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This tutorial review describes the development of discrete transition metal complexes as

electrocatalysts for H2 formation and oxidation. The approach involves the study of

thermodynamic properties of metal hydride intermediates and the design of ligands that

incorporate proton relays. The work is inspired by structural features of the H2ase enzymes and

should be of interest to researchers in the areas of biomimetic chemistry as well as catalyst design

and hydrogen utilization.

1. Introduction

Catalysts for the conversion of electrical energy to fuels and

for the reverse process, the conversion of fuels to electricity,

will have a significant impact on future renewable energy

systems. The intermittent nature of renewable energy sources

such as photovoltaics and wind energy makes efficient energy

storage a requirement. Because of the large amount of energy

that needs to be stored, an inexpensive and abundant material

such as H2O is an attractive substrate for energy storage. The

simplest fuel is H2, and its production from electricity and

water requires the reduction of two protons by two electrons.

Both platinum metal and hydrogenase enzymes efficiently

catalyze this reaction. In addition to inexpensive substrates

for fuel generation, it is also important that catalysts for fuel

production be based on inexpensive and relatively abundant

metals. The presence of iron or a combination of iron and

nickel in the active sites of hydrogenase enzymes1–8 demon-

strates that expensive precious metals such as platinum are not

required for this reaction. However, those structural features

of the enzyme active site that are required to achieve high

activity are not necessarily obvious.

Our approach to the development of catalysts for H2

production and oxidation is based on an understanding of

those factors controlling the energies of potential intermedi-

ates and transition states in the catalytic cycle. Three hypothe-

tical energy profiles for the formation of hydrogen are shown

in Fig. 1. For an uncatalyzed reduction of two protons to H2

(shown by the solid black curve in Fig. 1), there will be a large

activation barrier for H2 production. As a result, rates of H2

production for uncatalyzed processes will involve large over-

potentials and/or very slow catalytic rates. For a moderately

active catalyst (green curve in Fig. 1), the large energy

barrier(s) associated with an uncatalyzed reaction are avoided,

but the high and low energy intermediates shown are asso-

ciated with significant activation barriers that result in over-

potentials and less than optimal catalytic rates. However, the

overall performance will clearly be better than for the unca-

talyzed reaction. For an ideal catalytic process (shown by the

blue curve), the energies of the catalytic intermediates decrease

in a monotonic fashion from the energy of the reactants (two

protons and two electrons provided at a sufficient potential) to

the energy of the products. The high and low energy inter-

mediates observed for a reaction profile corresponding to a

moderate catalyst are avoided. Similarly, the intrinsic
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activation barriers between the catalytic intermediates for the

ideal catalytic cycle will be much lower than those for the

moderately catalyzed or uncatalyzed reaction.

How can the relative energies of catalytic intermediates and

the activation barriers between these intermediates be con-

trolled? To answer the first part of this question, our labora-

tories have studied how the first coordination sphere of metal

complexes can be used to determine the relative energies of

potential catalytic intermediates. This will be the topic of the

first half of the following discussion. To answer the second

part of the question, we have studied the roles that pendant

bases incorporated into the second coordination sphere can

play in processes such as the intramolecular heterolytic clea-

vage of H2 and the transfer of the resulting proton to solution.

This topic and how these two general tools can be applied to

the design of highly active catalysts for H2 oxidation and

production is the subject of the second section.

2. Factors controlling the thermodynamic

properties of transition metal hydrides

The activation of H2 by the active site of [FeFe]–H2ase has

been proposed to occur as shown in reaction (1).1,9,10 In this

reaction, H2 binds to the distal iron atom (Fed) in the first step

to form a dihydrogen complex. This is followed by heterolytic

cleavage of hydrogen in step 2 to produce an iron hydride and

a protonated amine. In this overall reaction, the hydride

acceptor ability of the distal iron and the proton acceptor

ability of the pendant base must be precisely matched so that

the overall free energy change for this reaction is nearly 0 kcal

mol�1. This is required for reversibility and to avoid high or

low energy intermediates.

As a result, we wanted to understand what factors control

the hydride acceptor ability of metal complexes. This led to the

development of several different methods for measuring the

free energy associated with the reverse reaction, MH - M+

+ H�, using a variety of thermodynamic cycles.11–14 One of

these cycles is shown in Scheme 1. Reaction (2) in this cycle is

the deprotonation of the metal hydride represented by

[HMLn]
+. The free energy associated with this reaction is

simply –RT lnKa or 1.37 pKa at 25 1C. Reaction (3) is the

oxidation of the metal complex formed in the first reaction by

two electrons. The standard free energy associated with this

reaction is nFEo when the reaction involved is an oxidation.

Reaction (4) is the reduction of a proton by two electrons to

form a hydride ion in acetonitrile, and the free energy value

associated with this reaction is of course a constant.15 The sum

of reactions (2)–(4) is the heterolytic cleavage of the M–H

bond to form H� (reaction (5)) and the associated metal

fragment, and the free energy associated with this heterolytic

bond cleavage reaction, DG1H�, is the sum of the free energies

for reactions (2)–(4). Smaller values of DG1H� correspond to

better hydride donor abilities of the corresponding metal

hydride, [HMLn]
+, and larger values of DG1H� correspond

to better hydride acceptor abilities of the corresponding

[MLn]
2+ complex.

Using thermodynamic cycles of this type, the hydride

donor/acceptor abilities of a large range of compounds have

been determined using acetonitrile as the solvent. These

include a diverse array of compounds such as NADH analo-

gues (a biological hydride donor),16–18 hydroquinone deriva-

tives,19 transition metal hydrides of various types,16,20–22

bridging hydroxides in bimetallic complexes,23 and aromatic

hydrocarbons.24,25 Of these different classes of compounds,

those containing transition metals were of interest because of

their ability to bind and activate H2 to form either dihydrogen

or dihydride complexes. In particular, we were interested in

transition metal complexes containing two diphosphine

ligands, because in addition to their ability to activate H2,

they frequently exhibit two reversible one-electron reductions

Fig. 1 Reaction profiles for the formation of H2 (proceeding from left

to right) for an uncatalyzed reaction (solid black curve), a moderate

catalyst (green curve), and an ideal catalyst (blue curve).

Scheme 1

(1)
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or a single reversible two-electron reduction26,27 so that DG1H�
could be determined using Scheme 1 for these complexes.

2.1 Ligand electronic effects and hydride donor/acceptor

abilities

[HM(diphosphine)2]
+, 4, (where M = Ni, Pd, and Pt) and

HM(diphosphine)2 (where M = Co and Rh) complexes were

studied to determine the influence of ligand substituents (R),

natural bite angles (b) or dihedral angle (a), and the metal (M)

on the hydride donor ability of these complexes, as shown in

reaction (6).11,21,22,28,29 Fig. 2 shows a plot of the hydride

donor ability for a

series of [HNi(diphosphine)2]
+ complexes vs. the sum of the

inductive and resonance parameters30 for the different sub-

stituents R. A plot of the pKa values for this series of

complexes versus the sum of the same ligand parameters shows

less scatter and a higher r2 value. Similar plots can be obtained

using NBO (natural bond orbital) charges for the diphosphine

ligands instead of the sum of the inductive and resonance

parameters.31,32 These data indicate that the dependence of the

hydride donor abilities and the pKa values of these metal

hydrides are well-behaved with better hydride donors and

weaker acids correlating with the increasing electron donor

abilities of the substituents. They also provide quantitative

information on how these parameters will change as the

electronic properties of the ligand substituents change. Be-

cause the homolytic solution bond dissociation free energies

are associated with a reaction that does not involve a change in

the charge on the metal fragment when the M–H bond is

cleaved, these free energies are much less dependent on the

electron donor ability of the substituents than DG1H� and the

pKa values. However, more polar M–H bonds will exhibit

larger substituent effects for homolytic bond dissociation free

energies than less polar M–H bonds.11,29

2.2 Relationships between natural bite angles, dihedral angles,

and hydride donor/acceptor abilities

Studies of the influence of the steric properties of the diphos-

phine ligand on reaction (6) have shown that the geometry of

the four-coordinate, sixteen-electron product, 5, plays a major

role in determining the hydride donor ability of [HM(diphos-

phine)2]
+ complexes. One geometric parameter is the natural

bite angle (NBA) of the diphosphine ligand, which is the

P–M–P angle the ligand would prefer to impose on the metal

(b in view 1 of structure 5). NBA parameters for many

diphosphine ligands are readily available from several

reviews.33,34 There is also the P–M–P bond angle that the

metal complex prefers to adopt for a particular electronic

configuration and environment. The observed P–M–P bond

angles in metal complexes are of course a compromise between

the NBA preferred by the ligand and the bite angle preferred

by the metal. A second geometrical parameter is the crystal-

lographically determined dihedral angle between the two

planes formed by M and the phosphorus atoms of each

diphosphine ligand in [M(diphosphine)2]
2+ complexes (a in

view 2 of structure 5).

As can be seen from the bottom graph in Fig. 3, there is a

reasonable correlation of DG1H� of [HPd(diphosphine)2]
+

complexes with the NBA of the diphosphine ligands. A

significantly better correlation (as indicated by a higher r2

value) is observed when DG1H� is plotted vs. the dihedral

angles of the corresponding [Pd(diphosphine)2]
2+ complexes,

as shown in the top graph of Fig. 3.29 The origin of the

correlations shown in Fig. 3 can be understood in terms of a

simple molecular orbital treatment.35 The lowest unoccupied

molecular orbital (LUMO) for sixteen-electron ‘square-

planar’ [M(diphosphine)2]
2+ complexes is an orbital that is

antibonding between the d(x2–y2) orbital of nickel and the

sigma orbitals of the four phosphine donors as shown by

molecular orbital 6. A tetrahedral distortion arising from a

twisting of the two diphosphine ligands (as shown in view 2 of

Fig. 2 Plots of DG1H� (top) and pKa (bottom) values of [HNi(diphos-

phine)2]
+ complexes vs. the sum of substituent inductive and reso-

nance parameters.

(6)
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structure 5) results in a decrease in the antibonding interaction

between the ligands and the metal (molecular orbital 7) and a

lower energy for the LUMO.

Because this orbital is the acceptor orbital for the two

electrons upon addition of a hydride ligand, there is a strong

correlation between the energy of this orbital and the hydride

acceptor ability of the metal complex. As the NBA of the

diphosphine ligands increases, this tetrahedral distortion also

increases, and this leads to the correlation shown in the

bottom graph of Fig. 3. However, the steric bulk of the

phosphine substituents also contributes to this tetrahedral

distortion. In fact, substituent size alone can be used to vary

the dihedral angle and the hydride acceptor ability of [M(di-

phosphine)2]
2+ complexes.36 Because the dihedral angle ac-

counts for increased distortions from both substituent size and

the NBA, this parameter correlates more strongly with the

hydride donor ability than does the NBA alone as seen in the

top graph of Fig. 3. In contrast, the pKa values and homolytic

solution bond dissociation free energies are unaffected by the

NBAs of the diphosphine ligands or the dihedral angles of the

complexes. In summary, the two ligand parameters that

effectively control the hydride donor/acceptor abilities of

[HM(diphosphine)2]
+/[M(diphosphine)2]

2+ complexes are

the dihedral angle between the two diphosphine ligands and

the electron donor/acceptor ability of the ligand substituents.

2.3 The role of the metal and hydride donor/acceptor abilities

The final factor affecting the hydride acceptor/donor proper-

ties of transition metal complexes is the nature of the metal.

Fig. 4 is a graph of DG1H� for [HM(diphosphine)2]
+

complexes where M = Ni, Pd and Pt for seven different

ligands.11,22,28,29 On average, nickel complexes are

approximately 10 and 13 kcal mol�1 poorer hydride donors

than the corresponding platinum and palladium complexes,

respectively. Conversely, [Ni(diphosphine)2]
2+ complexes are

significantly better hydride acceptors than their palladium and

platinum analogs. Comparison of [HNi(diphosphine)2]
+ com-

plexes with HCo(diphosphine)2 derivatives indicate that cobalt

hydrides with the same ligand set are better hydride donors

their nickel analogues by about 14 kcal mol�1.11,20 Theoretical

calculations suggest similar differences.31

As discussed above, the heterolytic cleavage of H2 by a

metal complex requires a matching of the hydride acceptor

ability of a transition metal complex with the proton acceptor

ability of a base. Scheme 2 shows the fundamental reactions

involved in this overall process. Reaction (7) is the heterolytic

Fig. 4 Plot of DG1H� for [HM(diphosphine)2]
+ complexes where M

= Ni, Pd, and Pt for the following ligands: (1) bis(diethylphosphino-

methyl)methylamine, (2) bis(diethylphosphino)ethane, (3) bis(di-

methylphosphino)propane, (4) bis(dimethylphosphino)ethane, (5)

bis(diphenylphosphino)ethane, (6) bis(diethylphosphino)propane, (7)

9,9-dimethyl-4,5-bis(diethylphosphino)xanthene.

Scheme 2

Fig. 3 Plot of DG1H� for [HPd(diphosphine)2]
+ complexes vs. the

NBA (natural bite angle) of the diphosphine ligands (bottom) and vs.

the dihedral angle between the two diphosphine ligands of the

corresponding [Pd(diphosphine)2]
2+ complexes (top).

This journal is �c The Royal Society of Chemistry 2009 Chem. Soc. Rev., 2009, 38, 62–72 | 65
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cleavage of H2 in acetonitrile, which requires 76 kcal

mol�1.15,16 The DG1H� values for [HNi(diphosphine)2]
+ com-

plexes in acetonitrile (reaction (8)) have been determined, as

discussed in the preceding section, and the pKa values of

protonated amines in acetonitrile (reaction (9)) are also

known.37,38 The sum of these three reactions is the heterolytic

cleavage of H2 by a metal complex in the presence of a base

(reaction (10)), and the free energy of this reaction is the sum

of the free energies associated with reactions (7), (8) and (9). It

is possible to choose a protonated amine with an appropriate

pKa for energy matching with a given metal hydride so that

DG1 for reaction (9) is close to 0. A number of heterolytic

hydrogen cleavage reactions have been designed and carried

out for nickel complexes, confirming that such an energy

matching approach is viable.12,28,36

2.4 Generalization to other reaction intermediates

The discussion above focuses on matching the hydride acceptor

ability of the transition metal complex (which can be controlled

by varying the metal, the dihedral angle of the complex, and the

ligand substituents) to the proton acceptor ability of the base so

that the energy for the heterolytic cleavage of H2 is close to 0. In

a complete catalytic cycle, a number of elementary reactions

need to occur, and the energies of all of these reactions would

ideally require the same energy matching described for the

heterolytic cleavage of H2. A more general approach to this

problem is to determine all three bond dissociation free energies

for the transition metal hydride complexes of interest. The

metal–hydrogen bond can be cleaved in three ways as shown

by Scheme 3: the heterolytic cleavage of the M–H bond to form

H+ and the corresponding LxM fragment, the homolytic

cleavage of the M–H bond to form the hydrogen radical and

LxM
+, and a second heterolytic cleavage of the M–H bond to

form H� and LxM
2+. Associated with each of these bond

cleavage reactions is a free energy that determines the relative

free energies of the four metal species shown.

This same approach can be extended to include dihydride

complexes, for which all three bond dissociation free energies

can be determined, and the free energies of the corresponding

monohydride derivatives as well.20,39,40 An example of this is

shown by the thermodynamic diagram on the left side of Fig. 5

for the [Ni(depp)2]
2+ system (where depp is bis(diethyl-

phosphino)propane).12

In this diagram, the columns specify the charge on the

individual species, in this case 2+, 1+ and 0, and the rows

specify the number of hydrogens bound to the metal, 0 for the

first row, 1 for the second row, and two for the third row. The

bond energies (in kcal mol�1) have been calculated using

appropriate thermodynamic cycles such as that shown in

Scheme 1. This data can be used to construct three

Scheme 3

Fig. 5 Relationships between thermodynamic diagrams (top left diagram), a free energy landscape showing the relative energies of all species

derived from M–H bond cleavage reactions (top right bar graph, acetonitrile solutions, 1 atm H2, and pH = 8.5), and the reaction profile for the

electrocatalytic oxidation of H2 using [Ni(depp)2]
2+ as the catalyst under the same conditions.

66 | Chem. Soc. Rev., 2009, 38, 62–72 This journal is �c The Royal Society of Chemistry 2009
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dimensional free energy landscapes that show the relative free

energies of the different complexes under specified conditions

as shown by the right bar graph in Fig. 5. In this bar graph, the

six different bars represent the six different complexes shown

in the thermodynamic diagram with the number of hydrogen

atoms for each species plotted along the y axis and the charge

plotted along the x axis. The free energies of these species,

relative to the most stable complex for the specified conditions,

are indicated by the height of the bars. This transformation

from a thermodynamic diagram to a three dimensional free

energy map requires the use of thermodynamic cycles such as

those shown in Schemes 1 and 2.

The free energy landscape in Fig. 5 can in turn be used to

construct the reaction profile shown at the bottom of the figure

for the electrocatalytic oxidation of H2 using [Ni(depp)2]
2+ as

the catalyst. In this reaction profile, the relative free energies of

the intermediates indicated in the catalytic cycle are determined

by the thermodynamic parameters shown in the thermo-

dynamic diagram and the energy map shown in Fig. 5. However,

the barriers between these intermediates are arbitrary, and are

shown only for purposes of illustration. Comprehensive studies

of the thermodynamic properties of transition metal hydrides

and dihydrides thus provide a method for determining the free

energies of the reaction intermediates involved in the catalytic

oxidation of H2. As a result, knowledge of the factors that

determine the free energies of the various bond cleavage reac-

tions (such as ligand substituents, dihedral angles, and the

metal) provide an approach to controlling the relative energies

of the intermediates in the catalytic cycle. These thermodynamic

considerations provide an extremely useful tool for designing

H2 oxidation/production catalysts as well as catalysts for other

reactions. From the reaction profile shown in Fig. 5 for

[Ni(depp)2]
2+, it can be seen that the Ni(III) hydride complex,

[HNi(depp)2]
2+, is a high energy intermediate, but the remain-

ing intermediates have similar energies as desired for a catalytic

process. The oxidation of [HNi(depp)2]
+to [HNi(depp)2]

2+ is

followed by an energetically favorable proton transfer reaction,

and this suggests that introducing structural features that would

couple the electron and proton transfer events may help to

avoid this high energy intermediate. This leads naturally to the

incorporation of proton relays.

3. The role of pendant bases in the second

coordination sphere

3.1 Structural considerations

The preceding sections focus on the energies of reaction

intermediates, which are largely controlled by the metal and

the electronic and steric properties of the ligands in the first

coordination sphere. In this section, emphasis is placed on the

roles played by pendant bases incorporated into the second

coordination sphere, as suggested by proposed structures of

the active site of the [FeFe]-H2ase enzyme (structures 1–3).

Studies in our laboratories of octahedral iron complexes

containing pendant amines in the second coordination sphere

have shown that such bases can promote heterolytic cleavage

of coordinated dihydrogen, exchange of protons in solution

with the hydride ligand, and proton-coupled electron-transfer

reactions.41–44

A series of nickel complexes with structures 8–10 were

prepared in an effort to incorporate these features of the

second coordination sphere into complexes for which an

understanding of the thermodynamic properties existed. Com-

plex 8, [Ni(depp)2]
2+, is the nickel complex discussed above

for which the reaction profile for H2 oxidation is shown in

Fig. 5. Complex 9, [Ni(PNP)2]
2+, differs from 8 by replace-

ment of the central methylene group of the trimethylene link of

depp with an NMe group.45 The direct coordination of the

pendant nitrogen base to the metal is disfavored by formation

of two strained four-membered rings when both phosphorus

atoms are coordinated. The incorporation of this base was

intended to provide a flexible relay for moving protons

between the metal and the solution during the catalytic cycle.

Structural features of this PNP ligand are similar to the

structure proposed for the bridging dithiolate ligand in the

active site of [FeFe]-H2ase.

Further examination of the structure of the [FeFe]-H2ase

active site indicates that the six-membered ring formed by the

dithiolate ligand and the distal iron adopts a boat conforma-

tion as a result of steric interactions between the ligand and

substituents on the proximal iron atom. This positions the

amine of the ligand backbone in close proximity to the

incoming H2 ligand during the catalytic cycle. In an attempt

to incorporate this feature into potential catalysts, nickel

complexes of three different cyclic 1,5-diaza-3,7-diphospha-

cyclooctane ligands were prepared.36,46 Structure 10 was

observed for the ligand with R= cyclohexyl and R0= benzyl,

10c, while five coordinate structures with a coordinated acet-

onitrile ligand were characterized for R = phenyl, R0 =

phenyl, 10a, and R = phenyl, R0 = benzyl, 10b. The presence

of two six-membered rings within each diphosphine ligand is

expected to result in one ring always adopting a boat con-

formation. X-Ray diffraction studies have confirmed that at

least one boat conformation is present in each coordinated

cyclic ligand. Each of the [Ni(PR
2N

R0
2)2]

2+ complexes displays

two non-bonding Ni–N distances of 3.2–3.4 Å. Complexes 9

and 10, and derivatives of them, can be used to probe how

This journal is �c The Royal Society of Chemistry 2009 Chem. Soc. Rev., 2009, 38, 62–72 | 67
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structural modifications involving a pendant amine can influ-

ence catalytic properties and proton transfer reactions for

these complexes.

3.2 Catalytic studies of [Ni(depp)2]
2+ and [Ni(PNP)2]

2+

complexes

Thermodynamic studies in our laboratories demonstrated that

[Ni(diphosphine)2]
2+ complexes are capable of heterolytically

cleaving H2 in the presence of appropriate bases. In particular,

[N(depp)2]
2+ rapidly cleaves H2 (within seconds) to form

[HNi(depp)2]
+.45 In the absence of added base, the depp

ligand from a second equivalent of [Ni(depp)2]
2+ is proto-

nated and serves as a source of base. In the presence of an

additional base, such as triethylamine or anisidine, the forma-

tion of [HNi(depp)2]
+ is quantitative, and no depp ligand

is consumed during the heterolytic activation of H2.

[Ni(depp)2]
2+ serves as an electrocatalyst for the oxidation

of H2 in the presence of a base (confirmed by product

characterization), but this reaction is slow. No measurable

current enhancement is observed by cyclic voltammetry in the

presence of H2 and added base, indicating a turnover fre-

quency of less than 0.5 s�1 under the conditions studied. The

oxidation of [HNi(depp)2]
+ occurs at approximately +0.1 V

vs. the ferrocenium/ferrocene couple in the presence of base.

Even though this complex rapidly cleaves H2 by synthetic

standards, it is a poor catalyst for H2 oxidation with a slow

catalytic rate and a large overpotential.

[Ni(PNP)2]
2+, 9, also heterolytically cleaves H2, and the

pendant nitrogen atom of one PNP ligand serves as the base.45

In the presence of an excess of an external base, this process

becomes catalytic. The overpotential for the reaction is sig-

nificantly decreased; oxidation now occurs at �0.62 V, or

0.7 volts more negative than observed for [Ni(depp)2]
2+.

Although, the presence of a pendant base has a large effect

on the catalytic potential, the catalytic rate still remains slow,

with a turnover frequency less than 0.5 s�1. Detailed spectro-

scopic and electrochemical studies of the [Ni(PNP)2]
2+ system

resulted in the proposed mechanism shown in Scheme 4.

The slow overall rate for H2 oxidation is attributed to a rate-

determining addition of H2 to [Ni(PNP)2]
2+ to form

[(H2)Ni(PNP)2]
2+, 9b (step 1). This putative intermediate

has not been observed spectroscopically, but it is inferred

from DFT calculations. Based on these calculations, a con-

formational change of one of the six-membered rings from the

more stable chair form to a boat form occurs and an attractive

interaction between the pendant base and coordinated H2

occurs. Step 2 involves the heterolytic cleavage of H2 to form

[HNi(PNP)(PNHP)]2+, 9c, the first observable intermediate in

the catalytic cycle, which is 6 kcal mol�1 more stable than

[Ni(PNP)2]
2+ under 1 atm of H2. The energy profile for H2

addition to [Ni(PNP)2]
2+ can be compared to that of

[Ni(depp)2]
2+ and is shown by the dashed green line of

Fig. 6. Variable temperature NMR experiments on

[HNi(PNP)(PNHP)]2+, 9c, demonstrate that intramolecular

NH/NiH exchange occurs with a rate of approximately 104 s�1

at 25 1C. Since the exchange is proposed to proceed through a

dihydrogen intermediate, the high exchange rate indicates that

the actual intramolecular heterolytic cleavage of H2 is fast,

consistent with step 1 of Scheme 4 being the rate-determining

reaction.

NOESY NMR data showed that intermolecular exchange

between D2O and the hydride ligand of [HNi(PNP)2]
+, 9d,

was also fast (410 s�1).45 In contrast, when D2O was added to

[HNi(depp)2]
+ under the same conditions, less than 10%

deuterium incorporation was observed after 48 h. These results

demonstrate two important roles for the pendant base: (1)

facilitating intramolecular heterolytic cleavage of H2, and (2)

facilitating intermolecular exchange between the hydride li-

gand and protons in solution (steps 2 and 3 of Scheme 4). The

fast intermolecular exchange of a proton between two nitrogen

bases is not surprising. However, it is important that this

intermolecular exchange be coupled with an intramolecular

exchange process if the pendant base is to function as a proton

Scheme 4

Fig. 6 Comparison of free energy reaction profiles for the electro-

catalyic oxidation of H2 using [Ni(depp)2]
2+, discussed previously

(solid lines), and [Ni(PNP)2]
2+ (dashed lines) as catalysts under the

same conditions.
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relay and provide a new pathway for transferring a proton

from the metal to a base in solution.

The pendant base in the PNP ligand also couples the

electron and proton transfer events shown in steps 4 and 5.

As discussed above, cyclic voltammograms of acetonitrile

solutions of [HNi(depp)2]
+ and [HNi(PNP)2]

+ were com-

pared in the presence of triethylamine as a proton acceptor.

In each case a two-electron oxidation is observed, but

for [HNi(PNP)2]
2+, this oxidation wave occurs at the

same potential as the Ni(II/I) couple of [Ni(PNP)2]
2+, or 0.7 V

more negative than observed for [HNi(depp)2]
+. The large

shift in potential (�0.7 V) for the oxidation wave of

[HNi(PNP)2]
+ indicates an extremely fast (or coupled) intra-

molecular proton transfer from nickel to the amine of the

PNP ligand upon oxidation of the metal from Ni(II)–H to

Ni(III)–H. This coupling of the proton and electron transfer

events permits the large energy barrier associated with the

formation of a N(III)–H complex to be avoided. The dashed

purple line in the reaction profile of Fig. 6 qualitatively

illustrates the effect of the relay on this energy barrier. A

second intermolecular proton transfer event occurs in step 6

of Scheme 4, and the catalytic cycle is completed by a

second electron transfer resulting in the oxidation of Ni(I) to

Ni(II) (step 7).

3.3 Studies of nickel complexes containing cyclic PR
2N

R0
2

ligands

In Scheme 4, a conformational change of one PNP ligand from

a chair to a boat form is required for the pendant amine to interact

with the coordinated H2 molecule in the rate-determining step.

The series of nickel complexes [Ni(PR2N
R0

2)2]
2+, 10, were

prepared to investigate whether positioning a pendant base

in close proximity to nickel stabilizes the formation of

dihydrogen or dihydride complexes resulting from reaction

with H2.
36,46,47 This could lead to faster catalysts for H2

oxidation and production.

The substituents on the cyclic PR
2N

R0
2 ligands can be tuned

to provide different thermodynamic driving forces for the

addition of H2 to these complexes (reaction (11)). A

[Ni (PR
2N

R0
2)2]

2+ + H2 - [Ni(PR
2N

R0
2H)2]

2+ (11)

comparison of the reactions of [Ni(PPh
2N

Ph
2)2CH3CN]2+,

10a, and [Ni(PPh
2N

Bz
2)2CH3CN]2+, 10b, with hydrogen illus-

trates the effect of changing the substituent on the amine

nitrogen. No reaction with hydrogen (1–2 atm) can be detected

for 10a, and the DGo
H2

for reaction (11) is estimated to be ca.

+9 kcal mol�1 for 10a by using the cycle in Scheme 2 and

estimating that the pKa for the amine in the coordinated ligand

is about 6 in acetonitrile.36 Complex 10b contains a more basic

pendant amine, and the NMR spectrum of the reaction of this

complex with 1–2 atm of hydrogen shows evidence for low

concentrations of the hydrogen addition products. NMR

studies at higher pressures (18–68 atm) allowed us to deter-

mine that the DGo
H2

for 10b is +2.7 kcal mol�1 at 25 1C,36

reflecting the larger proton affinity at the benzyl-substituted

pendant amine than at the phenyl-substituted base of 10a.

Both complexes 10a and 10b exhibit a thermodynamic bias

for the reverse of reaction (11), hydrogen elimination, and

both of these complexes are found to function as electro-

catalysts for hydrogen formation.36,46,47 Kinetic studies of the

reaction of 10a established that the catalytic rate is first order

in catalyst and second order in acid at low acid concentrations,

and it becomes independent of acid at high concentrations. In

the high [acid] regime (where protonated dimethylformamide

is the acid in acetonitrile), a turnover frequency for H2

production of 350 s�1 at 22 1C has been observed with an

overpotential of approximately 0.35 V.47 This catalytic rate is

similar to that reported for NiFe–H2ase (700 s�1 at 30 1C),48

although the overpotential is larger. In contrast when 10b is

the electrocatalyst, the rate of hydrogen formation decreases

by about two orders of magnitude, with a turnover frequency

of 5 s�1 and an overpotential of ca. 0.2 V at 22 1C and high

acid (bromoanilinium) concentrations.36 The lower catalytic

rate for 10b is consistent with the smaller thermodynamic

driving force associated with release of hydrogen from this

complex.

A comparison of the reactions of [Ni(PPh
2N

Bz
2)2]

2+, 10b,

and [Ni(PCy
2N

Bz
2)2]

2+, 10c, with hydrogen illustrates the

effect of changing the substituent on the phosphine donors.

More bulky substituents on the phosphorus atoms should

result in larger tetrahedral distortions and a greater hydride

affinity at nickel, as discussed under the section on

thermodynamic studies. In agreement with this prediction,

10c reacts with one atm of hydrogen with an equilibrium

constant of 190 � 20 atm�1 at 22 1C,46 corresponding to a

free energy of �3.1 kcal mol�1 for 10c in reaction (11). As a

result of this bias for hydrogen addition, 10c is found to be

an electrocatalyst for hydrogen oxidation. Kinetic studies

established that the reaction is first order in catalyst and first

order in hydrogen and a turnover frequency of 10 s�1 was

determined in the presence of 1 atm of H2 and excess base

(triethylamine).46

These results clearly demonstrate that electronic and steric

properties of substituents on both phosphorus and nitrogen

can be used to tune these catalysts. The balance of the hydride

donor/acceptor properties of the complex and the proton

donor/acceptor properties of the pendant base can be biased

to favor either catalytic production or oxidation of H2.

Although the rates of H2 oxidation and production in these

catalytic reactions are controlled by transition state energies, a

knowledge of the factors controlling the thermodynamics of

the intermediates can greatly assist in understanding their bias

toward H2 production or oxidation.

Because the addition of H2 to [Ni(PCy
2N

Bz
2)]

2+, 10c, is

favorable by 3 kcal mol�1, this reaction provided the

opportunity to obtain detailed information about the nature

of the products formed upon H2 addition to complexes

containing positioned pendant bases. Surprisingly, the first

complex observed at low temperature upon adding H2 to

[Ni (PCy
2N

Bz
2)2]

2+ is the hydrogen oxidation product

[Ni(PR
2N

R0
2H)2]

2+, 12, in which one amine in each ligand of

the tetrahedral Ni(0) complex has been protonated, as shown

in reaction (12). The structure of 12 has been established by

extensive variable-temperature 1H, 2D, 31P, and 15N NMR

studies of isotopically labeled species.47 Our spectroscopic
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studies of the reaction of H2 with [Ni(PCy
2N

Bz
2)2]

2+, 10c,

provided no direct evidence for a dihydrogen intermediate,

and dihydrogen complexes of nickel(II) are very rare. However

DFT calculations suggest that a dihydrogen ligand is stabi-

lized by interaction with the positioned nitrogen atoms as

shown in intermediate 11.47

The heterolytic cleavage of hydrogen in this system appears

to involve a novel mechanism that relies on the presence of two

positioned pendant bases. Polarization of the H2 molecule is

proposed to occur by the removal of two electrons by nickel

from a symmetric transition state in which both of the hydro-

gen atoms gradually develop a more positive charge. This

mode of activating H2 is very different from that observed for

the intramolecular heterolytic cleavage of H2 by

[Ni(PNP)2]
2+, shown in steps 1 and 2 of Scheme 4. In that

system the heterolytic activation of hydrogen involves an

asymmetric polarization of H2 to form protonic and hydridic

species and the oxidation state of nickel remains unchanged.

As discussed above, 10c is an electrocatalyst for the oxidation

of H2 in acetonitrile solutions with a turnover frequency of

10 s�1 in the presence of excess triethylamine and 1 atm of H2.

This rate is significantly higher than that observed for

[Ni(PNP)2]
2+ (o0.5 s�1), although the latter complex has a

larger driving force for H2 addition (6 kcal mol�1).45 On the

basis of our kinetic, theoretical and structural studies, the

larger catalytic rate observed for [Ni(PCy
2N

Bz
2)2]

2+ compared

to [Ni(PNP)2]
2+ is attributed to the stabilization of the

dihydrogen intermediate, 11, by interaction of the H2 ligand

with two positioned nitrogen bases. The stabilization of

dihydrogen binding is another function of one or two bases

incorporated into the second coordination sphere of a metal

catalyst-in addition to promoting heterolytic cleavage, proton

transfer, and proton-coupled electron transfer reactions.

Subsequent to H2 addition and H–H bond cleavage in

eqn (12), reaction of 12 with an external base deprotonates

one of the cyclic ligands. This results in increased electron

density on Ni(0) and promotes proton transfer from the

second protonated ligand to the metal ion, with formation

of [HNi(PCy
2N

Bz
2)2]

+, 13, (step 1 of reaction (13)). In

this reaction the protonation/deprotonation of a base in the

second coordination sphere results in a two-electron change

in oxidation state at the metal center. Subsequent steps

in the electrocatalytic cycle are similar to those shown pre-

viously in Scheme 4 for [Ni(PNP)2]
2+. The oxidation of

[HNi(PCy
2N

Bz
2)2]

+ to [HNi(PCy
2N

Bz
2)2]

2+ is coupled to an

intramolecular proton transfer step, followed by an intermo-

lecular proton transfer and oxidation of the resulting Ni(I)

complex, [Ni(PCy
2N

Bz
2)2]

+, to regenerate the original Ni(II)

species, 10c. For H2 production by [Ni(PPh
2N

Ph
2)2]

2+, the

cycle discussed here for H2 oxidation proceeds in the opposite

direction.

3.4 Additional ligand stabilizations by pendant bases

A novel feature of the complexes of structure 10 is the

proposed role of the two amines positioned near the nickel

ion in the stabilization of the dihydrogen ligand. A similar type

of interaction between the positioned bases and an additional

ligand in the coordination sphere has been observed for other

ligand types. Complex 10c, the hydrogen oxidation catalyst,

reacts reversibly with carbon monoxide, and provides a rare

example of a dicationic Ni(II) complex that binds CO.49 Other

[Ni(diphosphine)2]
2+ derivatives do not bind CO under simi-

lar conditions. The structure of [Ni(CO)(PCy
2N

Bz
2)]

2+, 14, was

determined by an X-ray diffraction study. It was found that all

four chelate rings of the cyclic ligands are arranged in boat

conformations, bringing two of the pendant bases within 3.4 Å

of the carbonyl carbon, close to the sum of the van der Waals

radii for carbon and nitrogen. Structural studies of an analo-

gous isonitrile complex, [Ni(CyNC)(PCy
2N

Bz
2)]

2+ (where

CyNC is cyclohexylisonitrile) also exhibited close contacts of

3.4 Å between the isonitrile carbon atom and two of the N

atoms of the pendant bases despite the increased steric bulk of

the isonitrile ligand relative to CO.49 The structural results

suggest that stabilizing ion–dipole interactions between the

positively charged carbon and the pendant amines contribute

to the stability of the carbonyl and isonitrile adducts. These

(12)

(13)
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complexes illustrate that the two positioned pendant bases in

the second coordination sphere can stabilize ligands other than

dihydrogen or hydrides and that such stabilization can involve

interactions other than hydrogen bonds.

Trace amounts of carbon monoxide are known to rapidly

deactivate platinum catalysts currently used in fuel cells, and

hydrogenase enzymes are also inhibited by CO.50–54

Thermodynamic studies of the reversible CO binding to

[Ni(PCy
2N

Bz
2)]

2+ compared to H2 binding to this complex

indicate that the equilibrium constant for H2 binding is 20

times larger than that for CO. As a result, CO concentrations as

high as 5% have no measurable inhibiting effect on the catalytic

response of this nickel complex for hydrogen oxidation.49

3.5 Summary of the roles of the pendant bases for nickel

systems

Comparison of [Ni(depp)2]
2+, [Ni(PNP)2]

2+, and

[Ni(PR
2N

R0
2)]

2+ systems indicate that the pendant bases can

facilitate intermolecular exchange of protons between the

protons in solution, protons on the pendant base, and the

hydride ligand. In addition, the pendant base provides the

necessary structural component for the coupling of proton-

and electron-transfer processes. For the nickel systems

containing cyclic diphosphine ligands with two positioned

pendant bases, relatively rapid electrocatalytic rates have been

observed, and the catalysts can be tuned for either hydrogen

oxidation or production by changing the substituents of the

diphosphine ligands. Finally, H2 binding appears to be stabi-

lized by interaction with two positioned pendant bases, and

this is an important factor in achieving high catalytic rates for

the [Ni(PR
2N

R0
2)]

2+ derivatives.

4. Studies of cobalt complexes containing cyclic

P
R
2N

R0
2 ligands

The study of the role of pendant bases in developing electro-

catalysts for H2 production and oxidation has recently been

extended to cobalt complexes.55 The complex with two cyclic

ligands [Co(PPh2N
Ph

2)2(CH3CN)](BF4)2 is very similar in com-

position and structure to the nickel analogue, 10a, but this cobalt

derivative was not catalytically active for the electrochemical

formation of H2. However the complex with a single cyclic

diphosphine ligand, [Co(PPh2N
Ph

2)(CH3CN)3](BF4)2, has been

shown to be an electrocatalyst for H2 production using bromo-

anilinium tetrafluoroborate as the proton source with a catalytic

turnover frequency of 90 s�1 and an estimated overpotential of

285 mV. In contrast to the nickel complex 10a, the positioning of

two amine bases near the metal ion is not required for high

activity. Although a detailed mechanistic understanding of the

catalytic cycle involving the cobalt complex is not yet available, a

comparison of the catalytic behavior of [Co(PPh2N
Ph

2)-

(CH3CN)3](BF4)2 with that of [Co(dppp)(CH3CN)3](BF4)2
(where dppp is bis(diphenylphosphino)propane), for which no

catalytic activity is observed, suggests that the pendant amine is

playing an important role in the catalysis of H2 production.

Similarly, [Co(PNP)(CH3CN)3](BF4)2 is also a catalyst for the

reduction of protons to H2 in the presence of a weak acid. These

cobalt complexes exhibit catalytic rates for hydrogen production

comparable to those of 10a and 10b, and the amine base in the

second coordination sphere plays a crucial role in these catalytic

processes. However, for cobalt complexes this high catalytic

activity is obtained with only one pendant base rather than two

positioned bases as required in the active nickel complexes.

5. Summary

Efforts in our laboratories to develop simple molecular cata-

lysts based on inexpensive first row transition metal complexes

have focused on two aspects of this problem. First we have

studied the thermodynamic properties of a number of transi-

tion metal hydrides with particular emphasis on [HM(diphos-

phine)2]
+ complexes. These studies have provided an

understanding of those structural and electronic features of

both the ligands and the metal that control the relative energies

of potential catalytic intermediates. From this thermo-

dynamic information, reaction profiles indicating the relative

energies of intermediates in potential catalytic cycles can be

constructed. How these reaction profiles change as a function

of the ligand and metal are used to guide catalyst develop-

ment. In an effort to lower the activation barriers between

these intermediates, pendant bases were incorporated into the

second coordination sphere to facilitate H2 binding, intramo-

lecular heterolytic cleavage of H2 and proton-coupled elec-

tron-transfer reactions. This dual approach has led to the

development of highly active H2 production and oxidation

catalysts based on both nickel and cobalt. It is hoped that in

the future some of the insights developed in these studies will

contribute to the design and discovery of molecular catalysts

based on inexpensive metals that can ultimately replace plati-

num with superior performance characteristics.

In a broader sense, the tools developed in the course of these

studies may find applications in a range of multiproton and

multielectron transfer processes. The understanding of free

energy landscapes and how they are controlled by the first

coordination sphere of the metal provides a rational basis for

initial catalyst design by providing the information needed to

avoid high energy intermediates. The incorporation of proton

relays into the second coordination sphere provides low energy

pathways for controlling the movement of protons between

the metal and solution. Energy matching of the proton relays

in the second coordination sphere with substrates coordinated

in the first coordination sphere comprises the third stage of

catalyst design. This simple modular approach can be useful in

catalyst development and provide insights into more complex

biological systems.
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