and other systems have shown that
buffers such as phosphate are efficient in triggering concerted
PCET reactions that occur with high kinetic facility. These
precedents, taken together with the results described here in
unbuffered electrolyte, lead us to conclude that phosphate
species, as opposed to OH2 or OH-, are the proton acceptors in
the pre-equilibrium step. A buffer strength of 0.03 M is sufficient
to maintain this equilibrium (Figure 4). While HPO4

2- is the
most efficient proton acceptor at pH 7, the linearity in the
galvanostatic pH profile (Figure 3) to pH 4.6 suggests that
H2PO4

- is also a kinetically competent proton acceptor in this
PCET equilibrium.

Films prepared from isotopically labeled 18OH2-enriched
water yield 32O2 and 34O2 and, to a lesser extent, 36O2, when
operated in nonisotopically labeled water (Figure 7). A real-
time measure of the generation of labeled O2 cannot be obtained
because water oxidation must be performed over the time period
of several minutes for appreciable quantities of O2 to be detected
by mass spectrometry (see SI). Additionally, to permit efficient
purging of the in-line MS setup, 18O-labeled catalyst films were
equilibrated for a minimum of 1 h in unenriched water prior to
electrolysis. Thus, interpretation of the results hinges on
assumptions made regarding exchange of the label from catalyst

films with bulk solvent. Rapid exchange of all or most of the
label can be ruled out by the observation that substantial
percentages of label are accounted for by 34O2 and 36O2. For
example, over the course of two extensive electrolyses with the
same film (passage of 2.8 C/cm2 in aggregate, corresponding
to >150 turnovers per Co), ∼22% of the 18O deposited in the
material can be accounted for in 34O2 and 36O2 products. As
noted above, the volume of the unenriched electrolyte used in
these experiments is large enough that quantitative exchange
of the labeled 18O in the film with bulk solvent would contribute
a negligible additional amount to the natural 0.2% 18O abun-
dance in the electrolyte. We note, however, that the extrusion
of a substantial percentage of 18O from the film in the form of
34O2 and 36O2 says little about the rate of exchange of 18O atoms
at active Co centers that may comprise a small portion of the
material.

Labeling studies indicate that phosphate in a thick Co-Pi film
exchanges appreciably with phosphate in solution in 1 h at both
open circuit and at a potential sufficient for water oxidation.42

These results suggest that terminal Co-18OHx species in the
extremely thin films used in the 18O experiments here are subject
to exchange with bulk solvent in the time required to purge the
gastight electrochemical cell (>1 h) prior to the initiation of
electrolysis. If the terminal Co-18OHx species at active centers
are exchanged with bulk solvent prior to electrolysis but µ-oxo/
µ-hydroxide moieties at these centers are subject to much slower
exchange, then the observation of 34O2 and 36O2 may be ascribed
to the participation of µ-oxo/µ-hydroxide moieties in oxygen
production. This proposal is in line with MS studies of
NiCo2O4

60,61 and RuO2
62 that demonstrate the participation of

O-atoms of the oxide lattice in O2 evolution. In this mechanistic
picture, the slow extrusion of label during the catalysis may
result from relatively slow migration of an 18O to a position
suitable for participation in O-O bond formation. Thus, multiple
turnovers with µ-oxo/µ-hydroxide derived from unenriched
solvent accompany a single turnover involving an 18O originally
incorporated in the film. We note, however, that this analysis
assumes that a single mechanism predominates in the film. We
cannot rule out that the slow extrusion of 18O reflects a minor
pathway for O2 evolution that contributes negligibly to the
observed electrokinetics. Due to the ambiguities associated with
interpreting the 18O-labeling results, studies that identify the rate
and nature of oxo-exchange in these films are needed before
specific conclusions can be drawn about the mechanism of O-O
bond formation.

(59) Costentin, C.; Robert, M.; Savéant, J.-M.; Teillout, A.-L. Proc. Natl.
Acad. Sci. U.S.A. 2009, 106, 11829–11836.

(60) Hibbert, D. B. J. Chem. Soc., Chem. Commun. 1980, 202–203.
(61) Hibbert, D. B.; Churchill, C. R. J. Chem. Soc., Faraday Trans. 1 1984,

80, 1965–1975.
(62) Wohlfahrt-Mehrens, M.; Heitbaum, J. J. Electroanal. Chem. 1987,

237, 251–260.

Figure 8. Proposed pathway for OER by Co-Pi. A PCET equilibrium proceeded by a turnover-limiting O-O bond forming step is consistent with current
dependencies on proton and electron equivalencies. Curved lines denote phosphate, or OHx terminal or bridging ligands.
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A proposed reaction pathway for the overall transformation
is shown in Figure 8 using the molecular cobaltate cluster model
derived from XAS studies.48 We note that catalytic active sites
may reside on minority structural motifs in the film that are not
observed by XAS. Given the pre-equilibrium shown in eq 3
and the observed 60 mV Tafel slope, the [CoIV-O] product
participates in a turnover-limiting chemical step. The electro-
chemical rate law is consistent with a proton independent
chemical step and as such, it is reasonable to conclude that the
O-O bond is formed in this irreversible chemical process. This
turnover-limiting chemical process may be composed of one
or more elementary chemical steps, which would be electro-
chemically indistinguishable. Mechanistic details of how the
O-O bond forms and the precise nature of the turnover-limiting
elementary step remain to be determined.

In summary, electrochemical studies show that O2 production
from Co-Pi involves a turnover-limiting chemical step that is
preceded by a one-electron, one-proton PCET equilibrium step.
The phosphate electrolyte plays the essential role of maintaining
this PCET equilibrium by facilitating rapid proton transfer.
Cyclic voltammetry experiments suggesting that the operative
catalytic intermediate assumes a formal oxidation state of CoIV

and spectroscopic results point to a catalyst resting state
composed of CoIII/IV mixed valence clusters.

The kinetic observations made here inform future improve-
ments to this catalyst system. Incorporation of metal atom
dopants that lower the thermodynamic potential of the PCET
pre-equilibrium or that promote a more facile O-O bond

formation may lead to enhanced activity at lower overpotential.
In cobaltate materials related to the catalysts reported here,
transition metals such as Mn,63 Ni,64 and Ru65 have been shown
to substitute for Co. The effects of such metal ion substitution
on the critical electrokinetic steps uncovered in this study are
currently under investigation.
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