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In the presence of moderately strong acids in CH3CN, cobalt
complexes with BF2-bridged diglyoxime ligands are active
catalysts for the reduction of protons to H2 at potentials as
positive as 20.28 V vs. SCE.
The search for transition metal complexes that are capable of
catalyzing the reduction of protons to dihydrogen at low
overpotentials presents an exciting challenge for coordination
chemists.1 Much attention has been drawn to structural and
functional models of the active sites of hydrogenases, especially the
H-clusters of the Fe-only hydrogenases, which feature dithiolatebridged, bimetallic iron cofactors that are rich in CO and CN2
auxiliary ligands.2,3 The Fe-only hydrogenases catalyze the
reduction of protons to dihydrogen at the thermodynamic
potential for H2 uptake/production (ca. 20.41 V vs. NHE at
pH 5 7 in water, or ca. 20.65 vs. SCE),4,5 whereas current
biomimetic model compounds only catalyze hydrogen evolution at
significantly more negative potentials (from ca. 21.1 to 22 V vs.
SCE).3,4,6 Transition metal complexes that are structurally distinct
from the hydrogenase H-cluster effect catalytic hydrogen evolution
at comparable, and in some cases more positive, potentials than
the biomimetic diiron model systems. Cobaltocene,7
[CpCo(PR3)2]+,8 metalloporphyrins,9 and certain macrocyclic
complexes of cobalt10,11 and nickel,12 effect catalytic hydrogen
evolution either in the presence of sacrificial chemical reductants or
electrocatalytically.
A cobaloxime system, CoII(dmgBF2)2(H2O)2 (dmgBF2 5
(difluoroboryl)dimethylglyoxime), that catalyzes the reduction of
protons to hydrogen by chromous ion in acidic aqueous solution
was reported by Connolly and Espenson nearly two decades ago.11
Mechanistic studies suggested that in this system the ratedetermining step for proton reduction involved electron-transfer
(ET) from CrII to CoII via an inner-sphere ET pathway (LnCrII–
Cl–CoII(dmgBF2)2L), followed by dissociation of the bridged
species to generate a reactive Co(I) complex [CoI(dmgBF2)2L]2
that is rapidly protonated to provide the hydride
[CoIII(H)(dmgBF2)2L].11 The slightly unfavorable thermodynamics
for the ET process were thought to be responsible for the slow
overall rate of the catalysis. The Co(dmgBF2)2 system might
therefore be well-suited to electrocatalytic hydrogen evolution
because reduction of the parent Co(II) complex to the active Co(I)
species by a solid-state electrode might be rapid, and the process
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should occur at relatively positive potentials (Eu9(CoII/I) 5 20.55 V
vs. SCE in CH3CN). Furthermore, modification of the diglyoxime
ligand framework should allow modulation of the CoII/I redox
potential and hence the potential at which hydrogen evolution can
occur. Although H-bridged cobaloximes degrade quickly in the
presence of acids,11 the BF2-bridged cobaloxime complexes are
substantially more acid-resistant (see ESI for acid stability of 1 and
2).{ These systems therefore comprised the initial focus of our
efforts to develop complexes that electrocatalyze proton reduction
at positive potentials.
Here we describe electrochemical studies of 1 and 2 (Scheme 1)
in the presence of several acids and establish that both 1 and 2
serve as catalysts for the reduction of protons to dihydrogen at the
independently measured CoII/I reduction potentials of 1 and 2,
respectively. Indeed, complex 2 mediates hydrogen evolution at
20.28 V vs. SCE in CH3CN, which to the best of our knowledge is
the most positive potential that has been reported for catalytic
hydrogen evolution by a well-defined synthetic catalyst system
under comparable conditions. The study also suggests that
hydrogen evolution catalysis has a strong dependence on acid
strength and the nature of the coordinating counter ions present in
the system. This dependence appears to be accountable for the
different catalytic behaviour between 1 and the related complex,
Co(dmgBF2)2(H2O)2. According to a very recent study published
by Artero and coworkers while this manuscript was being
prepared,13 no catalytic wave was observed by cyclic voltammetry
for Co(dmgBF2)2(H2O)2 in DMF using Et3NHCl as the acid
source (pKa 5 10.7 in DMF). In fact, hydrogen evolution
catalysis was observed by bulk electrolysis at a potential 350 mV
negative of the CoII/I reduction potential for this system
(20.9 V vs. Ag/AgCl).13
Fig. 1a depicts the cyclic voltammetry of 1 at a glassy carbon
electrode in an unstirred solution of 0.1 M [nBu4N][ClO4] in
CH3CN. In the absence of acid, a reversible one-electron reduction
was observed at 20.55 V vs. SCE, corresponding to the CoII/I
redox couple. Upon addition of trifluoroacetic acid (CF3COOH,
pKa 5 12.7 in acetonitrile14), a catalytic wave appeared at
a potential near Eu9 for the CoII/I couple of 1 (Fig. 1a). At low

Scheme 1 Hydrogen-evolving catalysts 1 and 2.
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Fig. 1 Cyclic voltammogram of complex 1 in acetonitrile solution
containing 0.1 M [nBu4N][ClO4] in the presence of acid: (a) (bottom–top)
0.34 mM 1 and no acid, 5 mM CF3COOH, 14 mM CF3COOH, and
31 mM CF3COOH; (b) (bottom–top) 1.5 mM 1 and no acid,
0.78 mM HCl, 3.1 mM HCl, 6.1 mM HCl, and 9.2 mM HCl. Scan
rate: 100 mV s21; glassy carbon electrode.

acid : catalyst concentration ratios (e.g., 5 mM CF3COOH and
0.34 mM 1), the catalytic wave exhibited a peak-like shape,
indicative of an ErC9 electrocatalytic process in which the catalytic
reaction is sufficiently rapid that the current is controlled by
diffusion of the substrate to the electrode surface.15,16 At higher
acid : catalyst ratios, the potentials of the catalytic wave stayed
nearly constant. The catalytic wave eventually approached a
plateau shape (31 mM CF3COOH and 0.34 mM 1).16 An estimate
of the overall catalytic rate constant is 770 M21 s21.4 Bulk
electrolysis of a 0.5 mM solution of 1 in the presence of 45 mM
CF3COOH in 100 mL CH3CN at 20.72 V consumed 96
coulombs of charge after 1 hour, corresponding to 20 turnovers
per hour. Analysis of the gas mixture in the headspace of the
electrolysis cell by gas chromatography confirmed the production
of hydrogen gas with an almost quantitative Faradaic yield.
A similar result was obtained when HBF4?Et2O (pKa 5 0.114)
was used as the acid source.{ The catalytic rate constant was ca.
2 6 105 M21 s21, but in this case the catalyst was relatively
unstable. Spectroscopic measurements indicated that complex 1
decomposed gradually in CH3CN solutions that contained
HBF4?Et2O. The degradation was first order with respect to the
concentration of 1 and second order with respect to the acid
concentration, with a rate constant of 8(1) 6 102 M22 s21. When
the weaker benzoic acid (pKa 5 20.7)14 was used, no catalysis was
observed.
Catalytic H2 evolution was also observed in the presence of
HCl, but the potential for chloride binding adds an additional
variable to the analysis. Upon addition of HCl?Et2O (pKa 5 8.9
for HCl in acetonitrile14), a catalytic wave appeared at a
potential near Eu9 for the CoII/I couple of 1 (Fig. 1b). At low
initial acid : catalyst ratios (e.g., 0.78 mM HCl and 1.5 mM 1), the
catalytic current was observed at a potential slightly positive of
Eu9(CoII/I), but as the acid concentration increased (e.g., 3.1 mM
HCl and 1.5 mM 1), the catalytic wave increased in amplitude and
merged with the CoII/I redox wave. Further increases of the
concentration of the acid caused the peak of the catalytic wave to
shift to more negative potentials, ultimately reaching ca. 20.8 V
(9.2 mM HCl and 1.5 mM 1) and remaining at that position as
further acid equivalents were added. The shape of the catalytic
wave was indicative of diffusion-limited catalysis.
To probe the possibility that the negative shift of the catalytic
wave at higher HCl concentrations might be caused by tight
binding of Cl2 to the pre-catalyst 1, the cyclic voltammetry of 1
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was examined in the presence of added Cl2. With a 5–20 fold
excess of [nBu4N][Cl], the cathodic peak of the CoII/I redox couple
for 1 split into two peaks, and transformed into a single peak, at
ca. 20.8 V, when a much larger excess of [nBu4N][Cl] (.100 fold)
was present.{ These data are consistent with a modest
association between Cl2 and 1, generating the anionic species
[Co(dmgBF2)2(CH3CN)(Cl)]2 (1?Cl2), which is expected to have a
more negative reduction potential than 1 itself. With small
amounts of Cl2, both 1 and 1?Cl2 are present, and thus give
rise to two reduction peaks; at much higher Cl2 concentrations,
the 1?Cl2 species predominates, and hence one reduction peak is
observed. The chloride binding constant was estimated from the
electrochemical data to be 700 M22.{ The cathodic peak at 20.8 V
is presumed to correspond to the CoII/I reduction process of
the 1?Cl2 species.
1?Cl2 is also an active electrocatalyst for hydrogen evolution,
and a catalytic wave was observed to be coincident with Eu9(CoII/I)
when HCl?Et2O was added to an acetonitrile solution that
contained 1?Cl2(formed by the addition of [nBu4N][Cl]).{ Hence
the catalytic waves (Fig. 1b) at higher HCl concentrations are
consistently ascribable to the superposition of the two individual
catalytic waves for 1 and 1?Cl2.
The diphenyl-derivative 2 was also prepared and studied to
ascertain whether it was possible to tune the potential positively
while still retaining a significant rate of H2 electrocatalysis.
Substitution of the methyl groups on the diglyoxime backbone
in 1 by less electron-releasing phenyl groups in 2 effects a positive
shift of ca. 260 mV for Eu9 (CoII/I). The cyclic voltammogram of 2
in the presence of HCl?Et2O in acetonitrile is shown in Fig. 2a. In
the absence of acid, one reversible redox event was observed at
20.28 V, corresponding to the CoII/I couple of 2. The addition of
HCl?Et2O triggered the appearance of an electrocatalytic wave
near this potential. The catalytic wave increased in amplitude as
the acid concentration was increased, eventually plateauing at
an initial acid : catalyst ratio of ca. 25 : 1 (12.2 mM HCl and
0.5 mM 2). In contrast to the behavior observed for 1, the
potential at which the catalytic wave occurred for 2 was nearly
constant as the acid : catalyst ratio was varied. In the presence of
ca. 100 equiv. [nBu4N][Cl], 2 did not generate H2, even at potentials
as negative as 21.0 V.{ The electrochemical behavior thus suggests
that for the specific case of 2, chloride binding poisons H2
evolution catalysis. At modest HCl concentrations, a substantial
amount of unbound, and hence catalytically active 2, was still
present and electrocatalysis was still observed. The overall catalytic

Fig. 2 Cyclic voltammogram of complex 2 in acetonitrile solution
containing 0.1 M [nBu4N][ClO4] in the presence of acid: (a) (bottom–top)
0.5 mM 2 and no acid, 1.7 mM HCl, 7.0 mM HCl, and 12.2 mM HCl; (b)
(bottom–top) 0.16 mM 2 and no acid, 0.25 mM HBF4, and 0.5 mM
HBF4. Scan rate: 100 mV s21; glassy carbon electrode.
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rate constant for 2 using HCl was estimated to be 100 M21 s21.
Bulk electrolysis of a 0.38 mM solution of 2 in the presence of
7.5 mM HCl in 100 mL CH3CN at 20.37 V consumed 41
coulombs of charge after one hour, corresponding to 11 turnovers
per hour. Analysis of the gas mixture in the headspace of the
electrolysis cell by gas chromatography confirmed the production
of hydrogen gas with a Faradaic yield of ca. 90%.
The rate of electrocatalysis by 2 was substantially increased by
using the much stronger acid HBF4?Et2O. The cyclic voltammetry
of 2 in the presence of HBF4?Et2O is shown in Fig. 2b, and the
catalytic rate constant was ca. 5 6 104 M21 s21. Acetonitrile
solutions of complex 2, however, were less stable in the presence of
HBF4?Et2O and competitively degraded with a rate constant of
35(1) M22 s21 (first order in 2, second order in HBF4).{ No
catalysis by 2 was observed when weaker acids, such as
CF3COOH or benzoic acid, were used.
The foregoing observations demonstrate the ability of complexes 1 and 2 to catalyze electrochemical hydrogen evolution
using a range of acids in acetonitrile. As expected for a system that
involves protonation of at least one intermediate in the catalytic
cycle prior to the rate determining step, the rate of catalysis
depends on the strength of the acid. Because the catalytic waves
occurred at potentials close to the independently measured values
of Eu9(CoII/I) for the various species of interest, the electrochemically generated Co(I) species are proposed to be the active species
for catalysis, consistent with prior work on Co(dmgBF2)2L2 in
H2O.11 The mechanism of the observed catalysis is likely to involve
a CoIII–H hydride intermediate, formed by protonation of Co(I)2.
Such a hydride might then undergo bimolecular hydrogen release,
to regenerate the Co(II) catalyst species, or alternatively, undergo a
second protonation to generate H2. The resulting Co(III) species
would then be rapidly reduced to regenerate the Co(II) catalyst.
Indeed, both of these pathways might be simultaneously operative.
Further mechanistic studies are required to elucidate the relative
contributions of these two alternatives.
Another interesting feature of the [Co(dmgBF2)2] and
[Co(dpgBF2)2] systems concerns their ability to mediate H2
evolution even under an atmosphere of CO. For example,
acetonitrile solutions containing 1 or 2 that had been thoroughly
sparged with CO still catalyzed H2 evolution at rates analogous to
those described above (under comparable conditions).{ The
electrochemically or chemically generated Co(I) species ligated
CO according to electrochemical and IR analysis, giving rise to
their corresponding Co(I) monocarbonyl adducts (i.e.,
{Co(dmgBF2)2(CO)}2 and {Co(dpgBF2)2(CO)}2). The addition
of acid, however, caused rapid CO dissociation. This sequence was
demonstrated chemically by preparing an authentic sample of
{Co(dmgBF2)2(CO)}{CoCp2} (n(IR) 5 2013 cm21 KBr–
CH3CN), produced by the addition of CoCp2 to an acetonitrile
solution of 1 under an atmosphere of CO. Upon the addition of
HCl the CO band vanished rapidly. This is presumably because
the {CoI(CO)}2 is protonated to generate a Co(III) hydride, which
would not be expected to be sufficiently backbonding to retain the
CO ligand. Under this scenario, the overall rate of catalysis is not
expected to change in the presence of CO as long as the
protonation of the Co(I) carbonyl species and loss of CO is
sufficiently fast, which appears to be the case at relatively high acid
strength. Cyclic voltammograms of 1 and 2 in the presence of
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HCl?Et2O recorded in CO-saturated acetonitrile solutions support
this view.{
In summary, the potentials at which these [Co(dmgBF2)2] and
[Co(dpgBF2)2] systems mediate H2 evolution (20.55 and 20.28 V,
respectively in acetonitrile) are significantly more positive than
those of other molecular systems that catalyze H2 evolution, which
typically require potentials in the range of 21 V to 22 V in
organic solvents.3,4,6 Catalysis occurs in the presence of acids with
modest (8.7–12.7) to low (0.1) pKa values in acetonitrile. Under
analogous conditions but in the absence of added catalyst,
analogous proton reduction was found to occur at a Pt electrode
at ca. 20.58 V with CF3COOH and ca. 20.26 V with HCl, with
equilibrium potentials at 20.12 V and 0.0 V, respectively
(see ESI).{
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