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ABSTRACT: A critical determinant of solar-driven water
splitting efficiency is the kinetic profile of the O2 evolving
catalyst (OEC). We now report the kinetic profiles of water
splitting by a self-assembled nickel−borate (NiBi) OEC.
Mechanistic studies of anodized films of NiBi exhibit the low
Tafel slope of 2.3 × RT/2F (30 mV/decade at 25 °C). This
Tafel slope together with an inverse third order rate
dependence on H+ activity establishes NiBi as an ideal catalyst
to be used in the construction of photoelectrochemical devices
for water splitting. In contrast, nonanodized NiBi films display
significantly poorer activity relative to their anodized congeners that we attribute to a more sluggish electron transfer from the
catalyst resting state. Borate is shown to play two ostensibly antagonistic roles in OEC activity: as a promulgator of catalyst
activity by enabling proton-coupled electron transfer (PCET) and as an inhibitor in its role as an adsorbate of active sites. By
defining the nature of the PCET pre-equilibrium that occurs during turnover, trends in catalyst activity may be completely
reversed at intermediate pH as compared to those at pH extremes. These results highlight the critical role of PCET pre-equilibria
in catalyst self-assembly and turnover, and accordingly suggest a reassessment in how OEC activities of different catalysts are
compared and rationalized.

■ INTRODUCTION

Photodriven water splitting to generate H2 and O2 is a
promising means of storing solar energy in chemical fuels.1−5

Viable solar-to-fuels schemes mandate the use of catalysts that
can mediate the oxygen evolution reaction (OER) and
hydrogen evolution reaction (HER) with minimized over-
potentials required to sustain current densities commensurate
with the solar flux (ca. 20 mA/cm2).4 Of the two half reactions,
the OER is more kinetically demanding because it requires a
total of four redox equivalents per turnover, and results in the
formation of two oxygen−oxygen bonds.6,7 Accordingly, the
majority of the activation overpotential in water splitting usually
arises from the OER.8 Oxygen evolution catalysts (OECs) must
therefore be able to accommodate the redox demand of the
OER, ideally over a narrow potential range. Such activity
profiles (i.e., small current−voltage, Tafel, slopes) are especially
important for the integration of catalysts with light harvesting/
charge separating materials in a buried-junction configura-
tion.1,9−12 In a buried-junction semiconductor heterostruc-
ture,11−15 a photovoltage is generated at an internal solid-state
junction of a photovoltaic (PV) material that is protected from
the electrolyte by an Ohmic coating. Such a configuration is an
especially attractive target for direct solar-to-fuels conversion
because the catalytic and PV components can be independently
optimized, thus permitting the use of a wider variety of
semiconductor and catalytic materials.16 In a buried junction

device, the kinetic behavior of the catalysts defines the point of
intersection of the electrochemical load of the catalyst with the
current density−voltage (j−V) curve of the PV.14,17 This
impedance matching determines the operational current
density and voltage, and therefore net solar−to−fuels efficiency
(SFE) of the system. The highest SFEs demand that OECs
possessing modest exchange current densities and low Tafel
slopes be integrated with PVs that have open circuit voltages
near the thermodynamic threshold of water splitting.17 Since
the Tafel slope depends on the mechanism of the reaction
itself, the development of functionally stable and efficient
buried junction systems requires an understanding of the
interplay between the kinetics of catalyst formation/decom-
position and catalytic turnover.18 Moreover, catalysts that are
stable and operate at intermediate pH regimes are particularly
useful because they avoid OER conditions where semi-
conducting materials are often unstable.
To meet the foregoing requirements, we have elaborated

Co−OECs that operate under a range of conditions, including
the underexplored intermediate pH regimes.18−26 The Co−
OEC displays a 60 mV/decade Tafel slope and an inverse first
order dependence on H+ activity owing to the presence of a
CoIII−OH/CoIV−O PCET pre-equilibrium during turnover.24
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Although this catalyst has been successfully applied to a myriad
of semiconducting materials,13,27−39 and is the foundation on
which the artificial leaf has been built,9 improvements in SFE
may be realized with the development of more active catalysts,
particularly those with lower Tafel slopes. To this end, we
recently reported a nickel−borate (NiBi) system that allows for
controlled electrodeposition of OEC films that display high
activity at intermediate pH.25 X-ray absorption spectroscopy
reveals changes in the nickel oxidation state and local structure
that accompany a drastic improvement (ca. 3 orders of
magnitude) in activity upon anodization of NiBi

26 as a result
of Tafel slopes of 30 mV/decade (2.3 × RT/2F) in near-neutral
pH regimes.17,26 In line with anodization pretreatment,
complementary studies have shown that solution-cast Ni-
based and NiFe-based films also furnish low Tafel slopes in
alkaline pH regimes.40 Electrochemical treatment of the
crystalline oxide precursors appears to lead to transformation
of the films into a nickelate structure40 that is very similar to
that found for NiBi films in near neutral regimes.26 Moreover,
we have shown that phase changes induced by electrochemical
conditioning of conventional crystalline oxides is a crucial factor
to consider in OEC development.41 In light of this emerging
trend of increased activity with anodization of Ni−based
catalysts, we sought to correlate OEC activity with anodization.
We now report the OER kinetic profile of NiBi films over a

wide pH range (8.5−14) and divulge mechanistic insights into
the origin of the considerable activity enhancement that is
attendant to anodization. The electrosynthesis of ultrathin
OEC films (≤15 monolayers) enables us to avoid internal
electronic or ionic transport barriers. Our studies have enabled
us to uncover a unique OER mechanism that stands in contrast
to frequently invoked OER mechanisms of nickel oxide
anodes.42−50 Furthermore, we find that the apparent specific
activity of NiBi films is significantly greater than that found in
CoBi systems of comparable catalyst loading for pH > 7.
However, the same pH-dependent profiles cause CoBi to
supersede NiBi in activity for pH ≤ 7. By defining the nature of
the proton-coupled electron transfer (PCET) pre-equilibrium
that occurs during turnover, we find that trends in catalyst
activity may be completely reversed at intermediate pH as
compared to those at pH extremes. The results presented
herein highlight the need for a detailed mechanistic under-
standing of OER for the construction of direct solar-to-fuels
devices that operate at high efficiencies.

■ EXPERIMENTAL SECTION
1. Materials. Ni(NO3)2·6H2O 99.9985% was used as received from

Strem. KOH 88%, KNO3 99.0−100.5%, and H3BO3 99.9% were
reagent grade and used as received from Macron. NaClO4 hydrate
(99.99% metals basis) was used as received from Aldrich. All
electrolyte solutions were prepared with type I water (EMD Millipore,
18 MΩ cm resistivity). Fluorine−tin−oxide (FTO) coated glass
(TEC-7) was purchased as pre-cut 1 cm × 2.5 cm glass pieces from
Hartford Glass. Unless stated otherwise, all experiments used FTO
with 7 Ω/sq surface resistivity.
2. Electrochemical Methods. Potentiometric and voltammetric

measurements were undertaken with a CH Instruments 760C or 760D
bipotentiostat, a BASi Ag/AgCl reference electrode (soaked in
saturated KCl), and a Pt-mesh counter electrode. Rotating disk
electrode (RDE) measurements were conducted using a Pine
Instruments MSR rotator and a 5 mm diameter Pt-disk rotating
electrode. All electrochemical experiments were performed at 23 ± 1
°C using a three-electrode compartment cell with a porous glass frit
separating the working and auxiliary compartments. Electrode
potentials were converted to the NHE scale using E(NHE) = E(Ag/

AgCl) + 0.197 V. Overpotentials were computed using η = E(NHE) −
0.68 V at pH 9.2. Unless stated otherwise, the electrolyte comprised
0.5 M potassium borate (KBi), 1.75 M potassium nitrate, pH 9.2
(henceforth referred to as KBi/KNO3 electrolyte).

3. Film Preparation. Catalyst films were prepared via controlled-
potential electrolysis of 0.1 M KBi, pH 9.2 electrolyte solutions
containing 0.4 mM Ni2+. To minimize precipitation of Ni(OH)2 from
these solutions, 25 mL of 0.2 M KBi was added to 25 mL of 0.8 mM
Ni2+ solution. The deposition solutions were subsequently filtered
through a 0.2 μm syringe filter (Pall) to remove any Ni(OH)2 that
formed. The solutions thus prepared remained clear over the course of
deposition, which was carried out onto an FTO-coated glass piece.
These FTO working electrodes were rinsed with acetone and water
prior to use. A ∼0.6 cm wide strip of Scotch tape was applied to the
FTO coated side such that a 1 cm2 area was exposed to solution.
Unless stated otherwise, deposition by controlled potential electrolysis
was carried out on quiescent solutions at 1.15 V without iR
compensation and with passage of 1 mC cm−2. A typical deposition
lasted 70 s. Following deposition, films were rinsed by dipping briefly
in 0.1 M KBi, pH 9.2 solution to remove any adventitious Ni2+.
Anodized films were subsequently electrochemically treated in 1 M
KBi, pH 9.2 electrolyte by passing an anodic current of 3.5 mA cm−2

with stirring. A steady potential was obtained after about 30 min of
anodization. Unless stated otherwise, films were anodized for 1 h.

4. Potentiostatic Tafel Data Collection. Current−potential data
were obtained by conducting controlled potential electrolysis in KBi/
KNO3 electrolyte pH 9.2 at a variety of applied potentials (Eappl). Prior
to film deposition and anodization, the solution resistance of the
electrolyte to be used for Tafel data collection was measured using the
iR test function. The electrolysis solution was exchanged for Ni2+-
containing KBi electrolyte, without disturbing the relative positions of
the working and reference electrodes and films were deposited.
Following film preparation, the working electrode was rinsed in fresh
Ni-free KBi electrolyte and transferred, without drying, to the same
electrolysis bath in which the solution resistance was measured. The
electrode was allowed to equilibrate with the electrolyte solution for 5
min while being held at the open circuit potential. The solution was
stirred, and steady-state currents were then measured at applied
potentials that descended from 1.13 to 1.00 V in 7−20 mV steps. For
currents greater than 10 μA cm−2, a steady state was reached at a
particular potential in less than 400 s. For currents lower than 10 μA
cm−2, longer electrolysis times (15−20 min) were utilized to ensure
that steady state had been achieved. The solution resistance measured
prior to the data collection was used to correct the Tafel plot for
Ohmic potential losses. Tafel data collected in succession using the
same electrode exhibited good reproducibility, and Tafel slopes were
not dependent on the direction of potential change (Figure S2).

5. Cyclic Voltammetry. CVs of anodized catalyst films were
recorded in KBi/KNO3, pH 9.2 electrolyte. After 2 min at open circuit,
catalyst films were held at 1.0 V for 60 s, immediately after which CV
scans were initiated from 1.0 V. The potential was decreased at a scan
rate of 100 mV s−1 with stirring, and with correction for Ohmic
potential losses (measured prior to film deposition). At a switching
potential of 0.2 V, the direction of scan was reversed, and CVs were
terminated at 1.1 V.

6. Dependence of Tafel Data on Film Thickness and
Calculation of Lower-Limit TOF. Steady-state polarization data
were acquired following anodization of films deposited by passage of
1.0, 0.4, and 0.083 mC cm−2. Deposition durations were about 67, 25,
and 11 s, respectively. We note that the charge passed cannot be used
as a simple measure of the Ni loading because: (1) non-Faradaic
double-layer charging currents for short deposition times (and
particularly for the thinnest of these films) accounts for a non-trivial
proportion of the total charge passed; and (2) oxygen evolution
accompanies deposition, and so a fraction of the charge passed is
consumed for OER and not solely for film deposition. Thus, in order
to evaluate film loadings, CVs of each film were acquired as described
in part 5 of this section, and the charge consumed upon film reduction
was determined by integration of the cathodic surface wave. Charges of
0.91, 0.53, and 0.21 mC cm−2 were obtained from analysis of the CVs.
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We have established that the charge passed upon film oxidation or
reduction involves the net transfer of 1.6 electrons per nickel center for
films of comparable thickness.26 Thus, the charges correspond to
loadings of about 5.9, 3.4, and 1.4 nmol/cm2 of Ni centers,
corresponding to films of approximate thicknesses of 5, 3, and 1.0 nm.
Knowing the amount of nickel on each electrode, and by

interpolating Tafel data for each film at η = 400 mV, respective
current densities, j, at this overpotential can be converted into turnover
frequency per nickel center, given that each turnover requires the
removal of four electrons (j = 4Fv, where v is the turnover velocity of
the film per cm2 and F is the Faraday constant). Dividing v by the
catalyst loading returns the TOF per nickel center. Since the number
of active sites is expected to be only a fraction of the number of nickel
centers, this calculation returns a lower limit for the TOF of each
active site. The calculated lower limit on the TOFs at η = 400 mV in
0.5 M KBi 1.75 M KNO3, pH 9.2 are 0.92, 0.51, and 0.49 mol O2 (mol
Ni)−1 s−1 for films deposited by passage of 1.0, 0.4, and 0.08 mC cm−2,
respectively. Similarly, in the case of a 1.0 mC cm−2 catalyst film
operated in 1 M KOH 1 M KNO3 pH 13.85 electrolyte, we calculate a
lower-limit on the TOF of 1.7 mol O2 (mol Ni)

−1 s−1 at η = 325 mV.
7. Mass Transport Dependence Studies. To verify that Tafel

data were not subject to mass transport limitations, a Pt rotating disk
electrode (RDE) was used to collect steady state data. The Pt RDE
was polished to a mirror finish with 0.05 μm α-alumina (CH
Instruments). Prior to film deposition, the Pt disk was electrolyzed at
1.4 V (vs NHE) in 1 M KBi, pH 9.2 electrolyte for 30 min to anodize
the Pt surface exhaustively as to minimize current arising from
platinum oxide formation upon application of a potential step.
Following this pretreatment, catalyst films were deposited onto the Pt
RDE in an otherwise identical manner to that described above. Tafel
data were collected in KBi/KNO3 electrolyte with Eappl stepped from
1.13 to 1.00 V in 7−20 mV increments. At each potential step, steady-
state data were collected at rotation rates (ω) of 2000 and 600 rpm;
data were also collected in the absence of disk rotation, but in a well-
stirred solution. iR corrected Tafel data collected under these three
conditions are shown in Figure S1. Background currents arising from
the OER at the Pt RDE itself are insignificant compared to currents
due to the OER mediated by NiBi. The excellent agreement among
Tafel slopes (28 mV/decade) under these disparate conditions reveals
that Tafel data are not limited by mass transport over the current/
potential range explored. In addition, these experiments demonstrate
that the kinetic profile of the catalyst does not depend on the nature of
the underlying substrate.
8. Tafel Data in the Absence of Excess Supporting

Electrolyte. Tafel data were acquired as in part 2 of this section,
with the exception that electrolytes contained only KBi and no KNO3.
Tafel data were collected in 0.1, 0.2, 0.5, and 1.0 M KBi, pH 9.2
electrolyte (Figure S3). Apparent Tafel slopes decrease from 40 to 35
mV/decade as the borate concentration (and ionic strength of the
electrolyte) increases.
9. Supporting Electrolyte Effect. The surface of a 0.2 cm2 FTO-

coated glass electrode was exposed by application a 1 cm wide piece of
scotch tape to isolate a 2.0 mm ×1.0 cm strip. The solution resistances
of six electrolytes, each containing 0.1 M KBi at pH 9.2, with varying
concentrations of KNO3 from 0 to 2 M were measured using the iR
test function. Without disturbing the relative positions of the working
and reference electrodes, a 1.0 mC cm−2 catalyst film was deposited
and anodized. Following anodization, the catalyst film was operated in
each solution at a fixed current density of 0.4 mA cm−2. In this
galvanostatic experiment, the potential required to sustain this current
density was recorded after at least 300 s had elapsed. Potential values
were then corrected for iR drop using the measured solution
resistances. Prior to operation in each electrolyte, the catalyst film
was briefly rinsed in fresh electrolyte of identical composition, to avoid
cross-contamination. As shown in Figure S4, KNO3 concentrations ≥1
M are sufficient to eliminate any diffuse double layer effects and
attendant complications arising from elevated local concentrations of
borate anions.
10. Open Circuit Decay Transients. NiBi films were prepared as

described in part 3 of this section. Following deposition, the films were

immersed in KBi/KNO3 pH 9.2 electrolyte and held at 1.1 V (vs
NHE) for 10 s, after which Eappl was removed. This short duration was
sufficient for the current to plateau without the onset of anodization. A
second potentiostat, which was connected in parallel, was used to
measure the voltage across the working and reference electrodes
throughout the potential bias and for 2 min subsequent to the removal
of Eappl (open circuit). The sampling interval was 5 ms. The open
circuit potential (OCP) was plotted as a function of time (see Figure
2). The electrode was then rinsed in water and anodized in 1 M KBi
pH 9.2 electrolyte. Following anodization, films were immersed in
KBi/KNO3 pH 9.2 electrolyte, and the open circuit decay experiment
was repeated, this time with a sampling interval of 2.5 ms. The open
circuit potential was plotted as a function of time (see Figure 2). These
transients were fit to eq 1 to extract the Tafel slopes for OER for
anodized and nonanodized films. The OCP transients were also
converted into Tafel plots (Figure 2 inset) using eq 2.

11. Borate Dependence Studies. To determine the reaction
order in borate, solutions were prepared with Bi concentrations in the
range 0.63−6.3 mM. An appropriate amount of KNO3 was added to
ensure an ionic strength of 2 M. The solution resistance of each
electrolyte was recorded without disturbing the relative positions of
the working and reference electrodes, and then a 1.0 mC cm−2 catalyst
film was deposited onto a Pt RDE. Following anodization, the catalyst
film was operated at 1.05 V in each solution at ω = 2500, 1600, 900,
and 625 rpm. At each rotation rate, the current was allowed to reach
its steady-state value before proceeding to the next rate. Prior to
operation in each electrolyte, the catalyst was rinsed in fresh electrolyte
of identical composition to avoid cross-contamination. The experiment
was then repeated at 1.04 and 1.06 V. Ohmic losses due to solution
resistance accounted for <1 mV, and they were therefore neglected.
Appreciable changes in current values with ω were observed for
electrolytes of low buffer strength ([Bi] < 40 mM), implying that the
reaction was not purely activation controlled. As such, Koutecky−́
Levich (K−L) plots (i−1 as a function of ω−1/2) were constructed to
allow for extraction of activation-controlled currents by linear
extrapolation to the limit of an infinitely high rotation rate (Figure
S5 shows a representative plot). Log j was plotted as a function of log
[Bi] (see Figure 3) over the [Bi] range 0.63 M−40 mM. In electrolytes
of very low buffer strength ([Bi] < 40 mM), a slope of ca. zero is
observed.

12. pH Dependence Studies in Bi Electrolyte. A 0.2 cm2 (1 cm
× 2 mm) area of an FTO-coated glass electrode was isolated with
scotch tape and a 1 mC cm−2 catalyst film was deposited. The
electrode was operated at a current of 2 μA (equivalent to 10 μA
cm−2) in 100 mM KBi 2 M KNO3, pH 8.5 electrolyte. The steady state
electrode potential (measured after operation for ≥2 min at each pH)
was recorded as the pH of the solution was raised up to pH 12.0 in
increments of about 0.1 pH units using μL aliquots of 10% KOH
solution. Ohmic potential losses amounted to <0.1 mV, and they were
ignored. Additionally, at these very low current densities, no local pH
gradients arise even when the pH is adjusted outside of the ideal Bi
buffering regime. The steady-state electrode potential was plotted as a
function of pH (see Figure 4).

A 1.0 mC cm−2 catalyst film was prepared onto a Pt RDE. Tafel data
were collected in electrolytes with Bi concentrations equal to 0.601,
0.200, 0.110, 0.101, and 0.100 M at pH 8.5, 9.2, 10.2, 11.2, and 12.0,
respectively, to ensure that each electrolyte contained ∼0.1 M borate
anion, considering the pKa of 9.2 for Bi buffer. Sufficient KNO3 was
added to each solution to yield a concentration of 0.9 M, and therefore
to maintain an ionic strength of 1 M. In each solution, steady state data
were collected without iR compensation at 2500, 1600, 900, and 625
rpm, and where necessary, K−L analysis was used to extract
activation−controlled current values. Although the measured current,
and for that matter the iR drop, varied with rotation rate, the difference
in these Ohmic losses due to solution resistance between different
rotation rates at the same applied potential was negligible (<1 mV).
The product of the previously measured solution resistance and the
average current value over the rotation rate range analyzed was
subtracted from the applied potential to yield the iR-corrected
potential. The upper and lower limits for applied potentials were
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chosen such that current densities would fall between 3.5 mA cm−2

and 10 μA cm−2. Data were recorded at potential intervals of 10 mV to
yield Tafel slopes (Figure 5a). Tafel plots were interpolated at 2.5,
0.25, and 0.025 mA cm−2 to furnish the potential dependence on pH
at constant current density (Figure 5b).
13. pKa Titrations. A 1.0 mC cm−2 catalyst film was prepared onto

an FTO-coated glass electrode (0.2 cm2), and operated at a current of
2 μA (equivalent to 10 μA cm−2) in 100 mM KBi 2 M KNO3, pH 11.3
electrolyte. The steady-state electrode potential was recorded using a
Hg/HgO (1 m NaOH) reference electrode as the pH of the solution
was raised in increments of 0.2−0.25 pH units up to pH 12, with μL
aliquots of 50% KOH solution. The experiment was continued in
separate electrolytes of identical composition (100 mM KBi 2 M
KNO3) whose pH had been previously adjusted to pH 12.25, 12.5,
12.8, and 13.15, respectively. Ohmic potential losses amounted to <0.1
mV in each electrolyte and could be safely ignored. The measured
potentials (vs Hg/HgO) were converted to the NHE scale using
E(NHE) = E(Hg/HgO, 1 m NaOH) + 0.108.51 The corresponding
overpotentials were calculated by subtracting the thermodynamic
potential for the OER at each pH from the E(NHE) values. The
steady state electrode overpotential was plotted as a function of pH at
10 μA cm−2 (see Figure 6).
14. Tafel Data in Bi-Free Electrolyte, pH 12.9, 13.8. A 1.0 mC

cm−2 catalyst film was deposited onto a Pt RDE, and Tafel data were
acquired in 0.1 M KOH 1.9 M KNO3 and 1.0 M KOH 1.0 M KNO3
solutions (pH 12.9 and 13.8, respectively). For these solutions, no
mass transport limitations were encountered over the accessible
overpotential range (η = 220−330 mV), and activation-controlled
steady state Tafel data were acquired at a single rotation rate of 2000
rpm (Figure 6, inset).
15. Tafel Data in Bi-Free Electrolyte, pH 8.5. A 1.0 mC cm−2

catalyst film was deposited onto a Pt RDE as described above. The
activation-controlled steady state current density was measured with iR
compensation as a function of applied potential by K−L analysis (see
Figure S6 for a representative example) at 20 mV intervals in 1.0 M
NaClO4, pH 8.50 electrolyte. There were 1−5 μL aliquots of 1 M
NaOH added periodically to ensure minimal drift (±0.01 pH units) in
bulk pH over the course of the experiment. Three consecutive runs
were acquired, and the Tafel data were averaged (Figure 7). The
activities of films in Bi electrolyte (0.5 M KBi 1.75 M KNO3, pH 9.2
electrolyte) after operation in 1 M NaClO4 pH 8.5 are compared with
Tafel data acquired using a fresh catalyst film in Figure S7. Since the
activity of a catalyst film after operation in Bi-free electrolyte is
comparable to that of a fresh film, the possibility of film corrosion
causing the Tafel behavior displayed in Figure 7 is excluded.
16. Deposition and Tafel Plots of CoBi Films. CoBi catalyst

films were prepared via controlled-potential electrolysis of 0.1 M KBi,
pH 9.2 electrolyte solutions containing 0.5 mM Co2+. Depositions
were carried out using an FTO-coated glass piece as the working
electrode. These FTO-coated glass electrodes were rinsed with
acetone and water prior to use in all experiments and a ∼0.6 cm
wide strip of Scotch tape was applied to the FTO coated side such that
a 1 cm2 area was exposed to solution. Deposition by controlled
potential electrolysis was carried out on quiescent solutions at 0.9 V
(vs NHE) without iR compensation and with passage of 0.6 mC cm−2

(equivalent to 6 nmol cm−2 Co). A typical deposition lasted 12 s.
Current−potential data were obtained for this 0.6 mC cm−2 CoBi

film by conducting controlled potential electrolysis in KBi/KNO3 pH
9.2 electrolyte at a variety of applied potentials. Prior to film
deposition, the solution resistance of the electrolyte to be used for
collection of Tafel data was measured using the iR test function. The
electrolysis solution was exchanged for Co2+-containing KBi electro-
lyte, without disturbing the relative positions of the working and
reference electrodes. The film was prepared by controlled-potential
electrolysis. Following film preparation, the working electrode was
rinsed in fresh Co-free KBi electrolyte and transferred, without drying,
to the same electrolysis bath in which the solution resistance was
measured. The electrode was allowed to equilibrate with the
electrolysis solution for 5 min while being held at the open circuit
potential. The solution was stirred, and steady-state currents were then

measured at applied potentials that descended from 1.13 to 1.00 V in
10 mV steps. At each potential, 400 to 600 s were allowed for the film
to reach steady state. The solution resistance measured prior to the
data collection was used to correct the Tafel plot for Ohmic potential
losses (Figure 9a).

■ RESULTS
Catalyst films were prepared by controlled potential electrolysis
of 100 mM KB(OH)4/H3BO3 (Bi) electrolyte, pH 9.2
containing 0.4 mM Ni2+ at an applied potential of 1.15 V (vs
NHE) without stirring. Unless otherwise noted, a total charge
of 1.0 mC cm−2 was passed during deposition over a period of
60−80 s using fluorine−tin−oxide (FTO) coated glass slides as
substrate. Following deposition, films were preconditioned with
an anodization protocol that involved passage of 3.5 mA cm−2

for 1−2 h in stirred solutions of 1.0 M Bi electrolyte, pH 9.2.
1. Tafel Slope Determination. The steady-state current

density (j) for oxygen evolution from anodized films was
evaluated as a function of the overpotential (η) in stirred Ni-
free solutions of 0.5 M Bi pH 9.2 electrolyte (Figure 1). To

avoid diffuse double layer effects,52 a high ionic strength was
maintained with 1.75 M KNO3 supporting electrolyte. The
applied voltage (Eappl) was varied in 7−20 mV increments in
the region of water oxidation and maintained until j attained a
steady-state value. Compensation of Eappl for Ohmic potential
losses yielded the corrected potential (E), which was then
converted to η by subtraction of the thermodynamic potential
for water oxidation (E°) under the experimental conditions.
Steady-state polarization data were acquired following anodiza-
tion of films deposited by passage of 1.0, 0.40, and 0.083 mC
cm−2.
The amount of charge passed in oxidation or reduction of

NiBi films involves a net transfer of ca. 1.6 electrons per nickel
center.26 With this knowledge, the charge consumed upon
reduction of films by cyclic voltammatery permits a reliable
estimation of the number of nickel centers in catalyst films (see
subheading 6 of the Experimental Section) and thickness of the
films.26 Film thicknesses of approximately 5, 3, and 1 nm
correspond to 15, 9, and 3 monolayers’ worth of catalyst,
respectively. Although the overall activity of these catalyst films
at a specified overpotential increases with thickness, plots of η
(or E) as a function of log j (Tafel plots) display similar slopes,
b, of 30 mV/decade (2.3 × RT/2F), irrespective of loading.
These Tafel slopes are indicative of a two-electron transfer in
minor equilibrium prior to a chemical turnover-limiting step
(TLS), resulting in a transfer coefficient, α (α = 2.3RT/bF) of
2.45,53 Tafel plots of films deposited onto a Pt rotating disk

Figure 1. Tafel plots, E = (Eappl − iR), η = (E − E°), for anodized
catalyst films deposited onto FTO by passage of 1.0 (blue ■), 0.40
(red ●), and 0.083 (green ▲) mC cm−2 and operated in 0.5 M KBi
1.75 M KNO3 pH 9.2 electrolyte. Tafel slopes are 31, 32, and 29 mV/
decade, respectively.
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electrode (RDE) are identical irrespective of the rotation rates,
ω of 2000 or 600 rpm, or whether stirring is the sole source of
convection (Figure S1). These observations confirm that the
Tafel slope is representative of activation-controlled OER over
the potential range explored. Tafel slopes are also reproducible
for sequential runs, and do not depend on the direction of
potential change (Figure S2), indicating that the films are not
significantly altered over the course of data collection.
Although only a fraction of the nickel centers may be

involved in catalysis, a lower-limit value for the oxygen
evolution turnover frequency (TOFmin) of NiBi catalyst films
at a specified overpotential can be estimated by determining the
rate of turnover per nickel center in the film at that
overpotential. At η = 400 mV in 0.5 M Bi pH 9.2 electrolyte,
a TOFmin was determined to be 0.9, 0.5, and 0.5 mol O2 (mol
Ni)−1 s−1 for films prepared by passage of 1.0, 0.40, and 0.083
mC cm−2, respectively (see subheading 6 of the Experimental
Section).
Tafel slopes were also extracted from open circuit potential

(EOC) decay transients, following the interruption of a potential
pulse. Catalyst films were poised at 1.1 V in 0.5 M Bi pH 9.2
electrolyte for 5 s. Upon switching to open circuit, the decay in
EOC was monitored as a function of time, t (Figure 2). The

decrease in EOC arises due to the discharge of the capacitance of
the electrode, through the Faradaic resistance, mediated by the
catalyst film (i.e., Ni centers in the film are reduced by water via
the OER). Thus, the characteristics of the overpotential of the
electrode at open circuit (ηOC = EOC − E°) versus time depend
on the mechanism of O2 evolution and therefore the Tafel
slope, b43,54,55

η τ= − +a b tlog( )OC (1)

with a = b log(bC/j0) and τ = 10(−η′/b)bC/j0. C is the
capacitance of the electrode, j0 is the exchange current density,
and η′ is the initial overpotential at t = 0. This open-circuit
decay method assumes that any change in C during the
experiment is negligible.
EOC−t curves recorded for anodized and non−anodized films

are shown in Figure 2.
Owing to their considerably higher catalytic activity, the EOC

of anodized films decreases by almost 100 mV within the first
0.1 s after the potential is interrupted. In contrast, over the

same duration a minimal decrease (<10 mV) is observed in EOC
for nonanodized films. Fitting the decay trace of an anodized
film to eq 1 yields a Tafel slope of 33 mV/decade, which is in
excellent agreement with the steady-state Tafel plot measure-
ments of Figure 1. In contrast, a much higher Tafel slope of 100
mV/decade is extracted from the open circuit decay trace of
nonanodized films. These transients permit the construction of
Tafel plots of anodized and nonanodized films by recognizing
that the instantaneous OER current density across the catalyst−
electrolyte interface (log jt) can be expressed as a function of
the time elapsed during the OCP decay, t54

τ= − +=j j tlog log log(1 / )t t 0 (2)

where log jt=0 is the initial current density before open circuit
conditions. The resulting Tafel plots (Figure 2 inset) illustrate a
significant difference in the activity of anodized versus
nonanodized films. We note that the Tafel plot of the anodized
film is concordant with that obtained by steady state
polarization measurements of Figure 1.

2. Determination of Reaction Order in Bi. The
dependence of reaction rate on buffer strength was interrogated
by controlled potential electrolysis of anodized catalyst films at
1.04, 1.05, and 1.06 V in Ni-free electrolyte, pH 9.2 with
varying Bi concentrations [Bi] from 630 to 6.3 mM (Figure 3).

Sufficient KNO3 was added to each solution to preserve a
constant high ionic strength of 2 M. Diffuse double layer
effects,52 which lead to spuriously elevated Tafel slopes and
distorted reaction orders (Figure S3), can be eliminated by
operating at constant ionic strength as well as maintaining a low
concentration of buffering species relative to an inert
supporting electrolyte (Figure S4).56 Catalyst films were
deposited onto a Pt RDE that had been pretreated to render
any current due to Pt oxide formation negligible (see
subheading 7 of the Experimental Section). For each electrolyte
examined, the RDE was operated until a steady-state current
value was attained at various ω. In cases where the [Bi] was less
than 100 mM, the observed currents were subject to mass
transport limitations, as evidenced by the dependence of i on ω.
In these instances, Koutecky−́Levich (K−L) plots of i−1 as a
function of ω−1/2 were constructed (Figure S5) to extract the
activation-controlled current values by linear extrapolation to
the limit of infinitely high rotation rates (ω−1/2 → 0).57,58 In all

Figure 2. Open circuit potential, EOC, and overpotential, ηOC = (EOC −
E°), transients for nonanodized (green ---) and anodized (dark blue
) 1.0 mC cm−2 NiBi films immediately following a 10 s bias at 1.1 V
in 0.5 M KBi 1.75 M KNO3 pH 9.2 electrolyte. The red lines represent
fits to eq 1. Tafel slopes are 100 before anodization and 33 mV/decade
after anodization. The inset shows the corresponding Tafel plots
determined from the EOC transients by calculating log j at each time
point using eq 2.

Figure 3. Bi concentration dependence of steady state catalytic current
density at constant potential (E = 1.04 V (green ◆), 1.05 V (red ●),
1.06 V (blue ■)) for an anodized catalyst film deposited onto a Pt
RDE by passage of 1.0 mC cm−2 and operated in Bi electrolyte, pH
9.2. Sufficient KNO3 was added to maintain a constant total ionic
strength of 2 M in all electrolytes. Koutecky−́Levich analysis was used
to extract activation-controlled current densities in weakly buffered
electrolyte, where the measured current was dependent on rotation
rate. The experimental reaction orders (slopes of the red linear fits) in
Bi are (from top to bottom) −0.95, −1.04, and −0.95.
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cases, Ohmic potential losses amounted to less than 1 mV, and
therefore, they were neglected. Figure 3 shows the logarithm of
the activation−controlled current density plotted as a function
of log[Bi]. For [Bi] ≥ 40 mM, the slope of the plot establishes
an inverse first order dependence of current density on Bi
activity. In electrolytes of very low buffer strength ([Bi] < 40
mM), film activity deviates from this reaction order, and an
ostensibly zeroth order regime is observed.
3. Determination of Reaction Order in H+ Activity.

Given the explicit reaction order in Bi, any measurements of
reaction rate dependence on pH will inevitably alter the activity
of boric acid, borate anion, or both. To evaluate the reaction
order in H+ activity, anodized films were deposited onto a Pt
RDE, and steady-state data were collected as a function of pH.
Initially, a galvanostatic titration at 10 μA cm−2 in an electrolyte
with a constant [Bi]total = 100 mM was undertaken in the
presence of 2 M KNO3. The titration was commenced at pH
8.5, and the potential required to sustain constant current
density was measured as the pH of the solution was raised
incrementally. At low current density, no local pH gradients
arise, even when the pH is adjusted outside of the ideal Bi
buffering regime. Additionally, Ohmic potential losses were less
than 0.5 mV, and they can be neglected. The plot of potential
as a function of pH (Figure 4) shows two limiting slopes of

−64 mV/pH unit and −96 mV/pH unit for pH ranges 8.5−9.8
and 10−12, respectively. The bifurcation observed at pH 10
indicates that either (1) there is a change in mechanism (such
as a change in Tafel slope) at pH 10 or (2) there exists an
inverse first order dependence of reaction rate on only borate
anion (Bi

−), and not on boric acid, B(OH)3, such that as the
pH is increased from 8.5−10, the corresponding exponential
increase in the concentration of Bi

− serves to skew the true
dependence on H+ activity. In this case, the intrinsic proton
order is observed for pH > 10 where [Bi

−] reaches saturation.
A separate experiment was conducted to distinguish between

scenarios 1 and 2. Films were deposited onto a Pt RDE, and
Tafel data were collected using Bi solutions at pH 8.5, 9.2, 10.2,
11.2, and 12.0 (Figure 5a). In each electrolyte, the total buffer
concentration [Bi] was varied such that the concentration of
borate anion [Bi

−] was maintained at 100 mM; 0.9 M KNO3
was added to each solution to preserve a constant ionic strength
of 1 M. Where necessary, the activation-controlled current
densities were obtained from K−L analysis. There is no
mechanistic change over the pH range explored; all Tafel slopes
lie between 28 and 32 mV/decade. This suggests that scenario
2 is at the root of the change observed for pH > 10.
Interpolation of each Tafel plot at 2.5, 0.25, and 0.025 mA cm−2

yields the potential dependence on pH (Figure 5b). The single

observed slope (∂E/∂pH)j = −90 mV/pH over the pH range
8.5−12.0 is a convolution of the pH dependence of the current
density (∂log j/∂pH)E and the potential dependence of the
current density (∂E/∂log j)pH. That is
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Substituting (∂E/∂pH)j = −90 mV/pH (from Figure 5b) and
(∂E/∂log j)pH = 30 mV/decade (the Tafel slope) into eq 3
gives (∂log j/∂pH)E = +3. The reaction order in H+ activity
(∂log j/∂log aH+)E may thus be determined as
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which yields a reaction order in proton activity aH
+ of −3. We

therefore deduce that the reaction rate is zeroth order in boric
acid activity, inverse first order in borate anion activity for [Bi

−]
in excess of 20 mM, and inverse third order in proton activity
between pH 8.5 and pH 12.
A galvanostatic titration in 100 mM Bi from pH 11 to 13 was

used to investigate a change in the pH dependence under
alkaline conditions, which might be expected to arise when the
pH is elevated beyond the pKa of an active site species. As
shown in Figure 6, a plateau in the plot of η versus pH is
observed at pH ∼ 12.2. However, since Tafel data acquired in
0.1 and 1.0 M KOH (Figure 6 inset and Figure S8) continue to
exhibit slopes close to 29 mV/decade, the mechanistic change
that results in this plateau in the η versus pH plot does not arise
from changes in Tafel slope. Instead, this behavior must arise
exclusively from changes in the H+ reaction order.

Figure 4. pH dependence of steady-state electrode potential at
constant current density (janodic = 10 μA cm−2) for an anodized 1.0 mC
cm−2 catalyst film on FTO operated in 0.1 M Bi 2 M KNO3
electrolyte. Slopes equal −64 () and −96 (---) mV/pH unit.

Figure 5. (a) Tafel plots, E = (Eappl − iR), for anodized NiBi catalyst
films deposited on a Pt rotating disk electrode by passing 1.0 mC
cm−2, and operated in 0.60 M Bi pH 8.5 (red ◆), 0.20 M Bi pH 9.2
(orange ▲), 0.11 M Bi pH 10.2 (green ■), 0.10 M Bi pH 11.2 (light
blue ●), and 0.10 M Bi pH 12.0 (dark blue ▼). Each electrolyte
contained an additional 0.9 M KNO3 as supporting electrolyte to
maintain an ionic strength of about 1 M. Koutecky−́Levich plots were
constructed to extract activation-controlled current densities where
necessary. (b) Interpolation of Tafel plots at 2.5 mA cm−2 (blue +),
0.25 mA cm−2 (red ∗), and 0.025 mA cm−2 (green ×). Slopes are −90,
−89, and −88 mV/pH unit, respectively.
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According to Figure 6, for pH > 12.2 there is no dependence
of the current density on pH at constant overpotential. This
parameter, (∂log j/∂pH)η, is related to the pH dependence of
the current density at constant potential, (∂log j/∂pH)E,
through the transfer coefficient, α (α = 2.3RT/bF, where b is
the Tafel slope):59
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Both Tafel slopes are close to 29 mV/decade, and therefore, α
= 2.3RT/0.029F = 2. Substituting (∂log j/∂pH)η = 0 and α = 2
into eq 5, we find (∂log j/∂pH)E = 2. According to eq 4, this
results in a reaction order in H+ activity of −2. Therefore, the
reaction order in H+ activity transitions from a value of −3 over
the range pH 8.5 to 12 (Figure 5a,b) to −2 at pH ≥ 12.2
(Figure 6). These results indicate that one of the three
kinetically relevant protic centers of NiBi active sites possesses a
pKa of 12.2. In strongly alkaline electrolytes, this species is
deprotonated in the resting state of the catalyst and ceases to
contribute to the electrochemical rate law.
4. Tafel Data in Bi-Free Electrolyte. To explore OER

kinetics in the absence of a weak base, steady state polarization
data were collected in 1 M NaClO4 pH 8.5 solution. Films were
deposited onto a Pt RDE by passage of 1.0 mC cm−2 and
anodized in Bi buffered solutions. Tafel data were obtained in
NaClO4 electrolyte by extrapolation of K−L plots at each
potential considered (Figure S6) in order to eliminate mass
transport limitations through the bulk electrolyte. Over the
course of the experiment, small aliquots (1−5 μL) of 1 M
NaOH were added periodically to preserve the bulk pH at
8.50(1). Tafel data are the average of three runs. The resulting
Tafel plot displays a greatly elevated slope compared to Tafel
data acquired in Bi electrolyte, pH 8.5 (Figure 7). The kinetic
profile of catalyst films in Bi buffered media following operation
in Bi-free electrolyte was comparable to the activity of a freshly
prepared film (Figure S7), indicating that the Tafel behavior
obtained in the absence of Bi cannot be attributed to the
corrosion of catalyst films in buffer−free electrolyte.

■ DISCUSSION
1. Steady-State Tafel Data. Tafel behavior describing the

effect of potential, E, or overpotential, η, on steady-state current

density, along with experimentally determined reaction orders,
forms the basis of the mechanistic analysis of oxygen evolution
by NiBi catalyst films. Steady-state current densities are
proportional to the activation-controlled velocity of the OER
if the reaction is not subject to mass-transport limitations. This
requirement is true of the electrokinetic studies described
herein, since in well-buffered electrolytes Tafel data collected
using an RDE is identical irrespective of rotation rate or
whether stirring was the sole means of mass transport with the
electrode stationary (Figure S1), resulting in Tafel slopes, b
(where b = ∂E∂log j)pH, of 28 mV/decade in each case. In cases
where mass transport limitations were encountered (poorly
buffered media, or electrolytes completely lacking a weak base
electrolyte), Koutecky−́Levich analysis was employed to extract
activation-controlled current densities. Furthermore, the Tafel
plots are the same for sequential runs and independent of the
direction of potential change during data acquisition (Figure
S2), verifying that catalyst films are not altered appreciably over
the course of experiments. Precise control of catalyst film
thickness was accomplished by managing the total charge
passed during deposition. Although the resultant film
thicknesses ranged from 1 to 5 nm (equivalent to 3−15
monolayers of catalyst), Tafel plots collected for each film gave
similar slopes, close to 30 mV/decade (Figure 1). Since
activated transport through the film can impose additional
potential barriers to electronic/ionic conductivity,60−62 con-
sistent slopes over a range of film thicknesses (particularly at
almost monolayer coverage) demonstrate the absence of non-
Ohmic potential losses between the potential applied at the
electrode and that experienced by active sites. In our initial
report,25 we explored considerably thicker films (>1 μm thick),
and higher Tafel slopes were observed. However, the data
reported here is for ultrathin (1−5 nm) films. Thus, these
results are consistent with sluggish charge or mass transport
through the mesoporous films leading to an inflation of the
Tafel slope at high catalyst loadings. For anodized catalyst films,
Tafel plots (Figure 1) yield 30 mV/decade slopes that are
consistent with a mechanism involving a chemical turnover-
limiting step (TLS) that follows a two-electron pre-equilibrium.
The reciprocal of the Tafel slope in dimensionless form is
known as the transfer coefficient, α = 2.3RT/bF = 2 for b = 29.5
mV/decade at 25 °C.59 Although the Tafel slopes are
independent of film thickness, the apparent exchange current

Figure 6. Plot of the pH dependence of steady-state electrode
overpotential (gray ■), at constant current density (janodic = 10 > μA
cm−2) for an anodized 1.0 mC cm−2 catalyst film deposited onto FTO
and operated in 0.1 M Bi 2 M KNO3 electrolyte. The change in slope
at pH 12.2 is consistent with the elevation of the bulk pH above the
pKa of an active site moiety. The inset shows Tafel plots, η = (E − iR
− E°), for anodized catalyst films deposited onto a Pt RDE by passage
of 1.0 mC cm−2 and operated at 2000 rpm in 0.1 M KOH 1.9 M
KNO3 pH 12.9 (blue ○) and 1.0 M KOH 1.0 M KNO3 pH 13.8 (red
△) electrolyte. Tafel slopes are 28 and 30 mV/decade, respectively.

Figure 7. Tafel plots, E = (Eappl − iR), η = (E − E°), for anodized
catalyst films deposited onto a Pt RDE by passage of 1.0 mC cm−2 and
operated in 1 M NaClO4 pH 8.5 electrolyte (●). Koutecky−́Levich
analysis of steady state current densities at various rotation rates was
used to eliminate mass transport limitations through solution. The
data shown is the average of three consecutive runs. A Tafel plot of an
identical catalyst film in 0.6 M KBi 0.9 M KNO3 pH 8.5 (0.1 M Bi

−,
total ionic strength = 1 M) electrolyte (green ▲), displaying a 32 mV/
decade Tafel slope (), is shown for comparison.

Journal of the American Chemical Society Article

dx.doi.org/10.1021/ja3126432 | J. Am. Chem. Soc. 2013, 135, 3662−36743668



densities and hence the overall activity of films does increase
with loading. This would be expected to occur, as anodes with
thicker catalyst layers should possess more active sites per unit
geometric area in these porous films. Lower-limit TOFs of 0.9
mol O2 (mol Ni)−1 s−1 are observed at η = 400 V in pH 9.2
electrolyte and 1.7 mol O2 (mol Ni)−1 s−1 at η = 325 mV in 1
M KOH. Lower-limit TOF for these catalysts may be calculated
at any η by recognizing that the TOF decreases by an order of
magnitude per 30 mV increment. Thus, these catalyst films rival
the most active OER anodes reported to date.40

2. OER of Nonanodized NiBi. Monitoring the decay in
open circuit potential after interrupting an applied potential
bias offers a complementary means of determining the Tafel
slope of an electrokinetic reaction.43,54,55 This method is the
most appropriate means of extracting electrokinetic information
on the OER at the less catalytically active nonanodized films,
since polarization of the electrode for an extended period of
time leads to anodization.26 The higher activity of anodized
films is immediately evident in the very rapid decay at early
times due to more efficient O2 evolution as compared to the
less catalytically active nonanodized films (Figure 2). Indeed,
since the Tafel slope for anodized films is found to be 33 mV/
decade (in agreement with Figure 1), the corresponding OCP-
decay transient indicates that the surface concentration of
catalytic intermediates in anodized NiBi decreases by over 3
orders of magnitude in the first 100 ms after the potential is
removed. In contrast, the Tafel slope of nonanodized films is
considerably higher, approaching 100 mV/decade. Tafel slopes
of 120 (±20) mV/decade are expected for mechanisms
involving a turnover-limiting electron transfer (ET) from the
resting state:45,59

⎯ →⎯⎯ + −A B e
TLS

(6)

The turnover velocity for such a reaction will be given by

θ=v kET A (7)

where kET is the rate constant for the turnover limiting electron
transfer, and θA is the surface coverage of the resting state
species, A:63

Γ
Γ

A

max (8)

ΓA is the surface concentration of active sites that exist in state
A (expressed in mol/cm2), and Γmax is the total surface
concentration of active sites. It is important to note that Γmax
need not equal the surface concentration of solvent-exposed
metal centers, or even the concentration of electroactive Ni
centers, since the number of active sites may actually represent
a very small proportion of these centers. Under Langmuir
conditions, since A is the resting state, θA may be assumed to be
a constant equal to 1.63 The rate constant kET is given by
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The parameter k0ET is the ET rate constant at η = 0, and β is the
symmetry factor for the microscopic (irreversible) ET step,
which determines the amount of the total driving force due to η
(i.e., ΔG = −ηF), that causes a decrease in the activation energy
barrier (i.e., Δ(ΔG⧧) = −βηF).53 Thus, the electrochemical rate
law for a reaction that proceeds by eq 6 will be
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This will lead to a Tafel slope (∂η/∂log j) of 2.3 × RT/βF. β is
usually close to 0.5 (±0.1),53 resulting in a Tafel slope of
around 120 mV/decade at 298 K. Importantly, in this case, the
symmetry factor, β, and the transfer coefficient for the overall
OER, α, are numerically identical, since the kinetics of the
overall multielectron reaction are governed entirely by the
microscopic rate-limiting ET step.53 In cases where one or
more electron transfers exist in equilibrium, β and α are
distinct.
It is unclear whether the suppression of the Tafel slope of

nonanodized films from 120 mV/decade to 100 mV/decade
arises due to the existence of a marginally altered β-value of 0.6,
or is a result of the unavoidable partial anodization of the film
during deposition.26 However, the existence of a turnover-
limiting electron transfer in nonanodized films is reasonable.
The resting state nickel valency in nonanodized films is
predominantly +3, and the local coordination environment of
Ni centers in such films would be expected to exhibit a Jahn−
Teller (J−T) distortion that is expected for low-spin d7 ions.26

Thus, the first oxidation process during turnover may be
expected to be kinetically sluggish, as it would incur a large
reorganizational energy penalty associated with a low-spin d7 →
d6 transformation. We conclude therefore that a higher
reorganizational energy associated with Ni3+ oxidation may
contribute to a slower electron transfer and thus to very low
catalytic activity of nonanodized NiBi films.

3. OER of Anodized NiBi. XAS shows that anodization of
NiBi films leads to a gradual phase change (involving changes in
both local structure and resting state nickel valency) that
eliminates the J−T distortion present in nonanodized films.26

In the absence of structural distortion in local geometry, the
oxidation of Ni centers in anodized films should be more facile.
Indeed, the 30 mV/decade Tafel slope obtained by steady-state
Tafel plots (Figure 1) and open-circuit decay transients (Figure
2) indicates that the turnover-limiting step is chemical in nature
and does not involve ET.
Before evaluating the dependence of activity on pH and

therefore the existence of proton-transfer (PT) equilibria prior
to the TLS, it was necessary to establish the dependence of
reaction rate on buffer strength, since any [Bi] dependence
would have to be accommodated during pH changes. The
resulting inverse first order dependence of current density on
[Bi] over almost 1.5 decades (Figure 3) is consistent with the
reversible dissociation of a Bi species from an active site over
this range in buffer strength. Boric acid and borate species are
known to adsorb to oxide surfaces in aqueous media by
coordination to the metal centers.64−67 The −1.0 reaction order
in borate (Figure 3) establishes that the ligation of the buffer
species is governed by the Langmuir isotherm with a high
surface coverage of the adsorbate.63 Accordingly, the Bi-free
active sites necessarily exist in minor equilibrium with a Bi-
bound resting state. We note that our data cannot distinguish
adsorption of polyborate species68−70 as opposed to B(OH)4

−.
Decreasing the concentration of Bi in the electrolyte gives rise
to an increase in activation-controlled current density until a
point where there appears to be no dependence of reaction
velocity on Bi (<40 mM Bi).
While demonstrating an association between buffering

species and active sites, Bi dependence studies alone could
not distinguish which Bi species (boric acid, borate anion (Bi

−),
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or both) must dissociate from active sites during turnover for
oxygen to be evolved. The pH dependence of the steady-state
electrode potential at a constant high ionic strength changes
from about −60 mV/pH over the Bi buffering range to about
−90 mV/pH at Bi

− saturation (Figure 4). In contrast, Tafel
data collected between pH 8.5 and pH 12 at a constant
concentration of borate anion exhibit Tafel slopes of
approximately 30 mV/decade (Figure 5a). The pH dependence
of the steady-state electrode potential was determined to be
about −90 mV/pH by interpolating the Tafel plots at constant
current density (Figure 5b). These results identify that the
observed desorption step involves the liberation of one borate
anion into bulk electrolyte per active site, and confirms a three-
proton equilibrium prior to the TLS. Were both species to be
liberated from active sites, the activity of boric acid and borate
in solution should appreciably modulate OER kinetics on NiBi
films, and an experiment in which the total Bi (boric acid +
borate) concentration is held constant as the pH is varied
(Figure 4) should yield a single slope and the genuine reaction
order in H+ activity. However, if the desorption equilibrium
applies to only one species of the conjugate pair, the pH
dependence of reaction rate will inevitably be convoluted with
the reaction order in that species unless the total Bi
concentration is adjusted to maintain a constant activity in
the coordinated species alone (Figure 5a,b), or the pH regime
is such that Bi speciation does not change appreciably with pH
(pH > 10 in Figure 4).
Electrokinetic data should be acquired in an excess of

supporting electrolyte. If not, the potential dependence of
anion migration and the effects on local pH and specific
adsorption of borate will skew Tafel data and lead to slopes that
are dependent on Bi concentration, and apparent fractional
reaction orders (Figure S3). These effects are eliminated by
maintaining a constant, high ionic strength (I ≥ 1 M) using an
inert supporting electrolyte such as KNO3, which when present
at an appreciable concentration serves to reduce the trans-
ference number of borate anion (the fraction of the total ionic
current that is carried by borate anions) (Figure S4).
Taken together, the results of Figures 1−5 reveal the

electrochemical rate law for oxygen evolution in moderate to
high borate ion concentrations (20−300 mM) at anodized NiBi
films to be
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where k0 is proportional to the exchange current density and
independent of potential. This rate expression contains the
inverse first order dependence on borate activity as shown in
Figure 3, the inverse third order dependence on proton activity
(Figures 4 and 5), as well as the factor of 2 (transfer coefficient)
in the exponential term in the applied potential, E. At constant
borate activity and pH and T = 25 °C, the partial derivative of E
with respect to log j (∂E/∂log j) yields a Tafel slope of 30 mV/
decade, consistent with Figures 1 and 5a.
The experimental rate law in eq 11 is consistent with the

mechanistic sequence

⇌ + + +− − + KA B B 2e 3Hi 1 (12)

→ kB C 2 (13)

which involves reversible borate dissociation from the resting
state, and a two-electron, three-proton equilibrium followed by
a chemical TLS. K1 is the equilibrium constant at E = 0, and k2

is the rate constant for the chemical TLS. Equation 12 may
indeed proceed in a number of discrete steps; however, these
would all exist as quasiequilibria, and such a sequence is
kinetically indistinguishable from a single step. In addition,
there may be any number of distinct chemical equilibrium steps
prior to the TLS, but these cannot be resolved kinetically.
According to eq 13, the steady-state velocity of oxygen

evolution can be expressed as53

θ=v k2 B (14)

θB represents the partial surface coverage of intermediate B. θB
can be defined in terms of the surface coverage of the resting
state A (θA) as follows

53
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which involves the application of the Nernst equation to eq 12.
Substituting for θB in eq 14 gives

θ= − −
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1
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3
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If Langmuir conditions are assumed, the surface coverage of the
resting state is high, and θA would not be expected to change
appreciably over the potential range, and may be considered a
potential-independent constant equal to 1.63 In this case, eq 16
approximates the experimental rate law (eq 11) with

θ=k Fk K40 2 1 A (17)

In situ XAS studies of anodized NiBi films
26 show that there is

no systematic shift in the nickel K-edge position with Eappl over
the potential range used for Tafel data acquisition. This result is
consistent with the assumption that the speciation of the resting
state, A, is invariant over the potential range explored and
therefore permits θA to be taken as a constant (eq 17 above).
XANES26,71 spectra and coulometric26 studies also established
that the average oxidation state of Ni in anodized catalyst films
was +3.6 to +3.8, thereby indicating a substantial amount of
formal NiIV valency in the catalyst resting state.26 In fact, there
appears to be even more formal +4 valency in NiBi compared
to Co−OEC.22,23 Computational studies of NiIV-containing
extended solid nickelates have demonstrated significant
covalency in Ni−O bonding, and extensive delocalization of
hole-density onto oxygen centers upon oxidation of the parent
NiIII compounds.72−74 In addition, EPR studies of a tetracobalt
cubane model compound possessing one formally CoIV center
as a molecular model of our cobalt-based catalyst revealed a
radical distributed almost equally over all Co and O ions,
effectively leading to a formal oxidation number of
[Co4

+3.125O4].
75 Thus, it is reasonable to expect that this NiIV

valency in the catalyst resting state is distributed extensively
over multiple Ni and O centers in the nickel−oxido clusters
that form the ordered domains.
Figure 5 is effectively a Pourbaix diagram of the catalyst

active sites, indicating that one of the protic species possesses a
pKa of about 12.2. At the pH regimes considered in this study, a
NiIII/IVOH2 resting state is unlikely, given the Pourbaix
diagram for nickel.76 In addition, the point of zero charge (pHz)
for nickel oxides, which defines the average of the pKa values of
surface-bound water (M−OH2) and surface-bound hydroxyl
(M−OH) groups,77 has been found to be about 8 and 9.75 for
Ni(OH)2 and NiO, respectively.78−80 Thus, we can anticipate
the pKa of a NiIII/IV−OH2 intermediate would be less than 8.
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The moiety possessing a pKa of 12.2 can therefore be more
reasonably rationalized as a terminal or bridging Ni−OH.
Under highly alkaline conditions (specifically pH > 12.2), this
species is deprotonated in the resting state resulting in an
overall two-electron, two-proton PCET transformation prior to
a chemical turnover-limiting step. This gives rise to a 30 mV/
decade Tafel slope and −60 mV/pH unit shift of E (Figures 6
and 7). Previous EPR studies75 have pointed to the importance
of proton loss in PCET steps for generating localized reactive
intermediates. In the Co−OECs and Ni−OECs, the ensuing
change in ligand field strength upon deprotonation could
localize the unpaired spin density on specific centers leading to
their subsequent reactivity toward O−O bond formation. This
concept is validated by computational studies of cobalt oxido
clusters as Co−OEC models.81 Hence, while the resting state
valency would be delocalized over the entire cluster, the
catalytic intermediates are likely to possess spin density that is
more localized due to proton loss.
A mechanistic scheme for oxygen evolution in Bi-buffered

electrolyte that is consistent with the interfacial properties of
the oxidic surface as well as the electrokinetic data presented
herein is shown in Figure 8. For convenience, eq 12 has been
described as a sequence of several steps in equilibrium. We
assign the two-electron minor equilibrium step to the double
oxidation of a dinickel active site, which proceeds with the
overall deprotonation of a bridging and two terminal hydroxyl
groups. These PCET processes are proposed to lead to a highly
oxidized intermediate that may be tentatively described as
[Ni2

IV/V] or [Ni2
+4.6]. Since this intermediate exists in minor

equilibrium at a very low surface coverage, its formal potential
must lie well above the potential supplied at the electrode.
Nevertheless, this formal [Ni2

IV/V] designation is likely not an
accurate description of the true electronic structure of the
intermediate; we expect that the electron-transfer pre-equilibria
arise from orbitals with predominant O 2p contributions,
resulting in oxyl radical character. The loss of three protons
must contribute significantly to the accessibility of such highly
oxidized intermediates by virtue of the PCET redox-potential
leveling effect.82−84 One hydroxyl group was found to possess a
pKa of 12.2, and hence its corresponding deprotonation step
must occur prior to the remaining two-electron, two-proton
PCET transformations. Since the turnover-limiting step is

chemical in nature and unlikely to involve proton transfer to
the electrolyte, we find it reasonable to propose that this step
involves O−O bond formation and/or Ni−O bond scission.
Computational studies on our Co-based system suggests that
direct coupling of two terminal CoIV(O) groups to form an O−
O bond is thermodynamically favorable and proceeds with a
low kinetic barrier,81 signifying that it may in fact be the
breaking of the metal−oxygen bond that is the turnover-
limiting step in these late transition metal oxide catalysts.
Spectroscopic studies as well as extensive synthetic and
computational modeling will be employed to shed light on
the electronic structure of catalytic intermediates and the details
of the turnover-limiting process. Further electrochemical
studies, particularly on molecular models, are also needed to
shed light on the details of the coupled multiproton,
multielectron sequences.

4. OER in Bi-Free Electrolyte. Certainly, one important
role of Bi is to preserve the local and bulk pH during O2
evolution. However, the inverse first order dependence of
reaction velocity on borate anion activity in eq 15 implicates a
deleterious role of borate on OER kinetics. Despite this
ostensibly “inhibitory” effect, the crucial importance of borate
to the kinetics of water oxidation on NiBi films is evident in
Tafel plots acquired in Bi-free electrolyte (Figure 7). In the
absence of Bi, very high Tafel slopes are observed and high
current densities cannot be achieved. Since Koutecky−́Levich
analysis was used to eliminate effects associated with solution
mass transport (Figure S6), and the bulk pH was preserved by
constant addition of aqueous NaOH, the elevated Tafel slope in
Bi-free electrolyte cannot be attributed to pH gradients at the
film−solution interface. In addition, following operation in Bi-
free electrolyte, films display no loss in activity in Bi-electrolyte
(Figure S7), excluding the possibility of catalyst corrosion over
the period of polarization in Bi-free electrolyte. The observed
Tafel behavior may result from the transition to a turnover-
limiting chemical step from the resting state; the absence of any
preceding electrochemical steps results in a potential-
independent kinetic profile, and therefore an extremely high
(“infinite”) Tafel slope. We observed a similar result for
phosphate-free electrolytes of Co-based catalyst films.24 These
preliminary electrokinetic data suggest that proton transfer
processes may become turnover-limiting in the absence of a

Figure 8. Proposed pathway for O2 evolution by NiBi in Bi ([B(OH)4
−] > 20 mM) electrolyte, pH 8.5−14. The reversible dissociation of borate

anion and an overall two-electron, three-proton equilibrium followed by a rate limiting chemical step is consistent with the experimental
electrochemical rate law. A μ-OH site possessing a pKa of 12.2 is fully deprotonated in the resting state under highly alkaline conditions. Oxidation
state assignments are approximate; oxidizing equivalents are likely extracted from orbitals with predominantly O 2p character, particularly for the
pre-TLS intermediate.
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good proton acceptor, at low hydroxide ion concentrations.
Additional studies are ongoing to shed more light on the details
of OER under such conditions, but these results underscore the
critical importance of borate to facilitating proton transfers,
thereby expediting the PCET sequences necessary for rapid O2

evolution.
5. Differences in Mechanism and Activity of Co−OECs

and Ni−OECs. Differences in activity between oxido Co−
OECs and Ni−OECs are governed to a large extent by the
characteristics of the PCET pre-equilibrium. A two-electron
oxidation is required before the chemical turnover-limiting step
in anodized NiBi OEC films (30 mV/decade Tafel slope),
whereas turnover at Co−OEC films involves a one-electron
pre-equilibrium (60 mV/decade Tafel slope). We propose that
this difference arises because O−O bond formation in both
systems proceeds by radical coupling of two active site oxygen
centers.81 In Co−OEC, this oxygen-centered unpaired spin
density arises upon generation of somewhat localized, low-spin
formally d5 Co4+ centers.22,75,81

Realization of a similar electronic structure would require
more substantial oxidation for a nickel catalyst than for a cobalt-
based system. As such, it would be expected to lead to a lower
exchange current density, but also a lower Tafel slope, provided
the ET steps remain kinetically facile. This is indeed what is
observed when one compares Co−OEC with NiBi at
comparable catalyst loadings at pH 9.2 (Figure 9a). Addition-
ally, the more extensive oxidation would also demand greater
accompanying H+ loss, leading to disparate pH dependences.
Because of the differences in pH dependence for the two
catalysts, NiBi increasingly outperforms Co−OEC as the pH is
elevated (Figure 9b). However, at neutral pH and slightly acidic
conditions, Co−OEC surpasses NiBi in activity. The majority
of studies on the OER have been conducted in highly alkaline
media,85−87 and these have led to useful trends in correlating
specific thermodynamic parameters (such as M−O bond
strengths, enthalpies of formation of the metal(III) hydroxide
compound, and adsorption enthalpies of proposed intermedi-
ates) with catalytic activity, resulting in the general consensus
that, for first row transition metal oxides, OER activity increases
in the order MnOx < FeOx < CoOx < NiOx.

45,62,88−90 However,
as evident from Figure 9b, activity trends in concentrated base
may not hold in intermediate pH electrolytes because of

disparate PCET pre-equilibria involved in the mechanism of the
OER at different catalysts.

■ CONCLUSION
Electrodeposited ultrathin anodized NiBi catalyst films exhibit a
Tafel slope of 30 mV/decade in well-buffered electrolytes
between pH 8.5 and 14. Electrokinetic studies demonstrate that
oxygen evolution in Bi-buffered electrolyte entails the reversible
dissociation of borate anion from the resting state and a two-
electron, three-proton equilibrium followed by a chemical
turnover-limiting step. Under highly alkaline conditions, a
change in reaction order in proton activity is observed that is
attributed to the full deprotonation of a protic center with a pKa
of 12.2. On the basis of previous in situ XAS, a mixed valence
NiIII/IV resting state is invoked, although radical character on
oxygen ions in this resting state as well as the subsequent
catalytic intermediate states is anticipated. These studies
highlight the contradicting roles of borate as both an inhibiting
adsorbate and a proton acceptor for PCET at intermediate pH.
The much lower catalytic activity of nonanodized films may
appear to arise, in part, from a large reorganizational energy
arising from a Jahn−Teller distorted NiIII resting state found in
nonanodized films, thus resulting in a rate-limiting electron
transfer. The low Tafel slope of anodized NiBi films makes this
catalyst ideal for integration with buried-junction semi-
conductors.
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