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ABSTRACT: A general strategy is reported for the computational exploration
of catalytic pathways of molecular catalysts. Our results are based on a set of
linear free energy relationships derived from extensive electronic structure
calculations that permit predicting the thermodynamics of intermediates, with
accuracy comparable to experimental data. The approach is exemplified with the
catalytic oxidation and production of H2 by [Ni(diphosphine)2]

2+ electro-
catalysts with pendant amines incorporated in the second coordination sphere of
the metal center. The analysis focuses upon prediction of thermodynamic
properties including reduction potentials, hydride donor abilities, and pKa values
of both the protonated Ni center and the pendant amine. It is shown that all of
these chemical properties can be estimated from the knowledge of only the two
redox potentials for the Ni(II)/Ni(I) and Ni(I)/Ni(0) couples of the
nonprotonated complex, and the pKa of the parent primary aminium ion. These three quantities are easily accessible either
experimentally or theoretically. The proposed correlations reveal intimate details about the nature of the catalytic mechanism and
its dependence on chemical structure and thermodynamic conditions such as applied external voltage and species concentration.
This computational methodology is applied to the exploration of possible catalytic pathways, identifying low and high-energy
intermediates and, consequently, possibly avoiding bottlenecks associated with undesirable intermediates in the catalytic
reactions. We discuss how to optimize some of the critical reaction steps to favor catalytically more efficient intermediates. The
results of this study highlight the substantial interplay between the various parameters characterizing the catalytic activity, and
form the basis needed to optimize the performance of this class of catalysts.

KEYWORDS: molecular electrocatalysis, thermodynamics, Ni complexes, computational chemistry, hydrogen oxidation and production,
catalyst optimization

1. INTRODUCTION

Development of electrocatalysts based on inexpensive,
abundant metals1,2 for rapid and efficient interconversion
between electrical energy and fuels is critical for renewable
energy utilization systems.3−5 One general approach to improve
the efficiency of existing catalysts and design new ones is to
eliminate low and high-energy intermediates and, consequently,
reduce the barriers associated with these intermediates in the
catalytic reactions. This thermochemical approach to catalyst
design relies on the knowledge of the relative free energies of
potential intermediates in the catalytic cycle. This approach has
been successfully applied to the development of efficient Co-
based catalysts for CO2 reduction6 and Ni-based molecular
electrocatalysts for hydrogen oxidation, hydrogen production,
and formate oxidation.7,8 It has also been applied to
stoichiometric reactions such as hydride transfer from rhodium
and cobalt hydrides to boron compounds to form borohy-
drides,9−11 and from nickel and platinum hydrides to metal
carbonyl complexes to generate formyl complexes.12 All of

these catalytic and stoichiometric reactions are potentially
important for electrical energy storage and conversion
technologies. In the current study we use a combination of
ab initio electronic structure calculations and simple
quantitative structure activity relationships to quantify and
systematize this approach and demonstrate how in doing so this
leads to new insights into catalyst optimization. A Ni-based
family of electrocatalysts for H2 production and oxidation for
which very extensive thermodynamic information has been
compiled will serve as a focus of the current study.7,8,13−21

Previously we reported a theoretical model capable of
generating free energy relationships based only on the
knowledge of two redox potentials for a series of Ni-
(diphosphine)2 complexes that can promote the cleavage of
H2.

22 The general structure of this class of complexes is shown
in Figure 1a, which we will refer to as P2 systems. However,
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members of this class of complexes are not in themselves
efficient electrocatalysts for H2 oxidation/production unless an
amine group is included in the outer coordination sphere as an
additional catalytic functionality. Therefore, in the present
study we extend our earlier investigations to include [Ni-
(PR2N

R′
2)2]

2+ electrocatalysts containing 1,5-diaza-3,7-diphos-
phacyclooctane ligands (PR

2N
R′
2, often referred to as P2N2

ligands) with pendant amines positioned in close proximity to
the metal center in the second coordination sphere (Figure 1b)
where the amines interact with a metal-bound substrate, but do
not directly bind to the metal center. It has been shown that
pendant amines incorporated into six-membered rings, defined
by the metal center and the diphosphine ligands, facilitates
heterolytic cleavage or formation of the H−H bond while
serving as relays for proton transfers in the catalytic oxidation
and production of H2.

23−25 For these P2N2 based complexes,
the catalytic activity occurs at much higher rates and/or lower
overpotentials compared to P2 catalysts that have no pendant
amines, indicating the critical role of proton relays in lowering
barriers for these catalytic reactions.13,15,16,19 The role of
pendant amines in several other classes of metal complexes that
are electrocatalysts for production of H2

26−31 or oxidation of
H2

32−34 has been demonstrated, providing strong evidence that

pendant amines functioning as proton relays can profoundly
influence reaction pathways and energetics.
The catalytic cycle for H2 oxidation and production by

[Ni(PR
2N

R′
2)2]

2+ complexes, as the result of extensive
experimental8,10−13 and theoretical investigations,19,23,24,35−40

is reported in Figure 2. Computational studies of the
[Ni(PR

2N
R′
2)2]

2+ catalytic activity showed that H2 oxidation
proceeds with the formation of a transient H2 adduct, which
undergoes heterolytic H2 splitting with the formation of a N-
protonated nickel hydride species (proton/hydride species,
denoted e/NiH2+ where e indicates an endo conformation of
the N−H bond with respect to the metal). The latter easily
evolves toward a doubly protonated Ni(0) species, where both
protons are oriented endo (denoted e/e2+). Two proton and
electron transfers (or proton-coupled electron transfers)37,38,41

complete the catalytic cycle. A potential H2 evolution
mechanism follows this same cycle in a counterclockwise
fashion, as represented by the central cycle in Figure 2, with the
two initial reduction/protonation steps. However, the existence
of multiple protonation sites gives rise to species with protons
that are not properly positioned and are detrimental to catalysis
as shown by the arrows on the left side of Figure 2. As
illustrated, protonation can take place either endo (denoted
with an e) to the metal center or exo (denoted with an x) to the
metal center, which leads to the production of mono
protonated exo isomers (x+) and doubly protonated exo/exo
isomers (x/x2+) or endo/exo isomers (e/x2+) (Figure 2).35

Only protonated pendant amines having an endo geometry are
properly positioned to function efficiently as proton relays
during catalysis36,42 and isomers with exo positioned protons
must undergo deprotonation/protonation to form endo
protonated intermediates for catalysis to occur.
Our goal is to develop a simple predictive model that allows

the calculation of the relative free energy of potential
intermediates (“free energy maps”) using a minimal number
of easily determined parameters. Using such maps, the free
energy profile along the catalytic cycle can be easily

Figure 1. General structure of (a) [Ni(diphosphine)2]
2+ complexes

(P2 systems) and (b) [Ni(PR2N
R′
2)2]

2+ complexes (P2N2 systems). In
(b), the blue and yellow circles indicate first and second coordination
shell ligands, respectively.

Figure 2. Proposed catalytic cycle for H2 oxidation (clockwise) and H2 production (counterclockwise) by [Ni(PR2N
R′
2)2]

2+ electrocatalysts. In this
example H2 production follows a stepwise electron−proton−electron−proton sequence of steps. Protonation of exo positions results in branching to
less productive pathways. N and P substituents are not shown for clarity.
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constructed, therefore readily permitting the prediction of low-
or high-energy intermediates, and possibly suggesting ways to
avoid such undesired species.7,43,44 Moreover, knowledge of the
relative free energy of the intermediates, under standard
conditions, can be used to extrapolate these quantities under
different experimental conditions (i.e., change of pH, H2 partial
pressure, applied electrical potential) and can thus serve as a
guide for optimizing the reaction conditions. The ability to
construct a comprehensive free energy map relies on the
understanding of thermodynamic properties such as bond
strengths and redox potentials. In principle, the thermodynamic
properties can be determined through experimental measure-
ments and/or computations. The systematic measurement of
the thermodynamic properties needed to build these maps is
challenging, being possible only for a few of them (e.g., the
Ni(II)/Ni(I) and Ni(I)/Ni(0) reduction potentials), and it is
limited to experimentally observable intermediates. In this
context, computations can provide access to these properties,
but only if one has the confidence that the calculated values are
within a useful range of accuracy.
In our previous work,22 we developed a theoretical protocol

based on density functional theory (DFT) calculations and an
isodesmic approach for the accurate (within 2 kcal/mol)
computational determination of the thermodynamic quantities
across a series of P2 systems. We have also shown that all
thermodynamic properties required to predict the relative free
energies of intermediates correlate with either Ni(II)/Ni(I)
and/or Ni(I)/Ni(0) redox potentials. Using these correlations,
and appropriate thermodynamics cycles, the relative free
energies of all of the relevant species involved in catalysis can
be predicted with a high degree of confidence from the
potentials of the Ni(II/I) and Ni(I/0) couples, which are easily
measured by experiment. To extend this study to complexes
with pendant amines and build a predictive model, it is
necessary to study both the energetics of the protonation of the
pendant amines, and how this is influenced by the electronics at
the metal center, and conversely the influence of the pendant
amines on the metal center properties.
In this paper, we examine the thermodynamic properties of

the first coordination sphere, and how the incorporated
pendant amine affects the thermodynamics properties of the
Ni center. We then calculate the pKa of the protonated pendant
amine of P2N2 systems and explore the correlations of this
quantity with the Ni(II)/Ni(I) and/or Ni(I)/Ni(0) redox
potentials to understand the electronic factors influencing it.
From this knowledge, we construct a model capable of
predicting relative thermodynamics of all the potential catalytic
intermediates shown in Figure 3 using three parameters, the
potentials of the Ni(II)/Ni(I) and Ni(I)/Ni(0) redox couples
and the pKa values of a parent aminium (R′-NH3

+) from which
the ligand is derived. We then discuss some applications of this
predictive model and demonstrate how the information
provided by this analysis can reveal the intimate interconnec-
tions between catalytic pathways (and side products), which are
a requisite for improved catalyst design.

2. COMPUTATIONAL METHODS
2.1. Complexes and Nomenclature. The systems studied

in this paper are Ni complexes with PR
2N

R′
2 ligands. We

investigated both known complexes and hypothetical ones not
yet synthesized. For the hypothetical complexes, a similar
strategy to that employed for the P2 systems24 was applied by
using the fluorinated methyl groups as substituents on P and N

atoms, allowing us to investigate systemically the effects of the
nature of substituents and consolidate the correlations with an
extended set of data. Figure 3 depicts the thermodynamic
diagram connecting the potential intermediates resulting from
protonation of the Ni center and endo protonation of the
pendant amines, along with the associated thermodynamic
properties examined in this study. A more comprehensive
diagram including the possibility of exo protonation is provided
in Figure S1 of the Supporting Information. In Figure 3 the
potential intermediates are organized as follows: along the x
axis is the change in the charge on the metal center as a result
of electron transfer; along the y axis is the change in the
number of hydrogens bound to Ni; and along the z axis is the
change in the number of protons on the N atoms of the ligand.
The structures of all of the species studied are given in Scheme
SI-1 of the Supporting Information. Nonprotonated Ni(II),
Ni(I), and Ni(0) complexes are simply referred as Ni2+, Ni+,
Ni0. We use the letters e and x to indicate isomers protonated
on N in the endo and exo positions respectively, whereas NiH
indicates the presence of a nickel hydride. While referring to
the various species identified by the letter code, the overall
charge of the complex is also provided. For example, e/NiH2+

stands for a complex with an endo-protonated N atom, a
hydrogen bound to Ni, and a total charge of 2+, whereas e2+

stands for the singly endo protonated Ni(I) intermediate (see
Figure 2 and Scheme S1 of the Supporting Information). Note
that double protonation of the same ligand is generally
energetically unfavorable36 and not considered, though one
example of a doubly protonated ligand has been reported at
−70 °C.45

The following symbols are used for the thermodynamic
quantities considered in the present work: Reduction
potentials, E0, hydride donor abilities, ΔGo

H-, homolytic Ni−
H bond dissociation energies, ΔGo

H., and pKa values. To

Figure 3. Thermodynamic map connecting all the metal-protonated
and endo-protonated [HnNi(P

R
2N

R′
2)2Hm]

q+ species. The abbrevia-
tions used for the different species are shown in Figure 2. NiH2

2+

represents [H2Ni
IV(P2N2)2]

2+, NiH2+ represents [HNiIII(P2N2)2]
2+,

and e/NiH3+ represents endo-[HNiIII(P2N2)(P2N2H)]
3+. Blue arrows:

electron transfer reactions with associated potentials; Black arrows:
homolytic Ni−H bond dissociations with associated free energies;
Green arrows: hydride transfer reactions with associated free energies;
Red arrows: deprotonation of Ni-hydrides with associated pKa values;
Violet arrows: deprotonation of pendant aminium(s) with associated
pKa values.
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distinguish the pKa of Ni−H and that of N−H, the superscript
“Ni” is added for the former, whereas the superscripts “e” and
“x” are specified when referring to endo and exo protonated
pendant amine, respectively. For example, the thermodynamic
properties associated with e/NiH2+, which has one proton on
the Ni center and one on a pendant amine, are defined in eqs
1−5.

⇌ +

⇌ +

⇌ + • Δ °

⇌ + Δ °

+ ⇌ °

+

+

+

+ + +

+ + +

+ +
•

+

+ + − +

+ − +
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K
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e NiH e e NiH
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/ H ( / ) (4)
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2 2

2 2

2 2 2

2 3 2

2 2

a
Ni
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e

H

H

II/I

Herein all redox potentials are given with respect to the
ferrocenium/ferrocene couple in acetonitrile solvent.
2.2. Procedure for Calculating Thermodynamic Prop-

erties. In accord with the reported experimental free energies,
all calculated reaction free energies are quoted at the standard
state (T = 298 K, p = 1 atm of H2, 1 mol/L concentration of all
species in acetonitrile).
Thermodynamic quantities associated with species having

hydrogen bound to the Ni center (e.g., the properties in the
bottom layer of the diagram in Figure 3) were calculated from
the free energies of isodesmic reactions where [HnNi-
(dmpp)2]

q+ was used as the reference system (dmpp = 1,3-
bis(dimethylphosphino)propane). This procedure was de-
scribed in previous reports,22,46,47 and is briefly summarized
in the Supporting Information (Section SI-1). The pKa values
for the protonated pendant amine complexes are calculated by
a similar isodesmic approach where our reference value is
chosen to be that of protonated pyridine (C5H5NH

+, pKa =
12.5 in acetonitrile).48

All other thermodynamic properties can be obtained from
thermodynamic cycles. An example of the calculation of
pKa

Ni(e/NiH2+) is given below in eqs 6a−6d

It is important to clarify that the pKa values defined in Figure 3
do not necessarily represent the thermodynamic (experimen-
tally measured) pKa’s, which are related only to lowest free
energy species (either reactants or products). For instance,
deprotonation of doubly protonated e/e2+ species result in the
NiH+ hydride species so that the experimental pKa for e/e

2+ is
different from the pKe

a(e/e
2+) defined in Figure 3. However,

the experimental pKa can be easily obtained from Figure 3 using
simple thermodynamic considerations as discussed in the
Supporting Information (Section SI-5).
Experimental observations show that in acetonitrile solution,

the solvent coordinates to the Ni(II) center.13,36 Accordingly all
of the calculations involving Ni(II) species were done on five-
coordinate complexes with an acetonitrile molecule as the fifth
ligand. A discussion on how the fifth ligand influences the redox
properties of Ni(II) complexes is provided in the Supporting
Information (Section SI-2).

2.3. Density Functional Theory Calculations. Molecular
structures were optimized at the DFT level of theory with the
hybrid B3P86 exchange and correlation functional49−51 and the
Stuttgart−Dresden relativistic effective core potential and
associated basis set (SDD)52 for Ni, and 6-31G* for all
nonmetal atoms.53 We include an additional polarization p
function on hydride (or proton if bound to the amine group) H
atoms. Harmonic vibrational frequencies were calculated at the
optimized geometries using the same level of theory to estimate
the zero-point energy and the thermal contributions (298 K
and 1 atm) to the gas-phase free energy. Free energies of
solvation in acetonitrile were then computed using a self-
consistent reaction field model at the same level of theory as for
the other steps. The Conductor-like Polarizable Continuum
Model (CPCM)54,55 was used with Bondi radii.56 Standard
state corrections were applied to solvation free energies. This
level of theory has been tested extensively in previous studies
and proved to work well for this class of compounds.22−24,46 All
the calculations were carried out with Gaussian 09.57 The effect
of the applied potential was considered adding the customary

Figure 4. Computed pKa
Ni(NiH+) and hydride donor ability, ΔGH-(NiH

+) (in kcal/mol), for [HNi(PR
2N

R′
2)2]

+ complexes using the linear free
energy correlations inferred for P2 systems vs the experimental values (solid circles). The solid line is a least-squares fit to the data, and the dashed
line is the 1:1 line that would be expected if the N atoms introduced no perturbation. The labels indicate the (R, R′) substituents on the P and N
atoms of each catalyst, where Me = methyl, Cy = cyclohexyl, nBu = n-butyl, tBu = t-butyl, tp = 2,2,4-trimethylpentyl, Bn = benzyl, and Ph = phenyl.
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electrochemical free energy term58 ΔGel = −nFE, where n is the
number of electrons transferred (H2 production), F is the
Faraday constant, and E is the applied potential with respect to
the ferrocenium/ferrocene couple.

3. RESULTS
In this section we focus our discussion on computational
results, deferring more detailed connections to experimental
observations and applications to catalysis to Section 4. Unless
otherwise stated all correlation presented here are derived
entirely from computed quantities.
3.1. Thermodynamic Properties for the First Coordi-

nation Sphere. The common coordination feature between
the P2 system and the first coordination sphere of the P2N2
system stimulates us to ask whether the set of correlations
previously developed for P2 systems be applied to predict the
corresponding quantities of P2N2 systems. Figure 4 shows plots
of experimental pKa

Ni(NiH+) and ΔG°H-(NiH+) values of P2N2
systems versus those computed from the formulas based on P2
systems24 (solid circles and line). These data differ from the
dotted line, which represents the correlation expected for the P2
systems, that is, if the N atoms introduced no perturbation. As
can be seen, there is a clear and systematic variance of
approximately 2 kcal/mol.
This discrepancy can be understood by noting that these two

properties share the same starting point, that is, the Ni hydride
species, NiH+ (see Figure 5a). Hence, the similar shift in energy

for these two properties indicates that the hydride species NiH+

of P2N2 systems are systematically different from those of P2
systems. This approximately 2 kcal/mol destabilization is traced
back to a weak repulsive interaction between the pendant
amine and the hydride, which leads the hydride to occupy an
equatorial position of a trigonal bipyramid as opposed to an
axial one in the P2 systems (see Figure 5).
The systematic changes in pKa

Ni(NiH+) and ΔGH-(NiH
+)

resulting from the replacement of P2 ligands with P2N2 ligands
suggests that other thermodynamic properties for the first
coordination sphere of P2N2 systems can also be predicted from
the thermodynamic correlations obtained for P2 systems, with
appropriate adjustment of the corresponding intercept of the
linear equations from ref 22. We have thus calculated all of the
thermodynamic properties associated with the first coordina-
tion sphere by constructing linear correlations of any property

with E°I/0(Ni
+) and E°II/I(Ni

2+), as done previously for the P2
systems. In Table 1 we present the overall correlations obtained

by this process. Note that in the data fitting, we have not
constrained the slope to be identical to that of the P2 systems.
That said, the differences in slopes between P2N2 and P2
systems are relatively small (at most 0.06 V) with the major
change resulting in the intercepts.

3.2. First Protonation at a Pendant Amine. With the
equations listed in Table 1, we are able to predict the
thermodynamic properties associated with the first coordina-
tion sphere based on the knowledge of only two redox
potentials. However for P2N2 systems, protons can interact with
both Ni and N atoms, and it is necessary to understand the
relative energetics of protonation at both sites for developing
efficient catalysts. In this section we discuss the calculations of
the pKa for the protonated pendant amine of P2N2 complexes.
We first consider the single protonation at the N atoms for the
species described in the bottom layer of the thermodynamic
diagram shown in Figure 3, resulting in the corresponding
species shown in the middle layer. Protonation of dihydride
species is not considered because it is unlikely that they are
formed under catalytic conditions.23,24

We first consider the pKa of the endo form of the N-
protonated Ni(0) species. The P2N2 ligands are synthesized
from primary amines, and the pKa values of their conjugate
acids (primary aminiums) are readily available from the
literature or easy to obtain through experiment or calculation.
Here we show that a relationship between the pKa of the
protonated pendant amine and their parent aminium (R′-
NH3

+) exists, and a mathematical expression for this relation is
derived. As shown in Figure 6, when the substituents on the P
atoms are either CH3 or CF3, the pKa values of the P2N2
complexes are linearly correlated with those of their parent
aminium. The effect of the R′ groups on the pKa values is
consistent with the electron donor/withdrawing abilities of R′
groups (where R′ = CH3, CH2F, CHF2, CF3). It is also not
surprising that the substituents, R, on P atoms influence the pKa
of pendant amine, and changing R from CH3 to CF3 decreases
the pKa values by approximately the same amount regardless of
the substituents on N. In addition, the substituent on P can
have a strong influence on the electron density at the Ni center
as reflected in the Ni (I/0) couple. These considerations

Figure 5. Thermodynamic relationship between nonprotonated nickel
complexes and Ni2+, Ni+, Ni0 and the Ni(II) hydride intermediate,
NiH+ (a). Also reported is the coordination geometry of the metal
center in the Ni(II) hydride intermediate for P2 (b) and P2N2
complexes (c).

Table 1. Computed Correlations between the
Thermodynamic Properties for the First Coordination
Sphere of [Ni(PR

2N
R′
2)2]

2+ Complexesa

property correlation for P2N2 systems

pKa
Ni(NiH+) −18.00 E°I/0(Ni

+) − 2.00
pKa

Ni(NiH2+) −18.38 E°I/0(Ni
+) −28.38

pKa
Ni(NiH2

2+) −16.90 E°I/0(Ni
+) −23.38

ΔG°H-(NiH+) 21.70 E°II/I(Ni
2+) + 77.50

ΔG°H·(NiH+) −1.51 E°I/0(Ni
+) + 50.59

ΔG°H·(NiH2+) −25.07 E°I/0(Ni
+) + 23.06 E°II/I(Ni

2+) + 14.15
ΔG°H·(NiH2

2+) 0.46 E°I/0(Ni
+) + 58.10

E°III/II(NiH
2+) 1.02 E°I/0(Ni

+) + 1.51
aRedox potentials in V; Hydride donor ability and homolytic Ni−H
bond dissociations in kcal/mol. Note that these equations differ from
those for the P2 systems22 by only small changes in the slope with
more significant changes in intercepts due to the geometric
perturbation imposed by the pendent amine (see text for discussion).
All correlations are derived from computed quantities.
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suggest the possibility of predicting the pKa values for the
protonated pendant amine of the complexes from E°I/0(Ni

+)
and the pKa values of the parent aminium. Note this is an
inference of correlation and not causation as the R groups on
the phosphine influence both quantities. To confirm this
hypothesis, we calculated pKa values of a series of P2N2
complexes and fit them to these two parameters and obtained
eq 7, which gives a standard deviation of 0.5 pKa units.

= ′ − ° −+ ++K K Ee Nip ( ) 0.69p (R NH ) 7.09 ( ) 1.9a
N

a 3 I/0
(7)

Following the same reasoning, we found that the pKa values for
the other singly protonated species have similar properties and
can be predicted from the same two parameters, namely, pKa
values of the protonated parent amine and E°I/0(Ni

+). These
equations are listed in Table 2.

The pKa values for exo protonation show similar correlations
with the pKa values of the parent aminium and E0I/0(Ni

+) redox
potential (Table 2). Compared to the endo-protonated
isomers, the dependence on the pKa values of the parent
aminium is larger for exo-protonated isomers, as indicated by
the larger coefficients for the pKa term. This trend reflects a
greater dependence on the amine basicity for the proton being
chelated by two N atoms of the same ligand. Further comments

on the correlation between the acidity of the parent aminium
and that of N-protonated catalysts are given in the Supporting
Information (Section SI-3).

3.3. Second Protonation at a Pendant Amine. We now
consider the second protonation at the pendant amines. Among
many possible conformers, only three are studied herein
because they are low energy conformers with small energy
difference (within 2 kcal/mol) based on our previous
theoretical and experimental results.24,35 The pKa values are
defined according to eq 8 for e/e2+ and similar equations for
the other e/x2+ and x/x2+ isomers (Figure 2). Using the same
procedures as described above for the monoprotonated species,
we found that the pKa values of the doubly protonated
complexes are correlated with the pKa values of the parent
aminium and the E°I/0(Ni

+) redox potentials, as shown by the
equations listed in Table 3.

⇌ +++ + +Ke e e e e/ H p ( / )2 2
a
N

(8)

The pKa defined in eq 8 is different from that measured
experimentally because the singly protonated species e+

resulting from the deprotonation of the doubly protonated
species (e/e2+ and e/x2+) undergoes an intramolecular proton
transfer reaction to form NiH+. However the experimentally
observed pKa values can be calculated from a thermodynamic
cycle (eqs 9a−9d) using the pKa value defined in eq 8 and
pKa

e(e+) and pKa
Ni(NiH+) determined from the equations

listed in Tables 1 and 2, respectively. This thermodynamic cycle
can be readily constructed from an inspection of the
thermodynamic diagram shown in Figure 3.

3.4. Effect of Protonation on the Thermodynamic
Properties of the First Coordination Sphere. With
knowledge of the thermodynamic properties of the first
coordination sphere and the pKa values of protonated pendant
amines, we can now examine how the thermodynamic
properties for the first coordination sphere are influenced by
the protonation at a pendant amine. Using thermodynamic
cycles, we derived the equations for predicting the thermody-

Figure 6. Calculated pKa of the endo protonated Ni(0) species, e+, vs
the computed value of the pKa of the parent aminium R′NH3

+. The R
groups are the substituents on P atoms, whereas R′ = CH3, CH2F,
CHF2, CF3 are the substituents on N atoms. Dashed lines are linear
least-squares fits to the data.

Table 2. Computed Correlations between the pKa Values for
Singly Protonated Pendant Amines and the Values of the
pKa of the Parent Aminium, pKa(R′NH3

+), and the Ni(I)/
Ni(0) Redox Potential, E°I/0(Ni+), for [Ni(PR

2N
R′
2)2]

2+

Complexes

endo exo

pKa
e(e+) = 0.69pKa (R′NH3

+) −
7.09E°I/0(Ni

+) − 1.9
pKa

x(x+) = 0.88pKa (R′NH3
+) −

6.49E°I/0(Ni
+) − 4.7

pKa
e(e2+) = 0.80pKa (R′NH3

+) −
5.59E°I/0(Ni

+) − 9.5
pKa

x(x2+) = 0.91pKa (R′NH3
+) −

6.58E°I/0(Ni
+) − 10.3

pKa
e(e3+) = 0.90pKa (R′NH3

+) −
8.47E°I/0(Ni

+) − 17.0
pKa

x(x3+) = 0.95pKa (R′NH3
+) −

9.10E°I/0(Ni
+) − 15.9

pKa
e(e/NiH2+) = 0.80pKa (R′NH3

+)
− 7.26E°I/0(Ni

+) − 9.4
pKa

x(x/NiH2+) = 0.95pKa (R′NH3
+)

− 6.34E°I/0(Ni
+) − 10.2

pKa
e(e/NiH3+) = 0.81pKa (R′NH3

+)
− 6.91E°I/0(Ni

+) − 15.8
pKa

x(x/NiH3+)= 0.86pKa (R′NH3
+)

− 6.81E°I/0(Ni
+) − 14.8

Table 3. Computed Correlations between the pKa Values for
Doubly Protonated Pendant Amines and the Values of the
pKa of the Parent Aminium, pKa(R′NH3

+), and the Ni(I)/
Ni(0) Redox Potential, E°I/0(Ni+), for [Ni(PR

2N
R′
2)2]

2+

Complexes

Endo−Endo Exo-Exo
pKa

e(e/e2+) = 0.81pKa(R′NH3
+) −

6.02E°I/0(Ni
+) − 5.0

pKa
x(x/x2+) = 0.90pKa(R′NH3

+) −
6.74E°I/0(Ni

+)− 6.4
pKa

e(e/e3+) = 0.84pKa(R′NH3
+) −

5.92E°I/0(Ni
+) − 11.5

pKa
x(x/x3+) = 0.88pKa(R′NH3

+) −
7.43E°I/0(Ni

+) − 11.8
pKa

e(e/e4+) = 0.87pKa(R′NH3
+) +

1.32E°I/0(Ni
+) − 13.7

pKa
x(x/x4+) = 0.94pKa(R′NH3

+) −
3.37E°I/0(Ni

+) − 14.1
Endo Site of Endo-Exo Exo Site of Endo-Exo

pKa
e(e/x2+) = 0.75pKa(R′NH3

+) −
6.4E°I/0(Ni

+) − 3.6
pKa

x(e/x2+) = 0.96pKa(R′NH3
+) −

5.1E°I/0(Ni
+) − 6.2

pKa
e(e/x3+) = 0.84pKa(R′NH3

+) −
5.1E°I/0(Ni

+) − 10.6
pKa

x(e/x3+) = 0.94pKa(R′NH3
+) −

6.5E°I/0(Ni
+) − 11.7

pKa
e(e/x4+) = 0.82pKa(R′NH3

+) −
1.4E°I/0(Ni

+) − 14.2
pKa

x(e/x4+) = 0.90pKa(R′NH3
+) −

2.8E°I/0(Ni
+) − 13.7
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namic properties described within the middle and top layers of
Figure 3 and Supporting Information, Figure S1 (Table 4). All

the thermodynamic properties listed in Table 4 can be
predicted from the pKa values of the protonated parent
aminium, and two redox potentials, E°I/0(Ni

+) and E°II/I(Ni
2+).

It can be seen from the intercepts of the equations in Table 4
that protonation results in positive shifts of the potentials for
both the Ni(II/I) and the Ni(I/0) couples with larger shifts for
the doubly protonated species21,59 [e.g. E°I/0(e/e

3+)] compared
to the mono protonated species [e.g. E°I/0(e

2+)]. In addition,
the constants for both the mono and the doubly protonated
species indicate that endo protonation results in more positive
shifts than exo protonation. Significant experimental data is
only available for the E°I/0 couples of the doubly protonated
species (E°I/0(e/e

3+), E°I/0(e/x
3+), and E°I/0(x/x

3+)). In this
case, the difference in the redox potentials for the three
different isomers has been interpreted in terms of hydrogen
bonding between the protonated pendant amine and the Ni(0)
center. The e/e2+ isomer has two hydrogen bonds to Ni(0), the
e/x2+ isomer has one hydrogen bond to Ni(0), and the x/x2+

isomer has no hydrogen bonds to Ni(0). These hydrogen
bonds between Ni(0) and protons on the pendant amines
remove electron density from the Ni center and result in more
positive redox potentials. As expected the hydride donor
abilities of the protonated hydride complexes are decreased
(ΔG°H- is larger) with respect to the corresponding

unprotonated species, and the pKa values for the deprotonation
of the Ni center are decreased when the amines are protonated.
Overall a comparison of the equations listed in Table 2

indicates that protonation of a reduced Ni species is more
favorable than protonation of the Ni(II) complex, that is, the
overall charge on the complex is the most important feature
determining the pKa values of the protonated pendant amines.
This feature is reflected in the constants of the equations listed
in Table 2 (−2 to −5 for e+ and x+; −9 to −10 for e2+, x2+, e/
NiH2+, and x/NiH2+; and −15 to −17 for e3+, x3+, e/NiH3+,
and x/NiH3+). This is a general observation, which holds for
any protonation state (i.e., single and double protonation) and
protonation site (e.g., endo vs exo protonation).

4. APPLICATIONS OF THE CORRELATIONS
We presented above the calculations of the thermodynamic
properties of [Ni(PR2N

R′
2)2]

2+ complexes and the correlations
among them. All the thermodynamic properties described in
the diagram shown in Figure 3 and Supporting Information,
Figure S1 can be predicted with only three, readily available
(both experimentally and theoretically) quantities, namely, the
two redox potentials E°II/I(Ni

2+) and E°I/0(Ni
+), and the pKa of

the parent aminium, pKa(R′NH3
+). It is remarkable that the

majority of the properties can be predicted only from the
knowledge of E°I/0(Ni

+) and pKa(R′NH3
+). Using the

proposed correlations any thermodynamic quantity relevant
to mechanistic predictions can be readily and accurately
determined.43,44 For instance, the free energy of formation of
protonated intermediates upon H2 addition to Ni2+ can be
predicted with an error smaller than 1 kcal/mol. Similarly, pKa
values can be calculated with an error smaller than 1 pKa unit.
Detailed comparison of measured and calculated thermody-
namic quantities are provided in sections SI-4 and SI-5 of the
Supporting Information. Instead, we will focus the current
discussion on applying the thermodynamic model to obtain
mechanistic insights needed for catalyst design.

4.1. Free Energy Maps and Reaction Pathways. The
following examples will focus on using these thermodynamic
data to obtain mechanistic insights. The redox process for the
catalytic H2 production and oxidation is shown in eq 10.

+ ⇌ +−2BH 2e 2B H2 (10)

For a given protic acid (BH+) under 1.0 atm H2, the
thermodynamic potential of this reaction depends only on the
acid used. However for the [Ni(PR2N

R′
2)2]

2+ catalysts there are
many different possible catalytic pathways. One of our goals is
to identify the most favorable pathway and understand the
factors controlling the rate-limiting step(s) and electrochemical
overpotential.60 Here we refer to overpotential, in the same way
as typically employed in molecular electrocatalysis, as the
difference between the potential at which catalysis is observed,
E, and the equilibrium thermodynamic potential, E°(BH+/
B;H2). A more detailed discussion of this point has been
elaborated in our recent studies comparing results from cyclic
voltammetry and open circuit potential measurements.61 The
thermodynamic potential can be related to the pKa of the acid
BH+ via eq 11:

° = ° −+ + +E E RT F K(BH /B; H ) (H /H ) 2.3( / )p (BH )2 2 a
(11)

where E°(H+/H2) is the potential of the standard hydrogen
electrode in acetonitrile (−0.028 V vs ferrocenium/ferrocene
couple),61 F is the Faraday constant, R is the ideal gas constant,

Table 4. Correlations Derived from the Thermodynamic
Cycles Using Equations in Tables 1−3a

Endo/Endo-Endo
E°I/0(e

2+) = −0.006pKa(R′NH3
+) + 0.91E°I/0(Ni

+) + 0.45
E°II/I(e

3+) = −0.006pKa(R′NH3
+) + 0.17E°I/0(Ni

+) + E°II/I(Ni
2+) + 0.45

pKa
Ni(e/NiH2+) = 0.110pKa(R′NH3

+) − 18.17E°I/0(Ni
+) − 9.54

ΔG0
H-(e/NiH

2+) = −0.135pKa(R′NH3
+) + 1.65E°I/0(Ni

+) + 21.72E°II/I(Ni
2+)

+ 87.84
ΔG0

H·(e/NiH
2+) = 0.005pKa(R′NH3

+) − 3.79E°I/0(Ni
+) + 50.7

E°III/II(e/NiH
3+) = E°I/0(Ni

+) + 1.89
pKa

Ni(e/NiH2+) = 0.012pKa(R′NH3
+) − 19.71E°I/0(Ni

+) − 35.1
ΔG0

H·(e/NiH
3+) = −0.124pKa(R′NH3

+) − 22.95E°I/0(Ni
+) +

23.06E°II/I(Ni
2+) + 15.8

E°I/0(e/e
3+) = −0.008pKa(R′NH3

+) + 0.91 E°I/0(Ni
+) + 0.83

E°II/I(e/e
4+) = −0.008pKa(R′NH3

+) − 0.26E°I/0(Ni
+) + E°II/I(Ni

2+) + 0.57
Exo/Exo-Exo

E°I/0(x
2+) = −0.001pKa(R′NH3

+) + E°I/0(Ni
+) + 0.33

E°II/I(x
3+) = −0.003pKa(R′NH3

+) + 0.15E°I/0(Ni
+) + E°II/I(Ni

2+) + 0.33
pKa

Ni(x/NiH2+) = 0.064pKa(R′NH3
+) − 17.85E°I/0(Ni

+) − 7.5
ΔG0

H-(x/NiH
2+) = −0.004pKa(R′NH3

+) + 3.76E°I/0(Ni
+) + 21.72E°II/I(Ni

2+)
+ 85.3

ΔG0
H· (x/NiH

2+) = 0.055pKa(R′NH3
+) − 1.19E°I/0(Ni

+) + 50.6
E°III/II(x/NiH

3+) = 0.005pKa(R′NH3
+) + 1.05E°I/0(Ni

+) + 1.78
pKa

Ni(x/NiH3+) = −0.051pKa(R′NH3
+) −18.61E°I/0(Ni+) − 33.4

ΔG0
H·(x/NiH

3+) = −0.128pKa(R′NH3
+) − 21.94E°I/0(Ni

+) +
23.06E°II/I(Ni

2+) + 15.6
E°I/0(x/x

3+) = −0.001pKa(R′NH3
+) + 1.05 E°I/0(Ni

+) + 0.65
E°II/I(x/x

4+) = −0.006pKa(R′NH3
+) − 0.09E°I/0(Ni

+) + E°II/I(Ni
2+) + 0.47

Endo-Exo
E°I/0(e/x

3+) = −0.007pKa(R′NH3
+) + 0.93E°I/0(Ni

+) + 0.74
E°II/I(e/x

4+) = −0.001pKa(R′NH3
+) − 0.07E°I/0(Ni

+) + E°II/I(Ni
2+) + 0.55

aRedox potentials E0 in V relative to the ferrocenium/ferrocene redox
couple; Hydricities ΔG0

H- and homolytic bond dissociations ΔG0
H· in

kcal/mol; pKa values in pKa units.
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Figure 7. Free energy diagram showing the relative energy of all the possible species originated during catalysis. Data refers to [Ni(PPh2N
Ph

2)2]
2+

with DMFH+ as external acid at standard conditions under 1 atm H2. Upper panel: Free energies at the thermodynamic potential for the 2DMFH+ +
2 e−⇌2 DMF + H2 reaction, E = E°(DMFH+/DMF;H2) = −0.386 V (i.e., at zero overpotential); Lower panel: Free energies at E = E°II/I(Ni

2+) =
−0.83 V. The EPEP reaction pathway for endo protonation only is highlighted with solid arrows (steps 1 to 6). Nonprotonated, singly protonated
and doubly protonated species are indicated as blue, red, and green bars, respectively. The direction of the color gradient follows the sign of the free
energy change (white corresponds to zero relative free energy). The first two steps for the PEEP pathway (steps 1′ and 2′) are highlighted with
dotted lines. The color code for the arrows is as follows: Blue lines indicate electron (E) transfer steps; Red lines indicate protonation (P) steps;
Black lines indicate intramolecular proton movements and H2 formation.
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and T is the temperature. While kinetic arguments are beyond
the present model, here we will analyze the free energy of
intermediates along possible catalytic pathways and discuss the
effect of the applied potential and of the acid employed.
Reaction Pathways. With the set of linear free energy

relationships, it is possible to build free energy landscapes with
all of the possible catalytic intermediates. An example is given
in Figure 7 for the H2 production catalyst [Ni(PPh2N

Ph
2)2]

2+

(Ph = phenyl) with protonated dimethylformamide (DMFH+,
pKa = 6.1)62 as the external acid under 1 atm H2 at the
thermodynamic potential E = E°(DMFH+/DMF;H2) = −0.386
V,61 and at the E = E°II/I(Ni

2+) = −0.83 V potential.16 In these

diagrams, the x-axis specifies the charge on the individual
species (0, 1+, 2+, or 3+), and the y-axis specifies the number of
hydrogen atoms bound to the complex regardless of their
location (metal center or the pendant amines). For each charge
and number of hydrogen atoms, possible isomers are grouped
together.
Free energy landscapes such as those of Figure 7 can be used

to construct free energy profiles for possible reaction pathways
and make hypotheses on the catalytic mechanism (see also
Supporting Information, Figure S6). For hydrogen production
there are 6 different sequential electron (E) and proton (P)
transfer reaction pathways, namely, EPEP (Electron−Proton−

Figure 8. Reaction pathways for H2 production from DMFH+ (pKa = 6.1) catalyzed by [Ni(PPh2N
Ph

2)2]
2+ at the applied potential E = E°II/I(Ni

2+) =
−0.83 V. Only endo protonation is considered. Blue arrow: electron transfer; red arrows: protonation step; black arrow: intramolecular proton
movement.
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Electron−Proton, the mechanism shown in Figure 2), EPPE,
EEPP, PEPE, PEEP, and PPEE. The most favorable pathway
should be the one that connects reactants to products by a
series of energetically close intermediates. High or low energy
intermediates are associated with high-energy barriers along the
catalytic cycle and hence lead to inefficient catalysis.
Figure 7 (upper panel) shows that Ni2+ is the most stable

species for [Ni(PPh2N
Ph

2)2]
2+ in DMFH+ at E = E°(DMFH+/

DMF;H2) and 1 atm H2. Protonation of Ni2+ to form x3+

(pKa
e(x3+) = 3.4) or e3+ (Figure 7, step 1′, pKa

e(e3+) = 1.6) is
endothermic by +3.6 and +6.7 kcal/mol, respectively. Further
protonation of x3+ or e3+ to yield x/x4+, e/x4+ or e/e4+ is even
more endothermic and highly unfavorable. On the other hand,
reduction of e3+ and x3+ species is endothermic at E =
E°(DMFH+/DMF;H2) leading to relatively high-energy e

2+ and
x2+ species (+11.2 and +9.3 kcal/mol above Ni2+). As discussed
above, exo-protonated isomers are catalytically inefficient as
they have to undergo multiple slow deprotonation/protonation
steps to form the catalytically competent endo-protonated
isomers, which result in low turnover frequencies (TOFs).35 To
keep the discussion simple, we will focus on endo protonation
events only. Exo protonation is discussed in detail in the
Supporting Information and to a lesser extent in the next
section.
The pathways initiated by an initial electron transfer, as

typified by the EPEP pathway (illustrated by solid arrows in
Figure 7, steps 1 to 6) show that reduction of the Ni2+ species
to Ni+ is also relatively high in energy (9.2 kcal/mol uphill, step
1). Protonation of Ni+ would result in slightly endothermic
endo protonation (+1.9 kcal/mol, step 2). The resulting e2+

species can be readily reduced (+2.3 kcal/mol, step 3) to yield
e+ that undergoes an intramolecular proton transfer to form the
hydride NiH+ (−5.1 kcal/mol). The hydride, after an
additional, slightly exothermic protonation provides an e/
NiH2+ species, ultimately releases H2 with an 8.1 kcal/mol
exothermic step (experimental value 8.8 kcal/mol).16 In Figure
7 (lower panel) we show how an applied potential of E =
E°II/I(Ni

2+) = −0.83 V shifts the resulting relative free energies.
The potential E°II/I(Ni

2+) is more negative than E =
E°(DMFH+/DMF;H2), and the difference in potential of
about 0.44 V corresponds to the overpotential observed for this
catalyst. Under these conditions the relative free energies of a
number of species are negative, but the protonation steps are
essentially unaffected and thus the PEPE, PEEP, and PPEE

pathways remain uphill in energy, whereas the electron transfer
steps along the EPEP pathway become essentially either energy
neutral or downhill. These considerations suggest that H2

evolution is initiated by an electron transfer step to form Ni+,
ruling out PEPE, PEEP, and PPEE pathways, in agreement with
the experimentally observed increased catalytic current at an
applied potential of E = E°II/I(Ni

2+) = −0.83 V in acetonitrile.16

Finally, it is stressed that these free energy landscapes provide
us with the relative free energetics of all minima and hence all
paths as well as potential undesired side reactions.
To extend this analysis by considering all six possible

mechanisms for H2 production, we use an alternate one-
dimensional representation along the possible paths in Figure
8: note this representation removes species not directly
involved along a given path and thus ultimately inhibits our
ability to see potential side reactions. Consistent with the
experimental evidence and theoretical mechanistic studies,16,24

the EPEP process is the most favorable reaction pathway at
−0.83 V. As indicated in Figure 8, protonation of reduced Ni
species (EPEP, EPPE, and EEPP pathways) is more favorable
than protonation of the Ni(II) complex (PEPE, PEEP, PPEE
pathways). For an EEPP process, the Ni+ species must be
reduced to Ni0. This second reduction step occurs at a potential
of −1.02 V. As shown in Figure 9, at sufficiently negative
applied potentials catalysis preferentially proceeds via the EEPP
pathway as experimentally observed under several circum-
stances.

Protonation Sites and Effect of External Acid. Returning to
our free energy map representation (Figure 7), we can readily
gain important insights about the relative energetics of the
various protonated species present in solution that may
represent undesired reaction channels. Exo-protonated isomers
are detrimental to catalysis. The possible branching in the
catalytic cycle introduced by exo protonation are discussed in
the Supporting Information (Section SI-4). Here we would like
to stress that the ratio between endo and exo protonated
species is critical to understand catalytic performances under
steady state conditions. From Figure 7 it is evident that the
relative stability of endo and exo depends on the oxidation state
of the metal center. Singly endo-protonated Ni(0) isomers e+

are more stable than exo isomers x+, while the latter are always
more stable for the Ni(I) and Ni(II) oxidation states. This
observation can be generalized to any [Ni(PR2N

R′
2)2]

2+ catalyst.

Figure 9. EPEP and EEPP reaction pathways for H2 production from DMFH+ (pKa = 6.1) catalyzed by [Ni(PPh2N
Ph

2)2]
2+ at the applied potential E

= E°II/0(Ni
+) = −1.02 V. Only endo protonation is considered. Blue arrow: electron transfer; red arrows: protonation step; black arrow:

intramolecular proton movement.
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The distribution of doubly protonated isomers is more
complex, and will be discussed in detail in Section 4.2.
For the current purposes it is important to recognize that the

preferred catalytic pathway depends also on the acid employed
as proton source. If the acid is strong enough, the pathways
with protonation first can become favorable, as discussed in the
next section. The employed acid not only determines the
catalytic pathway, but most important, for a given catalyst, it
determines the overpotential.
We now consider again H2 evolution from DMFH+ catalyzed

by [Ni(PPh
2N

Ph
2)2]

2+. Equation 11 gives an overpotential of
0.44 V at E = E°II/I(Ni

2+) = −0.83 V in agreement with the
direct open circuit measuments.16,61 To have zero overpotential
for an EPEP process, an acid with a pKa of 12.8 (eq 11) should
be used. However, with such a weak acid it would be very
difficult to protonate the pendant amines (11.1 kcal/mol
uphill), as can be seen from the free energy profile of Figure 10

for an EPEP process with endo protonation only. The other
possible pathways show similar high-energy protonated species
for an external acid with a pKa of 12.8. The overpotential can be
reduced by using a more basic pendant amine such as that
present in [Ni(PPh2N

Bn
2)2]

2+ (Bn = benzyl, see Supporting
Information, Figure S6).20 In this case the overpotential is less
than 100 mV using 2-5-dichloroanilium (pKa = 6.2), but the
driving force for H2 production is much lower and exo-
protonation becomes preferred as will be discussed in the next
section. Thus, a more basic pendant amine results in lower
overpotential but also much lower rates.
These last findings highlight a central issue often

encountered in catalysis: changes in catalyst structure that
make one step of a catalytic cycle more favorable often result in
changes that make other steps less favorable. Importantly, the
current analysis allows us to extract intimate details about these
interconnections and offers a tool, which can allow us to
postulate potential strategies around them. In this context it is
critical to note that, the correlations presented in Section 3
allow us to estimate the influence of any structural modification
on the entire free energy landscape for any reaction conditions
for this class of compounds.
4.2. Distribution of Protonation Products. As discussed

above, the possibility of protonating the pendant amines either
endo or exo with respect to the metal center introduces

branching along the catalytic cycle, disclosing pathways that are
both kinetically and thermodynamically favored but that result
in lower TOFs.35,42 The linear free energy relationships derived
in the present work allows us to map out the most stable
doubly protonated intermediates for any [Ni(PR

2N
R′
2)2]

2+

system and the boundaries between them as a function of the
reduction potential of the nonprotonated complex, E°I/0(Ni

+),
and the pKa of the parent aminium (Figure 11). These “isomer”

diagrams are similar in spirit to structure maps commonly used
in materials design,63 but in contrast to these diagrams the
current sets are expressed in terms of intrinsic thermodynamic
properties of the Ni(P2N2)2 complexes.
Figure 11 shows that more negative E0I/0(Ni

+) values (i.e.,
higher electron density on the Ni atom) favor the protonation
at the metal center leading to the preferential formation of e/
NiH2+ or x/NiH2+ over the e/e2+, e/x2+, and x/x2+ isomers. At
the same time, more negative E0I/0(Ni

+) values favor the
formation Ni···H−N hydrogen bonds, which stabilize, if the
pKa of the parent aminium is low enough, the endo protonated
e/NiH2+ and e/e2+ isomers. In contrast, for very basic pendant
amines, the formation of strong N···H−N hydrogen bonds,
which characterize the exo protonated complexes, leads to the
formation x/NiH2+, e/x2+, or x/x2+ isomers depending on the
E0

I/0(Ni
+) value. The catalytically competent endo protonated

Ni(II) hydride, e/NiH2+, is the most stable doubly protonated
species for the H2 production catalyst [Ni(PPh2N

Ph
2)2]

2+ (point
1, Figure 11). For hydrogen production catalysts, e/NiH2+ is
unstable toward the release of H2 closing the catalytic cycle (see
Figure 8). In contrast, the off-cycle exo doubly protonated
species, x/x2+, is the most stable isomer for the [Ni-
(PPh

2N
Bn

2)2]
2+ catalyst (point 2, Figure 11, see also Figure 2

and Supporting Information, Figure S6), which is a much
slower but more energetically efficient (lower overpotential, see
Section 4.1) catalyst for H2 production. Further comments on
the distribution of the protonation products are given in the
Supporting Information (Section SI-7).

4.3. Pourbaix Diagrams. The knowledge of the free
energy difference between species allows us to identify the most
thermodynamically stable species of the Ni(PR2N

R′
2)2 electro-

chemical system as a function of the applied potential and
acidity of the solution, and to draw boundaries between them

Figure 10. Free energy profile for H2 production from an acid with
pKa = 12.8 catalyzed by [Ni(PPh2N

Ph
2)2]

2+ at the applied potential of E
= E°II/I(Ni

2+) = −0.83 V according to an EPEP pathway Blue arrow:
electron transfer; red arrows: protonation step; black arrow:
intramolecular proton movement.

Figure 11. Distribution of lowest-free energy dicationic, doubly
protonated isomers as a function of the Ni(I/0) redox potential,
E0I/0(Ni

2+), and the pKa of the parent aminium, pKa(R′NH3
+). The

two gray circles indicate the position of two catalysts for hydrogen
production: (1) [Ni(PPh2N

Ph
2)2]

2+ and (2) [Ni(PPh
2N

Bn
2)2]

2+.
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(Pourbaix diagrams).14,37 Although these diagrams do not
provide any information about the kinetics of the catalytic
reaction, they still provide useful information on the catalytic
mechanism. As an example, in Figure 12 the Pourbaix diagrams
for the H2 production catalysts [Ni(PPh

2N
Ph

2)2]
2+ and [Ni-

(PPh
2N

Bn
2)2]

2+ are reported. In the case of the [Ni-
(PPh2N

Ph
2)2]

2+ complex, the most stable species in the presence
of an external acid with a pKa > 3.2 is the nonprotonated Ni(II)
complex. Therefore, when acids with pKa values between 3.2
and 6.5 are used for H2 production, [Ni(P

Ph
2N

Ph
2)2]

2+ is first
reduced and then protonated. In contrast, for [Ni-
(PPh2N

Bn
2)2]

2+ exo singly, x3+, and doubly protonated, x/x4+,
Ni(II) species are expected in the presence of acids with a pKa
as high as 11, and for this catalyst the first reduction step is
expected to occur after one or two protonation steps depending
on the strength of the acid (see Supporting Information, Figure
S6). These observations are consistent with the experimental
evidence.20,37 Most importantly, the Pourbaix diagrams for
these two systems reveal that the most stable species under the
applied potentials (invariably more negative than the
thermodynamic potential) and acid strengths that have been
used for studying catalysis are the nonprotonated Ni(II)
species, Ni2+, and the doubly exo protonated, x/x2+, isomer for
[Ni(PPh

2N
Ph

2)2]
2+ and [Ni(PPh

2N
Bn

2)2]
2+, respectively. As

discussed in the introduction, only the e/NiH2+ is catalytically
active for the formation of H2.

35,42 This species, which is the
most stable doubly protonated species for the [Ni-
(PPh2N

Ph
2)2]

2+ complex, is unstable toward the release of H2
(Figure 11). In contrast, for the [Ni(PPh

2N
Bn

2)2]
2+ complex, the

exo doubly protonated x/x2+ isomer is the most stable species
under catalytic conditions. This is consistent with the far lower
TOF observed for this catalyst compared to [Ni(PPh2N

Ph
2)2]

2+

(TOF < 0.5 s−1 and 320 s−1 for [Ni(PPh2N
Bn

2)2]
2+ and

[Ni(PPh
2N

Ph
2)2]

2+).16,17,20 However, the [Ni(PPh
2N

Bn
2)2]

2+

catalyst20,37 is energetically more efficient and operates at a
lower overpotential than the [Ni(PPh

2N
Ph

2)2]
2+ catalyst,

consistent with our observation above about the influence of
exo protonation on the redox couple. Finally it is noted that
with our current set of equations it is now possible to
automatically generate a Pourbaix diagram for any catalyst in
this family a priori.

5. CONCLUSIONS

We have outlined an approach for organizing and using
quantitative thermodynamic information of potential catalytic
intermediates as a powerful tool for rational design of molecular
catalysts. This work provides a paradigm for rapidly assessing
and understanding potential catalytic bottlenecks, side reac-
tions, and the interconnection between structural modification
and catalyst performance. We have illustrated the strength and
potential of this approach by focusing on [Ni(PR

2N
R′
2)2]

2+

catalysts for H2 oxidation/production.
We first constructed a set of linear free energy relationships,

based on an extensive series of electronic structure calculations,
for predicting the thermodynamic properties of intermediates
involved in the catalytic oxidation and production of H2 using
[Ni(PR

2N
R′
2)2]

2+ catalysts. These thermodynamic properties
include reduction potentials, hydride donor abilities, and pKa
values. The proposed correlations require the knowledge of the
two redox potentials for the Ni(II)/Ni(I) and Ni(I)/Ni(0)
couples of nonprotonated complexes, E°II/I(Ni

2+) and
E°I/0(Ni

+), and pKa of the parent aminium, pKa(R′NH3
+).

These three quantities are readily available or easily accessible
either experimentally or theoretically. It is remarkable that the
majority of the properties can be predicted with the knowledge
of only E°I/0(Ni

+) and pKa(R′NH3
+).

As a second step, we used the derived linear free energy
relationships to build free energy maps such as those reported
in Figure 7 for any [Ni(PR

2N
R′
2)2]

2+ under any applied
potential and external base (H2 oxidation) or acid (H2
production). This information permits a systematic search for
testing hypotheses when searching for optimal catalysts and
optimal catalytic conditions. One then looks for paths that
avoid high-energy species, which are associated with high
activation barriers, and low-energy species, which represent
thermodynamic sinks. These relationships allow one to make
testable hypotheses based on the characteristics sought for an
ideal catalyst. Our approach also gives some insights about
potential side reactions that could be detrimental to catalyst
performance, which we have illustrated with a discussion on
how to optimize some of the critical steps (protonation and
deprotonation of the pendant amines) to favor the catalytically

Figure 12. Pourbaix diagrams for the [Ni(PPh2N
Ph

2)2]
2+ (left panel) and [Ni(PPh

2N
Bn

2)2]
2+ (right panel) complexes H2 production catalysts. The

vertical dashed lines indicate the pKa values of acids used experimentally to test the catalytic activity of the two complexes. Left panel: protonated
dimethylformamide, pKa = 6.1. Right panel: 2−6-dichloroanilinium, pKa = 5.1 (1); 2−5-dichloroanilium, pKa = 6.2 (2); p-bromoanilinium, pKa = 9.4
(3); p-anisidinium, pKa = 11.8 (4).48 The gray circles are located at the thermodynamic potential Eo(BH/B;H2). The applied potential is relative to
the ferrocenium/ferrocene couple.
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competent endo protonated intermediates such as e/e2+ and e/
NiH2+ species, with particular focus on reducing the over-
potential of H2 production.
Our findings highlight the central challenge whereby changes

in catalyst structure that make one step of a catalytic cycle more
favorable often result in changes that make another step less
favorable. This leads naturally to the question of how we can
optimize catalysts to improve their overall performance. We
believe a detailed and comprehensive thermodynamic analysis
as provided here can serve as a first, powerful step in such an
evaluation. Our approach can be generalized into three steps:
(1) Validate theoretical protocols against existing thermody-
namic data for validation and verification. (2) Construct
correlations between thermodynamic properties to predict
relative free energies of all intermediates in the catalytic process.
(3) Employ free landscapes to follow the trends and
interconnections between the energetics of these intermediates.
This approach is in principle extensible to any class of catalyst,
as it relies on well-proven concepts, such as linear free energy
relationships, which have been validated for a large number of
catalytic systems. The approach is, however, limited by the fact
that it does not account for kinetic barriers, which may make
some thermodynamically accessible minima kinetically inacces-
sible, but (if done correctly) will identify potential high- or low-
energy intermediates that should be avoided. Finally, efforts
toward the design of new catalysts with high turnover rates and
low overpotentials are underway in our laboratory by
incorporating these free energy relationships into an equally
comprehensive microkinetic model for prediction of the trends
in catalytic activity.
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