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As the terminal step in Photosystem II (PSII), and a potential
half-reaction for artificial photosynthesis, water oxidation
(2H2O!O2 + 4H+ + 4e�) is a key reaction, but it imposes
a significant mechanistic challenge in its requirements for
both 4e�/4 H+ loss and O�O bond formation. Rapid progress
has recently been made based with single site polypyridyl
Ru[1–4] and Ir[5–7] complexes, pre-prepared Mn oxide clusters,[8]

Co and Ni clusters that spontaneously form in solution,[9,10]

Co3O4 (spinel) particles,[11] cobalt-based polyoxometal-
lates,[12, 13] colloidal IrO2·nH2O,[14] amorphous iridium oxide
deposited from organometallic precursors,[15] and, most
recently, copper-bipyridine complexes.[16] There is a continu-
ing need for stable, rapid, and easily accessible catalysts for
this reaction, ideally based on earth-abundant elements.

CuII has both a well-defined coordination chemistry and
an extensive redox chemistry based on reduction to Cu0 and
CuI, and oxidation to CuIII or even CuIV.[17–24] With a propensity
for square-planar coordination, d8 CuIII is found as an
intermediate in reactions of organocopper compounds and
in bis(m-oxo)-bridged complexes.[17–19,22–24] CuIV complexes
stabilized either by fluoride ligands or as linear O=Cu=O are
also known.[20, 21] Copper complexes of higher oxidation state
have been shown to oxidize phenols, alcohols, and even
hydrocarbons.[22–24] We report here that, under appropriate
conditions, simple CuII salts at a variety of electrodes are
highly active in electrocatalytic water oxidation.

Figure 1a shows cyclic voltammograms (CVs) obtained at
a boron-doped diamond (BDD) electrode (0.071 cm2) with
the addition of increasing amounts of CuSO4 in Na2CO3

solution (1m, pH = ca. 10.8) aqueous solutions. In the absence
of CuSO4 at potentials < 1.45 V vs. the normal hydrogen
electrode (NHE), only small double layer charging currents
were observed, with no significant Faradaic component. A
small background oxygen evolution current at the BDD
electrode begins at about 1.45 V under these conditions. With
CuII added as CuSO4, a dramatic current enhancement is
observed above background. The onset potential (Ep,o) for
water oxidation and the potential at the oxidative current

peak/plateau (Ep,a) vary slightly with the concentration of
added CuII. The former appears at ca. 1.05 V, with an over-
potential of ca. 0.45 V, and the latter at ca. 1.46 V with 3 mm

of added CuII, with a peak current density reaching
ca. 23 mAcm�2. This is ca. 2.5 times higher than the maximum
current densities achieved for a recently reported copper-
bipyridine catalyst under comparable conditions (pH 12.5)
with similar over potentials. Current densities for the latter
were limited by kinetic saturation above 0.5 mm catalyst
loading.[16]

No additional peak/plateau features are observed with
further scanning up to 1.90 V (Supporting Information,
Figure S1). In the reverse scan, a current crossover appears
along with a small re-reduction wave at Ep,c = ca. 1.02 V
(Ep,c = reductive peak/plateau potential). The appearance of
this feature is consistent with re-oxidation of an intermediate,
presumably a peroxide species, which undergoes reduction at
a more negative potential (see below for further discussion).

The catalytic peak/plateau current density (icat) for water
oxidation is relatively independent of the scan rate from 10–
100 mVs�1 (compare with the diffusion-limited
[FeIII(CN)6]

3�/[FeII(CN)6]
4� couple in Figure S2). The lack of

a significant scan rate dependence is consistent with rate
limiting water oxidation at the electrode. Under these

Figure 1. a) CVs in Na2CO3 solution (1 m, pH = ca. 10.8) at a BDD
electrode (0.071 cm2) with increasing amounts of added CuSO4, as
noted in the figure. The inset shows magnified views of the catalytic
current response for reverse scans. b) Plot of catalytic peak/plateau
current density icat vs. [CuII]2. c) As in (a), but at an ITO electrode
(0.70 cm2); a similar result was obtained at an FTO electrode. d) As in
(a), but at a glassy carbon electrode (0.071 cm2). Scan
rate = 100 mVs�1, temperature = 22 8C.
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conditions, icat varies linearly with [CuII]2 up to ca. 3 mm

(Figure 1b).[25] The deviation from linearity above 3 mm, up
to the limit of CuII solubility at 5 mm, may be an artifact
arising from the loss of effective surface area owing to oxygen
gas bubble formation. The latter is easily observable, even
during single CV scans at 100 mVs�1 (Figure S3).

CV waveforms were sustainable and reproducible for at
least six series of 25 continuous scan cycles (Figure S4).
During initial scans, the current density decreased as gas
bubbles accumulated on the electrode surface, but the current
response stabilized in subsequent cycles and initial current
responses were largely recovered by agitation to remove gas
bubbles from the surface. As the number of scans was
increased, the initial peak current density in each series was
largely unchanged, with less than 10 % variation. These
observations point to intrinsic solution kinetics with a depend-
ence of icat on [CuII]2, and di-Cu catalysis.

Similar results were obtained with the salts Cu(ClO4)2 and
Cu(NO3)2 as the CuII source (Figure S5). Using Milli-Q
ultrapure water (> 18 MW) or deionized water and solution
deaeration with N2 or Ar had no effect. Replacing Na2CO3

with K2CO3 gave similar results. These results suggest that the
catalytic activity is intrinsic and not due to an impurity in the
CuII source, water, or electrolytes. CuII water oxidation
catalysis was also observed at other electrodes, such as ITO
(ITO = SnIV-doped In2O3) or FTO (FTO = fluorine-doped
SnO2; Figure 1c), and glassy carbon (Figure 1d), but the CV
profiles at these electrodes are less well defined and the
catalytic current densities are smaller.

A large surface area ITO (0.70 cm2) electrode was used
for controlled potential electrolysis at 1.30 V, an overpotential
of ca. 700 mV, with CuSO4 (3 mm) in Na2CO3 solution (1m,
pH = ca. 10.8; Figure 2a). The background for O2 production
at the applied potential was minimal. With added CuII,
catalysis was sustained for at least 6 h at stable current density
levels of ca. 2.5 mA cm�2. During the electrolysis, there was
a slight current enhancement (ca. 15%) in the initial 20 min,
which is probably due to a contribution from a slowly formed,
catalytically active surface precipitate (see below). By con-
trast, the current density in the absence of CuII was
ca. 0.022 mAcm�2. Measurement of oxygen evolved by gas
chromatographic analysis (Varian 450-GC; Figure 2 b), gave

95 mmol of O2 over an electrolysis period of 6 h with a Faradaic
efficiency of 97% for O2 production through ca. 16 catalytic
turnovers, based on CuII in solution. There was no noticeable
change in the UV/Vis spectrum for CuII during the electrolysis
(Figure S6). Under identical conditions, the BDD electrode
was more active than an ITO electrode of comparable surface
area by a factor of ca. 3.5, with current density reaching
ca. 9 mAcm�2 for the former.

During long term electrolysis experiments, there was
visible evidence of the formation of a precipitated film or
solid on the optically transparent ITO electrode, this sub-
stance showed absorption features at lmax = 360 nm and
530 nm (Figure S7). The precipitated solid redissolves in
Na2CO3 solution (1m, pH 10.8), returning to CuII within 10–
15 min (more rapidly with agitation; Figure S7), but is stable
in non-buffered salt solutions such as NaClO4, Na2SO4, and
NaNO3 (1m, pH adjusted to 10.8 by NaOH), or in pure water.
The surface-bound solid is active toward water oxidation in
Na2CO3 solution (1m, pH 10.8), which adds to the overall
catalytic current during sustained water oxidation (Fig-
ure S8). These observations are reminiscent of the appear-
ance of catalytically active metal oxide films for other
transition metals such as Co, Ni, Mn, and Ir.[7–10, 13, 15] Scanning
electron microscopy (SEM) and X-ray photoelectron spec-
troscopy (XPS) measurements confirmed that the deposited
amorphous solid contains copper and oxygen (Figure S9).
Carbon content was negligible compared to the carbon
background.

During long term electrolysis in Na2CO3 solution (1m), the
surface precipitate appeared only at high initial concentra-
tions of CuII. With a CuII loading of 1 mm or lower, there was
no XPS or SEM evidence for precipitation or film buildup,
even after 24 h of sustained electrolysis. These observations
point to the concentration dependent, surface equilibrium
formation of a higher oxidation state solid or film on the
electrode that is electroactive toward water oxidation.

Water oxidation catalysis also occurs in NaHCO3 solution
(1m, pH = ca. 8.2) or a NaHCO3 solution saturated with 1 atm
CO2 (0.1m, pH = ca. 6.7). These are relevant conditions for
CO2 reduction in solar fuel applications such as CO2 splitting
(CO2!CO + 1=2 O2) where the half reactions are H2O�2e�!
1=2 O2 + 2 H+ and 3CO2 + H2O + 2e�!CO + 2HCO3

� .[26] In
a NaHCO3 solution saturated with 1 atm CO2 (0.1m, pH =

ca. 6.7), the solubility of CuII is ca. 1.2 mm. Under these
conditions, the catalytic current density for water oxidation at
ca. 1.65 V and 10 mVs�1 varies linearly with [CuII] to the limit
of solubility of CuSO4 (ca. 1.2 mm ; Figure 3). This observa-
tion is consistent with single site CuII catalysis, in contrast to
di-copper catalysis in Na2CO3 solution (1m, pH = ca. 10.8),
but the catalytic current density is ca. 6.5-fold lower in the
former with CuII (1 mm) in both cases. Under these con-
ditions, water oxidation appears to be kinetically well
behaved through multiple CV scans (Figure S10). At scan
rates of � 500 mVs�1, there is evidence for a re-reduction
wave at Ep,c = ca. 1.25 V. At scan rates of � 20 mVs�1, a scan
rate independent catalytic current peak/plateau is apparent at
Ep,a = ca. 1.65 (Figure S11).

Under these conditions, sustained water oxidation catal-
ysis also occurs at ITO, FTO, and glassy carbon electrodes

Figure 2. a) Controlled potential electrolysis without (black) and with
(blue) 3 mm CuSO4 at an ITO (0.70 cm2) electrode in Na2CO3 solution
(1m, pH= ca. 10.8) at 1.30 V vs. NHE. b) As in (a), gas chromato-
graphic traces in the absence (black) and presence (blue) of CuSO4,
and before electrolysis (red). The chromatographic response for O2

was normalized to residual O2/N2 from ambient air. Tempera-
ture = 22 8C.
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(Figure S10). Gas chromatographic analysis gave a Faradaic
efficiency of 96 % for O2 production over an electrolysis
period of 3 h at 1.55 V at the ITO electrode (Figure S12).
There was no evidence for the buildup of a film or precipitate
during CV scans or long term electrolysis experiments.

In NaHCO3 solution (1m, pH = ca. 8.2), there is qualita-
tive evidence for the involvement of both single site and di-
copper catalysis. As can be seen from the data in Figure S13,
a new wave appears at 1.55 V at [CuII]� 4 mm. The current
response at 1.55 V is dominated by di-copper catalysis at 4–
10 mm, which is the limit of CuSO4 solubility. Below this
concentration, single-site catalysis dominates. The competi-
tion between the two pathways is also seen in the scan rate
dependent CVs, with the di-copper pathway dominating at
the expense of the single site pathway at slower scan rates
(Figure S14).

The choice of buffer/electrolyte in the appropriate pH
domains for water oxidation is critical for CuII-catalyzed
water oxidation to avoid precipitation and maximize the
concentration of catalyst. Catalytic water oxidation in a 0.1m
solution of NaNO3/HNO3 or LiClO4/HClO4 at pH = ca. 6.7 is
negligible, which points to an essential role for the proton-
accepting/coordinating buffer anions, HCO3

�/CO3
2�. Increas-

ing the pH without buffer anions results in the precipitation of
Cu(OH)2 with Ksp(Cu(OH)2)

[27] = 2.2 � 10�20. In spite of the
high pH in HCO3

�/CO3
2� buffered solutions and Ksp-

(CuCO3)
[27] = 1.4 � 10�10, CuII salts dissolve in Na2CO3 (1m,

pH = ca. 10.8) which is attributable to coordination and
complex formation by HCO3

�/CO3
2�. A decrease in the

concentration of Na2CO3 added to 0.1m decreases the
solubility of CuII to < 0.5 mm and the catalytic current density
decreases accordingly.

Evidence for bicarbonate/carbonate coordination to CuII

in aqueous CO2/HCO3
�/CO3

2� solutions appears in UV/Vis
measurements (Figure S15 and S16). The extent of the blue
shift in CO2/HCO3

�/CO3
2� aqueous solutions at different pHs

in Figure S15 is consistent with the coordination by CO3
2� that

is dominant at high pH and the coordination by HCO3
� that is

dominant at low pH. A calculated speciation diagram for the
ternary CuII-bicarbonate/carbonate system[28] is consistent
with this conclusion, although it was modeled at much lower
CuII (10�9

m) and carbonate (f(CO2) = 101.5 Pa) concentra-
tions. Based on the results of an earlier pulsed electron
paramagnetic resonance (EPR) study,[29] the dominant species
in solutions which are closer to the catalytic conditions are

monodentate/bidentate complexes with HCO3
�/CO3

2� as
ligands; depending on the pH, the remaining coordination
sites are occupied by aqua or hydroxo ligands. The presence
of aqua or hydroxo ligands is, no doubt, an important feature
for water oxidation catalysis and probably provides access to
high-oxidation-state Cu-oxo intermediates as sites for O�O
coupling, as found for single site polypyridyl Ru[1–4] and Ir[5–7]

complexes. As shown in Figure 4, the catalytic current density
decreases with further increases in added carbonate, possibly
because of complete coordination by carbonate/bicarbonate.
The choice of a 1m solution of Na2CO3 represents a balance
between the enhanced solubility of added CuII salts and the
reactivity of the dominant forms in solution.

Catalytic water oxidation also occurs in HPO4
2�/PO4

3�

buffered solutions. With added phosphate buffers (0.1m) at
pH> 5.0, the precipitation of Cu3(PO4)2 dominates with
Ksp(Cu3(PO4)2)

[27] = 1.40 � 10�37. Increasing the phosphate
buffer concentration to its solubility limit of ca. 0.8m at
pH = ca. 10.8 increases the solubility of CuII to ca. 3 mm owing
to HPO4

2�/PO4
3� coordination (Figure S15). Based on the

results of an electrochemical study, oxidation catalysis under
these conditions is also dominated by a reaction pathway that
is second order in CuII (Figure S17), with catalytic current
densities comparable to those in Na2CO3 solution (1m, pH =

ca. 10.8).
Acetate also coordinates to CuII (Figure S15) and CuII

solubility is enhanced to > 10 mm in a 0.1m solution of acetic
acid/acetate at pH 6.0. Under these conditions, as in
a NaHCO3 solution (0.1m) saturated with 1 atm CO2 at
pH = ca. 6.7, catalytic currents are first order in [CuII] (Fig-
ure S18), with no evidence for the buildup of a film or
precipitate during long term electrolysis experiments. How-
ever, electrocatalytic water oxidation is in competition with
acetate oxidation, as shown by the appearance of CO2 as a co-
product by gas chromatographic analysis.

Our experimental observations lead to a number of
conclusions:

1) In high concentrations of CO3
2�, CuII is an effective,

stable electrocatalyst for sustained water oxidation, albeit
with a relatively high overpotential. Highly reproducible CVs
and a catalytic current dependence on [CuII]2 point to di-

Figure 3. a) CVs of different concentrations of CuSO4 in a NaHCO3

solution saturated with 1 atm CO2 (0.1m, pH = ca. 6.7). Electro-
de = BDD, scan rate= 10 mVs�1. b) Plot of the catalytic current density
at 1.65 V vs. NHE against [CuII] . Temperature =22 8C.

Figure 4. a) CVs of CuSO4 (3 mm) in solutions of different concentra-
tions of Na2CO3 (pH = ca. 10.8). Electrode = BDD (0.071 cm2), scan
rate = 100 mVs�1. The ionic strength was kept constant by adding
Na2SO4. At [Na2CO3]<0.75m, CuSO4 (3 mm) is insoluble. b) Plot of
catalytic peak/plateau current density icat against [Na2CO3]. Temper-
ature= 22 8C.

.Angewandte
Communications

702 www.angewandte.org � 2013 Wiley-VCH Verlag GmbH & Co. KGaA, Weinheim Angew. Chem. Int. Ed. 2013, 52, 700 –703

http://www.angewandte.org


copper catalysis in solution. That the pathway is second order
in [CuII] points to a possible rate limiting step involving
CuO—OCu coupling and m-peroxide or bis(m-oxo) bridge
formation (Cu-OO-Cu), as found for copper monooxyge-
nases.[24] Well-defined copper peroxide and di-copper
m-peroxide or bis(m-oxo) complexes are well known.[17–19] At
high concentrations of CuII in carbonate solutions, equilibri-
um formation of a film/solid on the electrode surface occurs,
with the solid also contributing to water oxidation and oxygen
evolution.[30]

2) In CO2-saturated, NaHCO3 solution (0.1m, pH =

ca. 6.7), a pathway that is first order in [CuII] dominates
water oxidation reactivity. The first order dependence is
reminiscent of oxidation of water by single site polypyridyl
Ru[1–4] and Ir[5–7] oxidants such as [RuV(Mebimpy)(bpy)(O)]3+

(Mebimpy = 2,6-bis(1-methylbenzimidazol-2-yl)pyridine,
bpy = 2,2’-bipyridine).[1] For the Ru complex, the key O�O
bond-forming step occurs by concerted oxygen atom proton
transfer (APT) to give a terminal peroxide intermediate,
RuV=O3+···O(H)�H···OP(O)2OH2�!RuIII�OOH2+ +

H2PO4
� .[1] In NaHCO3 solution (1m, pH = ca. 8.2), there is

qualitative evidence for the involvement of both single site
and di-copper catalysis. From the data obtained in a CO2/
HCO3

�/CO3
2� buffer solution from pH 10.8 to 8.2 to 6.7, it is

clear that water oxidation catalysis is inhibited by decreasing
the pH.

3) UV/Vis spectra and earlier pulsed EPR measure-
ments[29] point to HCO3

�/CO3
2� coordination in solution,

which avoids the precipitation of CuII as Cu(OH)2 or CuCO3

in neutral and weakly basic media, and may lower potentials
for accessing higher-oxidation-state intermediates (CuIII and/
or CuIV) in solution.[31,32]

In summary, we have demonstrated robust and sustained
electrocatalytic water oxidation based on simple CuII salts in
neutral to weakly basic aqueous CO2/HCO3

�/CO3
2�, acetate,

or HPO4
2�/PO4

3� buffer solutions. Depending on the con-
ditions, there is evidence for water oxidation catalysis by
single site, di-copper, and even interfacial catalysis. Even with
the relatively high overpotential for water oxidation, the
simplicity of the system and the reaction conditions are
appealing and may be of value in electrochemical or photo-
electrochemical applications.
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