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In the course of our studies on water-soluble transition metal
hydrides, we recently reported the nickel diphosphine complex,
[Ni(DHMPE)2][BF4]2 (1), shown in Chart 1.26 We found 1 to

ABSTRACT: Electrocatalytic activity of a water-soluble
nickel complex, [Ni(DHMPE)2]2+ (DHMPE = 2-bis(di(hydroxymethyl)phosphino)ethane), for the hydrogen
evolution reaction (HER) at pH 1 is reported. The
catalyst functions at a rate of ∼103 s−1 (kobs) with high
Faradaic eﬃciency. Quantiﬁcation of the complex before
and after 18+ hours of electrolysis reveals negligible
decomposition under catalytic conditions. Although highly
acidic conditions are common in electrolytic cells, this is a
rare example of a homogeneous catalyst for HER that
functions with high stability at low pH. The stability of the
compound and proposed catalytic intermediates enabled
detailed mechanistic studies. The thermodynamic parameters governing electron and proton transfer were used to
determine the appropriate reductants and acids to access
the catalytic cycle in a stepwise fashion, permitting direct
spectroscopic identiﬁcation of intermediates. These studies
support a mechanism for proton reduction that proceeds
through two-electron reduction of the nickel(II) complex,
protonation to generate [HNi(DHMPE)2]+, and further
protonation to initiate hydrogen bond formation.

Chart 1

be stable under acidic conditions. Speciﬁcally, a 1 mM solution of
1 in 0.1 M H2SO4 (pH 1) was monitored by 31P{1H} NMR
spectroscopy; integration of the singlet 31P{1H} NMR resonance
at 65.2 ppm against a H3PO4 capillary conﬁrmed no observable
decomposition after 72 h at room temperature (Figure S10).
We investigated the electrocatalytic activity of 1 toward proton
reduction at pH 1 and found it to be very active and exceptionally
stable, with a high rate of turnover at a modest overpotential.
While mechanistic insight into hydrogen bond formation is
essential to understanding catalytic design principles, it has been
challenging to establish in most previously reported HER
catalysts. For this catalyst, however, we capitalize on the
independent synthesis of diamagnetic intermediates and their
thermochemical properties to interrogate the catalytic mechanism using appropriate electron and proton transfer reagents. As
a result, we directly observe spectroscopic evidence of a viable
catalytic pathway involving hydrogen bond formation through
heterocoupling. The proposed mechanism also suggests possible
avenues for modifying the catalyst to improve activity.
Cyclic voltammograms (CVs) of 1 at pH 1 exhibit an
irreversible reduction at −0.53 V vs SHE at scan rates up to
39 000 mV/s (shown in Figure 1 up to 1000 mV/s). Complex 1
undergoes a similar two-electron irreversible reduction in
acetonitrile.26 Although this reduction is not electrochemically
reversible, the corresponding Ni(0) complex (2) is isolable and
stable. We attribute the electrochemical irreversibility to
hydrogen bonding interactions between the DHMPE ligands
on each nickel, which are disrupted in the geometric change from
square planar in the Ni(II) complex to tetrahedral in the Ni(0)
complex. These intramolecular hydrogen bonds are observed in
the solid-state structure of 1.26

H

ydrogen is a valuable commodity as a fuel and reductant
that is predominately produced from natural gas and other
fossil fuel sources with concomitant generation of carbon
dioxide.1 An alternative approach would utilize energy from
renewable sources in an aqueous electrolytic cell to produce
hydrogen and oxygen from water.2−6 The resulting hydrogen
would be carbon-neutral and free of CO impurities, which can
poison hydrogen oxidation catalysts found in fuel cells.7 As a
result, there is signiﬁcant interest in the development of stable
and well-deﬁned molecular electrocatalysts for the production of
hydrogen from water.8−11
Isolation of hydrogen from oxygen gas in electrolytic cells
requires separation of the cathodic and anodic chambers by an
ion-conductive membrane. Proton exchange membranes are
most frequently used and are most eﬀective under highly acidic
conditions.12 Although there are an increasing number of earthabundant molecular electrocatalysts with activity for the
hydrogen evolution reaction (HER) in partially or fully aqueous
conditions,9,13−19 very few function under acidic aqueous
conditions.20−23 Of the latter, there is evidence that some are
precatalysts that generate the active heterogeneous catalyst upon
reduction.24,25
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H3PO4 capillary standard conﬁrmed quantitative retention of the
catalyst (Figure S4).
A mercury pool was included at the bottom of the electrolytic
cell during the electrolysis to amalgamate any potential
heterogeneous nickel particles and ensure that catalysis was
occurring homogeneously.27 Additionally, after electrolysis, the
working electrode was rinsed with water and placed into a fresh
0.1 M H2SO4 solution.27 No current above background was
observed, demonstrating the absence of any active catalyst
absorbed or deposited onto the electrode surface (Figure S5).
For conditions where electrocatalytic activity is fast and
irreversible with no catalyst decomposition or product inhibition,
“pure kinetic” conditions can be achieved in CV studies. Under
these conditions, the concentration proﬁle of the resting and
active catalysts is maintained in the electrode diﬀusion layer. If
the substrate is in suﬃcient excess that consumption is negligible
(catalyst is under pseudo-ﬁrst-order kinetic conditions), the
resulting catalytic current will form a scan-rate-independent Sshaped current−potential response.28,29 Under these conditions,
the maximum current (icat) can be used to derive the observed
rate constant for the electrocatalyst according to eq 1, where n is
the number of electrons per catalytic cycle, F is Faraday’s
constant, A is the electrochemically active surface area of the
electrode in cm2, [cat] is the concentration of the catalyst in M, D
is the diﬀusion coeﬃcient in cm2·s−1, and kobs is the observed rate
constant in s−1:30−32

Figure 1. CVs of 1 mM [Ni(DHMPE)2][BF4]2 (1) in 0.1 M H2SO4 at
various scan rates (blue traces). The gray trace displays the background
reduction with the working electrode (glassy carbon) under the same
conditions.

To ascertain whether the reductive wave in the CVs
corresponds to catalytic proton reduction at pH 1, controlled
potential electrolyses was performed. The electrolyses were
performed in a glass vessel with the counter electrode separated
from the bulk solution by a ﬁne fritted glass disc (Figure S1).
Carbon foam cylinders were used for the working and counter
electrodes, and an aqueous Ag/AgCl (saturated KCl) electrode
was used as the reference.
The cumulative current passed over an 18.3 h electrolysis at
−0.60 V vs SHE in a 1 mM solution of 1 at pH 1 is shown in
Figure 2 (blue trace). An electrolysis of an equivalent pH 1

kobs

⎛ icat ⎞2 −1
=⎜
⎟D
⎝ nFA[cat] ⎠

(1)

Since the substrate concentration ([H+]) is deﬁned at pH 1,
we achieved pseudo-ﬁrst-order conditions and pure kinetic
conditions by decreasing the catalyst concentration and
increasing the scan rate, respectively. The former increases the
concentration of substrate relative to the catalyst, and the latter
decreases the volume of the diﬀusion layer. At 0.1 mM of 1 at pH
1, the catalytic current (icat) approaches a scan-rate-independent
value of 2.2 × 10−5 A around 39 V/s (Figure S11). The reductive
current (ip) under noncatalytic conditions is often used to
account for D and A in complexes with reversible redox couples.
Since the reduction of 1 is irreversible and catalytic at pH 1, D
and A were determined using alternative methods. The diﬀusion
constant of 1 in water was measured to be 4.88 × 10−6 cm2/s
using a DOSY 1H NMR experiment (Figure S6).33 The
electrochemically active surface area of the glassy carbon
electrode was determined to be 0.012 cm2 via chronoamperometry measurements of an Fe(C5H5)2 solution (Figure S9 and
Table S2).34 These values, combined with the scan-rateindependent catalytic current, result in an observed rate
(turnover frequency) of 1850 s−1 for 1 at pH 1.
The operating potential of the catalyst based on the potential
at half the maximum catalytic current (Ecat/2)35 is −0.54 V vs
SHE, representing a modest overpotential of ∼480 mV. We note
that to maximize product formation and increase the accuracy of
the Faradaic yield, electrolysis was performed at the potential of
maximum current (icat) rather than Ecat/2.
The fast rate of catalysis precluded our eﬀorts to detect any
intermediates in the catalytic cycle under aqueous conditions at
pH 1. To gain insight into the mechanism of H2 formation, we
investigated the stepwise catalytic mechanism of hydrogen
production under noncatalytic conditions using stoichiometric
reagents, as shown in Figure 3. This study was facilitated by prior
independent synthesis and characterization of the diamagnetic

Figure 2. Accumulation of charge vs time in the controlled potential
electrolysis of a 1 mM solution of 1 at pH 1 over 18.3 h (66 000 s) at
−0.60 V vs SHE (blue) and equivalent electrolysis under the same
conditions in the absence of 1 (grey).

solution without catalyst was performed to quantify the small
amount of background proton reduction at the glassy carbon
electrode (Figure 2, gray trace). The current measured over time
under both conditions is shown in Figures S2 and S3.
The quantity of hydrogen evolved was measured using gas
chromatography. The calculated Faradaic yield ranged from 92
to 105% after correcting for background hydrogen formation at
the glassy carbon electrode and H2 loss through cell leakage
during the 18.3 h electrolysis (details in Figure S7 and Table S1).
The total amount of hydrogen generated corresponds to
between 7 and 9 equiv of hydrogen with respect to 1, conﬁrming
its catalytic activity. The linear increase in charge passed as a
function of time (Figure 2, blue) indicates the stability of the
catalyst over the electrolysis, which was corroborated by
analyzing the pre- and post-electrolysis solutions. Both exhibit
only the 31P{1H} NMR resonance for 1, and integration against a
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concomitant re-formation of the Ni(II) resting catalyst (Figure
3).
[HNi(DHMPE)2 ]+ ⇌ [Ni(DHMPE)2 ]2 + + H−

ΔG°H−
(2)

[HNi(DHMPE)2 ]+ + [HB]+
⇌ [Ni(DHMPE)2 ]2 + + B + H 2

(3)

ΔG° (kcal/mol) = ΔG°H− + 1.37 × pK a(HB) − ΔG°H2

The mechanistic study of this catalyst using stoichiometric
reagents demonstrates a chemically accessible route for H2
formation by protonation of a metal hydride but does not
preclude other pathways. A number of mechanisms have been
proposed for H2 evolution by molecular catalysts. In general, they
diﬀer on whether bond formation proceeds through hetero- or
homocoupling or in the speciﬁc sequence of electron and proton
transfers.
Hydrogen bond formation via homocoupling proceeds either
through reductive elimination or the bimolecular reaction of two
metal hydride complexes, and has been proposed for cobalt
dimethylglyoxine catalysts.38−41 To examine this possibility, 3
was isolated in both DMSO and water for 3 days at room
temperature (see Figures S14 and S15, respectively). No
appreciable H2 evolution or decrease in the concentration of
nickel hydride (through use of an internal standard) was
observed by 1H and 31P{1H} NMR spectroscopy, demonstrating
that 3 is stable with respect to bimolecular H2 formation.
Another possible catalytic route is reduction of the incipiently
generated [HNi(II)(DHMPE)2]+ (3) under electrocatalytic
conditions. The resulting reduced Ni(I) hydride could
potentially be competent for catalytic H2 formation through a
hetero- or homocoupling pathway; both routes have been
proposed for molecular cobalt-based HER electrocatalysts.40−43
However, the CV of 3 in water establishes that it is reduced at a
potential ∼400 mV more negative than 1 (see Figures S13 and
S12) and is inaccessible under electrocatalytic conditions.
Recent studies on closely related nickel bis(diphosphine)44,45
catalysts in organic solvents indicate two mechanisms for
hydrogen evolution that diﬀer in the order of proton and
electron transfer. The proposed pathways are (1) alternating
electron and proton transfer or (2) two successive reductions
followed by two protonation steps. Since reduction of 1 is a 2e−
event, we believe the mechanism of 1 is closer to the latter, which
is supported by the catalytic pathway outlined in Figure 3.
The proposed mechanism suggests an avenue for decreasing
the overpotential required for catalysis. The most straightforward
modiﬁcation would be to increase the electron-withdrawing
nature of the ligand environment to shift the reduction potential
to more positive values, resulting in a decrease in overpotential at
pH 1. However, the hydricity is dictated by the reduction
potential of the complex (and to a lesser extent pKa of the metal
hydride).37,46 Therefore, this modiﬁcation would also decrease
the hydricity of the corresponding metal hydride intermediate.
Since protonation to form hydrogen is dependent on hydricity
(eq 3), it is reasonable to suspect that this type of catalyst
modiﬁcation would have an unfavorable impact on the hydrogen
bond formation step in the catalytic cycle. Our study indicates
that nickel hydride intermediate 3 is already appropriately
hydridic to favor protonation at pH 1. However, we propose
another possible route to shifting the catalytic onset potential to
more positive values without signiﬁcantly aﬀecting the reductive

Figure 3. (Top) Proposed catalytic cycle for hydrogen evolution. The
value of Epc (vs Fe(C5H5)20/+) shown in the catalytic cycle is in
acetonitrile, and pKa values are in DMSO. (Bottom) 1H and 31P{1H}
NMR in DMSO-d6 upon addition of electron or proton transfer
reagents, with identiﬁcation of proposed intermediates.

Ni(DHMPE)2 (2) and [HNi(DHMPE)2][BF4] (3) complexes,
which are observable by 1H and 31P{1H} NMR spectroscopy.26
Thermochemical properties of 1−3 were used to identify
appropriate stoichiometric reagents for electron and proton
transfer. To control proton delivery and enable identiﬁcation of
the hydride peak in the 1H NMR spectra, these studies were
carried out in the aprotic solvents CD3CN and DMSO-d6.
Compound 1 undergoes a two-electron reduction at
approximately −1.21 V vs the Fe(C5H5) 20/+ couple in
acetonitrile,26 conﬁrming our choice to use 2 equiv of Co(C5H5)2
(−1.34 V vs Fe(C5H5)20/+; see Figure S8) to synthesize the
Ni(0) complex (2) by chemical reduction. 1H and 31P{1H} NMR
spectra of the isolated Ni(0) (2) complex are shown in Figure 3.
The pKa of [HNi(DHMPE)2]+ (3) is 9.26 in DMSO,26 which
dictates the strength of the acid needed to protonate 2 to
generate the hydride 3 while inhibiting additional protonation to
form H2. Accordingly, addition of excess triethylammonium
tetraﬂuoroborate (pKa 9.0 in DMSO)36 results in an equilibrium
between 2 and protonated 3, also shown in Figure 3.
The hydricity (ΔG°H−, eq 2) of [HNi(DHMPE)2]+ (3)
quantiﬁes the acid strength needed to thermodynamically favor
protonation of the hydride to release H2 according to eq 3, where
ΔG°H2 is the free energy of H2 heterolysis (60.7 kcal/mol in
DMSO).37 The ΔG°H− of 3 is 55.5 kcal/mol in DMSO,26
indicating that acids with a pKa < 3.80 will result in a negative free
energy for hydrogen bond formation. Addition of anilinium
tetraﬂuoroborate (pKa 3.6 in DMSO)36 results in hydrogen
evolution, which is observed in the 1H NMR spectrum with
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properties of the nickel complex. Since electrochemical
reduction of 1 is irreversible, the thermodynamic reduction
potential is positive of the observed potential. The irreversibility
of the 2e− reduction is likely due to intramolecular hydrogen
bonding between the two DHMPE ligands. Therefore, we are
exploring ligand modiﬁcations that would maintain a similar
electronic structure at the metal while eliminating the source of
electrochemical irreversibility. This would permit access to an
energetically similar metal hydride intermediate at more positive
potentials, leading to a reduction in overpotential without a
corresponding decrease in rate.
In conclusion, we report a highly stable catalyst for the
electrocatalytic reduction of protons to hydrogen. The catalyst
functions at high rates at a modest overpotential under acidic
conditions, which are most applicable to current electrolytic cells
for solar fuels. Furthermore, the stability of the complex and
potential catalytic intermediates, along with thermochemical
parameters, was used to interrogate the catalytic pathway in
detail. The mechanistic insight derived from this study is critical
to understanding hydrogen bond formation and permits the
rational design of new catalysts with improved activity.
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