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Decoupling hydrogen and oxygen evolution
during electrolytic water splitting using an
electron-coupled-proton buffer
Mark D. Symes and Leroy Cronin*
Hydrogen is essential to several key industrial processes and could play a major role as an energy carrier in a future
‘hydrogen economy’. Although the majority of the world’s hydrogen supply currently comes from the reformation of fossil
fuels, its generation from water using renewables-generated power could provide a hydrogen source without increasing
atmospheric CO2 levels. Conventional water electrolysis produces H2 and O2 simultaneously, such that these gases must
be generated in separate spaces to prevent their mixing. Herein, using the polyoxometalate H3PMo12O40 , we introduce the
concept of the electron-coupled-proton buffer (ECPB), whereby O2 and H2 can be produced at separate times during water
electrolysis. This could have advantages in preventing gas mixing in the headspaces of high-pressure electrolysis cells,
with implications for safety and electrolyser degradation. Furthermore, we demonstrate that temporally separated O2 and
H2 production allows greater ﬂexibility regarding the membranes and electrodes that can be used in water-splitting cells.

T

otal worldwide hydrogen production in 2011 exceeded 31
million metric tons1, (.15.5 trillion moles), chieﬂy for use
in the manufacture of ammonia (Haber–Bosch process)
and in the petrochemical industries2. Moreover, hydrogen has
attracted increasing attention recently as an energy carrier in its
own right (the hydrogen economy), and in the synthesis of
liquid fuels via catalytic hydrogenation of suitable substrates,
such as CO2 (refs 3,4). A major goal of these studies is to move
away from using fossil fuels as the world’s primary energy
source, and instead to use renewables-generated power (for
example, solar, hydro, wind and so on) to produce storable
fuels5–7. However, .90% of the world’s hydrogen is currently
obtained by the reformation of fossil fuels8,9, which increases
the concentration of CO2 in the atmosphere. The electrolysis of
water to produce H2 and O2 (equations (1) and (2)) is an
especially attractive alternative to reforming fossil fuels10–12,
because the starting material (water) is recovered when the hydrogen fuel is consumed (for example, in a fuel cell or by burning in
air), and because the energy input required to electrolyse the water
in the ﬁrst place could be provided by renewable power sources.
The oxygen-evolving reaction (OER) and the hydrogen-evolving
reaction (HER) are given in equations (1) and (2):
H2 O  ½O2 + 2H+ + 2e− , Eoxidation = −1.23 V

(1)

2H+ + 2e−  H2 , Ereduction = 0.0 V

(2)

Water electrolysis may be performed under basic or acidic conditions10, or at neutral pH13. Equations (1) and (2) hold under
acidic conditions and describe the processes that occur in a
proton exchange membrane electrolyser (PEME). The advantages
of a PEME over a high pH alkaline electrolyser are increased
current densities (up to 2 A cm22 for a PEME versus
0.2 A cm22 for a typical alkaline electrolyser), a wider possible
range of power loadings (making PEMEs useful over a wider
range of input powers) and faster power-up/power-down rates,
which makes PEMEs highly responsive to changes in power

input14,15. Moreover, PEMEs tend to be more efﬁcient (and
hence use less electricity per volume of hydrogen produced)
than their alkaline counterparts10. These factors combine to
make PEMEs ideally suited for applications in which the power
input is variable in terms of magnitude and/or duration, such
as the intermittent energy supplied by some renewable sources.
With regard to obtaining a hydrogen stream via water splitting
that is essentially free of oxygen and of sufﬁcient purity for use in
industrial processes or in a fuel cell, systems in which O2 and H2
are created at separate points in space are currently essential. This
is because, in traditional electrochemical cells, the OER and HER
remain tightly coupled and therefore one half-reaction can only
occur if the other also proceeds at an appreciable rate. This means
that H2 and O2 are necessarily produced simultaneously, with the
rate of one half-reaction explicitly dependent on the rate of the
other. Natural photosynthetic systems that split water are able to
separate the production of O2 and H2 equivalents in time as well
as in space16. Similarly, some thermochemical cycles that rely on
harsh reaction conditions may produce H2 and O2 from water at
separate times on a large scale17,18. However, to our knowledge
there exist no examples in the literature of a general and scalable
electrolytic system that can separate the production of H2 and O2
in time.
Herein, we present an alternative approach to water splitting,
whereby the electrons and protons generated during the oxidation
of water to O2 are taken up reversibly by an electron-coupledproton buffer (ECPB), rather than being used directly to
make H2 (equation (3)). Subsequent reoxidation of the ECPB
releases these protons and electrons for hydrogen production
(equation (4)). Hence the ECPB acts as a reversible electron and
proton donor/acceptor with a redox couple that is energetically
intermediate between OER onset and HER onset. The overall
result of using an ECPB is that H2 and O2 can be obtained from
the electrolysis of water at completely different times; that is, the
OER is completely decoupled from the HER to produce O2 essentially free of H2 , and H2 essentially free of O2. In this way, two
smaller energy inputs are used to split water to give H2 and O2
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Figure 1 | Schematic of the ECPB-based approach to water splitting. a, Water is oxidized to give oxygen gas, protons and electrons. The electrons pass
through the external circuit and the protons diffuse through the semipermeable membrane that separates the compartments. The ECPB in the other
compartment is then reduced by the electrons and simultaneously accepts charge-balancing protons, turning from yellow to dark blue as it does so (V ¼ the
application of an external bias). b, Reoxidation of the ECPB releases protons, which can migrate through the membrane to the other electrode where they
combine with the electrons removed from the ECPB to generate hydrogen gas. The ECPB returns to its original yellow colour as this happens. c, The ECPB in
a cellulose-membrane electrolysis cell immediately after the start of reduction, showing the ECPB solution as bright yellow/green. d, After a few seconds,
dark-blue reduced and protonated ECPB is visible near the cathode in the unstirred solution, indicated by the red arrow. e, After two minutes the entire
ECPB solution turns dark blue (see Supplementary Fig. S16a–d for photographs of other cells).

at different times, as opposed to a single energy input that produces H2 and O2 simultaneously:
ECPB + H2 O  [ECPB(two-electron-reduced) ][H+ ]2 + ½O2
+

[ECPB(two-electron-reduced) ][H ]2  H2 + ECPB

(3)

protonate reversibly the ECPB (Fig. 1a). Subsequent electrochemical reoxidation of the reduced ECPB (also under an applied
bias) then releases the protons and electrons to give hydrogen at
the other electrode (Fig. 1b).

(4)

Results

We hypothesized that an ideal ECPB for water splitting would
have the following properties: high solubility in water at room
temperature (allowing high concentrations and hence a high
storage capacity for protons and electrons), exist in a form in
which the only countercation is Hþ, consist only of earth-abundant elements, contain no easily oxidized moieties that might
decompose during electrolysis, have at least one reversible redox
wave between the onset of OER and HER, accept charge-balancing protons when it is reduced (hence it should buffer the solution pH during water splitting), be compositionally stable
within the pH range studied and both the oxidized and reduced
forms should be stable under ambient conditions on timescales
that allow both of the steps shown in equations (3) and (4) to
be completed. The ECPB chosen for this work was commercially
available phosphomolybdic acid, which we show has all the attributes outlined above when used at a pH of 0.3, where it is compositionally stable19 and exists primarily as the monoanion
(H3Oþ)[H2PMo12O40]2 (see below). A general illustration of
the ECPB approach is given in Fig. 1, which shows how the oxidation of water under an applied bias produces oxygen, protons
and electrons. The protons and electrons are used to reduce and
404

Redox potentials of the ECPB. The ﬁrst reduced state of
(H3Oþ)[H2PMo12O40]2 in aqueous solution is the two-electron
reduced species (H3Oþ)[H4PMo12O40]2, for which the
corresponding redox wave is highlighted with green arrows in
Fig. 220,21. The inset to Fig. 2 shows how the peak current for the
anodic part of this wave varies with the square root of the scan
rate: the linear trend observed indicates that this process involves
solution-phase species under diffusion control.
To gauge the potentials required to produce a benchmark current
density of 100 mA cm22 for water splitting (with and without using
an ECPB), we conducted controlled potential electrolysis with stirring on solutions of 1 M H3PO4 and 0.5 M phosphomolybdic acid,
the results of which are shown in Fig. 3. To allow both oxidations
and reductions of the ECPB to be performed in a general and technologically relevant fashion, a 50:50 mix of the oxidized and
two-electron reduced species (H3Oþ)[H2PMo12O40]2 and
(H3Oþ)[H4PMo12O40]2 (prepared by bulk electrolysis in either a
two- or three-electrode conﬁguration) was used. Figure 3a shows
that to reduce this 50:50 ECPB solution at a current density of
100 mA cm22, a potential of þ0.46 V (versus a normal hydrogen
electrode (NHE)) is required, whereas a potential of 20.38 V is
required to reduce protons to H2 at a current density of
NATURE CHEMISTRY | VOL 5 | MAY 2013 | www.nature.com/naturechemistry
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Figure 2 | Cyclic voltammograms showing the reversible redox waves of
phosphomolybdic acid. Cyclic voltammograms of 0.5 M phosphomolybdic
acid (solid black line) and 1 M H3PO4 (dashed red line) are shown. A threeelectrode, single-compartment set-up was used, with a 2 mm diameter
platinum disc working electrode, platinum mesh counter electrode and an
Ag/AgCl reference electrode at a scan rate of 100 mV s21. The green arrows
highlight the oxidation and reduction peaks associated with the ﬁrst reduced
state of phosphomolybdic acid. The inset shows a graph of the peak current
versus square root of the scan rate for the reoxidation event associated with
the ﬁrst reversible two-electron wave (centred at þ0.65 V) over the scanrate range of 50–400 mV s21. The linear ﬁt is provided as a guide to the
eye. The error associated with the measurement of the currents was
+0.1 mA on each reading, which corresponds to the size of the data
markers. All experiments were performed without degassing and under air.

100 mA cm22. Similarly, Fig. 3b shows that oxidation of the reduced
ECPB proceeds at a current density of 100 mA cm22 when the
working electrode is poised at þ0.85 V (versus NHE), whereas water
oxidation to O2 only reaches this current density when þ2.17 V is
applied. This allows us to quantify an expected energetic loss for
the two-step system by adding up the relative terms. Hence, to
reduce ECPB and oxidize water at 100 mA cm22 requires
(þ2.17 2 þ0.46) ¼ 1.71 V, and the reverse step (ECPB reoxidation
and concomitant proton reduction) needs (þ0.85 2 20.38) ¼
1.23 V. Therefore, the combined voltage required over the two steps
is 1.71 þ 1.23 ¼ 2.94 V. Meanwhile, single-step water splitting to
perform the OER and HER together at 100 mA cm22 requires
(þ2.17 2 20.38) ¼ 2.55 V, which gives a maximum efﬁciency for
the two-step process of 87% relative to the single-step process. As
the use of a three-electrode conﬁguration should minimize the effect
of resistance on these metrics22, we conclude that the majority of the
‘extra’ voltage required by the two-step system is because of the overpotential required to oxidize and reduce the ECPB at a current density
of 100 mA cm22 (that is, there is an energy penalty of around 400 mV
for decoupling the OER and HER from each other under the
conditions used here and at a current density of 100 mA cm22).
Using an ECPB to decouple the OER and HER. After establishing
the energetics of phosphomolybdic acid as an ECPB using idealized
three-electrode conﬁgurations, we proceeded to investigate
electrolytic water splitting in the presence of an ECPB in a twoelectrode set-up in which ﬁxed potential differences were applied
across the cell. Hence, one chamber of a two-compartment
hydrogen cell was charged with 1 M H3PO4 and the other was
ﬁlled with either a 0.5 M 50:50 mix of (H3Oþ)[H2PMo12O40]2 and
(H3Oþ)[H4PMo12O40]2 in water, or 1 M H3PO4 , depending on the
process under investigation. The two compartments of the
hydrogen cell were separated by a thin Naﬁon membrane, so that
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Figure 3 | Current–voltage curves obtained when stirring with and without
an ECPB. a, Comparison of the reduction of a 0.5 M solution of 50:50
(H3Oþ)[H2PMo12O40]2 and (H3Oþ)[H4PMo12O40]2 (red) and a 1 M
solution of H3PO4 (black). b, Comparison of the oxidation of a 0.5 M
solution of 50:50 (H3Oþ)[H2PMo12O40]2 and (H3Oþ)[H4PMo12O40]2 (red)
and a 1 M solution of H3PO4 (black). A three-electrode, single compartment
set-up was used, with a 2 mm diameter platinum disc working electrode,
platinum mesh counter electrode and an Ag/AgCl reference electrode, with
iR compensation. Horizontal error bars correspond to the error associated
with the iR compensation of the potentiostat (+3%) and the vertical error
bars are based on the standard deviation of the currents from the mean
current at that voltage.

cations (in this case protons) could travel freely between the
compartments, but the movement of anions across the membrane
(especially the large ECPB anions) was greatly attenuated. In the
ensuing discussion we deﬁne the electrode that is always in 1 M
H3PO4 as the ‘working’ electrode, such that when a positive current
is recorded this corresponds to water oxidation at this electrode
(equation (1)) and, conversely, when the current is negative this
corresponds to reduction of protons at this electrode (equation (2)).
Figure 4a shows how the current density for hydrogen evolution
varied with the magnitude of the effective applied voltage, the composition of the electrodes and whether an ECPB was used or not. When
a 0.5 M solution of 50:50 oxidized and two-electron reduced ECPB
(the two-electron reduced ECPB may hereafter be termed ECPB*)
was used in one compartment and both electrodes were platinum,
potentials of more than 21 V across the cell gave increasingly large
current densities, with bubbles evident on the working electrode
(Fig. 4a, red line). By contrast, the black line in Fig. 4a shows the
equivalent cell when both chambers were ﬁlled with 1 M H3PO4 ,
that is using no ECPB. In this case, current onset was retarded signiﬁcantly, and only became appreciable at voltages more negative than
22 V. This is because (H3Oþ)[H4PMo12O40]2 is easier to oxidize
than water, and so when (H3Oþ)[H4PMo12O40]2 is available as an
electron source, voltages signiﬁcantly below that required to drive
simultaneous O2 and H2 evolution can be used to generate hydrogen
from aqueous solutions. Similarly, current densities for the
OER improved signiﬁcantly when oxidized ECPB was present in
the other compartment of the cell (Fig. 4b).
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Figure 4 | Comparison of current densities for H2 and O2 evolution with
and without the use of 0.5 M 50:50 (H3O1)[H2PMo12O40]2:(H3O1)
[H4PMo12O40]2. a, Potential–current curves for the HER on platinum and
carbon electrodes in a two-electrode conﬁguration. For platinum, both
electrodes were discs of area 0.031 cm2 and for glassy carbon both
electrodes were discs of area 0.071 cm2. Red ¼ platinum with ECPB, green ¼
glassy carbon with ECPB, black ¼ platinum without ECPB, blue ¼ glassy
carbon without ECPB. (The corresponding anodic half-reaction of this last
process is electrode degradation and not oxidation of water45.) The potential
values reported are corrected for solution ohmic losses. b, Potential–current
curves for the OER on platinum electrodes in a two-electrode conﬁguration.
Both electrodes were platinum discs of area 0.031 cm2. Red ¼ platinum with
ECPB, black ¼ platinum without ECPB. Horizontal error bars correspond to
the error associated with the iR compensation of the potentiostat (+3%)
and the vertical error bars are based on the standard deviation of the
currents from the mean current at that voltage.

It is evident from Fig. 4 that the current densities that can be
reached with an ECPB are limited by mass transport, which explains
why the curves obtained using an ECPB tend to level off at high
potentials. In an attempt to circumvent these mass-transport limitations, and to demonstrate low-voltage OER-decoupled hydrogen
production using an ECPB, we substituted the small-area electrode
in the ECPB solution by a larger area of platinum mesh or carbon
cloth (chosen to reﬂect the nature of the small-area electrode that
performs either the OER or HER). The results of this study for
hydrogen production are shown in Fig. 5, in which current densities
are normalized relative to the small-area electrode performing the
HER (for a discussion of the OER in this cell at platinum electrodes,
see Supplementary Section SI-7 and Fig. S3). The potential values
that are reported in Fig. 5a were corrected for solution ohmic
losses (iR). Potential–current curves for this data, which have not
been corrected for ohmic losses, are given in Supplementary Fig. S4.
Moreover, it was found that employing easily oxidized ECPB*
not only facilitated hydrogen production at low voltages from
aqueous solutions, but also suppressed the OER at voltages where
one-step water splitting to produce H2 and O2 simultaneously
could theoretically occur. This was borne out by gas chromatography headspace analysis (GCHA), which showed that H2
406
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equivalent to 100% (+2%) of the charge passed (that is, full
Faradaic efﬁciency, see Fig. 5b) was obtained when ECPB* was
used in the counter-electrode compartment at an iR-corrected
voltage22 of 21.4 V (uncorrected voltage ¼ 25 V, two-electrode
set-up; see Supplementary Section SI-6 and Fig. S1 for details).
However, the amount of O2 generated under these conditions was
below the detection limit of the GC system, which implies ,0.4%
of the O2 production that would be expected if HER and OER
occurred concurrently. Conversely, when the ECPB/ECPB*
mixture was reduced electrochemically and water oxidized at the
other (platinum) electrode, full Faradaic efﬁciency was observed
for O2 production but no H2 was detected, which implies ,0.1%
of the expected H2 production based on the amount of charge
passed. Taken together, these results show that using an ECPB
allows O2 and H2 to be produced at separate times during electrolytic water splitting.
Also shown in Figs 4a and 5a are i–V curves for the HER using
two carbon electrodes. These ﬁgures show that when an ECPB is
used (green curves), two carbon electrodes can simultaneously
oxidize ECPB* to ECPB and reduce protons to H2 at lower voltages
than those required for two platinum electrodes to perform coupled
O2 and H2 evolution without an ECPB (black curves). Both the
a
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Figure 5 | Current densities and gas chromatography for H2 evolution
using an ECPB. a, Potential–current curves for platinum and carbon
electrodes in a two-electrode conﬁguration. For platinum, the electrode
performing the HER had an area of 0.031 cm2, and for glassy carbon the
area was 0.071 cm2. The counter electrodes were platinum mesh for the
platinum experiments, and carbon felt for the carbon experiments. The
counter electrode was placed in either 0.5 M ECPB/ECPB* or 1 M H3PO4.
Red ¼ platinum with ECPB, green ¼ glassy carbon with ECPB, black ¼
platinum without ECPB, blue ¼ glassy carbon without ECPB. Error bars were
determined as for Fig. 4. b, Representative trace of cumulative H2 build-up in
the headspace during HER on platinum electrodes. ‘H2 calculated’ (red) was
determined from the charge passed and ‘H2 measured’ (blue) was
determined by GC (Supplementary Section SI-6). The time lag between
hydrogen production and detection by the GC resulted from the slow
effusion of H2 through the narrow tubing in the GC system. The error bars
are within the data markers and correspond to +2%.
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carbon electrodes appeared unaltered after extended electrolysis in
this conﬁguration, and GCHA conﬁrmed full Faradaic efﬁciency
for H2 generation under these conditions (Supplementary
Fig. S5). Hence, provided a reduced, protonated ECPB is present
in the counter-electrode compartment, two carbon electrodes can
be used as stable and effective alternatives to platinum for rapid
H2 generation from aqueous solutions. Furthermore, it should be
possible to interface this carbon hydrogen-production system with
earth-abundant catalysts that are known to catalyse proton
reduction at low pH23–28.
Buffering capacity of the ECPB during electrolytic water splitting
and comparison with those of other potential ECPBs. During the
course of the foregoing experiments, the pH values of both the ECPB
and H3PO4 solutions were found to be essentially invariant.
Moreover, when H3PO4 was replaced with non-buffering HNO3 ,
the pH in both compartments also did not change (Supplementary
Section SI-3), which suggests that as the ECPB was reduced at one
electrode and water oxidized to O2 and protons at the other, the
ECPB acted to buffer the pH by storing both the protons and
the electrons generated during water oxidation. This, in turn,
suggests that the reduced and protonated ECPB exists in solution
as the monoanion (H3Oþ)[H4PMo12O40]2, as the pH remained
0.3. However, not all polyoxometalates with appropriately
positioned redox waves can act as ECPBs, which we show using
the example of Na4(NH4)2[H2VW17O54(VO4)2] (ref. 29; see also
Supplementary Section SI-4). Similarly, ‘redox mediators’ that
have reversible waves between the OER onset and HER onset have
been used previously in photochemical systems known as artiﬁcial
Z-schemes30. The Fe2þ/Fe3þ couple31 and the I2/IO32 couple32,33
are the two most popular relays for this purpose; neither,
however, is suitable for use as an ECPB. In the case of the
I2/IO32 couple, it is known that oxidation of the iodide does not
lead cleanly to the iodate species, but rather forms mixtures of
iodate and iodine, which can further react to give I32 species33,34.
When we attempted to use NaI as an ECPB we found this to be
problematic (Supplementary Section SI-11). The Fe2þ/Fe3þ
couple is unsuitable as an ECPB on account of the small size of
the ions (which means benzoylated cellulose membranes will not
retain them in one side of the cell (see below)) and their positive
charge (which means that the ions may permeate through Naﬁon
membranes, which they are in any case known to attack35), and
because Fe2þ salts are not stable in aqueous solution and tend to
reoxidize spontaneously to Fe3þ salts (hence, aerial reoxidation of
the Fe2þ would compete with electrochemical reoxidation,
reducing yields of H2). Phosphomolybdic acid, by contrast, does
not suffer so signiﬁcantly from these drawbacks.
Stability of the ECPB in the reduced and protonated form, and
under cycling of the potential. (H3Oþ)[H2PMo12O40]2 could be
reduced and reoxidized multiple times with little degradation
being apparent (Supplementary Section SI-5). After two
reduction–oxidation cycles, the reoxidized ECPB solution had an
ultraviolet–visible (UV-vis) spectrum very similar to that of fresh
(H3Oþ)[H2PMo12O40]2, which implies that ,5% decomposition
of the ECPB had occurred during cycling to the reduced and
protonated form (Supplementary Fig. S2a–d). Samples of ECPB*
were stored under air or under argon for various lengths of time
before being reoxidized, and the charges that could be extracted
from these samples were compared to the charges originally
passed in reducing (H3Oþ)[H2PMo12O40]2 to ECPB*. When
ECPB was reduced to ECPB* and then reoxidized to ECPB under
air within three hours, 99.7% of the charge stored in ECPB*
during water oxidation could be recovered. This fraction fell to
98% for a solution of ECPB* that was stirred in a container open
to air for two weeks, and to 72% for a sample of ECPB* that was

stored for eight months in a sealed container under air. Hence,
over the time course of a few days, ECPB* is substantially stable
with respect to spontaneous aerial oxidation, although the
mechanism by which it slowly reoxidizes may be complex.
Regarding electrochemical stability, Supplementary Fig. S7
shows that a 500-cycle cyclic voltammogram of a 0.5 M solution
of phosphomolybdic acid in water evinces no alterations in the
shape or intensity of the spectrum. Similarly, a 0.5 M solution of
the ECPB could be subjected to sequential bulk electrolysis over
four reduction–oxidation cycles with ,3% degradation
(Supplementary Fig. S15a–c). Complementary analysis of samples
of the ECPB in various charge states by mass spectrometry
did not evince any irreversible speciation of the ECPB over the
course of a two-electron reduction and reoxidization cycle
(Supplementary Section SI-14 and Figs S11–S14)36.
Efﬁciency of the ECPB system. The efﬁciency of an electrochemical
system such as is described in this paper can be expressed as the ratio
of the thermodynamic potential to the operating potential that was
actually used. Equation (5) gives the chief factors that lead to
efﬁciency losses (Eloss) as:
Eloss = hanode + hcathode + iRsolvent + Emembrane + EpH

(5)

where hanode and hcathode are the overpotentials at the anode and
cathode, iRsolvent is the potential loss associated with solution
resistance, Emembrane is the potential loss due to the membrane
and EpH is the potential loss that stems from the formation of pH
gradients across the membrane37. The anodic and cathodic
overpotentials can be reduced by employing catalysts on the
electrodes. For example, the use of RuO2 as an extremely effective
anode for the OER could afford a current density of 0.1 A cm21
(at room temperature and pH 1) at around þ1.5 V versus
NHE38,39, which compares to a potential .2.1 V for the same
current density on platinum (from Fig. 3b). Meanwhile, the
resistance from the solution and membrane can be minimized by
decreasing the distance between the electrodes and optimizing the
membrane thickness. The EpH term is more problematic
(although the effects can be mitigated under very acidic
conditions)38, and equates to a loss of 59 mV per pH unit
difference across the membrane, according to equation (6)40:
EpH = (RT/F) ln(10(pHcathode −pHanode ) )

(6)

Hence, in our case EpH is in the region of 36 mV, which is negligible
in comparison to the size of the chief source of error, iRsolvent. In
practice, as the Faradaic efﬁciencies for both oxygen evolution and
hydrogen evolution are one, we obtain an overall efﬁciency of
79% for the two-step, two electrode conﬁguration relative to the
single-step process in which OER and HER remain coupled (see
Supplementary Section SI-8 for details). This differs somewhat
from the value of 87% efﬁciency found for a current density of
100 mA cm22 (Fig. 3a,b) in a three-electrode conﬁguration. We
attribute this difference to residual uncorrected resistance in the
two-electrode experiment, which will affect the two-step system
twice as much as the one-step system. Future work will aim to
increase the operational efﬁciency of the ECPB electrolyser by
reducing iRsolvent in particular.
Exploration of alternative membranes for water splitting using
an ECPB. Phosphomolybdic acid is a comparatively large
molecule (molecular mass (Mr) 1,800, effective cross-sectional
area 1 nm2)41. This, allied to the fact that an ECPB allows H2
and O2 production to be separated in time, means that pure H2
and O2 streams can be obtained from aqueous solutions using
membranes that simply retain the ECPB in one compartment of
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the cell. Thus, we replaced the Naﬁon membrane in our hydrogen
cell with a commercially available benzoylated cellulose dialysis
membrane, designed to separate molecules with Mr . 1,200.
This membrane was found to be freely permeable to H2
(Supplementary Section SI-9), yet proved effective at signiﬁcantly
retarding crossover of the large ECPB molecule (rate of crossover
,1.5 × 10210 mol h21, measured by UV-vis spectroscopy over
the time course of two weeks). Two-electrode current–potential
analysis of a cell ﬁtted with such a dialysis membrane and with
carbon electrodes produced i–V curves almost identical to those
obtained for the same electrode set with a Naﬁon separation
membrane, which shows that cell performance was not impaired
by replacing Naﬁon with cellulose (Supplementary Fig. S6).
As benzoylated cellulose is permeable to H2 , it was necessary to
ascertain the behaviour of the oxidized ECPB to hydrogen. By bubbling with H2 for two hours, we detected changes to both the cyclic
voltammogram of the ECPB and some small growths in the UV-vis
spectrum that are consistent with partial reduction of the ECPB
(Supplementary Section SI-10 and Figs S9a–d and S10). This may
imply that long-term storage of phosphomolybdic acid under a
pure hydrogen atmosphere may not be appropriate. However, on
shorter timescales, temporally separated OER and HER suggests
that new types of membrane (that is, types that might not be as gas
impermeable as Naﬁon), could potentially be considered for use in
PEMEs. Alternatively, if Naﬁon membranes are employed, the
ECPB could be used to mitigate against high-pressure O2 and H2
being produced simultaneously (the diffusion of H2 and O2
through Naﬁon at high temperature is one of the chief causes of
degradation of such membranes)42.

Discussion
In conclusion, we have introduced the concept of ECPBs that can
reversibly store the protons and electrons produced during electrolytic water oxidation, thus breaking the voltage input necessary to
split water into two. The ECPB we chose for this study was the polyoxometalate phosphomolybdic acid. However, numerous other
compounds may be suitable for this role, provided that they are
highly water soluble, can effectively buffer the pH during water
splitting, have fully reversible and cyclable redox waves between
OER and HER, are stable in both their oxidized and reduced
forms, and do not cause degradation of other components within
the cell (for example, electrodes and membranes). Using an
ECPB, the OER is decoupled from the HER, which allows O2 and
H2 to be produced separately in both space and time. This temporal
separation allows greater ﬂexibility in the type of membrane that
may be used in acid-regime (photo)electrolysis cells, as gas impermeability is no longer a critical requisite for the production of
pure H2. Similarly, carbon electrodes can be used in combination
with a reduced, protonated ECPB to generate hydrogen from
aqueous solutions at current densities that rival those achieved
with platinum electrodes in a non-ECPB cell, which raises the possibility of reducing precious-metal use in any technologically applicable device. The reduced and protonated ECPB need not
necessarily be produced by direct water oxidation and routes for
reduced ECPB production from sustainable fuel sources (such as
biomass) could also be used43,44. Hence we believe that the use of
ECPBs will create new possibilities in electrolyser design, opening
up this engineering space to increased innovation. Further studies
aimed at integrating catalysts for the OER and HER with this
system, as well as identifying other ECPB systems that operate at
different pH values and that have lower molecular weights, are currently underway in our laboratories.

Methods
Full experimental details for the ECPB stability tests, electrochemical procedures
followed, results for cellulose-separated cells, electronic and mass spectra and GC
headspace analyses are given in the Supplementary Information.
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