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ABSTRACT: The design of hydrogen-evolving electrocata-
lysts that operate at modest overpotentials is important for
solar energy devices. The MII/I reduction potential for metal
diimine-dioxime and diglyoxime electrocatalysts is often
related to the overpotential required for hydrogen evolution.
Herein the impact of ligand modification and protonation on
the MII/I reduction potentials for cobalt, nickel, and iron
diimine-dioxime and diglyoxime complexes is investigated with
computational methods. The calculations are consistent with
experimental data available for some of these complexes and
additionally provide predictions for complexes that have not yet been synthesized. The calculated pKa’s imply that ligand
protonation is likely to occur at the O−H−O bridge but not at other ligand sites for these complexes. Moreover, the calculations
imply that a ligand-protonated CoIII-hydride intermediate is formed along the H2 production pathway for catalysts containing an
O−H−O bridge in the presence of sufficiently strong acid. The calculated MII/I reduction potentials indicate that the anodic shift
due to protonation of the O−H−O bridge is greater than that due to replacing the O−H−O bridge with an O−BF2−O bridge
for cobalt and nickel but not for iron complexes. Experiments suggest degradation for complexes with two O−H−O bridges and
alternative mechanisms for certain iron complexes with two O−BF2−O bridges. Asymmetric cobalt, nickel, and strongly electron
withdrawing substituted iron diimine-dioxime and diglyoxime complexes containing a single O−H−O bridge are proposed to be
effective hydrogen evolution electrocatalysts with relatively low overpotentials in acetonitrile and water. These insights are
important for the design of efficient aqueous-based hydrogen-evolving catalysts.

I. INTRODUCTION

Earth-abundant first-row transition metal complexes are
promising catalysts for solar-driven water oxidation and proton
reduction.1 Cobalt diglyoxime catalysts evolve hydrogen in
protic solutions both photochemically and electrochemically at
modest overpotentials.2−8 While Co(dmgH)2 (dmg =
dimethylglyoxime) has been shown to degrade in acidic
solutions,9 Co(dmgBF2)2 is much more acid resistant10 and
has been studied extensively.11−17 Increased stability in acidic
solutions can also be achieved by replacing one or both O−H−
O bridges of Co(dmgH)2 with propane,18 forming the diimine-
dioxime complex Co(DO)(DOH)pn or Co(TIM), respectively
[(DOH)(DOH)pn = N2,N2′-propanediylbis(2,3-butanedione-
2-imine-3-oxime) and TIM = 2,3,9,10-tetramethyl-1,4,8,11-
tetraazacyclotetradeca-1,3,8,10-tetraene]. In addition to cobalt
complexes, nickel and iron H2 evolution catalysts have also
been studied.18−21

Cyclic voltammetry experiments revealed an anodic shift that
correlated with acid strength for Co(DO)(DOH)pn in both
water8 and acetonitrile.18 In aqueous solution, the Nernstian
response of the catalytic peak was ca. −60 mV/pH unit,
consistent with a one-electron, one-proton process that was

proposed to involve protonation of the O−H−O bridge.8 In
addition, anodic shifts were observed when the O−H−O bridge
was replaced with an O−BF2−O bridge in the absence of an
acid for cobalt, nickel, and iron complexes.3,18,21 For complexes
without any O−H−O bridges, the Nernstian shift under acidic
conditions was no longer observed.8,18 Scheme 1 depicts the
proposed initial steps of the hydrogen production mechanism
for cases without ligand protonation (top row) and with ligand
protonation (bottom row), where M...H denotes a ligand-
protonated species. Additional steps, such as the reduction of
the MIII-hydride to a MII-hydride, may be required prior to
hydrogen production. Understanding the impact of oxime
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Scheme 1. Initial Steps of H2 Evolution Mechanism
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bridge modification and protonation is critical for the design of
more effective molecular electrocatalysts for H2 production.
In this paper, we perform a computational investigation of

diimine-dioxime (complexes 1−2) and diglyoxime (complexes
3−5) electrocatalysts, as depicted in Chart 1. Some of these

complexes, such as the cobalt and nickel diimine-dioxime
complexes,18 have been studied experimentally. Our calcu-
lations are consistent with these previous experimental studies
and provide a comprehensive analysis that examines several
complexes, such as the asymmetric cobalt diglyoxime complex
4-Co, which have not yet been studied experimentally. Our
calculations also provide insight into the physical basis for the
observed trends as well as the mechanistic implications. For
each complex in Chart 1, we calculate the MII/I reduction
potential both with and without ligand protonation. This
reduction potential often corresponds to the catalytic wave in
cyclic voltammetry and therefore is related to the overpotential
required for H2 evolution.

5,13,14,16,18 Thus, a less negative MII/I

reduction potential typically requires a lower operating
potential for these electrocatalysts. Note that under certain
conditions, H2 evolution can occur at the M

III/II-hydride or MI/0

potentials, which are not shown in Scheme 1.17,21 We also
calculate the relative pKa’s associated with ligand protonation,
which leads to an anodic shift of the MII/I reduction potential
(i.e., the MII/I...H potential is less negative than the MII/I

potential), and the relative pKa’s that are associated with
forming metal hydrides, which are key intermediates for H2
production. Consistent with previous experimental studies on
some of these complexes,5,18,21 our calculations indicate that
asymmetric cobalt, nickel, and strongly electron withdrawing
substituted iron compounds are effective H2 evolution catalysts.

II. COMPUTATIONAL METHODS
The computational methods used to calculate reduction potentials and
pKa’s have been described in detail elsewhere.16 Each complex was
optimized in the gas phase with density functional theory (DFT) with

the B3P86 functional22,23 and 6-311+G(d,p) basis set24−28 using
Gaussian 09.29 Gas-phase reaction free energies included both zero
point energy and entropic contributions from the vibrational
frequencies at T = 298.15 K. Solvation free energies were calculated
with the conductor-like polarizable continuum model (C-PCM)30,31

using Bondi radii32 and including nonelectrostatic interactions
resulting from dispersion,33,34 repulsion,34 and cavity formation.35

The B3P86 functional has been shown to accurately reproduce first-
row transition metal complex geometries,36 and optimizations in the
presence of solvent do not significantly affect the geometry. Reduction
potentials and pKa’s were calculated relative to related, experimentally
studied reference complexes to eliminate systematic computational
errors arising from limitations in the basis set and exchange-correlation
functional.

Benchmarking of this computational procedure has been presented
elsewhere,37−40 including applications to cobaloximes.16,17 All
complexes were calculated as low-spin, as indicated by various
experimental analyses.21,41−44 Optimized gas phase M−N bond
lengths are in excellent agreement (within 0.04 Å) with the available
crystal structures, as shown in the Supporting Information.
Optimizations were performed with two axial solvent ligands for
CoII and FeII, one solvent ligand for CoI, FeI, and CoIIIH, and no
solvent ligands for NiII and NiI. These choices were based on the
experimental crystal structures5,8,18,20 and by optimizations of each
complex with varying numbers of solvent ligands to determine how
many ligands could be bound in stable configurations. Additional
computational details are provided in the Supporting Information.

III. RESULTS AND DISCUSSION
The CoII/I reduction potentials calculated in acetonitrile and
water are given in Table 1. In acetonitrile, the calculated CoII/I

reduction potentials are in excellent agreement with the
experimental values. In water, the calculated reduction potential
of complex 5-Co is in reasonable agreement with the
experimental peak potential. Note that some experimental
reduction potentials pertain to molecules that were synthesized
with different axial ligands, although these ligands are thought
to be replaced by solvent ligands in solution. An anodic shift of
∼300 mV is observed when the O−H−O bridge is replaced
with an O−BF2−O or propane bridge in both acetonitrile and
water (i.e., 1-Co → 2-Co, 3-Co → 4-Co, 4-Co → 5-Co, 3-Co
→ 1-Co, 4-Co → 2-Co). In acidic solution, protonation at the

Chart 1. Metal Oxime Complexes

Table 1. Calculated CoII/I Reduction Potentialsa

Eo(CoII/I) Eo(CoII/I...H)b

Acetonitrile
1-Co −1.11 (−1.11)c −0.73 (ca. −0.78)d

2-Co −0.83 (−0.84) −0.46
3-Co −1.43 (−1.48) −1.11
4-Co −1.03 −0.71
5-Co −0.80 (−0.93) −0.52

Water
1-Co −1.09 −0.70 (−0.70)c

2-Co −0.77 −0.41
4-Co −1.04 −0.72
5-Co −0.81 (ca. −0.65) −0.36

aValues given in Volts vs Fc+/Fc in acetonitrile and Volts vs SCE in
water. Values in parentheses are experimental from ref 18 in
acetonitrile and ref 8 in water. bProtonation occurs at the O−BF2−
O bridge for complexes without an O−H−O bridge and at the O−H−
O bridge otherwise. cE1/2(Co

II/I) for complex 1-Co in acetonitrile [or
Ep(Co

II/I) in water at pH 1.2] is the reference for complexes in
acetonitrile [or water] and agrees with experiment by construction.
dExperimental value is Ep(Co

II/I) with p-cyanoanilinium.18
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glyoxime bridge also results in an anodic shift in both
acetonitrile and water. For all catalysts except complex 3-Co,
the Nernstian response due to ligand protonation [i.e.,
Eo(CoII/I) → Eo(CoII/I...H) in Table 1] is slightly greater
than the effect of modifying the oxime bridge. Figure 1 depicts
the structural changes that occur upon ligand protonation and
reduction of complex 1-Co.

We calculated the pKa’s associated with protonation of the
ligand or protonation at the CoI center to form a CoIII-hydride
species. The former are denoted “ligand pKa’s” (Co...H), and
the latter are denoted “metal pKa’s” (CoH). Figure 2 depicts
these pKa’s in acetonitrile relative to the ligand pKa of complex
1-Co, which has been shown to exhibit a Nernstian response in
the presence of certain acids in acetonitrile and water.8,18 In
acetonitrile, complex 1-Co exhibits a Nernstian shift in the
presence of anilinium tetrafluoroborate (pKa = 10.7), but not in
the presence of trifluoroacetic acid (pKa = 12.7),18 suggesting
that the pKa of zero in Figure 2 is in the range of 10.7−12.7 pKa
units in acetonitrile.
For ligand protonation, the pKa’s were calculated by adding a

proton to the O−H−O bridge of complexes 1-Co, 3-Co, and
4-Co and to the O−BF2−O bridge of complexes 2-Co and 5-
Co. Qualitatively, a larger relative pKa corresponds to a greater
thermodynamic probability of ligand protonation by a specified
acid. Thus, positive relative pKa’s indicate that ligand
protonation by an acid that is known to protonate reference
complex 1-Co (i.e., an acid with pKa ≤ 10.7 in acetonitrile) is
thermodynamically favorable. Compounds with slightly neg-
ative relative pKa’s can still become protonated, as long as a
strong enough acid is used. The extremely negative values of
the calculated relative pKa’s for ligand protonation of complexes
2-Co and 5-Co suggest that protonation at the O−BF2−O
bridge is significantly less thermodynamically favorable than
protonation at the O−H−O bridge of complex 1-Co both
before (black lines in Figure 2) and after (blue lines) reduction.
These values are consistent with experiments that indicate a
lack of a Nernstian shift for complexes 2-Co and 5-Co in the
presence of p-cyanoanilinium (pKa = 7.6) and tosic acic (pKa
∼8.4) in acetonitrile.5,18 Protonation of complex 1-Co at the
oxime nitrogen (lower purple line) or the imine nitrogen
(upper purple line) is also thermodynamically less favorable in
acetonitrile, consistent with the cyclic voltammograms of

methyl-substituted Co(TIM) that showed no Nernstian shift
in the presence of tosic acid.5 Calculated pKa’s in water are
qualitatively similar and are depicted in an expanded version of
Figure 2 in the Supporting Information.
We also considered the possibility of protonation at both O−

H−O bridges for complex 3-Co. The relative pKa’s for the
second ligand protonation of complex 3-Co in acetonitrile are
−0.6 for CoII (lower dashed line in Figure 2) and 7.7 for CoI

(upper dashed line), suggesting that ligand protonation is
thermodynamically favorable at both O−H−O bridges by an
acid known to protonate reference complex 1-Co. For this
doubly protonated species, the CoII/I reduction potential is
−0.63 V vs Fc+/Fc in acetonitrile, which is more positive than
the value for the singly protonated species (−1.11 V vs Fc+/Fc

Figure 1. Gas phase optimized Co(DO)(DOH)pn complex (1-Co)
with and without ligand protonation for the oxidized and reduced
states. The O−H−O bridge is circled for clarity.

Figure 2. Calculated pKa’s of cobalt complexes in acetonitrile relative
to the pKa of ligand-protonated 1-Co. The bold H is the proton
removed to calculate the pKa. Ligand protonation is denoted Co...H,
and protonation at the metal center to form a metal hydride is denoted
CoH. Ligand protonation occurs at the O−H−O bridge for complexes
1-Co, 3-Co, and 4-Co and at the O−BF2−O bridge for complexes 2-
Co and 5-Co, except where specified otherwise. Experimental studies18

suggest that zero relative pKa in this figure corresponds to a value in
the range of 10.7−12.7 pKa units in acetonitrile. For complexes 1-Co
and 4-Co, the CoII species is expected to have a protonated ligand
prior to reduction (black lines), followed by protonation of the ligand-
protonated CoI species (blue lines) at the metal center to form the
ligand-protonated CoIII-hydride species (upper green lines). For
complexes 2-Co and 5-Co, the CoII species is not expected to have
a protonated ligand prior to or subsequent to CoII/I reduction, leading
to the CoIII-hydride species without ligand protonation (red lines).
Complex 3-Co is not stable in acidic solution, most likely due to
double ligand protonation (dashed black lines). Expanded version
provided in the Supporting Information.
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in acetonitrile). Thus, the calculations predict that protonation
of both O−H−O bridges would lead to a significantly greater
anodic shift than observed for the singly protonated species
(i.e., 800 mV vs 300 mV). However, experimental evidence
suggests that diglyoximes with two O−H−O bridges degrade in
acidic solution, possibly due to weakening of the hydrogen
bonding in the glyoximato macrocycle. Note that even under
neutral or basic pH conditions, photochemical experiments of
cobaloximes with two dmgH ligands undergo decomposition,
suggesting that alternative degradation pathways exist.45−47

Therefore, asymmetric cobalt complexes with a single O−H−O
bridge are predicted to be effective and stable electrocatalysts.
We also calculated the metal pKa’s that are associated with

protonation at the CoI center to form a CoIII-hydride species,
both with and without the ligand protonated. The metal pKa’s
of the CoIII-hydrides without ligand protonation (red lines in
Figure 2) are greater than the ligand pKa’s of the ligand-
protonated CoI species (blue lines), indicating that an
intramolecular proton transfer from the oxime bridge to the
metal center is thermodynamically favorable (i.e., the diagonal
arrow in Scheme 1). However, this intramolecular proton
transfer may be hindered by a large energy barrier, although
nearby solvent molecules could potentially assist in the proton
transfer mechanism. Moreover, the relative pKa for ligand
protonation of the CoIII-hydride (i.e., CoIIIH...H, lower green
lines in Figure 2) is −3.1 for complex 1-Co and −0.3 for
complex 4-Co, suggesting that the ligand-protonated CoIII-
hydride species could form after intramolecular proton transfer.
Alternatively, the relative metal pKa’s of the ligand-protonated
CoIII-hydride species (i.e., CoIIIH...H, upper green lines in
Figure 2) are positive, signifying that the metal center of the
ligand-protonated species could also be protonated directly by
an acid in solution known to protonate the reference complex
1-Co. Overall, these calculations predict that a ligand-
protonated CoIII-hydride intermediate will be formed along
the H2 production pathway in the presence of sufficiently
strong acids for complexes 1-Co and 4-Co.
While the relative metal pKa’s of the ligand-protonated CoIII-

hydride species (upper green lines in Figure 2) of complexes 2-
Co and 5-Co, are positive, these species are unlikely to form in
solution. Experiments indicate that the CoII species are not
protonated for these complexes, so CoI...H is not generated by
the electrochemical CoII/I reduction.5,18 Formation of CoIIIH
(red lines) is much more thermodynamically favorable than
formation of CoI...H (blue lines), indicating that CoIIIH will
form preferentially over CoI...H after reduction. Furthermore,
ligand protonation after the formation of CoIIIH is associated
with extremely negative relative pKa’s for complexes 2-Co and
5-Co (lower green lines). Thus, for complexes 2-Co and 5-Co
these calculations predict that H2 evolution will proceed
through a CoIII-hydride without ligand protonation under
typical experimental conditions. For all complexes studied, the
CoIII-hydride species can produce hydrogen bimetallically or
monometallically, and in many cases, it may be further reduced
to a CoII-hydride species prior to hydrogen evolution.14−16

To investigate the impact of the metal center on these trends,
we calculated the FeII/I and NiII/I reduction potentials in
acetonitrile, as given in Table 2. The calculated anodic shift of
the NiII/I reduction potential upon replacing the O−H−O
bridge in complex 1-Ni with O−BF2−O (i.e., 1-Ni → 2-Ni) is
360 mV, which is in qualitative agreement with the
experimentally observed shift of 250 mV for this catalyst.18

The analogous calculated anodic shift for complex 4-Ni (i.e., 4-

Ni → 5-Ni) is of similar magnitude, but this species has not
been studied experimentally. The calculated FeII/I reduction
potential shifts 620 mV anodically when the O−H−O bridge of
complex 1-Fe is replaced with an O−BF2−O bridge (i.e., 1-Fe
→ 2-Fe). This shift is in good agreement with the ∼640 mV
anodic shift in the FeII/I couple observed in cyclic voltammetry
when the O−H−O bridge of Fe(dArFg2H−BF2) (dArFg =
dipentafluorophenylglyoxime) is replaced with O−BF2−O.

21

In terms of ligand protonation, the calculations indicate that
protonation of the O−H−O bridge results in a 420 mV anodic
shift of the FeII/I reduction potential for complex 1-Fe and an
average 665 mV anodic shift of the NiII/I reduction potential for
complexes 1-Ni and 4-Ni. The calculated NiII/I reduction
potential of ligand-protonated complex 1-Ni is 360 mV more
positive than the experimental peak potential in the presence of
three equivalents of p-cyanoanilinium,18 suggesting that the
complex requires a stronger acid for complete ligand
protonation. In contrast to the nickel and cobalt complexes,
the anodic shift of the FeII/I reduction potential due to ligand
protonation of complex 1-Fe is less than the anodic shift due to
replacement of the O−H−O bridge with O−BF2−O (420 mV
vs 620 mV shift). This trend is also observed experimentally for
the FeII/I reduction potentials of Fe(dArFg2H−BF2) and
Fe(dArFgBF2)2.

21

Typically iron diimine-dioxime and diglyoxime electro-
catalysts require large overpotentials, rendering these catalysts
ineffective for H2 production. Of the iron complexes studied
herein, complex 2-Fe has the least negative FeII/I potential at
−2.02 V vs Fc+/Fc, which requires more than an additional volt
of overpotential compared to effective cobaloxime electro-
catalysts. Previously, Rose et al. showed that the strongly
electron withdrawing substituents of Fe(dArFgBF2)2 and
Fe(dArFg2H−BF2) lead to operating potentials of −0.9 and
−0.8 V vs SCE, respectively, in CH2Cl2.

21 In this case, the
asymmetric Fe(dArFg2H−BF2) operates at a more positive
potential than Fe(dArFgBF2)2 because it catalyzes H2 through a
different mechanism. The substituents are so strongly electron
withdrawing in Fe(dArFgBF2)2 that the catalytic peak is
identified as the FeI/0 couple, presumably because the FeI

complex cannot become protonated to form an FeIII-hydride.
According to this analysis, the replacement of one O−BF2−O
bridge with an O−H−O bridge decreases the ligand electron
withdrawing effect enough that FeI can become protonated,
thus allowing Fe(dArFg2H−BF2) to catalyze H2 evolution at the

Table 2. Calculated FeII/I and NiII/I Reduction Potentialsa

Eo(FeII/I) Eo(FeII/I...H)b

1-Fe −2.64 −2.22
2-Fe −2.02 N/A
5-Fe −2.13 (ca. −2.13)c N/A

Eo(NiII/I) Eo(NiII/I...H)b

1-Ni −1.22 (−1.22)c −0.59 (ca. −0.95)d

2-Ni −0.86 (−0.97) N/A
4-Ni −1.29 −0.59
5-Ni −0.97 N/A

aValues given in Volts vs Fc+/Fc in acetonitrile. Values in parentheses
are experimental from ref 20 (shifted from SCE with −0.38 V)48 for Fe
and ref 18 for Ni. bProtonation occurs at the O−H−O bridge.
cE1/2(M

II/I) for complexes 5-Fe and 1-Ni in acetonitrile were the
references for Fe and Ni complexes, respectively, and agree with
experiment by construction. dExperimental value is Ep(Ni

II/I) with
three equivalents of p-cyanoanilinium.18
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more positive FeII/I couple. Therefore, asymmetric iron
complexes with strongly electron withdrawing substituents are
also effective H2 evolution electrocatalysts. Note that while
complex 5-Fe has been characterized experimentally,20

complexes 3-Fe and 4-Fe, with one or two O−H−O bridges,
have not been synthesized and may not be stable without
strongly electron withdrawing substituents.

IV. CONCLUSION
In this paper, we examined the impact of ligand modification
and protonation on the MII/I reduction potentials for cobalt,
nickel, and iron diimine-dioxime and diglyoxime complexes.
Our objective was to identify catalysts with a less negative MII/I

reduction potential, which typically determines the required
overpotential for H2 evolution. The anodic shift of the MII/I

reduction potential is greater upon protonation of the O−H−O
bridge than upon replacement of an O−H−O bridge with the
more electron withdrawing O−BF2−O or propane bridge for
cobalt and nickel complexes, but the opposite trend is observed
for iron complexes. These results suggest that the optimal
cobalt and nickel catalysts have two O−H−O bridges, while the
optimal iron catalysts have O−BF2−O and propane bridges.
Catalysts with two O−H−O bridges have been found to
degrade in acidic solution, however, suggesting that the optimal
cobalt and nickel catalysts are asymmetric with a single O−H−
O bridge. Asymmetric iron complexes with a single O−H−O
bridge and strongly electron withdrawing substituents are also
expected to catalyze H2 evolution at less negative potentials
than those with two O−BF2−O or propane bridges but for a
different reason. Strongly electron withdrawing substituents
allow iron complexes to operate at modest potentials but can
lead to a different mechanism in which the required
overpotential is determined by the FeI/0 instead of the FeII/I

reduction potential. Limiting the ligand electron withdrawing
effect by synthesizing iron complexes with a single O−H−O
bridge can retain the original mechanism and thus lead to a
lower required overpotential.
The calculations also provided insight into aspects of the

hydrogen production mechanism for the various complexes.
Specifically, the calculated relative pKa’s associated with
protonation of the ligand or protonation at the CoI metal
center to form a CoIII-hydride identified the thermodynamically
preferred pathways. In the presence of sufficiently strong acids,
complexes 1-Co and 4-Co are expected to follow the lower
pathway in Scheme 1, starting with a ligand-protonated CoII

species, followed by reduction to the ligand-protonated CoI

species, followed by either intramolecular proton transfer to the
metal center (diagonal arrow), which may be prohibited by a
high barrier, or proton transfer from an acid directly to the
metal center (horizontal arrow), leading to a CoIII-hydride
species that is likely ligand-protonated. Under similar acidic
conditions, complexes 2-Co and 5-Co are expected to follow
the upper pathway in Scheme 1, starting with CoII/I reduction
without ligand protonation, followed by protonation at the
metal center to form the CoIII-hydride species, which is unlikely
to be ligand-protonated. In all of these schemes, the CoIII-
hydride species may be further reduced to a CoII-hydride
species prior to hydrogen evolution.
These results indicate that asymmetric cobalt, nickel, and

strongly electron withdrawing substituted (e.g., highly fluori-
nated) iron complexes with a single O−H−O bridge will be
effective hydrogen evolution electrocatalysts. Calculations of
cobalt complexes in water show similar trends as in acetonitrile.

The predictions generated from this study of O−H−O bridge
modification and protonation, together with our previous study
on electron withdrawing substituents,17 can be used to tune the
reduction potentials of these electrocatalysts. These insights are
important for the design of efficient, aqueous-based hydrogen-
evolving catalysts with minimal required overpotentials.
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