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ABSTRACT 

Kelsey R. Brereton: Interrogating the Influence of Electronics and Solvation on Thermodynamic 
Hydricity 

(Under the direction of Alexander J. M. Miller) 

 

A ‘hydrogen economy’ using dihydrogen (H2) as a fuel has been proposed as a leading 

strategy for new environmentally friendly energy sources. Toward this end, the safe and efficient 

storage of H2 is an ongoing challenge in successful implementation on an industrial scale. As key 

catalysts in hydrogenation and hydrogen production reactions, transition metal hydride complexes 

must balance the strength of the metal hydride bond to maximize reactivity and retain stability. 

This work focuses on an in-depth investigation into the intricate thermodynamics that govern these 

systems and their potential use in guiding catalyst design and optimizing performance.  

The hydricity of metal hydride complexes is a thermodynamic measure of the strength of 

the metal hydride bond. Hydricity has been measured extensively in acetonitrile and has been used 

as a valuable tool to guide catalyst design. The utility of these thermodynamic measurements has 

motivated expanded studies investigating the observed solvent dependence of hydricity. Presented 

here are three focused studies examining strategies for measurement, solvent dependence, and 

catalytic utility of hydricity. 1) A bimetallic Ir/Ru catalyst is used as a case study of solvent 

dependent thermodynamics. The electrochemistry, acidity, hydricity, and electronic structure of 

the complex is explored in two solvents and applied to a detailed picture describing catalysis 

observed by the system. 2) Density Functional Theory (DFT) calculations are used to overcome 
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traditional challenges in aqueous hydricity measurement. Through the development of appropriate 

training sets to calibrate computational results, the reduction potentials and acidities of a series of 

iridium complexes are determined in water and used to calculate aqueous hydricities for 

comparison with experimental values. 3) The first example of a systematic study of the solvent 

dependence of hydricity across a series of electronically tuned iridium catalysts is presented in 

acetonitrile and water: this work explores the connection between the influence of electronic tuning 

and effective hydricity. 

 This work unveils the thermodynamics driving kinetic observations for transition metal 

hydride complexes. Through a thorough understanding of the optimal strategies for catalyst tuning 

in multiple solvents, new generation of systems powering the ‘hydrogen economy’ can be 

developed. 
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 Introduction 
 

1.1 Metal Hydride Catalysts for Hydrogen Storage Applications 

Hydrogen (H2) as a fuel is at the forefront of strategies for environmentally friendly 

energy sources that minimize global consumption of fossil fuels.1–3 While H2 is a clean source of 

energy, releasing only water upon combustion, it requires storage in high-pressure or cryogenic 

tanks. These storage technologies require significant energy to achieve for widespread 

commercial use when compared with traditional liquid fuel sources, such as gasoline.2,4  

Scheme 1.1. Examples of different strategies for hydrogen storage. 
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Current strategies to avoid the obstacles of transporting H2 are focused on new storage 

methods (Scheme 1.1). Adsorption of gaseous hydrogen can occur in solids5–7 or within complex 

metal hydrides (such as MgH2). H2 can also be stored within chemical bonds in organic 

molecules via metal hydride catalysts.8,9 The heterolytic cleavage of H2 for storage within 

chemical bonds is an attractive option for several reasons. The choice of substrate for 

hydrogenation provides flexibility, enabling the storage of hydrogen in liquid fuels that mitigate 

many of the safety concerns that arise when using high pressure or cryogenic tank strategies. 

Additionally, fuels with high energy density can be generated by focusing on compounds that 

maximize hydrogen capacity per unit mass.10–12 The successful implementation of any strategy 

outlined in Scheme 1.1 requires an intimate understanding of the kinetics and thermodynamics of 

H2 cleavage and H2 production. Storage in solid materials and within complex hydrides must be 

reversible, requiring a careful balance of adsorption and desorption thermochemistry. The 

thermodynamics of metal hydrides, which is the focus of this work, must also be modulated in 

order to cleave H2 to form a stable metal hydride species that is also reactive enough to release 

H2 or transfer the H2 equivalent to a substrate. 

Transition metal hydride complexes are key players in many hydrogenation or hydrogen 

production reactions relevant to energy storage schemes.13–16 A storage scheme fueled by 

catalysis requires complexes that can (a) hydrogenate organic molecules to store H2 equivalents 

and (b) dehydrogenate those molecule in order to release H2. Homogeneous hydrogenation and 

transfer hydrogenation by transition metal complexes is well documented in the literature.15,17–19 

Complexes like Wilkinson’s catalyst ([Rh(PPh3)3Cl]; Ph = phenyl) and Crabtree’s catalyst 

([Ir(COD)(Py)PCy3]+; COD = cyclooctadiene, Py = pyridine, PCy3 = tricyclohexylphosphine ) 

are highly efficient at olefin hydrogenation.20 Heteroarenes also present an attractive option for 
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storage materials due to a high potential for hydrogen capacity (Scheme 1.1). These heterocycles 

are also common substrates for hydrogenation catalysis.21,22 Hydrogen release from organic 

molecules via dehydrogenation catalysis can also be driven using transition metal complexes.23 

Iridium pincer complexes are capable of efficient dehydrogenation of alkanes as well as 

substrates with heteroatom-hydrogen bonds (such as amines).24,25 Iridium complexes similar to 

those investigated in this study (vida infra) catalyze both the hydrogenation and dehydrogenation 

of quinolines such as the one depicted above, showing promise for a thermodynamically 

accessible and reversible scheme for hydrogen storage.  

1.2 Metal Hydride Thermodynamics 

Scheme 1.2. Methods of metal hydride bond cleavage to generate H+, H•, or H–. 

 

After protonation at the metal center to generate the hydride, several potential modes of 

reactivity exist. Complexes such as these can accept an additional proton to form H2 complexes 

or cleave the metal hydride to release H+ (acting as an acid), release H– (acting as a hydride 

donor), or release H• (acting as a hydrogen atom donor).26–28 The versatility of transition metal 

hydrides is responsible for the wide range of transformations accessible through these species 

and the mode of reactivity is governed by the thermodynamics and kinetics involved in metal 

hydride bond cleavage (Scheme 1.2). 
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Scheme 1.3. Selected examples representing the variety of mechanisms available for 
hydrogenation catalysts. 

 

The Brønsted acidity or basicity of the hydride ligand can have important implications in 

the mechanism of hydrogenation reactions.27 For example, Wilkinson’s olefin hydrogenation 

catalyst operates through oxidative addition of dihydrogen to generate a dihydride complex 

followed by olefin insertion into the metal-hydride bond. Finally, reductive elimination yields the 

desired product (Scheme 1.3, top).20 The thermodynamics of the metal hydride bond are 

significant to promoting the activity of this catalyst as evidenced by the turnover-limiting, 

migratory insertion step. Co-solvents such as ethanol are suggested to facilitate this step, also 

highlighting the value of knowledge of the solvent-dependence of metal hydride 

thermodynamics. Alternatively, hydrogenation catalysts can operate through an outer-sphere 

mechanism, such as in the hydrogenation of ketones and imines by ruthenium complexes. The 

catalyst shown in center reaction of Scheme 1.3 operates through an ionic mechanism, where H2 

is transferred as proton and hydride equivalents.15 Within this subset of ionic hydrogenations, the 
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order of hydride transfer or proton transfer from the metal is highly dependent on the balance of 

the acidity of the metal hydride and substrate. Some structurally similar transition metal 

hydrides, such as [(Cp)W(H)(CO)3], [(Cp)Mo(H)(CO)2(PPh3)], and [Re(H)(CO)5] display 

different types of reactivity depending on the substrate and conditions.15 One illustration of this 

reactivity is the ionic hydrogenation of hindered olefins by [(Cp)W(H)(CO)3] and trifluoroacetic 

acid (CF3SO3H). Modulating the acidity of the tungsten hydride avoids irreversible protonation 

of the metal hydride to release H2. Instead, product formation is achieved by protonation of the 

substrate by the acid and hydride donation by the metal.15,29,30 In addition, hydrogenation has 

been shown to occur in a concerted fashion. An in depth mechanistic investigation of 

hydrogenation by Shvo’s catalyst concluded that proton transfer from OH– occurs concurrently 

with hydride transfer from Ru (bottom of Scheme 1.3).31 Though hydrogenation can occur 

through a variety of mechanisms, metal hydrides remain a focus in all three. Knowledge of the 

thermodynamics governing the reactivity of these complexes will aide in the development of 

new strategies for efficient hydrogenation catalysis. 

This work focuses on the solvent dependence of the third method of heterolytic M–H 

bond scission shown in Scheme 1.2, hydricity. Solvent dependent thermodynamics and kinetics 

of several iridium complexes will be explored in both water and acetonitrile as they relate to 

catalysis. Both experimental and computational strategies will be employed to dissect the factors 

governing the hydricity of transition metal hydride complexes. 

The choice of hydricity is motivated by the increasing number of examples of hydricity 

governing the rational design of improved catalysts.26 For example, in acetonitrile, a systematic 

study of the hydride donating abilities for a series of Ni diphosphine species resulted in the 

construction of a library of complexes that can be used for H2 oxidation as well as H2 
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production.32 This study culminated in the development of a catalyst that can outperform the 

hydrogenase enzyme itself in H2 production under some conditions.33 These studies have spurred 

a dramatic growth (to date more than 100 values are known) in the number of hydricities 

determined for transition metal hydrides in acetonitrile.26  

The developing knowledge of hydricity in acetonitrile has led to an increasing interest in 

the solvent dependence of hydricity, specifically in aqueous media. Aqueous hydride transfer 

reactions are implicated in many transformations relevant to water-splitting catalysis,34 CO2 

reduction,35 and hydrogenation catalysis relevant to hydrogen storage.36,37 The unique properties 

of the highly polar water solvent have impeded traditional strategies for aqueous hydricity 

measurement. 

1.3 Strategies for the Measurement of Thermodynamic Hydricity 

Thermodynamic hydricity involves the release of free hydride ion, H–, which is too 

reactive for direct experimental measurements. As such, the measurement of hydricity relies on 

the construction of a thermodynamic cycle composed of the acidity of the hydride along with the 

reduction potential of the conjugate base (Scheme 1.4). 

Scheme 1.4. Potential–pKa thermodynamic cycle for the determination of hydricity  

 

LnM–H+ LnM      +     H+

LnM2+    +     H–

pKa

Eº EºH+/H–∆GºH–

LnM–H+ ⇄ LnM + H+ 1.364(pKa)

LnM ⇄ LnM2+ + 2e– – (–46.12Eº)

H+ + 2e– ⇄ H– – (–46.12EºH+/H–)

(1)

(2)

(3)

(4)LnM–H+ ⇄ LnM2+ + H– ∆GºH–
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 The thermodynamic cycle shown in Scheme 1.4 can be used for the determination of 

hydricity in any solvent, provided the constant for proton reduction is known, and the acidity and 

electrochemical measurements are feasible. Acetonitrile provides a convenient media for the 

pKa–potential thermodynamic cycle, as the electrochemistry is relatively well behaved and there 

is an extensive acidity scale in acetonitrile.38,39 Water would seem to feature favorable properties 

for hydricity measurements, as well. However, upon moving into aqueous solvent, several 

complications with this strategy arise for measurements involving organometallic hydrides. The 

conjugate base, (LnM in Scheme 1.4) is neutral for monocationic metal hydrides and often 

insoluble in water. This insolubility leads to precipitation in titrations aimed at measuring acidity 

and adsorption to the electrode surface in electrochemical experiments.40 In chapter 2, these 

challenges are overcome in water through investigation of a bimetallic iridium-ruthenium 

hydride complex with a dicationic conjugate base. The solubility imparting (bpm)Ru(bpy)22+ 

(bpm = 2,2’-bipyrimidine and bpy = 2,2-bipyridine) metalloligand enables acidity measurements 

through spectrophotometric titration and straightforward electrochemical analysis by cyclic 

voltammetry. The hydricity for the bimetallic iridium-ruthenium complex was determined in 

both water and acetonitrile, adding another complex to those with hydricities determined in 

multiple solvents.41–43 

Another avenue to obtain aqueous hydricity is through the development of accurate 

computational models that enable determination using Density Functional Theory (DFT). 

Chapter 3 capitalizes on computational strategies for the determination of acidity44,45 and 

reduction potential46–48 as well as a few reports of hydricity determination in acetonitrile.49–51 

Through the development of accurate training sets based on experimentally determined values to 

calibrate theoretical calculations, the hydricities of a series of [Cp*Ir(bpy-X)(H)]+ (Cp* = h5-
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pentamethylcyclopentadienyl; bpy-R = 4,4'-substituted 2,2'-bipyridine) complexes in water. As 

mentioned above, direct measurement of these monocationic hydrides using a pKa–potential 

thermodynamic cycle is impossible due to the insolubility of the neutral conjugate base. 

Scheme 1.5. Equilibration methods to obtain relative hydricity of a complex LnM–H+. 

 

In order to experimentally determine aqueous hydricities for complexes without water 

soluble conjugate bases, relative hydricities can be determined through equilibration with a 

complex of known hydricity or with H2 (Scheme 1.5). This method has been used widely in 

acetonitrile to add complexes to the known scale of hydricities.52–54 Applying this method in 

water led our group to a general method for aqueous hydricity determination.40 Through these 

studies the hydricities of five structurally homologous Ir complexes and three Ru complexes 

were determined in water. These measurements provided a dramatic contribution not only to the 

number of known aqueous hydricities, but also to the knowledge of factors governing hydricity 

in water. Synthetic modification to the 2,2’-bipyridine ligands was found to have a relatively 
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LnM2+ + H2 LnM–H+ + H+

LnM–H+ + ref2+ LnM2+ + ref–H+

LnM–H+ ⇄ LnM2+ + H–

Keq

ref2+ + H– ⇄ ref–H+

∆GºH–

∆GºH–(ref–H+)

–RTln(Keq)LnM–H+ + ref2+ ⇄ LnM2+ + ref–H+ (5)

(6)

(4)

Keq

–RTln(Keq)LnM2+ + H2
 ⇄  LnM–H++ H+ (5)

H+ + H– ⇄ H2 –HBDE(H2) (7)

LnM2+ + H– ⇄ LnM–H+ –∆GºH– (4)

Equilibration with external reference

Equilibration with H2



 9 

hydride donation was found to have a significantly stronger influence on the thermodynamics of 

hydride donation.  

 

Figure 1.1. Factors influencing aqueous hydricity: modest effects resulting from substitution of 
the bipyridine supporting ligand and more pronounced effects from tuning the medium to form a 
stable complex after hydride donation. 

Effective hydricity is a thermodynamic hydricity parameter that also includes the 

influence of incoming ligands on the hydride donating ability of a complex.26,40 As the 16e– 

species formed after hydride donation is often unstable, the measured hydricity is that of hydride 

donation coupled with the association energy of the ligand that coordinates to the metal center. 

The binding affinity for the metal center will be different for each solvent as well as with any salt 

additives or buffers, making effective hydricity of particular importance in water. However, to 

date, the influence of solvation on effective hydricity is unknown. 

The final chapter assembles the knowledge gained from aqueous hydricity studies in our 

lab and solvation dependence studies of individual complexes to conduct a systematic study of 

the hydricities of a family of complexes in two solvents. Through the investigation of a series of 

structurally homologous iridium hydrides, the influence of solvation on the magnitude of 

hydricity, the extent of electronic tuning, and the impact of effective hydricity can be measured. 

One could expect that substituent effects would be greater in a solvent less efficient at 
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solubilizing charged ions. For example, in studies of phenols and benzoic acid derivatives, 

acidity is more than twice as sensitive to substitution in acetonitrile when compared with water.55  

Additionally, the influence of the ligand that coordinates the metal center upon hydride donation 

could be influenced by solvation. The effect of chloride on both the thermodynamics and kinetics 

of hydride transfer are explored in acetonitrile to compare with aqueous measurements. Finally, 

the origin of the dramatic solvent dependence of hydricity are examined using Density 

Functional Theory and empirical methods to determine the free energy difference between the 

solvation of the hydride ion and the metal-containing species in water and acetonitrile. This 

knowledge of thermochemistry puts us in a better position to correlate thermodynamic 

parameters with catalytic activity and selectivity. 

1.4 Rationalizing Hydrogen Generation from Metal Hydrides with Thermodynamics 

The family of iridium complexes that was investigated in thermochemical studies in 

water are proposed intermediates in a number of H2 generating reactions.56–58 The very stability 

of the [Cp*Ir(bpy)(H)]+ catalysts depends on the aqueous hydricity of these species (Figure 1.2). 

Hydricity can be used to determine the pH at which H2 release in the ground state is 

thermodynamically favorable (blue area in Figure 1.2). When coupled with the acidity of a 

hydride, a full pH stability diagram can be calculated. 
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Figure 1.2. Plot of pH vs. hydricity (∆GºH–) illustrating the regions of stability of transition 
metal hydrides. The dashed red line is an estimation of the relationship between the hydride pKa 
and the hydricity, based on DFT calculated trends.59 At higher pH values the hydride will be 
deprotonated (red shading), precluding further reactivity. The blue solid line is the pH at which 
H2 release in the dark is thermoneutral for a hydride with a given ∆GºH–; in the white region, the 
hydride is stable (green lines), while in the blue shaded region, the hydride will release H2 in the 
dark (black lines). Black circles represent the stability boundaries of [Cp*Ir(bpy-CO2)(H)]– and 
[Cp*Ir(bpy-OMe)(H)]+. 

 

 As seen from Figure 1.2, the iridium hydrides under study are stable to H2 release in 

water at neutral pH. This stability enabled the thermochemical studies described above. 

However, ideal catalytic H2 production catalysts could operate at neutral pH, negating the use of 

strong acids or harsh conditions. Our group has discovered that H2 production from neutral water 

can be achieved by introducing a photochemical step into catalysis.60 In this way, the stability of 

these hydrides can be retained while maintaining catalytic activity upon irradiation. This 

reactivity can also be expanded to photochemical formic acid dehydrogenation to formate, which 

can be coupled with CO2 capture at basic pH to exclusively release pure H2, as desired for a good 

H2 carrier.61 This work has been developed in our lab to establish the growing field of 

photoelectrocatalytic H2 production.60,62  
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In photoelectrocatalysis, a single molecule performs both light absorption and H2 bond 

formation. As is common in many catalyst design schemes, optimization of one step influences 

other steps in the catalytic cycle as well. For photoelectrocatalysis, several correlations were 

found between the thermodynamic parameters governing catalyst activity (Figure 1.3). 

 

Figure 1.3. Correlation diagrams describing the general relationship between the electronic 
properties of the bipyridine ligand and the thermodynamic factors governing 
photoelectrocatalysis (EDG is electron donating group, EWG is electron withdrawing group). 

 

These scaling relationships can be used to guide catalyst optimization. As synthetic 

modification to the bipyridine ligand tunes the hydricity of a complex, it also influences the 

absorptivity, reduction potential, and acidity. All of these factors need to be considered when 

making a synthetic adjustment. Effective hydricity adds another consideration that could be 

beneficial in aqueous photoelectrocatalysis. It is known that the addition of chloride will make 
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hydride donation more thermodynamically favorable and reduction less favorable.40,60 For this 

application, optimizing the reduction potential will have more of an impact on the efficiency of 

the reaction as the hydride transfer is photochemically driven. An intimate knowledge of the 

thermodynamics of the metal hydride involved in catalysis can lead to more intelligently and 

efficiently designed photoelectrocatalysts. 

In the quest for more efficient alternative energy strategies, transition metal hydrides are 

key players in homogeneous hydrogenation and hydrogen production schemes. Thermodynamic 

hydricity provides a valuable means for translating observed reactivity into a template that can be 

applied to guide catalyst design. 
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 Solvent-Dependent Thermochemistry of an Iridium/Ruthenium H2 Evolution 
Catalyst 

 

Reproduced with permission from Brereton, K. R.; Pitman, C. L.; Cundari, T.R.; Miller, A. J. M. 
Inorg. Chem. 2016, 55, 12042. Copyright American Chemical Society 2016. 

 

2.1 Introduction 

The bimetallic hydride [Cp*Ir(H)(µ-bpm)Ru(bpy)2]3+ (1, Scheme 2.1) has been 

implicated as an intermediate in the catalytic dehydrogenation of formic acid to CO2 and H2,1 the 

four-electron reduction of oxygen,2 and the photocatalytic production of H2 in conjunction with a 

[Ru(bpy)3]2+ photosensitizer3 in aqueous solvent. In formic acid dehydrogenation, the bimetallic 

catalyst (as the sulfate salt) produces H2 with turnover frequencies greater than 400 h–1 via an 

unusual hydrogen tunneling mechanism.1 The photocatalytic production of H2 from 1 was not 

observed without additional [Ru(bpy)3]2+, despite containing a fragment of the widely used 

chromophore4–8 as part of its ligand scaffold. Instead of functioning as a light absorber itself, as 

observed in other Cp*Ir-supported hydride complexes,9–11 a separate [Ru(bpy)3]2+ chromophore 

initiates catalysis by electron transfer to the bimetallic species leading to 1 after protonation. The 

high catalytic activity of 1 in water motivated thermochemical and electronic structure studies. 

The transformations illustrated in Scheme 2.1 are all proposed to involve an iridium 

hydride intermediate. The thermochemistry of the metal–hydride bond may therefore provide 

valuable insight into the catalytic reactivity. Thermodynamic hydricity (ΔG°H–),12 the free 
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energy required to heterolytically cleave the metal–hydride bond and release H–, has been used 

to predict or explain the reactivity of metal hydride complexes.13–20 

Scheme 2.1. Reactions catalyzed by 1 in water. 

 

Several experimental methods to measure ∆GºH– have been established, including the 

common practice of establishing equilibrium with H2 or another hydride donor/acceptor pair of 

known hydricity.21,22 Alternatively, a “potential–pKa” thermochemical cycle can provide 

hydricity values without need for a known reference species. Equations 1 - 4 show how hydricity 

(eq 4) can be determined through measurement of the pKa of the hydride (eq 1) and the reduction 

potential of its conjugate base (eq 2), along with the free energy for the reduction of a proton to a 

hydride (eq 3). 

[M–H]+ ⇆ [M] + H+  1.365(pKa) (1) 
[M] ⇆ [M]2+ + 2e– –[–46.12(Eº)] (2) 
H+ + 2e–  ⇆  H– –46.12(EºH+/H–) (3) 
[M–H]+  ⇆  [M]2+ + H– ∆GºH– (4) 

   
Despite sustained interest in developing aqueous catalytic reactions that utilize metal 

hydrides, hydricity measurements in water have only recently seen significant development. As a 

result, hydricity comparisons between different solvents are also rare. A breakthrough in this 

area came from Creutz and coworkers who determined the hydricity of two Ru complexes in 

water23,24 and acetonitrile.25 More recently, the Berben group determined the hydricity of an Fe 

electrocatalyst in both water and acetonitrile,19 and the groups of Yang18 and Appel26 established 
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the hydricity of Ni hydrides in both solvents. Miller et al. also determined the hydricity of 

[Cp*Ir(bpy)(H)]+ in both acetonitrile10 and water.20  

 Solvent effects on hydricity can be substantial. In general, hydride complexes are more 

hydridic (lower ∆GºH– value) in water.12 The efficacy of ion solvation by the solvent has been 

recognized as important in contributing to this trend. Ligands present in water can also influence 

hydricity; water, hydroxide, or anions in the aqueous medium can bind the metal center as 

ligands following hydride release.20 The bimetallic system under investigation here can be 

conveniently studied in both acetonitrile and water, owing to the favorable solubility profile 

imparted by the doubly-charged Ru polypyridyl unit. We have fully characterized several 

bimetallic intermediates proposed in the catalytic cycles for aqueous catalysis and established the 

thermodynamic hydricity of [Cp*Ir(H)(µ-bpm)Ru(bpy)2]3+ (1) in water and acetonitrile. 

2.2 Results and Discussion 

 Characterization of 2-OH2 in water.  

The complex investigated in prior studies was the sulfate salt of [Cp*Ir(OH2)(µ-

bpm)Ru(bpy)2]4+ (2-OH2).1 Initial efforts to isolate [Cp*Ir(OH2)(µ-bpm)Ru(bpy)2][SO4]2 were 

complicated by sulfate coordination to the iridium center. In order to avoid this speciation and to 

maintain solubility in both MeCN and H2O, the corresponding trifluoromethanesulfonate 

(triflate, SO3CF3–) salt was targeted. Stirring [Cp*Ir(OH2)3][SO3CF3]2 and 

[Ru(bpy)2(bpm)][SO3CF3]2 in water adjusted to pH 2 with dilute triflic acid under N2 afforded 

dark, forest green aqua complex 2-OH2 in 94% yield. Adding Na2SO4 to the triflate salt of 2-

OH2 in D2O resulted in equilibrium mixtures of 2-OH2 and 2-SO4 (Figure 2.1). The Cp* 

resonance (1H NMR δ 1.71 in D2O) of 2-SO4 is consistent with Fukuzumi’s prior report.1 
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Figure 2.1. 1H NMR spectrum of 2-OH2 and 2-OH2 with addition of Na2SO4 (0-1 equiv.) to 
form the sulfate bound complex [Cp*Ir(OSO3)(µ-bpm)Ru(bpy)2][SO4] reported previously.1 
HRMS (ESI+) of independently prepared  [Cp*Ir(OSO3)(µ-bpm)Ru(bpy)2][SO4] m/z 
[Cp*Ir(OSO3)(µ-bpm)Ru(bpy)2] calcd, 498.07; found, 498.10. 

 

In order to establish the protonation state of the complex under the experimental 

conditions the acidity of the aqua ligand of 2-OH2 was measured. The pKa was determined by 

spectrophotometric titration of hydroxo complex [Cp*Ir(OH)(µ-bpm)Ru(bpy)2]3+ (4) with 

phosphoric acid to form aqua complex 2-OH2.  

Ir-OH2 
Ir-OSO3 

0	equiv	
Na2SO4	

0.25	equiv	
Na2SO4	

0.5	equiv	
Na2SO4	

1	equiv	
Na2SO4	
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Figure 2.2. Spectrophotometric titration of 4 (red trace) to form 2-OH2 (purple trace) in 0.1 M 
sodium phosphate. Inset shows absorbance at 560 nm (black circles) and least-squares fitting to 
the Henderson-Hasselbalch equation (red line) to give a pKa = 7.0 ± 0.1. 

 

The change in the absorbance at three different wavelengths (400, 560, and 600 nm) as a 

function of pH was fit to the Henderson-Hasselbalch equation to provide a pKa of 7.0 ± 0.1 

(Figure 2.2, inset). Structurally related aqua complexes [Cp*Ir(bpy-X)(OH2)]2+ (bpy-X refers to 

substitution at the 4 and 4’ posititions on 2,2’-bipyridine; X= H, OMe, or COO–),  [(η6-

C6Me6)Ru(bpy-X)(OH2)]2+ (X = H or OMe), and [(cymene)Ru(bpy-COO–)(OH2)]2+ have similar 

acidity to 2-OH2, with pKa values in the range of 7 - 10.20,27,28 This confirms that the d6 Ir(III) 

center is ligated by water, and that the aqua complex will be dominant below pH 7 

The concentration of Ir and Ru was determined by inductively coupled plasma-mass 

spectrometry (ICP-MS), providing a molar extinction coefficient for 2-OH2 at λmax(410 nm) of 

1800 M–1 cm–1; the extinction coefficient of 4 was also determined at λmax(415 nm) to be 1200 

M–1 cm–1.  
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Figure 2.3. Cyclic voltammetry of 2-OH2 in 0.1 M sodium phosphate adjusted to pH 5 with a 
glassy carbon working electrode, Ag/AgCl reference electrode, and a platinum wire counter 
electrode. Scan rate is 100 mV s–1. Arrow shows direction of scan. 

 

The reduction potential of 2-OH2 was determined using cyclic voltammetry (CV), as 

shown in Figure 2.3 in pH 5 phosphate buffer. The reduction feature, E1/2 = –0.19 V vs NHE, 

was assigned as a quasi-reversible two-electron reduction on the basis of the narrow peak-to-

peak separation (ΔEp = 49 mV). A Randles-Sevcik plot showed a linear dependence of peak 

current on the square root of the scan rate, indicating a diffusion-limited reduction. 

To confirm that the reduction is a 2e– process, controlled potential electrolysis of 2-OH2 

was conducted in pH 7 phosphate buffer at –0.54 V vs NHE. During electrolysis, current 

equivalent to 1.6e– per complex was passed as the dark green solution turned a dark maroon 

color (see experimental section for additional details). 1H NMR spectra of the electrolyzed 

solution showed diagnostic resonances for [Cp*Ir(µ-bpm)Ru(bpy)2]2+ (3) while UV-Vis spectra 

contained characteristic structured bands between 600-900 nm consistent with 3. The pKa of 2-
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OH2 indicates that an aqua ligand will be present under the experimental conditions, such that 

the reduction potential corresponds to the 2e– reduction of aqua complex 2-OH2 to the reduced 

species 3 (which is not ligated by water). The standard reduction potential of 2-OH2 is the same 

as [Cp*Ir(OH)(bpy-COO)]–,20 and occurs at potentials less negative than expected for a Ru 

polypyridine-based reduction. Additional features at –0.6 V and –1 V vs NHE are tentatively 

assigned to Ru-polypyridine-based reductions (Figure 2.4) 

 

Figure 2.4. Cyclic voltammogram of 2-OH2 in 0.1 M sodium phosphate adjusted to pH 5 using a 
glassy carbon working electrode, Ag/AgCl reference electrode, and Pt wire counter electrode. 
Different colored traces represent varying switching potentials. Scan rate is 250 mV s-1. Arrow 
shows direction of scan. 

 

 Characterization of reduced species 3.  

We set out to independently synthesize the reduced complex 3, which had only been 

characterized by 1H and 13C NMR spectroscopy and was implicated as an intermediate in the 

catalytic four electron reduction of O2.2 A biphasic reaction mixture containing the dark green 

aqua complex 2-OH2 and formate in a pH 5 aqueous layer above a colorless CH2Cl2 organic 
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layer was stirred for 4 hours. Over the course of the reaction, the CH2Cl2 layer took on maroon 

color (Scheme 2.2). Isolation of the organic layer provided pure 3 in 75% yield. The 1H NMR 

spectrum of 3 shows the anticipated increase in symmetry that would be accompanied by a 

geometric rearrangement around iridium that places the bipyrimidine ring perpendicular to the 

Cp* ring. Along with the change in symmetry, a dramatic upfield shift of the bipyrimidine 

resonances to δ 6.0 is diagnostic of formation of 3. 

Scheme 2.2. Synthesis of 3 from 2-OH2. 
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Figure 2.5. Structural representation of 3 with ellipsoids drawn at the 50% probability level. The 
asymmetric unit contains another molecule of 3 and four triflate ions that are not shown, along 
with Et2O and CH3CN solvent. Hydrogen atoms omitted for clarity. Selected distances (Å): 
Ir1−N1 1.998(6), Ir1−N2 1.989(6), Ru1−N3 2.089(6), Ru1−N4 2.081(6), Ru1−N5 2.061(6), 
Ru1−N6 2.052(6), Ru1−N7 2.050(6), Ru1−N8 2.056(6). 
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Table 2.1. Summary of crystal data, data collection parameters, and structure refinement for 3. 

Empirical formula C88H90F12Ir2N18O13Ru2S4 
Formula weight 2550.55 
Temperature/K 100 
Crystal system monoclinic 
Space group P21/c 

a/Å 20.0146(7) 
b/Å 20.9174(8) 
c/Å 23.3149(9) 
α/° 90 
β/° 103.633(2) 
γ/° 90 

Volume/Å3 9485.9(6) 
Z 4 

ρcalcg/cm3 1.786 
µ/mm-1 9.475 
F(000) 5048.0 

Crystal size/mm3 0.214 × 0.053 × 0.042 
Radiation CuKα (λ = 1.54178) 

2Θ range for data 
collection/° 4.542 to 140.382 

Index ranges -23 ≤ h ≤ 24, -25 ≤ k ≤ 25, -24 ≤ l ≤ 27 
Reflections collected 101444 

Independent reflections 17696 [Rint = 0.0695, Rsigma = 0.0532] 
 

Purple crystalline needles suitable for X-ray diffraction were grown by vapor diffusion of 

diethyl ether into an acetonitrile solution of 3. The molecular structure is pseudo-C2 symmetric, 

with a C2 plane of symmetry bisecting the C-C bond of bipyrimidine consistent with other low 

valent Cp*M(bpy) complexes (Figure 2.5).29–31  

The absorption spectrum of 3 features a structured band in the long wavelength region of 

the UV-vis spectrum (Figure 2.6A) attributed to partial diimine ligand reduction.32,33,34 These 

broad structured absorbance features are common among reduced polypyridyl Ru and Ir 

complexes.10,20,32,35–37 To probe the electronic structure of this reduced catalytic intermediate, 
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Density Dunctional Theory (DFT) and Time-Dependent Density Functional Theory (TD-DFT) 

calculations were performed on 3.  

The singlet ground state (S0) structure of 3 was optimized using the PBE, M06, and 

B3LYP functionals (LANL2DZ ECP basis set for Ir and Ru and 6-31G* for all other atoms), 

modeling water solvation with a polarized continuum model (PCM). A high degree of 

delocalization is observed in the HOMO, LUMO, and LUMO+2 orbitals (Figure 2.6B). The 

extensive orbital mixing of the LUMO is consistent with delocalization of the reduction across 

both the metal and ligand, somewhere intermediate between the formal extremes of IrI(bpm) and 

IrII(bpm•–).32 
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Figure 2.6. A) Experimental UV-Vis spectrum (black line) and calculated (PBE functional) 
excitations (blue lines) from 3 with described orbital involvement. B) Orbitals involved in lowest 
energy transition at 735 nm. 

 

From the optimized ground state geometry, the absorption properties and excited states in 

water were explored by TD-DFT. The first 50 excitations of 3 were calculated using the same 

three hybrid functionals with implicit water solvation (see experimental section for comparison 

of all three functionals), following similar methods used to explore [Cp*M(diimine)] complexes 

(M = Co, Rh, Ir).38,39 Good agreement was observed between the electronic transitions predicted 

by all three functionals, with the PBE functional providing the best correlation to the 

experimentally obtained UV-Vis spectrum (Figure 2.6A). The molecular orbitals involved in all 

excitations calculated using the PBE functional are outlined in the experimental section. 
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The transition at 735 nm is assigned to an excitation from the HOMO to a mixed state 

featuring LUMO and LUMO+2 character. Computational and spectroscopic studies have 

confirmed that monometallic Cp*Ir(bpy)-based complexes feature bipyridine-centered p–p* 

transitions.38 For 3, contributions from both the bipyrimidine and bipyridine ligands are 

observed. All functionals show mixed contributions from both HOMO to LUMO and HOMO to 

LUMO+2 (LUMO+1 is also Ru and bpy p* based).   

Moving to higher energy, the transitions available to 3 at λ < 500 nm with the highest 

oscillator strengths originate from either the HOMO or from Ru d-orbitals accessing the p* 

system of the diimine rings. The calculations indicate a high degree of orbital mixing between 

the iridium and ruthenium centers, supporting potential cooperative involvement between both 

metal centers upon photoexcitation. 

 Hydricity determination of 1 in water.  

The conjugate acid of complex 3, iridium hydride 1, was targeted via several synthetic 

procedures. Treatment of 2-OH2 with formate in acidic aqueous solutions1 led to decomposition. 

Reduction with NaBH4 in acidic aqueous solutions or methanol yielded similar results. Access to 

the desired hydride was finally obtained by dissolution of isolated samples of the reduced 

complex 3 in acidic, buffered solutions (pH 2 - 3). Protonation yielded 1, as evidenced by a 

diagnostic 1H NMR hydride resonance (δ –11.4 in D2O). In acetonitrile, a similar strategy was 

employed: protonation of 3 with protonated dimethylformamide, [HDMF][SO3CF3] (pKa = 6.1 in 

CH3CN),40 yielded hydride 1 (δ –11.8 in CD3CN) along with DMF. 
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Figure 2.7. Thermochemical cycle used to determine the hydricity of 1 (L = water or 
acetonitrile). 

 

To obtain the aqueous hydricity of 1, the potential–pKa thermochemical cycle of Figure 

2.7 was employed, using the previously determined reduction potential Eº = –0.19 V vs. NHE. 

The pKa of 1 in water was determined by spectrophotometric titration.  

Initial experiments titrating conjugate base 3 with dilute triflic or phosphoric acid led to 

the disappearance of the features assigned to 3, however the addition of base to the solution did 

not restore the original spectrum of 3. We hypothesize that the addition of strong acid to 

solutions of 3 generates a high enough local pH that initially-formed 1 undergoes further 

irreversible protonation to generate H2 and aqua complex 2-OH2 (Scheme 2.3),  consistent with 

independent reports that 1 is an intermediate in catalytic H2 evolution activity.1,3  
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Scheme 2.3. Equilibrium protonation of 3 followed by hydrogen production by 1 to form 2-OH2 
irreversibly. 

 

 

To avoid over-protonation, the titration was performed by dissolving 3 in acidic solutions 

(pH 2 - 3), then titrating the formed mixture of hydride and conjugate base (confirmed by 1H 

NMR spectroscopy) with NaOH. A representative titration adding hydroxide to a pH 2.6 starting 

solution is shown in Figure 2.8. Fitting the absorbance at three wavelengths (511, 720, 800 nm) 

from titrations beginning at pH 2.5 and pH 3 gave an average pKa of 3.1 ± 0.2. (Figure 2.8, 

inset). This value is slightly lower than the pKa of 3.9 reported by Fukuzumi et al. for the sulfate 

salt.1 
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Figure 2.8. Spectrophotometric titration of 1 with NaOH to form 3. Inset shows fitting of the 
absorbance at 720 nm to the Henderson-Hasselbalch equation. 

 

Hydride complex 1 is surprisingly acidic for a transition metal complex.41,42 Whereas the 

aqua complex 2-OH2 has a pKa value similar to the monometallic species [Cp*Ir(bpy-

COO)(OH2)], hydride 1 is 9 orders of magnitude more acidic than the corresponding 

monometallic hydride [Cp*Ir(bpy-COO)(H)]– (Table 2.2). 
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Table 2.2. Comparison of thermochemical parameters of [Cp*Ir(bpy-COO)]2– and [Cp*Ir(µ-
bpm)Ru(bpy)2]2+. 

 [Cp*Ir(µ-bpm)Ru(bpy)2]2+ [Cp*Ir(bpy-COO)]2–,a 

Eº (V vs NHE) 
[MIII(OH2)] + 2e– ⇆ [MI] + H2O –0.19 –0.19 

pKa of aqua 
[MIII(OH2)] ⇆ [MIII(OH)] + H+ 7.0 7.6 

pKa of hydride 
[MIII(H)] ⇆ [MI] + H+ 3.1 12.4 

∆GºH– (kcal mol–1) 
[MIII(H)] ⇆ [MIII(OH2)] + H– 29.7 32.0 

  
aref 20 

Complex 1 is among the most acidic metal hydrides reported in water, with a pKa 

comparable to Mo, Re, and W carbonyl hydrides.12,43,44 We attribute the dramatic increase in 

acidity of the hydride, but not the aqua (relative to monometallic species), to formation of a 

highly stabilized conjugate base. As described above, DFT calculations suggest that electron 

density in the reduced complex 3 can be stabilized by delocalization through the bipyrimidine 

and bipyridine p systems.  

The thermodynamic hydricity of 1 in water can be calculated based on the reduction 

potential and acidity data described above. Utilizing eq. 1-4, which employs a newly 

standardized value for the reduction of H+ to H–,12,24 the aqueous hydricity of 1 was determined 

to be ∆GºH–(H2O) = 29.7 kcal mol–1. This hydricity represents the free energy of hydride release, 

and in water includes thermodynamic consideration for the addition of water as a ligand 

following hydride transfer (denoted by the parenthetical H2O in the free energy expression). 

Hydride 1 is a stronger hydride donor (smaller ∆GºH–(H2O) value) than the monometallic hydride 

[Cp*Ir(bpy)(H)]+ (∆GºH–(H2O) = 31.5 kcal mol–1), despite being tricationic.  
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Scheme 2.4. Relevant thermochemical values of proposed catalytic intermediates. 

 

 Relating Thermochemistry to Catalysis.  

Proposed intermediates in H2 evolution catalysis are depicted in Scheme 2.4 along with 

our newly collected thermochemical data. In Scheme 2.4, hydricities are shown in green, 

measured acidities and reduction potentials are shown in red, and the free energies at standard 

state conditions for the transformations depicted are shown in blue. Each step of a formic acid 

dehydrogenation cycle can be described thermochemically. After proton dissociation from 

formic acid (pKa = 3.75), thermodynamically favorable hydride transfer occurs from formate to 

2-OH2 (∆G = – 5.6 kcal mol–1). Hydride 1 then reacts with a proton to release H2 and regenerate 

2-OH2. The driving force for H2 evolution from 1 can be estimated using a thermochemical cycle 

based on Equations 5 - 7.12  

1 + H2O ⇆ 2 + H– ∆GºH–(H2O) of 1 (5) 
H2 ⇆ H+ + H– 34.2 kcal mol–1 (6) 
1 + H+ + H2O ⇆ 2 + H2 ∆Gºrxn (7) 
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Using the calculated hydricity of 1 and the accepted estimate for the heterolytic cleavage 

of H2 in water (34.2 kcal/mol),12,24 H2 evolution is thermodynamically favorable (by 4.5 kcal 

mol–1) at standard states (pH 0). These thermochemical predictions assume that the Ir center is 

ligated only by the solvent water after H2 release. If salts or buffer components bind Ir after 

hydride transfer, their metal binding strengths can contribute to the overall free energy.20 An 

NMR titration assessed the influence of the sulfate salts used in catalysis (see Figure 2.1). Taking 

into account the free energy of sulfate substitution (∆G°OH2"SO4 = –0.4 kcal mol–1) provides an 

effective hydricity of 1 to generate the sulfate complex 2-SO4, ∆G°H–(SO4) = 29.3 kcal mol–1. As 

is optimal for catalysis, no intermediates in Scheme 2.4 are prohibitively high in energy or so 

stable as to prevent further reactivity. 

The thermochemical values given in Scheme 2.4 are at the chosen standard state of pH 0, 

however the catalytic performance of 1 is optimal over a relatively narrow range of pH 3.5-4.5.1,3 

With the well-defined equilibrium reactions of Scheme 2.4, the concentrations of key species can 

be tracked as a function of pH. Below pH 3, the rate-determining step is hydride transfer from 

formate to form 1. As the solution pH drops below the pKa of formic acid, the amount of formate 

available for metal binding and hydride transfer diminishes. For example, at pH 2, formic acid 

will undergo only 2% proton dissociation, leaving little formate to drive the hydride transfer 

reaction towards products. A large excess of formic acid relative to the catalyst can mitigate this 

effect. 

At higher pH (pH > 5), the large concentration of formate relative to 1 leads to the rate-

determining step becoming the protonation of 1 to release H2.1 In the H2 evolution step, the 

concentrations of 1 and 2 will be equal at pH 3.3.12,24,45 As the pH increases, however, the 

equilibrium concentrations redistributes increasing the concentration of 2 relative to 1, hindering 
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H2 release. Furthermore, hydride 1 (pKa = 3.1) will be deprotonated to form 3 as the pH 

increases, further hindering H2 release. At pH 3, the system reaches an idealized balance of 

acidity and hydricity parameters relative to H2 evolution.  

Photochemical H2 production in water exhibits similar behavior, with the highest 

quantum yield obtained at pH 3.6.3 A balance is again required in the system between the range 

of hydride stability and deprotonation of ascorbic acid (pKa = 4.0) providing ascorbate (which is 

responsible for quenching the excited state of [Ru(bpy)3]2+). Reductive quenching will be best at 

pH > 5, where ascorbate concentration is maximal, but the pKa of the hydride (pKa = 3.1) 

requires more acidic conditions. The reduced chromophore [Ru(bpy)3]+ is a strong reductant, 

capable of reducing 2-OH2 to 3 (thermodynamically favorable by 25 kcal mol–1).46 Near pH 3, 

the bimetallic species is protonated to form hydride 1, which releases H2 in the same manner as 

described above.  

 Hydricity Determination in Acetonitrile. 

 Hydricity is most commonly determined in acetonitrile solution. To date, only a few 

complexes have well-defined hydricity values in both water and acetonitrile.10,12,18–20,23,47 To 

better compare our thermochemical data with other metal hydrides, and to more fully develop the 

connection between the aqueous and acetonitrile hydricity scales, we set out to determine 

hydricity of 1 in acetonitrile. As with water, we chose to build a potential–pKa thermodynamic 

cycle with the reduction potential of [Cp*Ir(NCCH3)(µ-bpm)Ru(bpy)2]4+ (2-MeCN) and the pKa 

of 1 in order to determine the hydricity in acetonitrile. In acetonitrile, a different constant for the 

reduction of H+ is also used.21 
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Figure 2.9. Structural representation of 2-MeCN with ellipsoids drawn at the 50% probability 
level. The asymmetric unit contains four triflate ions that are not shown, along with CH3CN and 
THF solvent. Hydrogen atoms omitted for clarity. Selected distances (Å): Ir1-N9 2.063(4), 
Ir1−N2 2.135(4), Ir1−N9 2.063(4), Ru1−N3 2.059(4), Ru1−N4 2.088(4), Ru1−N5 2.072(4), 
Ru1−N6 2.063(4), Ru1−N7 2.061(5), Ru1-N8 2.064(4). 

Table 2.3. Summary of crystal data, data collection parameters, and structure refinement for 2-
MeCN 

Empirical formula C46H43F12IrN10O12RuS4 
Formula weight 1577.41 
Temperature/K 100 
Crystal system triclinic 
Space group P-1 

a/Å 14.8260(3) 
b/Å 15.0728(3) 
c/Å 17.1738(4) 
α/° 91.6565(12) 
β/° 103.3523(11) 
γ/° 119.0556(10) 

Volume/Å3 3218.93(12) 
Z 2 

ρcalcg/cm3 1.627 
µ/mm-1 7.909 
F(000) 1556.0 

Crystal size/mm3 0.324 × 0.163 × 0.092 
Radiation CuKα (λ = 1.54178) 

2Θ range for data collection/° 5.362 to 133.18 
Index ranges -17 ≤ h ≤ 17, -17 ≤ k ≤ 17, -20 ≤ l ≤ 20 

Reflections collected 35171 
Independent reflections 11013 [Rint = 0.0355, Rsigma = 0.0340] 
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Upon dissolution in acetonitrile, the aqua ligand of 2-OH2 is readily displaced to form 2-

MeCN. Large green block-shaped crystals of 2-MeCN were grown by slow evaporation of an 

acetonitrile/tetrahydrofuran solution (Figure 2.9). Structural comparisons between oxidized and 

reduced complexes containing bipyridyl-type ligands have been used to gain insight into 

differences in the nature of the bipyridine based reduction.48 Figure 2.10 compares the bond 

lengths in bipyrimidine between the two complexes and the contraction or elongation upon 

reduction. 

 

Figure 2.10. Bond length comparison between 2-MeCN (blue) and 3 (red) with difference in 
length upon reduction (black). Bonds that contract upon reduction are shown in red and bonds 
that lengthen are shown in green. 

 

We observed contracted bonds upon reduction, consistent with observations for free 

bipyridine48 as well as Cp*Rh(bpy).49,50 For unsubstituted bipyridine, the length of the bridging 

C–C bond between the two pyridyl rings is the best indicator of ligand reduction, with a 

contraction from 1.490 to 1.431 Å upon 1e– reduction of the ligand. An even more dramatic 

contraction of 0.081 Å is seen upon reduction of 2-MeCN to 3. The other changes in distal bond 

lengths are also consistent with both Cp*Rh(bpy)and with free bipyrimidine.48–50 
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Figure 2.11. Cyclic voltammogram of 3 referenced to Fc+/Fc in 0.1 M [Bu4N][PF6] in 
acetonitrile using a glassy carbon working electrode, Ag/Ag+ pseudo reference electrode, and a 
platinum wire counter electrode. Scan rate is 100 mV s-1. Arrow indicates direction of scan. 

 

Cyclic voltammetry was used to obtain the reduction potential in acetonitrile. The 

reduced species 3 exhibited a two-electron oxidation at −0.52 V vs Fc+/0 in 0.1 M [Bu4N][PF6] in 

acetonitrile, with a ∆Ep of 76 mV (Figure 2.11). The pKa of the hydride was determined using 1H 

NMR spectroscopy. Addition of varying amounts of [HDMF][SO3CF3] (pKa = 6.1 in MeCN)40 to 

CD3CN solutions of 3, produced equilibrium mixtures of 3 and hydride 1. The relative 

concentrations in four separate experiments with varying amounts of acid provides a calculated 

pKa of 5.5 ± 0.5 (Figure 2.12).  
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Figure 2.12. 1H NMR spectra of solutions of 3 with 0-3 equivalents of [HDMF][SO3CF3] in 
CD3CN. 

 

Hydride 1 is almost 20 orders of magnitude more acidic than [Cp*Ir(bpy)(H)]+ in MeCN 

(pKa = 23.3).10 Furthermore, the acidity of hydride 1 only changes about two pKa units upon 

moving from water to acetonitrile. A more typical shift for organometallic complexes is 6-8 pKa 

units when comparing water and acetonitrile.43,44 Even organic compounds, typically exhibit pKa 

value shifts of at 5 pKa units or more.51–53  

Examining various predictive models helps to explain the unexpectedly small solvent 

dependence of the pKa. The pKa in MeCN is related to the pKa in H2O by the solvent transfer free 

energies of each species, as depicted in Figure 2.13 and written in eq 8. 
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p𝐾a(MeCN) = p𝐾a(H2O) +
∆𝐺°tr(H2O→MeCN)(H+)

1.364
+
∆𝐺°tr(H2O→MeCN)(3)

1.364
−
∆𝐺°tr(H2O→MeCN)(1)

1.364
 (8) 

  

 

Figure 2.13. Square scheme depicting the energies necessary to determine the pKa of an iridium 
hydride (Ir-H) in different solvents. The free energy of solvation (ΔG°sv) corresponds to the 
solvation of a species from the gas phase into a solvent (acetonitrile in this figure) and the free 
energy of transfer (ΔG°tr) from one solvent to another (acetonitrile to water). 

 

Where ΔG°tr is the free energy corresponding to the transfer of a species from water into 

acetonitrile solvent. If one assumes that the solvent transfer free energies of 1 and 3 are the same, 

the difference in acidity between solvents is solely dependent on the difference in solvation 

energy of a proton for the two solvents. Kolthoff estimated the proton acceptor ability of water to 

exceed that of acetonitrile by 7.7 pKa units.54 Using this estimate, and the average ΔpKa for four 

transition metal hydride complexes43, eq 9 was proposed to adequately approximate the change 

in acidity with an error of ±1 pKa unit. 

pKa(MeCN) = pKa(H2O) + 7.5 (9) 

For complex 1, equation 9 overestimates the pKa in MeCN substantially (predicted to be 

10.6, found to be 5.5).  
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Cases where the ΔG°tr terms for the hydride and its conjugate base cannot be neglected, 

they can be calculated by determining the solvation energies of each of the components into each 

solvent (Figure 2.13). The free energy of solvation, ΔG°sv, can be estimated semi-empirically via 

eq 10.  

∆𝐺°sv =
−𝑁1𝑧3𝑒3

4𝜋𝜀72(𝑟 + 𝛿;)
<1 −

1
𝜀=
> (10) 

In eq 10, NA is Avogadro’s number, z is the charge of the species being solvated, e is the 

charge of an electron, r is the ionic radius of the species, εo is the permittivity of a vacuum, εr is 

the relative permittivity of the solvent, and δs = rs/λs where rs is the ionic radius of the solvent and 

λs is the Wertheim polarization factor. Estimating the ionic radii of 1 and 3 from the average of 

several distances in the crystal structures of 1 and 2-MeCN, allows ∆Gºsv to be calculated for 

each species. The energy of transfer between solvents (∆Gºtr(H2O"MeCN)) was then 

determined as the difference between ΔG°sv for each solvent (Eq  11).55 The pKa of 1 in MeCN 

can then be predicted based on its pKa in water using Eq 8.56 This method estimates the pKa in 

acetonitrile to be 8.7, still a substantial overestimate. 

∆𝐺°tr(H2O→MeCN) = ∆𝐺°sv(MeCN) − ∆𝐺°sv(H2O) (11) 

We finally turned to DFT to better predict the effects of solvation on 1 and 3. Geometry 

optimization was performed in vacuum, with implicit water solvation, and with implicit 

acetonitrile solvation. The free energy of solvation (ΔG°sv) and the free energy of transfer from 

water to acetonitrile (ΔG°tr) were determined from the data. Using computed values of ΔG°tr in 

equation 8 provided pKa = 5.1 in MeCN, which is in almost perfect agreement with the 

experimentally determined value. At least for this system, we have demonstrated that a 

continuum solvation method is a better predictive model than semi-empirical calculations.  



 43 

Combining the reduction potential and acidity data, and adjusting for the 2e– reduction of 

a proton (79.6 kcal mol–1)21 gives a hydricity of 63.1 kcal mol–1 in acetonitrile. This value is 1 

kcal mol–1 greater than the reported hydricity for [Cp*Ir(bpy)(H)]+ of 62 kcal mol–1.10 Typically 

transition metal hydricity correlates strongly with the reduction potential of the conjugate 

hydride acceptor (MeCN complex), with more negative potentials leading to strong hydride 

donors.57  

Kubiak et al. reported a strong correlation between reduction potential and hydricity in 

acetonitrile.58 The reduction potential of 2-MeCN, suggests that bimetallic hydride 1 would be 

expected to be a very weak hydride donor, in the range of 68 kcal mol–1. However, the pKa of 1 

is much more acidic than typical Ir hydrides, and this has an opposing effect on the hydricity 

(Eqs. 1 - 4). Thus, although the relevant reduction potential and pKa values are not similar, the 

bimetallic and monometallic hydrides end up with very similar hydricity values. Table 2.4 

highlights the thermochemical parameters measured in both solvents. It is noteworthy that 

hydride transfer from formate is thermodynamically much more favorable in acetonitrile (~20 

kcal mol–1) than in water (~5 kcal mol–1). This additional driving force could lead to more 

efficient catalytic routes to formate dehydrogenation. 

Table 2.4. Comparison of thermochemical values in acetonitrile and aqueous solvent. 

 Water Acetonitrile 
Eº of 2 –0.19 V vs NHE –0.52 V vs Fc+/Fc 

pKa of 1 3.1 5.5 
∆GºH– of 1 (kcal mol–1) 29.7 63.1 

 

Figure 2.14 shows how experimental hydricity changes in moving from acetonitrile and 

water for 1 and several other complexes. All of the hydrides are more hydridic (better hydride 

donors, lower ∆G°H–) in water than in acetonitrile, due in part to the different constant for the 
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H+/H– reduction in each solvent, which is reflected in the hydricity of H2 (Figure 2.14). 

However, if this was the only factor contributing to the differences in hydricities, there would be 

a systematic difference of 41.8 kcal mol–1 for each species. The charged species released upon 

hydride donation are better stabilized in water (ε = 78.4)55 than in acetonitrile (ε = 35.9)55 and 

additional factors such as hydrogen bonding interactions can also influence the experimentally 

observed difference.47 The largest values of ∆∆G°H– are in the range 33-35 kcal mol–1, for 1, 

[HFe4N(CO)12]–,19 and [HNi(dmpe)2]+.26 Two of these complexes are large multimetallic species 

capable of efficient delocalization, however more detailed studies are required in order to 

elucidate factors that influence the magnitude of ∆∆G°H– between the two solvents. 

 

Figure 2.14. Comparison of complexes with reported hydricities in acetonitrile and water (tpy is 
2,2':6',2"-terpyridine; DHMPE is 1,2-bis(bis(hydroxymethyl)-phosphino)ethane); DMPE 
is 1,2-bis(dimethylphosphino)ethane ).10,18,20,23,26,47 
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2.3 Conclusions 

Several heterobimetallic catalytic intermediates have been isolated and characterized in 

solution using electrochemical methods, UV-Vis spectroscopy, and NMR spectroscopy. 

Complexes 2-MeCN and 3 were structurally characterized by X-ray crystallography. The 

electronic structure of the reduced species 3 was investigated by DFT and TD-DFT, revealing a 

significant degree of metal-ligand delocalization. The stability afforded by delocalization is 

responsible for the surprisingly strong acidity of 1. Solvation energies approximated using 

continuum solvation models in DFT calculations accurately predicted the subtle change in pKa 

upon moving from water to acetonitrile.  

This work includes the first reported structural, electrochemical, and thermodynamic 

characterization of heterobimetallic Cp*Ir/Ru complexes. The doubly-charged Ru center 

provides good solubility in both polar organic solvents and water, enabling the determination of 

hydricity using a potential–pKa thermodynamic cycle in both water and acetonitrile. While the 

acidity of 1 remains relatively constant between solvents, the hydricity values are quite different 

in water and acetonitrile. The catalytic activity of 1 towards photochemical hydrogen evolution 

and formate dehydrogenation was considered in the context of the newly available 

thermochemical values. The large difference in the hydricity of 1 between water and acetonitrile 

has the potential for use as a catalytic tool to modulate hydride reactivity in different solvent 

environments. 

2.4 Experimental and Supplementary Details 

 General Considerations. 

All synthetic procedures were carried out using a nitrogen-filled glove box or a nitrogen 

Schlenk line unless otherwise noted. Water was thoroughly degassed with nitrogen prior to use. 
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Organic solvents were dried and degassed with argon using a Pure Process Technology solvent 

system. D2O and CD3CN were purchased from Cambridge Isotope Laboratories, Inc. and used as 

received for air-stable samples. Dissolved oxygen was removed by sparging with nitrogen (D2O) 

or through three freeze–pump–thaw cycles (CD3CN) before being stored in a glovebox. 

[Cp*Ir(Cl)2]2,59 [Ru(bpy)2(Cl)2],60 [Ru(bpy)2(OH2)2][SO3CF3]2,61 and [Cp*Ir(OH2)3][SO3CF3]262 

were synthesized according to literature procedures.  

1H NMR spectra were recorded on either a 400 or 600 MHz spectrometer at 25 °C. 

Chemical shifts are reported with respect to residual organic solvents63 or a dioxane internal 

standard in D2O. UV-Vis spectra were obtained with either a Cary 60 spectrophotometer or an 

Ocean Optics USB2000+ spectrometer with a DT-MINI-2GS deuterium/tungsten halogen light 

source controlled by OceanView software. Solution pH was recorded with either an OrionStar 

A111 pH meter with a Beckman-Coulter pH probe or a Hach PHW47-SS ISFET probe and Hach 

H170 portable meter.  

Inductively coupled plasma-mass spectrometry (ICP-MS) using an Agilent Technologies 

7500x series ICP-MS at the UNC Biomarker Mass Spectrometry Facility and was employed to 

determine iridium and ruthenium concentrations for UV-Vis. A calibration curve of iridium and 

ruthenium from 10-500 ppb was generated and used to determine the concentrations of the UV-

Vis samples.  

Mass spectrometry was carried out with a LTQ FT (ICR 7T) (ThermoFisher, Bremen, 

Germany) mass spectrometer. Samples (in H2O/MeOH solution) were introduced via a micro-

electrospray source at a flow rate of 3 µL/min. Xcalibur (ThermoFisher, Breman, Germany) was 

used to analyze the data. Molecular formula assignments were determined with Molecular 

Formula Calculator (v 1.2.3). 
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Single-crystal X-ray diffraction data was collected on a Bruker APEX-II CCD 

diffractometer at 100 K with Cu Kα radiation (λ = 1.54175 Å). The structures were solved with 

the olex2.solve structure solution program using charge flipping and refined with the XL 

refinement program using least-squares minimization. See SI section I for additional details. 

 Electrochemistry. 

Electrochemical studies were performed using a Pine WaveNow potentiostat or 

WaveDriver bipotentiostat controlled with Aftermath software. For cyclic voltammetry, an 

undivided 3-electrode cell with a 3-mm diameter glassy carbon electrode that was polished 

between scans with 0.05-micron alumina powder was used. Controlled potential electrolysis 

studies were performed in a pressure-bridged divided H-cell. A reticulated vitreous carbon 

electrode (RVC) impaled on a graphite rod was utilized as the working electrode. For both 

experiments, a platinum wire counter electrode, and a Ag/AgCl (3M NaCl) reference electrode 

were used. All potentials are reported versus NHE by adding +0.21 V to potentials measured 

versus Ag/AgCl.64 

A 1.3 mg (1.17 µmol) sample of 2-OH2 was dissolved in 2.5 mL 0.1 M sodium 

phosphate electrolyte adjusted to pH 7 and transferred to one compartment of an electrochemical 

H-cell equipped with a reticulated vitreous carbon (RVC) working electrode, a Ag/AgCl 

reference electrode, and a platinum wire auxiliary electrode. Under N2, the sample was 

electrolyzed at -0.54 V vs NHE for 90 minutes. During electrolysis, –174.9 mC of current was 

passed which corresponds to 1.55 e– per molecule of complex. 

 

 



 48 

 Determination of pKa in Water and Aceonitrile. 

The spectrophotometric titration of [Cp*Ir(OH2)(µ-bpm)Ru(bpy)2][SO3CF3]4 (2-OH2) 

was performed starting from a solution of 2-OH2  in 0.1 M phosphate buffer (pH 11.06). An 

initial absorbance spectrum of the complex was taken and the initial pH of the solution was 

recorded with a glass body pH probe. The metal complex concentration was determined by ICP-

MS. Aliquots of dilute triflic acid were added, with absorbance spectra and solution pH 

measured after each addition. The pKa was determined by least squares fitting of the data to the 

Henderson-Hasselbalch equation. After the titration, addition of dilute sodium hydroxide 

reformed [Cp*Ir(OH)(µ-bpm)Ru(bpy)2][SO3CF3]3, confirming that no complex decomposition 

had occurred. An analogous titration of 2-OH2 in 0.1 M sodium triflate was consistent with the 

value measured in phosphate buffer, suggesting that phosphate binding does not occur to a 

significant extent. 

Spectrophotometric titrations of [Cp*Ir(µ-bpm)Ru(bpy)2][SO3CF3]2 (3) were performed 

in a nitrogen glovebox. The complex was dissolved in 0.1 M sodium phosphate (2.5 < pH < 3.5) 

to form hydride [Cp*Ir(H)(µ-bpm)Ru(bpy)2][SO3CF3]3 (1) in situ. Aliquots of dilute sodium 

hydroxide were added, with absorbance spectra and solution pH measured after each addition. 

The pKa was determined by least squares fitting of the data to the Henderson-Hasselbalch 

equation.  

The pKa of [Cp*Ir(H)(µ-bpm)Ru(bpy)2][SO3CF3]3 in acetonitrile was determined by 

NMR spectroscopy. Six different solutions of 3 were prepared in NMR tubes and to each was 

added varying equivalents of [HDMF][SO3CF3] in CD3CN (Figure S13). The concentrations of 1 

and 3 were determined relative to a mesitylene internal standard and used to calculate and 

average pKa of 5.5 in acetonitrile. 
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 Synthetic Procedures. 

Synthesis of [Ru(bpy)2(bpm)][SO3CF3]2. Bipyrimidine (43 mg, 0.272 mmol) was dissolved in 

water (5 mL) and added to a solution of [Ru(bpy)2(H2O)2][SO3CF3]2 (200 mg, 0.268 mmol) in 

water (5 mL) with stirring in a 20 mL scintillation vial. The mixture was stirred at room 

temperature for 5 hours and a brown-orange powder was isolated in vacuo. Excess bipyrimidine 

was removed by dissolving the crude product mixture in methanol and isolating the desired solid 

upon addition of diethyl ether in 92% yield. 1H NMR (400 MHz, D2O) δ 9.07 (d, J = 5.0 Hz, 

2H), 8.55 (dd, J = 8.3, 3.7 Hz, 4H), 8.22 (d, J = 6.1 Hz, 2H), 8.08 (q, J = 8.5 Hz, 4H), 7.93 (d, J 

= 5.6 Hz, 2H), 7.78 (d, J = 5.7 Hz, 2H), 7.58 (t, J = 5.3 Hz, 2H), 7.41 (dt, J = 18.4, 6.6 Hz, 4H). 

 

Synthesis of [Cp*Ir(OH2)(µ-bpm)Ru(bpy)2][SO3CF3]4 (2-OH2). Based on a previous preparation 

in neutral water,1 [Cp*Ir(OH2)3][SO3CF3]2 (150 mg, 0.221 mmol) was dissolved in pH 2 H2O 

adjusted with triflic acid and added to a Schlenk flask. [Ru(bpy)2(bpm)][SO3CF3]2 (192 mg, 

0.221 mmol) was then added to the flask with stirring. The mixture was stirred in pH 2 H2O (35 

mL) for 2 hours at room temperature. A dark green crystalline solid was isolated in vacuo in 94% 

yield. Reactions run at pH > 362 resulted in formation of [(Cp*Ir)2(µ-OH)3][SO3CF3] and 

incomplete conversion to the product. 1H NMR (600 MHz, D2O) δ 9.49 (dd, J = 19.2, 5.6 Hz, 

2H), 8.60 (dt, J = 24.1, 8.1 Hz, 6H), 8.27 (d, J = 5.6 Hz, 1H), 8.21 (t, J = 7.9 Hz, 1H), 8.19 – 

8.08 (m, 3H), 8.03 (dt, J = 11.0, 5.7 Hz, 2H), 7.75 (dd, J = 32.0, 5.7 Hz, 2H), 7.62 – 7.53 (m, 

2H), 7.51 – 7.39 (m, 3H) 1.79 (s, 15H). 13C{1H} NMR (151 MHz, D2O) δ 167.15, 163.48, 

163.25, 157.64, 157.46, 157.42, 157.29, 153.70, 152.59, 152.19, 151.80, 140.09, 140.02, 139.85, 

139.83, 128.51, 128.45, 128.42, 128.33, 128.26, 128.16, 125.42, 125.32, 125.27, 92.00, 8.78. 

HRMS (ESI+) m/z [Cp*Ir(OH)(µ-bpm)Ru(bpy)2][Cl2] + MeOH calcd, 1019.15; found, 1018.95. 
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Synthesis of [Cp*Ir(µ-bpm)Ru(bpy)2][SO3CF3]2 (3) Aqua complex 2-OH2 (50 mg, 0.033 mmol) 

was dissolved in 2 mL water and a 5 M pH 5 formate solution (52.8 µL, 0.264 mmol) was added 

with stirring. Dichloromethane (4 mL) was added to the reaction mixture. The biphasic reaction 

mixture was stirred at room temperature for 4 hours. After color transfer from the water layer to 

the dichloromethane layer was observed, the bright violet organic layer was separated from the 

water layer. The pure product was isolated in vacuo in 75% yield. 1H NMR (600 MHz, D2O) δ 

8.79 (d, J = 6.7 Hz, 2H), 8.48 (t, J = 8.5 Hz, 4H), 8.09 – 7.94 (m, 6H), 7.86 (d, J = 5.6 Hz, 2H), 

7.32 (q, J = 7.3 Hz, 4H), 7.07 (d, J = 4.6 Hz, 2H), 6.09 (dd, J = 6.8, 4.5 Hz, 2H), 2.02 (s, 15H). 

13C{1H} NMR (101 MHz, D2O) δ 158.07, 157.62, 155.05, 152.61, 152.47, 148.60, 143.00, 

137.96, 127.54, 127.22, 124.21, 108.49, 88.27, 9.33.  

 

Synthesis of [Cp*Ir(H)(µ-bpm)Ru(bpy)2][SO3CF3]3 (1) The hydride was prepared in situ using 

2.8 equivalents of [HDMF][SO3CF3] to protonate 3 in acetonitrile and generate [Cp*Ir(H)(µ-

bpm)Ru(bpy)2][SO3CF3]3 (1). 1H NMR (400 MHz, CD3CN) δ 9.13 (t, J = 5.6 Hz, 2H), 8.57 (d, J 

= 8.4 Hz, 2H), 8.53 (t, J = 7.7 Hz, 2H), 8.20 (t, J = 8.1 Hz, 1H), 8.17 – 8.09 (m, 7H), 7.76 (d, J = 

5.7 Hz, 1H), 7.68 (t, J = 5.6 Hz, 2H), 7.66 – 7.61 (m, 1H), 7.56 (t, J = 6.6 Hz, 1H), 7.47 (d, J = 

6.6 Hz, 3H), 1.95 (s, 15H), –11.81 (s, 1H). 

 Computational Methods and Results.  

All calculations were done using Gaussian 0965. Calculations of solvation energies were 

done through geometry optimization/frequency calculations of complexes 1 and 3 in the gas 

phase and using the SMD solvation model for water and acetonitrile. Calculation were done 

using the unrestricted B3LYP functional and the LANL2DZ66,67 basis set for Ir and the 6-311G* 
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basis set for all other atoms. The absence of any negative frequencies confirmed that the 

calculated structures were minima for the complexes. This computational protocol was used in 

order to using the calculated free energy of H+ at the same level of theory.56 

Electronic structure calculations for complex 3 were done using a different computational 

protocol based on agreement with experimental UV-Vis spectra. The geometry of complex 3 was 

optimized using the M06, B3LYP, and PBE functionals and the LANL2DZ ECP basis set66,67 for 

Ir and Ru and 6-31G* for all other atoms. Aqueous solvation was modeled using the PCM 

solvation model. The first 50 excitations from the optimized geometric structure of 3 were 

calculated with each functional. Calculations were analyzed using the Chemcraft suite with 

orbitals depicted with a contour value of 0.045. Table 2.5 provides the excitations using the PBE 

functional (see main text for comparison with experimental UV-vis spectrum and orbitals 

involved in lowest energy transition). Figure 2.15 and Figure 2.17 show the comparison of 

calculated transitions and experimental spectra using the M06 and B3LYP functionals, 

respectively. Figure 2.16 and Figure 2.18show the molecular orbitals involved in the lowest 

energy transition calculated using the M06 and B3LYP functionals, respectively. 

 

 

 

 

 

 



 52 

Table 2.5. Characterizations of the excitations of 3 calculated using the PBE functional. 
Wavelength is reported in nm, f is the oscillator strength of the transition, 1e is the highest 
percentage one-electron transition, and CT describes the location of electron density in the two 
MOs involved in the highest percentage one-electron transition. 

Transition λ 
(nm) f 1e CT 

1 736 1.1E-01 HOMO à 
LUMO+2 Cp* +Irdπ + bpm(π) à Irdπ +bpm(π) +Rudπ 

2 678 3.1E-03 HOMO à 
LUMO Cp* +Irdπ + bpm(π) à Irdπ + bpy(π*) 

3 665 2.1E-03 HOMO  à 
LUMO+1 Cp* +Irdπ + bpm(π) à Rudπ + bpy(π*) 

4 537 4.5E-02 HOMO à 
LUMO+3 Cp* +Irdπ + bpm(π) à bpm(π*) 

5 467 1.7E-01 HOMO à 
LUMO+4 

Cp* +Irdπ + bpm(π) à Irdπ + bpy(π*) + p 
orbitals on bpm-N 

6 433 4.5E-03 HOMO-1 à 
LUMO+1 Rudπ à Rudπ + bpy(π*) 

7 433 1.2E-03 HOMO-1 à 
LUMO Rudπ à Irdπ + bpy(π*) 

8 431 1.5E-03 HOMO à 
LUMO+5 Cp* +Irdπ + bpm(π) à bpy(π) 

9 428 2.4E-01 HOMO à 
LUMO+6 

Cp* +Irdπ + bpm(π) à Irdπ + Cp* + bpm(π*) 
+ bpy(π*) 

10 419 3.8E-03 HOMO-1 à 
LUMO+2 Rudπ à Irdπ +bpm(π) +Rudπ + bpy(π) 

11 414 1.8E-02 HOMO-4 à 
LUMO+2 

Irdπ + bpm(π) + Rudπ à Irdπ +bpm(π) +Rudπ 
+ bpy(π) 

12 408 1.1E-02 HOMO à 
LUMO+9 

Cp* +Irdπ + bpm(π) à Irdπ + bpy(π*) + Rudπ 
+ bpm(π*) 

13 405 6.0E-04 HOMO à 
LUMO+8 Cp* +Irdπ + bpm(π) à Irdπ + bpy(π*) 

14 405 1.0E-02 HOMO-1 à 
LUMO+2 Rudπ à Irdπ +bpm(π) +Rudπ + bpy(π) 

15 403 3.2E-03 HOMO-3 à 
LUMO+1 Rudπ + bpy(π) à Rudπ + bpy(π*) 

16 398 2.0E-04 HOMO-3 à 
LUMO Rudπ + bpy(π) à Irdπ + bpy(π*) 

17 388 1.4E-01 HOMO-2 à 
LUMO Irdπ + Rudπ + bpy(π) à Irdπ + bpy(π*) 

18 379 1.1E-02 HOMO-2 à 
LUMO+2 

Irdπ + Rudπ + bpy(π) à Irdπ + bpm(π) +Rudπ 
+ bpy(π) 

19 378 7.6E-02 HOMO-2 à 
LUMO+1 Irdπ + Rudπ + bpy(π) à Rudπ + bpy(π*) 
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20 359 2.0E-04 HOMO-3 à 
LUMO+2 

Rudπ + bpy(π) à Irdπ +bpm(π) +Rudπ + 
bpy(π) 

21 347 3.0E-04 HOMO à 
LUMO+9 

Cp* +Irdπ + bpm(π) à Irdπ + bpy(π*) + Rudπ 
+ bpm(π*) 

22 335 1.6E-03 HOMO-7 à 
LUMO+2 Irdπ + Cp* à Irdπ +bpm(π) +Rudπ + bpy(π) 

23 331 4.0E-04 HOMO-4 à 
LUMO Irdπ + bpm(π) + Rudπ à Irdπ + bpy(π*) 

24 329 6.0E-04 HOMO-1 à 
LUMO+9 Rudπ à Irdπ + bpy(π*) + Rudπ + bpm(π*) 

25 328 4.3E-02 HOMO-1 à 
LUMO+3 Rudπ à bpm(π*) 

26 326 1.3E-03 HOMO-4 à 
LUMO+1 Irdπ + bpm(π) + Rudπ à Rudπ + bpy(π*) 

27 322 0.0E+00 HOMO-1 à 
LUMO+11 Rudπ à Ru-Nbpy σ* 

28 322 5.1E-03 HOMO-1 à 
LUMO+4 

Rudπ à Irdπ + bpy(π*) + p orbitals on bpm-
N 

29 321 8.0E-04 HOMO-5 à 
LUMO Irdπ + Cp* + Rudπ à Irdπ + bpy(π*) 

30 317 5.3E-03 HOMO-5 à 
LUMO+1 Irdπ + Cp* + Rudπ à Rudπ + bpy(π*) 

31 316 2.6E-03 HOMO-3 à 
LUMO+3 Rudπ + bpy(π) à bpm(π*) 

32 314 1.0E-01 HOMO-2 à 
LUMO+3 Irdπ + Rudπ + bpy(π) à bpm(π*) 

33 314 2.1E-03 HOMO-3 à 
LUMO+3 Rudπ + bpy(π) à bpm(π*) 

34 305 2.2E-02 HOMO-3 à 
LUMO+3 Rudπ + bpy(π) à bpm(π*) 

35 304 1.0E-03 HOMO-1 à 
LUMO+5 Rudπ à bpy(π) 

36 304 7.5E-03 HOMO-3 à 
LUMO+4 

Rudπ + bpy(π) à Irdπ + bpy(π*) + p orbitals 
on bpm-N 

37 304 1.3E-03 HOMO-4 à 
LUMO+6 

Irdπ + bpm(π) + Rudπ  à Irdπ + Cp* + 
bpm(π*) + bpy(π*) 

38 303 4.4E-03 HOMO-5 à 
LUMO+3 Irdπ + Cp* + Rudπ à bpm(π*) 

39 301 2.1E-03 HOMO-6 à 
LUMO+2 

Irdπ + p orbitals on bpy-N +Cp* à Irdπ 
+bpm(π) +Rudπ + bpy(π) 

40 300 3.0E-03 HOMO à 
LUMO+14 Cp* +Irdπ + bpm(π) à 

41 300 5.2E-03 HOMO-5 à 
LUMO+6 

Irdπ + Cp* + Rudπ à Irdπ + Cp* + bpm(π*) + 
bpy(π*) 
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42 298 2.0E-04 HOMO à 
LUMO+11 

Cp* +Irdπ + bpm(π) à Cp* + Irdπ + p 
orbitals on bpm-N + Rudπ + p orbitals on 

bpy-N 

43 297 2.0E-01 HOMO-4 à 
LUMO+3 Irdπ + bpm(π) + Rudπ à bpm(π*) 

44 297 5.0E-02 HOMO-1 à 
LUMO+8 Rudπ à Irdπ + bpy(π*) 

45 295 4.7E-02 HOMO-1 à 
LUMO+7 Rudπ à Rudπ + bpy(π) 

46 291 5.3E-03 HOMO-1 à 
LUMO+8 Rudπ à Irdπ + bpy(π*) 

47 290 3.7E-02 HOMO-3 à 
LUMO+5 Rudπ + bpy(π) à bpy(π) 

48 289 4.3E-03 HOMO-2 à 
LUMO+5 Irdπ + Rudπ + bpy(π) à bpy(π) 

49 287 1.8E-02 HOMO-3 à 
LUMO+7 Rudπ + bpy(π) à Rudπ + bpy(π) 

50 286 7E-03 HOMO-3 à 
LUMO+8 Rudπ + bpy(π) à Irdπ + bpy(π*) 

 

 

Figure 2.15. Experimental (black line) and calculated (vertical blue lines) UV-Vis spectrum 
using the M06 functional. 
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Figure 2.16. Molecular orbital depictions of the HOMO, LUMO, and LUMO+2 orbitals 
calculated using the M06 functional. 

 

 

Figure 2.17. Experimental (black line) and calculated (vertical blue lines) UV-Vis spectrum 
using the B3LYP functional. 
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Figure 2.18. Molecular orbital depictions of the HOMO, LUMO, and LUMO+2 orbitals 

calculated using the B3LYP functional. 
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 Aqueous Hydricity from Calculations of Reduction Potential and Acidity in 
Water 

 

Reproduced in part with permission from Brereton, K. R.; Bellows, S. M.; Fallah, H.; Lopez, A. 
A.; Adams, R. M.; Miller, A. J. M.; Jones, W. D.; Cundari, T. R. J. Phys. Chem. B. 2016, 120, 
12911. Copyright American Chemical Society 2016. 

 

3.1 Introduction 

Thermodynamic hydricity (∆GºH–), or hydride donating ability, is the free energy 

required to heterolytically cleave a metal hydride bond to generate a hydride (H–).1–6 Transition 

metal hydrides are key intermediates in many catalytic transformations and, as described in 

Chapter 2, hydricity can be used to rationalize the reactivity of these complexes.1,3–5,7–11 The 

majority of hydricity values have been determined in acetonitrile, but there is a growing interest 

in understanding transition metal hydricity in water.3–6,8,12–15 The demonstrated utility of 

hydricity for catalyst design in acetonitrile10,16 motivates expansion into aqueous media, where 

many catalytic transformations relevant to energy storage technologies occur.17–21 

Experimental determination of aqueous hydricity is fraught with challenges relative to 

similar measurements in acetonitrile. For example, one can construct a pKa – potential 

thermodynamic cycles22 to determine the hydricity of a species through measurement of the 

acidity of the hydride and the reduction potential of its conjugate base (eq 1).  

∆GºH–(M–H+) = 1.364(pKa) – (–46.12)(Eº(III/I)) + 34.2 (1) 
 



 62 

However, the insolubility of the neutral conjugate base of the hydride (or other species 

involved) in water can inhibit electrochemical and acidity measurements.5 Equilibria with 

species of known hydricity can be used to avoid these challenges by avoiding problematic 

intermediates, but different complexities arise. In the seminal report of Creutz and coworkers on 

aqueous hydricity, a series of complicated approach-to-equilibrium kinetic measurements with 

CO2 were carried out to determine the needed equilibrium constants.14,15 Equilibria with H2 can 

also be used to measure a relative hydricity value, but these experiments must overcome the 

relative insolubility of H2 in water (eq 2).4 

[LnM–H]+ + H+ ⇆  [LnM]2+ + H2  (2) 
 

Considering the uncertainty and difficulty involved in experimental measurements in 

water, simple and straightforward computational methods to calculate the reduction potential and 

pKa of a metal hydride would enable a more versatile and thorough understanding of the 

thermodynamics of the complex and would provide the hydricity value directly through eq 1. 

There have been a variety of computational approaches to hydricity in acetonitrile, including 

calculations of the free energy for heterolytic cleavage of H2 to form the hydride complex (eq 

2).23,24 Direct calculations using an estimated value for the free energy of a solvated hydride have 

also been used (eq 3).23,25  

[LnM–H]+ ⇆  [LnM]2+ + H– (3) 
 

Finally, isodesmic reaction schemes, similar to equilibrium reaction used experimentally, 

can be used to avoid estimation of the energy of free H–; these calculations are referenced to an 
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experimentally determined hydricity value (eq 4, where “ref–H” is a complex with a known 

hydricity).26  

[LnM–H]+ + [ref]2+ ⇆  [LnM]2+ + [ref–H]+ (4) 
 

In both acetonitrile and water, extensive efforts have been made to accurately calculate 

acidities and reduction potentials using Density Functional Theory (DFT).26–31 However, to our 

knowledge, there is only one DFT calculation of aqueous hydricity (through reference to the H2 

couple, eq 2),24 and there have been no calculations of pKa – potential thermodynamic cycles in 

water despite the well-established methods for obtaining acidities and reduction potentials 

computationally. Capitalizing on these methods, we set out to build such cycles in order to 

determine aqueous hydricity. 

The subjects of our study are structurally homologous iridium hydrides with well-defined 

hydricity values recently reported by our group5 (complexes 1 - 7 in Figure 3.1, where the 

reduced form of 1 would be 1[red], the hydride donor form is 1[H] and the aquo acceptor is 

1[OH2]), which provide direct comparisons between experimentally determined and 

computational hydricities. Through the development of appropriate training sets for aqueous 

reduction potentials and pKa values, accurate computational models have been developed. 

Combining these thermodynamic parameters provides aqueous hydricity values that show good 

numerical agreement with experiment and also correctly predict the trend of shifting hydricity 

upon electronic perturbations of the bipyridine supporting ligand. 
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Figure 3.1. [Cp*Ir(bpy)] complexes under study. [red] refers to the 2e– reduced complex, [H] 
refers to the Ir–H, and [OH2] refers to the oxidized complex which is coordinated by an aqua 
ligand in aqueous solvent. 

 

3.2 Computational Protocol 

All calculations were performed using the Gaussian0932 package. The valence basis set 

LANL2DZ was used for the metal and the Pople triple-ζ basis set 6-311G* was used on 

remaining atoms with use of the B3LYP, M11, or B3P86 functionals. B3LYP is a frequently 

employed functional for calculations involving transition metal complexes, including reduction 

potentials.23,25,27 The M11 functional was efficiently utilized for the construction of Pourbaix 

diagrams in water for ruthenium-based water oxidation catalysts.28 The B3P86 functional was 

utilized to calculate reduction potentials, acidities, and hydricities of Ni, Pt, Co, Pd, and Rh 

diphosphine complexes.26 The success of these functionals in calculations involving transition 

metal redox chemistry motivated our choice to include them in the present tests. 

On the basis of preliminary calculations (vide infra), it was deemed prudent to do all 

geometry optimizations using the Solvation Model based on Density (SMD). Free energies are 

reported in kcal mol-1 at STP and 1 M concentrations. Reduction potentials (E°) were determined 

from the calculated free energy of the reaction using equation 5 where n is the number of 
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electrons involved in the reduction, F is Faraday’s constant (23.06 kcal V-1 mol-1) and Eº is the 

reduction potential versus vacuum. The potential vs. vacuum was converted to the 

experimentally relevant Normal Hydrogen Electrode (NHE) reference electrode by subtracting 

4.28 V.27 

𝐸° = 	
– 𝑛𝐹
∆𝐺°DEFD

 (5) 

Acidity was calculated according to the method of Muckerman et. al.30 A training set was 

constructed consisting of monocationic organic acids and their conjugate bases that were 

optimized using the B3LYP functional and 6-311G* basis set in SMD-water. The calculated pKa 

values were obtained using the literature value for the free energy of a proton in aqueous solution 

(–272.2 kcal mol–1).30 

3.3 Results and Discussion  

 Comparison of Computational Methods in the Reduction of an Iridium Complex. 

As the 1e– reduction potential of tris(phenylpyridine)iridium(IV), [Ir(ppy)3]+ (8) is firmly 

established by experiment,33 preliminary calculations using several functionals and solvation 

models were evaluated in order to select an appropriate method for this work. The aqueous 

reduction potential of complex 8 was first calculated using the B3LYP, M11, and B3P86 

functionals by performing a gas-phase geometry optimization and frequency calculation, 

followed by a single-point energy calculation of the gas-phase optimized structure in the SMD 

solvent model of water. The B3LYP functional accurately reproduced the experimental potential 

(Table 3.1, Eºcalc = 4.96 V, Eºexp = 4.94 V), whereas the other functionals were incorrect by 300 – 

700 mV.33  
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Table 3.1. Optimal computational protocol screen for the reduction potential of complex 8 in 
water. 

                           
 Eº (V vs vacuum) 

Optimization method B3LYP B3P86 M11 exp33 

Gas phase 4.96 5.21 5.64 
4.94 SMD-water 4.96 5.31 5.59 

Explicit water 5.31 5.47 5.77 
 

To explore the influence of optimization with an implicit solvent model on the performance 

of the functionals, the geometry was re-optimized in water using the SMD solvent model. For the 

case of complex 8 using B3LYP, the calculated reduction potential did not change, and B3LYP 

still best reproduces the experimental potential (Table 3.1).  

The role of explicit water molecules was also probed using the B3LYP functional. Water 

molecules were added above and below the plane of each aromatic ligand to model potential 

π•••H2O interactions similar to those seen in calculations of benzene-water azeotropes.34 The 

thermodynamics of water interactions in the secondary coordination sphere were explored 

further and these interactions are entropically unfavorable, but enthalpically favorable. 

Optimization of complex 8 with six explicit water molecules in conjunction the SMD-water 

solvent model provided E°calc = 5.31 V for the B3LYP functional, which is a greater deviation 

from the reported potential (Table 3.1) than calculations without explicit waters included in the 

model.  

N
IrIV

N

N

8

+
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In summary, this preliminary screen clearly shows that optimizations using the SMD 

solvent model and the B3LYP functional provided the best agreement for an iridium complex 

that is relatively similar in structure to the iridium complexes of interest in this study. 

 Reduction Potential Correction Factor from a 1e– Inorganic Training Set. 

With a computational strategy in place, we set out to calculate aqueous reduction 

potentials. As is common in the development of a suitable training set for calculations, a series of 

complexes structurally similar to those of interest with known aqueous reduction potentials was 

first pursued. Muckerman et al. effectively demonstrated how the correlation between calculated 

and experimental values for a training set of species can be used to calculate pKa values30 as well 

as directly calculate hydricity in acetonitrile.25 The initial training set investigated was comprised 

of a series of octahedral iridium and ruthenium complexes with 1e– reduction potentials reported 

in water (Chart 3.1). 

Chart 3.1. Water-soluble cyclometallated iridium complexes used as training set for calculation 
of reduction potentials. 

 

Some of the complexes in the training set contain sulfonate or phosphonate anions on the 

periphery of the ligand, which impart improved solubility in water and thus allow experimental 
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determination of reduction potentials. However, we found these substituents to complicate 

computational determination of reduction potentials. Gas phase geometry optimizations yielded 

structures with significant spin density on these anionic functional groups, so the computational 

methods were re-investigated for this specific subset, with each complex optimized with the 

SMD-water solvation model and the B3LYP, M11, and B3P86 functionals. These simulations 

resulted in ~50:50 spin delocalization on the IrIV metal and the two phenylpyridine ligands only 

for geometry optimizatons performed with the implicit solvation model. The RuIII complexes 

have the unpaired electron density almost entirely localized on the metal in all calculations.  

Owing to the charge localized on the functional groups, the geometry optimization of 

complexes containing sulfonate groups is greatly impacted by implicit solvation. The high polarity 

of these substituents, their location on the periphery of the complexes, and the large dielectric 

constant of water (ε = 78.4)35 all contribute to the placement of spin density. For Ir(dfppy)2(BPS) 

(dfppy = 2-(2,4-difluorophenyl; BPS = bathophenanthroline disulfonate) the single-point SMD 

solvation model gave Eºcalc = 5.32 V, whereas optimization using the SMD model gave Eºcalc = 

5.53. The latter value is in better agreement with the experimental value of 6.02 V.36 These results, 

in conjunction with those discussed in the previous section, indicate that geometry optimization in 

water is superior to gas-phase optimization in the accurate determination of the redox site of the 

molecule, and should be considered essential to computational protocols for calculation of Eº and 

hydricity (using eq 1).  

Using the best-performing computational methods identified, reduction potentials for the 

Ir and Ru complexes in the training set were calculated with implicit water solvation. The 

resulting data shown in Figure 3.2 exhibits a very weak correlation between experimental and 

calculated reduction potentials. This lack of correlation precludes the determination of a 
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correction factor derived from the linear fit of the data in Figure 3.2. This weak correlation 

highlights the difficulty in determining aqueous reduction potentials for transition metal 

complexes. The outliers (∆Gºcalc ~ –127 kcal mol–1) in Figure 3.2 are both iridium and ruthenium 

complexes and possess no similarities that might account for their deviation from the trend 

produced by the rest of the training set. The uncertainty inherent in calculations of this type led 

to the pursuit of more electrochemically similar reductions to compose the training set for the 

calculation of aqueous reduction potentials.  

 

Figure 3.2. Training set of 1e– reduction potentials in water for a series of cyclometallated Ir and 
Ru complexes. The red dashed line represents an ideal correlation between calculated and 
experimental values. The black dashed line represents the best linear fit to the black data points. 

 

 Reduction Potentials from 2e– Organic Training Set.  

The lack of correlation when pursuing a structurally homologous approach, Figure 3.2, 

led us to pursue a more electrochemically homologous method. It was hypothesized that a 

training set featuring 2e–/2H+ reduction events would better approximate the 2e– potentials of the 

complexes of interest. Unfortunately, there is not a large enough set of fully reversible 2e– 
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reduction potentials for transition metal complexes, even when one allows for processes with 

chemical steps (EEC or ECE). Therefore, we attempted to build a 2e– reduction training set using 

quinone/hydroquinone potentials. Although not metal-based, the 2e–/2H+ reduction of quinones 

(Chart 3.2A) provides a more electrochemically similar model for the 2e– reduction of complexes 

1 - 7. Additionally, a large amount of accurate electrochemical data is available for structurally 

similar quinones.37 The structures and reduction potentials of the quinones chosen for the 

training set are shown in Chart 3.2B. 

Chart 3.2. A) 2e–/2H+ reduction calculated for training set. B) Series of quinone derivatives and 
experimental aqueous reduction potentials (in V vs. NHE) used for training set. 

 

Using the B3LYP functional and optimization the implicit SMD solvation model for 

water, the free energy of a modified reduction half-reaction was calculated. Equation 6 shows the 

half-reaction represented by ∆G°calc. 

∆G°calc = G°(HQ) – G°(Q) – 2G°(H+) (6) 
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In eq 6, HQ is the hydroquinone, Q is the quinone, and H+ is the literature value for the 

calculated free energy of a proton in aqueous solution, –272.2 kcal mol-1.30 Equation 6 differs 

from a traditional reduction half-reaction because the energy of the free electrons is not 

considered.  

 

Figure 3.3. Training set of 2e– reduction potentials for a series of quinone derivatives in aqueous 
solution. The red dashed line represents an ideal correlation between calculated and experimental 
values. The black dashed line represents the best linear fit to the black data points. 

 

Figure 3.3 compares the calculated free energy from eq 6 with the experimental values 

for the quinone 2e–/2H+ reduction training set. The correlation between calculated and 

experimental free energies of reduction in Figure 3.3 shows a dramatic improvement upon the 

training set utilizing the 1e– reduction of transition metal complexes (Figure 3.2). A linear fit of 

the data revealed a slope close to 1, suggesting that a systematic linear correction would be 

unnecessary.  
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Another way to investigate the manner in which the calculated reduction potential differs 

from experiment across the training set involves plotting the deviation from experiment (∆Gºcorr, 

eq 7) versus the experimental free energy (∆Gºexp) (Figure 3.4). 

∆𝐺°DG== = 	∆𝐺°DEFD	–	∆𝐺°HIJ (7) 
  

The horizontal line with a non-zero intercept of Figure 3.4 suggests that the deviation 

between experimental and calculated values is off by a constant value. To mitigate this 

difference between theory and experiment, the calculated reduction potentials can be corrected 

by adding the y intercept of Figure 3.4 to the calculated free energy. Because the line is not 

perfectly horizontal, however, the significant extrapolation needed to reach the intercept can 

introduce substantial uncertainty. An alternative strategy would assume a slope of 0 for the linear 

fit in Figure 3.4 and add the average value of ΔG°corr across the range of potentials in the training 

set. We selected the method of extrapolation based on the experimental iridium potential 

available (vide infra). The quinone-based training set demonstrated that the computational 

method and implicit solvation model is satisfactory for the calculation of reduction potentials. 
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Figure 3.4. ∆Gºcorr vs ∆Gºexp for the training set of quinones in water. 

 

 Calculation of Reduction Potentials for Cp*Ir(bpy) complexes.  

The reduction potential needed for the calculation of ∆GºH–(H2O) is shown in Scheme 

3.1. Two-electron reduction calculated for the determination of aqueous hydricity. The Cp*Ir 

complexes undergo a 2e– reduction with dissociation of H2O. 

Scheme 3.1. Two-electron reduction calculated for the determination of aqueous hydricity. 
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The free energy of the reaction shown in Scheme 3.1 was calculated according to eq 8 

using the computational methods described above. 

∆𝐺°=IK = 𝐺°=HL +	𝐺°MNO −	𝐺°NOM  (8) 

 

In eq 8, 𝐺°=HL corresponds to the calculated energy of the reduced species (1[red] in 

Scheme 3.1), 𝐺°MNO  corresponds to the energy of the oxidized complex (1[OH2] in Scheme 3.1), 

and 𝐺°POQ is the calculated energy for a water molecule at this level of theory. From the 

calculated free energies, the reduction potential (E°corr, Table 3.1) was obtained using the 

extrapolation method of correction, which agreed best with the experimentally determined 

potential of 6[OH2] (Eºexp = –0.62 V vs. NHE). 

Table 3.2. Calculated aqueous reduction potentials for complexes 1 - 7. 

species E°corr 
(V vs. NHE) 

1[OH2] – 0.52 
2[OH2] – 0.53 
3[OH2] – 0.66 
4[OH2] – 0.86 
5[OH2] 0.16 
6[OH2] – 0.52 

6-2Na+[OH2] – 0.35 
7[OH2] – 0.17 

 

The complexes bearing carboxylate substituents (6 and 6-2Na+) were modeled in two 

different manners. Complex 6[OH2] was modeled as a net neutral zwitterion, without any 

explicit ion pairing of the carboxylate groups. Complex 6-2Na+[OH2] introduces one sodium ion 

per substituent to balance the charge of the carboxylate ligand, leading to an overall 2+ charge on 

the complex. Accurate modeling of this complex is important because it is the only species in the 
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series with reduction potential and pKa values reported in water.5 The experimentally measured 

reduction potential is –0.62 V vs. NHE, suggesting that complex 6[OH2] (E°calc = –0.52 V) is a 

better model than 6-2Na+[OH2] (E°calc = –0.35 V) for the system. As a hydrogen bond donor and 

acceptor, water is excellent at supporting free ions in solution. 

 

Figure 3.5. Calculated reduction potentials for complexes 1 - 7 in water (red) and potentials 
resulting from the application of a correction factor (blue). 

 

Figure 3.5 shows the correlation between the uncorrected and corrected reduction 

potentials and the Hammett parameter, sp–.38 The sp– Hammett parameter accounts for resonance 

stabilization of negative charges by substituents in the para positions, and was selected due to its 

excellent correlation with the experimentally measured aqueous hydricities.5 A linear correlation 

with sp– is observed, following the expected trend of more electron-donating ligands supporting 

complexes with more negative reduction potentials. The influence of ligand substitution on the 

measured thermodynamic parameter in a Hammett plot is defined as the slope of the linear fit 

(r). 
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Although comprised of organic molecules, the 2e– quinone training set was found to be 

superior to the 1e– reduction training set comprised of transition metal complexes. By using 2e–

/2H+ reduction potentials, the 2e– reduction potentials of complexes 1 - 7 were easily calculated 

and corrected using a scalar correction factor. 

The acidities of iridium hydride complexes 1 - 7 were calculated using the same 

computational methods employed for reduction potentials and using the literature value for the 

energy of a proton in aqueous solution (–272.2 kcal mol–1).30 These uncorrected acidities were 

then corrected by application of an empirical correction factor, following the method of 

Muckerman.30 For the training set (Chart 3.3B for structures), a series of organic acid/base pairs 

was optimized. The calculated pKa values (Chart 3.3A) of acids in the training set showed a 

strong linear correlation with the experimental pKa values, but it is also evident from Figure 3.6 

that there is a systematic error leading to a slope well above unity and a large negative intercept.  

Chart 3.3. A. Acidity equation for organic acid calculations. B. Training set of organic, 
monocationic acids for determination of acidity correction factor in water. 
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Figure 3.6. Experimental and calculated pKa values of a training set of organic acids optimized 
in water with an implicit solvation model. The black dashed line represents the best linear fit to 
the black data points. 

 

The deviation from the experimental pKa values on a free energy scale (eq 7) was plotted 

against the experimental pKa in order to determine the nature of the error between calculated and 

experimental acidities (Figure 3.7). Whereas the ∆Gºcorr term for the 2e– reduction potentials was 

a horizontal line (Figure 3.4), the ∆Gºcorr term for acidity shows a linear relationship with a 

negative slope. The trend is consistent with what has been previously observed,30 and suggests 

that the computational methods underestimate the pKa for strong acids in water and overestimate 

the pKa for weak acids. 
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Figure 3.7. ∆Gºcorr vs experimental pKa for the organic acids in water. 

 

The sloped relationship of Figure 3.7 implies that a linear empirical correction factor will 

be effective for the calculated acidity values. By solving for x in the linear fit of Figure 3.7, the 

correction factor for calculated pKa values was determined (eq 9). 

pKa,lfit = 3.08 + 0.71(pKa,calc) (9) 
 

 Acidities for complexes 1-7 were calculated via equation 10 and then corrected 

according to (eq 9).  

𝐺°=IK = 𝐺°=HL +	𝐺°NR −	𝐺°[N] (10) 
 

Table 3.3 contains the raw calculated acidity (pKa,raw) and the corrected values based on 

the linear fit (pKa,lfit) for the Cp*Ir-based complexes (1 - 7).  
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Table 3.3. Calculated and corrected acidities in water for hydrides 1 - 7. 

complex pKa,raw pKa,lfit 
1[H] 18.31 16.16 
2[H] 20.41 17.66 
3[H] 23.46 19.84 
4[H] 26.70 22.16 
5[H] – 0.47 2.74 
6[H] 18.37 16.21 

6-2Na+[H] 14.51 13.45 
7[H] 9.72 10.02 

 

An experimental acidity measurement is available for hydride complex 6[H], pKa = 12.4.5 

Both models overestimate the pKa for this complex, but complex 6-2Na+[H] is most consistent 

with experiment. By applying a linear correction, which would correct for any inconsistencies in 

the solvation model, the pKa values were corrected and agree with the available experimental 

data and more closely follow expected electronic trends. 
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Figure 3.8. Calculated acidities of hydride complexes 1 - 7 (red) and acidities after the 
application of a linear correction factor (blue). 

 

Figure 3.8 shows the correlation between the corrected pKa values and the Hammett 

parameter, sp–. Hydride complexes 1 - 7 are predicted to become stronger acids when substituted 

with electron-withdrawing groups, in line with electronic trends for phenols39,40 and benzoic 

acids.40 The transition metal complexes (r = 11.1) are predicted to be much more sensitive to 

substituent effects than phenols (r = 2.1 in water).40  

 Hydricity Determination.  

The thermodynamic hydricity of iridium hydrides 1-7 is determined according to eq 1, 

using the calculated reduction potentials and acidity values. The values 1.364 and –46.12 in eq 1 

convert the pKa and reduction potential into kcal mol-1, respectively, and 34.2 is the free energy 

required to reduce H+ to H–.1,2 Table 3.4 shows the uncorrected hydricity values calculated from 

the raw reduction potentials and acidities (no correction) and the hydricity values obtained from 

calculation using the corrected potentials and pKa values (Table 3.2 and Table 3.3). Reported 

experimental values are included where they are known.  
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Table 3.4. Aqueous hydricities for complexes 1 - 7 determined with uncorrected and corrected 
reduction potentials and acidities. 

 ∆G°H–(H2O) (kcal mol-1) 
complex no correction corrected exp5 

1[H] 31.68 32.44 31.5 
2[H] 33.94 33.90 31.1 
3[H] 32.05 30.82 30.8 
4[H] 27.34 24.84 – 
5[H] 37.20 45.28 – 
6[H] 31.65 32.40 32.0 

6-2Na+[H] 34.01 36.26 32.0 
7[H] 35.98 40.09 33.4 

 

The calculated hydricity values agree with the experimental values. The directly 

calculated hydricity values, without taking any correction factors into account, show somewhat 

closer agreement with the experimental data than those obtained using empirical corrections. 

This was a surprising result in light of the improved apparent agreement between theory and 

experiment in the reduction potential and acidity calculations. Because hydricity is affected in 

opposing manners by the pKa and reduction potential, it is possible to have an overestimated 

acidity and an underestimated reduction potential (or vice versa) — and yet still correctly predict 

the hydricity. After a thorough vetting of the method on different training sets, we believe that 

the individual corrected values are more accurate, even if the final hydricity value is not as 

consistent with experiment. However, the corrected values still show generally good agreement 

with experiment: all the calculated values are within 7 kcal mol-1 of experimental values, and 

three of the six values are within 1 kcal mol-1. Perhaps more importantly for catalyst design, the 

trends in hydricity values are correctly predicted for the series of related complexes. 

The importance of accuracy in the calculation of reduction potentials is illustrated by 

comparison of complexes 6[H] and 6-2Na+[H]. Although the calculated acidity of complex 6-
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2Na+[H] is a closer match to the experimental value, the overall hydricity of complex 6[H] is 

predicted to within 1 kcal mol-1 of the experimental value. For this reason, we believe that 6[H] is 

a better model for experiment and use that value for the comparisons with experimental values.  

Experimentally determined aqueous hydricity was found to have a positive correlation 

with the sp– Hammett parameter in aqueous solution.5 Electronic changes to the bipyridyl ligand 

were found to have a relatively small impact on hydricity, with the range of values only spanning 

4 kcal mol-1 across the series. Figure 3.9 compares the trends observed experimentally with those 

predicted by DFT. Both uncorrected and corrected hydricity values show similar correlations to 

the electronic trend observed in experimental measurements. The narrow range of hydricity 

values poses a significant computational challenge, so the ability to reproduce the overall trend 

and magnitude of the experimental values is a substantial advance. 

 

Figure 3.9. Comparison of corrected and uncorrected aqueous hydricities to experimentally 
determined values. 
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3.4 Conclusions 

Thermodynamic hydricity values have been calculated in water using a pKa – potential 

thermodynamic cycle. By employing both scalar and linear corrections, excellent agreement with 

predicted trends was observed for both aqueous reduction potentials and acidities for a series of 

iridium hydride complexes. The hydricity values obtained are in good agreement with 

experimental values. Fortunately, relatively accessible methods were sufficient to achieve good 

agreement. For example, explicit water solvation was not required. 

The pKa – potential thermodynamic cycle provides a wealth of thermochemical 

information, including reduction potentials, acidities, and hydricities. Whereas reduction 

potentials and acidity values for most Cp*Ir-based complexes could not be obtained 

experimentally due to limited solubility, predicted values are now available using this 

computational approach.  
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 Interrogating the Connection Between Ligand Electronic Effects and Solvation 
in Thermodynamic Hydricity 

 

4.1 Introduction 

Transition metal hydrides are key intermediates in organometallic catalysis in a range of 

solvents, from non-polar aprotic, to polar aprotic, to protic and aqueous.1–4 Switching solvents 

can have dramatic effects on the activity or mechanism of a catalytic reaction. For example, 

Wiedner et al. demonstrated a change in mechanism for CO2 reduction by a cobalt hydride when 

switching from tetrahydrofuran (THF) to water.5 In water, hydride transfer to CO2 from a cobalt 

dihydride complex precedes coordination of H2 and deprotonation by NaHCO3. In THF, 

however, deprotonation with a strong base (Verkade’s base) activates the complex for hydride 

transfer to CO2. The improved thermodynamics for hydride donation in water allow for the use 

of NaHCO3 rather than Verkade’s base in THF. The identification of measurable parameters that 

can inform and guide catalyst design represents an ongoing challenge. The hydricity (∆GºH–), or 

hydride donating ability, of a transition metal has emerged as a promising thermodynamic 

parameter in this regard (Figure 4.1).6,7  
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Figure 4.1. Methods for the experimental measurement of hydricity for a hydride LnM–H+. A. 
Construction of a thermodynamic cycle composed of the hydride acidity (pKa), reduction 
potential (Eº) and the solvent-dependent constant for the reduction of H+ to H–. B. Measurement 
of relative hydride donating ability through equilibration with a reference complex (ref–H+). C. 
Measurement of hydricity relative to H2 in the presence of a base (B is external base or water 
solvent). 

 

The hydricities of over 100 transition metal hydride complexes are known in 

acetonitrile.6 However, there is increasing interest in exploring how different solvents influence 

the thermodynamics of hydride transfer. Several studies have grappled with the difficulties 

inherent in the application of the methods shown in Figure 4.1 to the determination of hydricity 

in water.6,8–11 When constructing a potential–pKa thermodynamic cycle, the often water-insoluble 

conjugate base of the hydride (species LnM in Figure 4.1A) inhibits the required electrochemical 

and acidity measurements. Attempts at equilibration of a hydride complex with H2 in water 

(Figure 4.1C) must also overcome challenges of limited H2 solubility.  

Our group developed a general method for the measurement of aqueous hydricity through 

the utilization of an iridium hydride complex with a water-soluble conjugate base, [Cp*Ir(bpy-

COO–)H]– (Cp* = h5–pentamethylcyclopentadienyl, bpy-COO– = 4,4’-dicarboxylate-2,2’-
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bipyridine), as a reference. Once the hydricity of a reference complex was known, hydride 

equilibration (Figure 4.1B) could be used to add four additional Ir hydrides and three Ru hydride 

complexes to the scale of known aqueous hydricities.8  

Scheme 4.1. Effective hydricity as a sum of the hydricity (∆GºH–) and the free energy for 
association of solvent or an external ligand (∆Gºassoc). 

 

Our recent determination of the aqueous hydricity of five structurally homologous 

complexes provided a rare opportunity to correlate electronic parameters with thermodynamic 

hydricity values.8 In water, changes to the supporting ligand influenced hydride donating ability 

by ~ 3 kcal mol–1. This is a relatively modest span, considering the known range of hydricities 

between 14 and 42 kcal mol–1. In fact, we observed that the ligand L in Scheme 4.1 can influence 

the favorability of hydride transfer by ~ 5 kcal mol–1 through the formation of a more stable 

complex after hydride transfer. This influence of an incoming ligand that coordinates to the 

iridium center is described as the effective hydricity of a complex.6,8 Tuning the effective 

hydricity through changes to the medium (e.g. chloride addition) had a larger influence on the 

thermodynamics of hydride donation than bipyridine electronic tuning for this series. 

A general method for the determination of aqueous hydricity, and a recognition of the 

importance of considering effective hydricity, provides new opportunities for comparing 

hydricity in water and organic solvents. Since the seminal reports on the hydricities of two Ru 

complexes by Creutz in acetonitrile and water,12,13 the hydricity of only a handful of other 

complexes have been characterized in multiple solvents.7–11 There is still limited understanding 

LHLn M
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Ln M
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Ln M
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of how different solvents affect the thermodynamics of hydride transfer and — importantly — 

whether the approaches to catalyst design and ligand tuning should vary depending on the 

solvent.  

Of particular concern is how changing solvents will influence (a) the impact of tuning the 

ligand electronic structure and (b) the impact of ligand association after hydride release 

(effective hydricity). In moving to a less polar solvent, one might expect that the supporting 

ligands could have a greater role in the stabilization of the products of hydride transfer. Indeed, 

classic physical organic studies show a striking solvent effect on the degree of electronic 

influence on the ionization of organic acids, with the slopes (r) of Hammett correlation plots 2-4 

times larger for organic solvents when compared with aqueous studies.14,15 However, no studies 

of electronic trends in hydricity have been reported in two solvents. A change in solvent is also 

expected to have a significant impact on effective hydricity, with the Ir–L bond strengths formed 

after hydride transfer varying significantly for cases where L is the solvent itself or L is a 

charged additive.  

Herein, we report the first comparison of a series of electronically tuned iridium hydrides 

in two solvents. The hydride complex [Cp*Ir(bpy)(H)]+ (Cp* = h5–pentamethylcyclopentadienyl 

and bpy = 2,2–bipyridine) and its analogs are frequently used catalysts for a variety of 

transformations due to their stability and acid tolerance.16–19 Altering substitution at the 4 and 4’ 

positions on bipyridine is a synthetically facile method to develop a library of complexes 

commonly used in catalyst screens.20–24 Combined with our prior data set in water,8 we can 

assess the magnitude of the difference in hydricity between acetonitrile and water, the relative 

influence of the supporting bipyridine ligand, and the role of external ligands that can coordinate 

after hydride release. With the aid of Density Functional Theory (DFT) and Natural Bond Orbital 
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(NBO) analysis, we draw a more complete picture of the influence of solvation on hydricity. The 

implications of solvent effects on approaches to tuning molecular catalysts are considered. 

4.2 Results and Discussion 

Scheme 4.2. Synthetic routes to iridium complexes under study. 

 

 Synthesis of Iridium Complexes 

A range of iridium hydride donor and acceptor pairs were needed for the targeted 

thermodynamic studies. The previously reported iridium chloride complexes, [Cp*Ir(bpy-

X)(Cl)][Cl], (bpy-X = 2,2’-bipyridine where X indicates substituents at the 4 and 4’ positions) 

were synthesized through the addition of 2 equiv of a bipyridine ligand to [Cp*Ir(Cl)2]2 in 

methanol.25 The iridium acetonitrile complexes (top route in Scheme 4.2) were synthesized via 

chloride abstraction from [Cp*Ir(bpy-X)(Cl)][Cl], with 2 equiv AgPF6 in water.19 Removal of 

AgCl by filtration yielded a yellow solution of [Cp*Ir(bpy-X)(OH2)][PF6]2 which was isolated as 

a pale yellow solid in vacuo. Extraction with MeCN displaced the aqua ligand and gave 

[Cp*Ir(bpy-X)(NCCH3)][PF6]2 as confirmed by NMR spectroscopy. Vapor diffusion of Et2O 

into a MeCN solution of [Cp*Ir(bpy-CF3)(NCCH3)][PF6]2 (6NCCH3) formed pale yellow block-

shaped single crystals. An X-ray diffraction study confirmed the expected “piano stool” iridium 
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dication with a bound acetonitrile ligand. Besides the bimetallic complex, [Cp*Ir(NCCH3)(µ-

bpm)Ru(bpy)2]4+ (bpm = 2,2-bipyrimidine) discussed in Chapter 2, no other [Cp*Ir(bpy-

X)(NCCH3)]2+ crystal structures have been reported. Typical iridium-nitrile bond distances range 

from 1.994 Å for [Ir(Cl)3(NCCH3)3]26 to 2.021 Å for an ethylene bridged bimetallic iridium 

complex, shorter than that observed in complex 6NCCH3.27 The iridium-nitrogen bond length to 

the bipyridine ligand is identical to the bond length observed in [Cp*Ir(bpy-CF3)(Cl)]+ 

suggesting a weak, dative iridium-acetonitrile bond.28 

 

Figure 4.2. Structural representation of 6NCCH3 with ellipsoids drawn at the 50% probability 
level. The asymmetric unit contains two hexafluorophosphate ions that are not shown. Hydrogen 
atoms are omitted for clarity. The major site of one disordered CF3 subsituent is shown. Selected 
distances (Å): Ir1–N1 2.090(3), Ir–N2 2.103(3), Ir–N3 2.053 (4). 

 

Iridium hydride complexes were prepared with either chloride, triflate, or 

hexafluorophosphate counter ions. The chloride counter ions are essential for aqueous studies, 

based on the improved water solubility. Hydrides of the type [Cp*Ir(bpy-X)(H)][Cl] were 

accessed by reduction of the corresponding Ir chloride complex with sodium borohydride or 
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sodium formate in 0.1 M NaOH, resulting in precipitation of the neutral conjugate base, 

Cp*Ir(bpy-X), as a dark solid. Protonation of the conjugate base in diethyl ether with HCl led to 

precipitation of [Cp*Ir(bpy-X)(H)][Cl].8 To reach the hexafluorophosphate salt of the hydride, 

the use of formate in slightly acidic water (pH 3-5) generates aqueous solutions of [Cp*Ir(bpy-

X)(H)]+. Addition of 2 equiv NH4PF6 results in precipitation of the hydride as the 

hexafluorophosphate salt.29 

To reach the triflate salts of the more acidic hydrides 5H and 6H, reduction of the iridium 

chloride complex to form the IrI complex followed by protonation with dimethylformamidium 

trifluoromethanesulfonate ([HDMF][OTf]). 

 Hydricity Determination in Water 

Our general approach to determining hydricity values in water involves establishing a 

reference complex through a potential–pKa thermodynamic cycle, followed by measuring 

relative hydricities for other complexes through equilibrium reactions. The reference complex, 

[Cp*Ir(bpy-COO–)(H)]– was chosen because the charged carboxylate substituents on the 

bipyridine ligand impart water solubility to the conjugate base, allowing for determination of the 

hydricity of the complex according to Figure 4.1A (above). The acidity of [Cp*Ir(bpy-COO–

)(H)][Cl] was determined through a spectrophotometric titration. The reduction potential of 

[Cp*Ir(bpy-COO–)(OH2)]2+ was determined uing redox potentiometry, allowing for the 

calculation of hydricity, ∆GºH–(OH2) = 32.0 kcal mol–1 in water. The parenthetical notation 

indicates the ligand that is bound to iridium after hydride transfer.  

The influence of the “coordinating ligand” chloride on the effective hydricity could be 

assessed readily based on the partial ligand displacement that occurs in the aqueous medium. 

Upon dissolution in phosphate buffer, speciation of [Cp*Ir(bpy-COO–)(Cl)]+ is observed to form 
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the aqua complex, [Cp*Ir(bpy-COO–)(OH2)]2+ and the phosphato complex. This dissociation 

indicates that the binding strength for chloride association, ∆GºH2OàCl in water is weak enough to 

be measured by 1H NMR spectroscopy. ∆GºH2OàCl was determined through preparation of 

solutions of each aquo complex with varying amounts of NaCl. After equilibrium had been 

reached, the concentrations of each species were determined by 1H NMR spectroscopy in order 

to establish the free energy associated with chloride binding ∆GºH–(Cl) = 27.6 kcal mol–1 in 

water. The chloride binding affinity for each species was determined in a similar manner and the 

chloride complexes were found to be ~4.5 kcal mol–1 more stable than the aquo complexes in 

water.  

Using [Cp*Ir(bpy-COO–)(Cl)]+ as a reference, the relative hydricities for four other 

iridium hydride complexes were determined through equilibrium reactions. In a representative 

hydride equilibration (eq 1), a solution of [4H]Cl in 0.1 M sodium phosphate solution in D2O 

adjusted to pD 7 was mixed with the chloride complex of [Cp*Ir(bpy)(Cl)][Cl] (1Cl). 

Equilibration was typically established within 10 minutes and the concentrations of all four 

species were determined by 1H NMR spectroscopy.  

 Hydricity Determination in Acetonitrile 

Previous work from our lab has established the hydricity of [Cp*Ir(bpy)(H)][OTf] 

through a potential–pKa thermodynamic cycle in acetonitrile, ∆GºH–(NCCH3) = 62 kcal mol–1. To 

determine the hydricity of the full family of substituted bipyridine complexes in acetonitrile, 

various pairs of nitrile complexes and hydride complexes (each supported by a different 

bipyridine ligand as the hexafluorophosphate, PF6–, salt) were allowed to reach equilibrium (an 

example equilibration reaction is shown in eq 2).  

[4H]Cl + 1Cl ⇆ 4Cl + [1H]Cl ∆∆Gº(Cl) (1) 
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[4H]PF6 + 1NCCH3 ⇆ 4NCCH3 + [1H]PF6 ∆∆Gº(NCCH3) (2) 
 

While equilibrium was reached within minutes for aqueous reactions, reactions in 

acetonitrile took several days to equilibrate. This observation of slow kinetics is consistent with 

previous reports for Ru complexes investigated by Creutz.30,31 Although the solvent dependence 

of kinetic hydricity is as yet unknown for transition metal hydrides, it has been observed that the 

addition of “hydride shuttles” (such as pendant boranes) can improve the kinetics of hydride 

transfers in organic solvents.32,33 The faster kinetics in water could be resulting from the ability 

for water to stabilize the charged H– ion or the [Cp*Ir(bpy)]2+ species resulting from hydride 

transfer which might accelerate ligand dissociation, but further work is needed. 

For each reaction, the concentrations of all four species were determined by 1H NMR 

spectroscopy through reference to a mesitylene internal standard in order to calculate an 

equilibrium constant for the reaction. The relative differences in hydricities for these complexes 

is shown in Figure 4.3. Each hydride complex was equilibrated with at least two other species to 

give ∆∆Gº(NCCH3) values that are consistent within experimental uncertainty (± 0.1 kcal mol–1). 
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Figure 4.3. Relative hydricities measured in acetonitrile with values referenced to 
[Cp*Ir(bpy)(H)]+ shown on right. Black arrows show relative equilibria with arrow pointing 
from the starting hydride complex towards the starting nitrile complex for the equilibrium. 

 

 Substituent Effects in Water and Acetonitrile: Tuning with the Supporting Ligand. 

Using the measured hydricities, a Hammett plot can be constructed to measure the 

relative influence of substitution on the bipyridine ligand. In water, a strong correlation was 

observed between the Hammett parameter, sp– (which accounts for resonance stabilization) and 

hydricity.34,35 For these studies, we have used the sum of the sp– values for each substituent 

(Ssp–), as suggested by Jaffé.36 
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Figure 4.4. A. Hammett correlation of Ssp– and log(KX/KH) as measured by hydride 
equilibration reactions. B. Hammett correlation of Ssp– and log(KX/KH) as calculated by DFT. 
Dotted lines show best fit of data points.  
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Figure 4.4A is a Hammett plot exhibiting a linear correlation between the relative 

hydricity (expressed as a ratio of equilibrium constants) and the sum of the sp– parameter values 

for each subsitutent36,37 (that account for resonance stabilization) for both water and acetonitrile. 

Density functional theory (DFT) calculations of the relative hydricities for each complex were 

performed using isodesmic reactions (in direct analogy to the experimental measurements), 

Figure 4.4B. The small difference between r values is also predicted using DFT.   

Traditional Hammett studies of the ionization of substituted benzoic acids and phenols 

show much greater difference in r between acetonitrile and water (1:2.4 for benzoic acids and 

2.1:4.4 for phenols),14 with both systems being more electronically responsive in 
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acetonitrile.14,15,38 We hypothesize that the ability of the iridium complexes to effectively 

delocalize charge over a large molecule (in contrast to the more localized charges in phenolate 

and benzoate) may minimize the solvent influence on electronic trends of the supporting ligand.  

NBO analysis of the iridium hydride bond across the series of complexes was used as a 

tool to interrogate this hypothesis. NBO calculations were performed on the optimized structures 

of the hydride complexes under study using the B3LYP functional. Using Natural Population 

Analysis (NPA), the influence of substitution on the charge density at iridium and at the hydride 

was investigated for each hydride complex (Figure 4.5). The overlay of the lines in Figure 4.5 

reflect the experimental observation that solvation does not dramatically influence the electronic 

nature of the metal hydride bond. In both water and acetonitrile, the iridium is equally involved 

in the delocalization of charge for the complex. The combined data suggest that, for this family 

of iridium hydrides, substituent tuning on the supporting ligand will change the hydricity by the 

same amount in acetonitrile and water. 
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Figure 4.5. Correlation between the electron donating ability of the bipyridine substituents  
(Ssp–) and the natural charge of the iridium atom and hydride atom.  

 

 Origin of Changes in Hydricity Between Water and Acetonitrile.  

Although the electronic trends in hydricity remain consistent across these two solvents, 

the magnitude of ∆GºH– changes dramatically for all complexes with hydricities reported in 

multiple solvents — with an typical difference of a full 30 kcal mol–1. The sources for this large 

difference between hydricity in water and acetonitrile are as yet unknown, and similar shifts are 

seen in the few other examples of hydricity values obtained in both solvents.7–11,13,31,39  
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Scheme 4.3. Overall reaction for effective hydricity composed of the elementary steps for metal-
hydride bond scission and solvent coordination. 

 

To better understand the origin of the difference in hydricity between solvents, we 

considered Scheme 4.3, which illustrates the key thermodynamic parameters that will influence 

hydricity when moving from one solvent to another. We hypothesized that two effects would 

dominate: first, the free energy of transfer from one solvent to another (∆Gºtr) for the iridium 

hydride, the dicationic iridium, and the hydride anion; and second, the free energy of solvent 

association (∆Gºassoc.) to the 16e– dicationic iridium complex to form the solvento complex.  

Because the 16e– species is not experimentally accessible, we elected to assess this 

reaction scheme using DFT methods. The free energy of transfer for each species, X, was 

calculated using equation 3, where ∆Gºsv is the solvation energy for the species. 

∆Gºtr(aqàMeCN) (X) = ∆Gºsv(MeCN)(X) – ∆Gºsv(aq)(X) (3) 
  

Optimized geometries and free energy calculations were performed on each iridium 

species in both water and acetonitrile. Taking the difference in free energy provided the free 
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energy of transfer for each iridium species. The computed energies for the transfer of 

[Cp*Ir(bpy)(H)]+ and [Cp*Ir(bpy)]2+ from water to acetonitrile are shown in Table 4.1. 

Table 4.1. Transfer energies for iridium species involved in hydride donation. 

Species ∆Gºtr(aqàMeCN)  
kcal mol–1 

[Cp*Ir(bpy)(H)]+ –10.8 
[Cp*Ir(bpy)]2+ –8.0 

 

The free energy of H– ion transfer from acetonitrile to water, which has apparently not 

been previously reported, was obtained using thermochemical cycles. Combining the free energy 

for H2 heterolysis in water and acetonitrile with the previously determined transfer free energy 

for a proton (eq 4-6)40 provides an approximation for the transfer energy of a hydride ion from 

acetonitrile to water (eq 7). According to eq 7, it is 27.7 kcal mol–1 endergonic to transfer a 

hydride ion from water to acetonitrile. 

H2(g) ⇆ H+(MeCN) + H–(MeCN)   76.0 kcal mol–1 (4) 
H+(aq) + H–(aq) ⇆ H2(g) – 34.2 kcal mol–1 (5) 

H+(MeCN) ⇆ H+(aq) – 14.1 kcal mol–1 (6) 
H–(aq) ⇆ H–(MeCN) 27.7 kcal mol–1 (7) 

 

Considering the small transfer free energies associated with the iridium complexes, this 

analysis suggests that the dominant contribution to the change in magnitude of hydricity is the 

relative stability of the free hydride ion. In fact, the value from eq 7 is in good agreement with 

the experimentally observed difference in hydricity for [Cp*Ir(bpy)(H)]+.  

This analysis should be general for any hydride donor, and not every hydride donor is 

expected to be dominated by the free hydride ion. If that were the case, the difference in 

hydricity would be constant, whereas experimental studies have observed significant differences 
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in the solvent effect. We expect that highly charged hydride donors, or pairs wherein the donor 

and acceptor have significantly different solvation energies due to structural reorganization or 

other changes, are most likely to show significant deviations 27.7 kcal mol–1. Notable examples 

of large deviations from 27 kcal mol–1 include formate,41–43 the bimetallic Ir-Ru catalyst 

examined in chapter 2 ∆Gºtr(MeCNàaq) = 33.4 kcal mol–1)7, and the polymetallic iron hydride 

reported by Berben et al. (∆Gºtr(MeCNàaq) = 34 kcal mol–1).9 

Another significant factor in the solvent influence on hydricity values comes from the 

fact that experimental measurements are often measuring effective hydricity that includes ligation 

of solvent. Differences in binding affinity for water and nitrile could lead to a significant shift in 

hydricity between solvents. According to DFT calculations, association of acetonitrile 

(∆Gºassoc(NCCH3) = 4.6 kcal mol-1) is slightly less uphill than the association of water 

(∆Gºassoc(H2O) = 5.6 kcal mol-1). While similar in magnitude, the binding of solvent still 

comprises an important aspect of the thermodynamics of hydride donation for complexes such as 

these. This association energy can be expected to vary depending on the geometry of the 

complex after hydride donation. For example, DuBois et al. investigated five-coordinate d8 

complexes which upon hydride donation generate square planar 16e– complexes which do not 

strongly bind solvents or other ligands.30,41,44–46 For these complexes, the effective hydricity 

measured in experiment will more closely approximate the “true” hydride donating ability as the 

association energy will not contribute significantly to the overall thermodynamic driving force. 

In summary, the main factors contributing to the magnitude of the solvent dependence of 

hydricity are the difference in solvation of the hydride ion, the relative charge and charge 

delocalization of the hydride species, and the association energy for the coordination of solvent 

after hydride donation.  
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 Solvent Dependence of Chloride Binding 

In water, coordination of ligands such as chloride following hydride transfer was found to 

have a significant influence on the overall thermodynamics of hydride transfer, enhancing the 

hydricity.8 This discovery suggests that hydricity can be tuned by external additives as well as 

through synthetic modification. Binding an added ligand after hydride release remains essentially 

unstudied in MeCN, apart from a few examples where formate adducts were observed after CO2 

reduction (the influence on hydricity was not quantified).47 We were interested in how chloride 

ions would influence the effective hydricity in acetonitrile solvent, and how this influence 

compared with prior observations in water. Furthermore, we wondered if the change in overall 

charge of the product of hydride transfer would change the solvation processes, and thus the 

substituent effects across solvents. 
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Figure 4.6. Relative hydricity values for hydrides under study in the presence of chloride. Black 
arrows show relative equilibria with arrow pointing from the starting hydride complex towards 
the starting nitrile complex for the equilibrium. 

 

Values of relative hydricity to form the chloride are readily available by equilibrium 

reactions between pairs of iridium hydride and chloride complexes, providing a rapid method to 

establish the substituent effects in the presence of chloride. Solutions containing various iridium 

chloride and hydride complexes (as their chloride salts, eq 1) were monitored by 1H NMR 

spectroscopy to obtain relative hydricities, as illustrated in Figure 4.6. 
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Figure 4.7 A. Hammett correlation of Ssp– and log(KX/KH) as measured by hydride equilibration 
reactions in the presence of chloride. B. Hammett correlation of Ssp– and log(KX/KH) as 
calculated by DFT. Dotted lines show best fit of data points. 

 

Figure 4.7 shows the Hammett plots for ∆GºH–(Cl) in water and acetonitrile. Again, the 

influence of substitution on the bipyridine ligand on hydricity is relatively constant (r = –0.8-

0.9) regardless of solvation. Relative hydricities calculated via DFT predict a slightly more 

dramatic effect of solvation on relative hydricities than is observed experimentally. The similar 

slopes in Figure 4.4 and Figure 4.7 suggests that the 1+/2+ charge difference between the 

hydride and nitrile complex does not have a significant impact on the solvent influence of 

electronic effects. 
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Only relative hydricity values including chloride binding were available from the 

preceding equilibrium reactions. To obtain effective hydricity values ∆GºH–(Cl) in acetonitrile, 

the thermodynamic binding affinity of the incoming chloride ligand, ∆GºNCCH3àCl was needed. 

DFT calculations predict binding strengths of ∆GºNCCH3àCl ~ – 6 kcal mol–1 for the series of 

complexes (Scheme 4.4).  

Scheme 4.4. Methods used to estimate chloride binding affinity for complex 1NCCH3. 

 

DFT estimates of chloride binding affinity suggested that the chloride binding should be 

observable by NMR spectroscopy. However, upon dissolution of 1Cl in CD3CN, no chloride 

ligand substitution to form the nitrile complex is observed. This indicates that chloride binding is 

stronger in CD3CN than in D2O, wherein significant amounts of the aquo complex were 

observed upon dissolution of the chloride complex, vide supra. Further confirmation of strong 

chloride binding was obtained by a titration adding varying concentrations of [PPN][Cl] (PPN = 

bis(triphenylphosphine)iminium) to a solution of 1NCCH3. Full conversion to 1Cl was observed 
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upon the addition of 1.1 eq of chloride (eq 3), indicating that the Ir-Cl bond strength is too great 

to be measured by NMR spectroscopy (Figure 4.8, Ka > 105 M–1).48,49 

 

Figure 4.8. 1H NMR spectra of CD3CN solutions of [1NCCH3]PF6 with varying amounts of 
[PPN][Cl] showing complete chloride association at 1.1 eq Cl. 

  

UV-Vis spectroscopy can be used to measure binding affinities where 105 < Ka < 109 (–7 

kcal mol–1 < ∆GºNCCH3àCl < –12 kcal mol–1).48 Figure 4.9 shows the UV-Vis spectra of separate 

solutions of 2 µM 1NCCH3 and 1Cl. The nitrile complex has a diagnostic absorbance band at 

320 nm while the chloride has a broad MLCT at 360 nm and structured features between 260 and 

290 nm.  
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Figure 4.9. UV-Vis spectra of a 2 µM solution of 1NCMe and 1Cl. Arrows show changes in 
absorptivity upon chloride association. 

 

In order to avoid potential complications with the outer-sphere chloride of complex 1Cl, 

we sought to synthesize a complex with a non-coordinating outer-sphere anion. Halide 

abstraction with NaBArF4 (ArF4 is 3,5-bis-(trifluoromethyl)phenyl) in dichloromethane yielded a 

yellow solution of [1Cl]BArF4 upon filtration. In order to determine whether chloride 

dissociation from the iridium center for this complex could be detected by UV-Vis spectroscopy, 

solutions of [1Cl]BArF4 were diluted with acetonitrile. As the concentration of [1Cl]BArF4 

decreases, the mole fraction of [1Cl]BArF4 also decreases. As seen in Figure 4.9, if chloride 

dissociates upon dilution, the absorptivity at 320 nm should increase, while the observed 

extinction coefficient at 360 nm should decrease. However, the observed extinction coefficient 

for chloride complex [IrCl]BArF4 only deviated upon dilution to concentrations less than 2 µM, 

where the instrumental detection limits led to irreproducibility (Figure 4.10). If we assume 10% 

dissociation of chloride at 1 µM, the association constant for chloride association would be Kd > 

108 M–1, or ∆GºNCCH3àCl < –11 kcal mol–1 (Scheme 4.4). 
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Figure 4.10. Extinction coefficients at three different wavelengths of solutions of [1Cl]BArF4 

upon dilution.  

 

Another method to measure the binding affinity would be to measure the effective 

hydricity of [1H]Cl to form 1Cl through equilibration with hydrogen and a base (Scheme 4.4). 

Hydrogen release from a hydride complex is predicted to be thermodynamically favorable in 

acetonitrile if the sum of the hydricity, ∆GºH–(Cl), and the free energy of proton loss from an acid 

(1.364pKa) is < 76 kcal mol–1. By using acids with known pKa values in acetonitrile, the 

hydricity for [1H]Cl can be estimated. Mixtures of [1H]Cl and oxalic acid (pKa = 14.5) showed 

partial conversion to the chloride and oxalate complexes after 15 days. However, no hydrogen 

release was observed when the hydride and triethylammonium tetrafluoroborate (pKa = 18.82) 

were combined and monitored for several weeks. These two acids allow us to bracket the 

hydricity for [1H]Cl, 50 kcal mol–1< ∆GºH–(Cl) < 56 kcal mol–1. Using the known value for the 

hydricity of [1H]PF6 (∆GºH–(NCCH3) = 62 kcal mol–1), this confirms that the presence of 

chloride makes hydride donation from [1H] more favorable by ~ 6-12 kcal mol–1. Taken in 
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conjunction with the UV-Vis titration studies, these results suggest ∆GºNCCH3àCl ~ – 11 kcal 

mol–1. 

 Kinetic Influence of Chloride on H2 Release 

The iridium hydrides studies here have smaller effective hydricity values in the presence 

of chloride, indicating that they are thermodynamically more potent hydride donors under these 

conditions. The dramatic influence of the presence of chloride on the thermodynamics of hydride 

transfer in acetonitrile led us to investigate the kinetics of H2 release in the presence of chloride. 

One might expect a general trend that stronger hydride donors support faster hydride transfer.  

The kinetics of H2 release from [1H]PF6 and the relatively strong acid N,N-

dimethylformamidium hexafluorophosphate ([HDMF][PF6], pKa = 6.1) were monitored by UV-

vis absorbance spectroscopy. A 0.2 mM solution of [1H]PF6 was treated with 10 equiv 

[HDMF][PF6] and the absorbance at 430 nm was monitored until the reaction had reached 

completion. The reaction with [HDMF][PF6] was complete in under 200 s. A kobs value under 

pseudo-first order conditions was obtained from was obtained from a plot of the natural log of 

the iridium hydride concentration versus time. This value was then used to calculate a second 

order rate constant of 13.6 M–1 s–1. (Figure 4.11). 
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Figure 4.11. A. Reaction of [1H]PF6 with 10 eq of [HDMF][PF6] to release H2 and form the 
nitrile complex [1NCCH3][PF6] B. Absorbance spectrum of H2 production reaction over time. 

 

When the same reaction was carried out treating [1H][PF6] with 10 equiv [HDMF][PF6] 

as well as 10 equiv [PPN][Cl], the reaction was dramatically inhibited, with H2 release occurring 

with k = 0.2 M–1 s–1). Interestingly, including 10 equiv of DMF in addition to 10 equiv 

[HDMF][PF6] (without any chloride added) leads to a reaction of intermediate rate (k = 2.7 M–1 

s–1).  

IrN

N
H

PF6

10 equiv
[HDMF][PF6] IrN

N
NCCH3

2 PF6

+ H2

A.

B.



 112 

 

Figure 4.12. First order kinetic plot of the consumption of [1H]PF6 over time in the presence of 
various additives. 

 

We attribute the change in kinetics to Lewis acid/base chemistry involving the acid 

source [HDMF]+. As shown in Figure 4.12, both DMF and chloride slow down the reaction. The 

homoconjugation constant for [HDMF]+ is relatively high (KHC = 49 M–1)50, so we hypothesize 

that the addition of DMF has reduced the effective acidity of [HDMF]+ in acetonitrile.51 In a 

similar fashion, we propose that heteroconjugation between [HDMF]+ and Cl– raises the 

effective pKa of the acid, resulting in slower H2 production rates. These ion-pairing interactions 

apparently have a larger effect on the H2 release kinetics than any hydricity differences in this 

case. 

4.3 Conclusions 

Presented here is the first example of hydricities of a homologous set of transition metal 

hydride complexes studied in two solvents. This series of complexes allows us to examine the 

influence of solvent on (a) the magnitude of hydricity values, (b) electronic tuning through 
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bipyridine substituent effects, and (c) effective hydricity tuning by addition of external ligands, 

such as chloride, that bind after hydride transfer.  

 

Figure 4.13. Influence of effective hydricity as a function of the sum of the Hammett parameters 
for each substituent (Ssp–). The black arrows reflect the various relationships measured in this 
work. The influence of chloride on effective hydricity within a given solvent is the difference in 
binding affinity for the complex (∆GºNCCH3àCl for acetonitrile and ∆GºH2OàCl for water).  

 

Figure 4.13 gathers all of the thermochemistry measured through the course of this work. 

As observed in previous work, hydride donation becomes more favorable in water than in 

acetonitrile, due to the more favorable solvation of the hydride ion (∆Gºtr(H–) = – 27.7 kcal mol–1 

from acetonitrile to water) and the difference in binding affinity for each solvent by the complex. 

The relative hydricities between iridium complexes (regardless of the presence of chloride) 

within this series is relatively unchanged in water and acetonitrile, as evidenced by the similar 

slopes in the Hammett plots in Figure 4.4 and Figure 4.7. The binding affinity for chloride is 

greater than that for solvent in both water and acetonitrile, however the effect is much more 
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pronounced in acetonitrile. In acetonitrile, ∆GºNCCH3àCl is too strong for determination by both 

NMR and UV-Vis spectroscopic analysis, and has been estimated as ~ –11 kcal mol–1 

Not only are these same modes of catalyst tuning available in both water and acetonitrile, 

but the solvent itself can be used as an additional mode for catalyst tuning. The electronic 

influence of the supporting ligand is not strongly affected, such that relative hydricity trends are 

retained in both solvents. In this way, upon hydricity determination in one solvent across a series 

of similar complexes, these trends are expected to be conserved across solvent environments. For 

example, as hydricity determination in acetonitrile is typically more facile, ligand tuning can be 

explored in acetonitrile and then applied in aqueous media, where many energy-relevant 

transformations are targeted. 

In stark contrast, effective hydricity, in which the thermodynamic parameter involves 

hydride release and binding of a ligand, such as chloride, is drastically affected by solvent. The 

relative instability of small anions like chloride in acetonitrile vs water leads to issues of both 

heteroconjugation or ligation, which influence the thermodynamics and kinetics of hydride 

transfer. These studies have illuminated a bright future for catalyst tuning using hydricity. 

Several different methods to tune hydricity have been proposed which have widely varied 

degrees of influence, allowing for a spectrum of hydricity available to each complex of interest. 

4.4 Experimental Section  

 General Considerations 

Procedures were carried out under nitrogen except where noted. All solutions containing 

metal hydride species were protected from ambient light to prevent photochemical H2 

release.23,24,39 All reagents were commercially available and used without further purification. 

Organic solvents were dried and degassed with argon using a Pure Process Technology solvent 
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system. Deuterated solvents were purchased from Cambridge Isotope Laboratories, Inc. 

[Cp*Ir(Cl)2]252 and [HDMF][OTf]53 were prepared following established literature procedure. 

Substituted bipyridine ligands were commercially available and used without further 

purification. 

UV-Vis spectra were obtained with a Cary 60 spectrophotometer. NMR spectra were 

obtained on 400, 500, or 600 MHz spectrometers. 1H NMR spectra were referenced to the 

residual solvent signals. Spectra were processed using the MestReNova software suite from 

Mestrelab Research S. L.  

 Synthesis 

General Synthesis of [Cp*Ir(bpy-X)(Cl)][Cl] Complexes: 

The chloride complexes of 1-6 were prepared following the method of Dadci et al., with 

final precipitation from MeOH/Et2O.25 The products [Cp*Ir(bpy)(Cl)][Cl] (1Cl)54, [Cp*Ir(bpy-

Me)(Cl)][Cl] (2Cl)28, [Cp*Ir(bpy-tBu)(Cl)][Cl] (3Cl),28 [Cp*Ir(bpy-OMe)(Cl)][Cl] (4Cl)55, 

[Cp*Ir(bpy-CO2Me)(Cl)][Cl] (5Cl),22 and [Cp*Ir(bpy-CF3)(Cl)][Cl] (6Cl)28 were verified by 

comparison with published literature spectra.  

 

[Cp*Ir(bpy)(Cl)][BArF4] ([1Cl]BArF4): A 20-mL scintillation vial was charged with 0.1 mmol of 

1Cl dissolved in 5 mL dichloromethane. With stirring, 0.1 mmol of NaBArF4 (ArF4 is 3,5-bis-

(trifluoromethyl)phenyl) was added as a solution in 5 mL dichloromethane. The reaction was 

stirred at room temperature for 1 hour and filtered to give a pale yellow solution of [1Cl]BArF4 

(86% yield, 100% pure) 1H NMR (400 MHz, CD3CN) δ 8.91 (d, J = 5.6, 2H), 8.47 (d, J = 8.4 

Hz, 2H), 8.24 (t, J = 7.9, 2H), 7.81 (t, J = 7.4, 2H), 7.71 (m, 12H, BArF4), 1.68 (s, 15H). 
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General Synthesis of [Cp*Ir(bpy-X)(NCCH3)][PF6]2 Complexes: 

In a nitrogen-filled glovebox, 0.1 mmol of [Cp*Ir(bpy-X)(Cl)][Cl] was added to a 

scintillation vial and dissolved in 5 mL H2O. Silver hexafluorophosphate (0.21 mmol) was then 

added to the vial as a solution in 5 mL H2O. The mixture was then stirred at room temperature 

overnight. The vial was brought out of the glovebox and silver chloride was removed by vacuum 

filtration yielding a pale-yellow filtrate. Water was removed via rotary evaporation. The solid 

was then re-suspended in acetonitrile and stirred over 3 Å molecular sieves for 30 mins. The 

solution was then filtered and dried in vacuo to yield the product. [Cp*Ir(bpy)(NCCH3)][PF6]2 

(1NCCH3) was verified by comparison with known literature spectra.39 Characterization data for 

previously unreported complexes is presented below: 

[Cp*Ir(bpy-Me)(NCCH3)][PF6]2 (2NCCH3) (43% yield, 97% pure) 1H NMR (600 MHz, 

CD3CN) δ 8.87 (d, J = 5.7 Hz, 2H), 8.30 (s, 2H), 7.45 (d, J = 5.7 Hz, 2H), 2.46 (s, 6H), 1.61 (s, 

15H).  

[Cp*Ir(bpy-tBu)(NCCH3)][PF6]2 (3NCCH3): 1H NMR (500 MHz, CD3CN) δ 8.99 (d, J = 6.1 Hz, 

2H), 8.35 (d, J = 2.1 Hz, 2H), 7.71 (dd, J = 6.1, 2.1 Hz, 2H), 1.63 (s, 15H), 1.45 (s, 18H). 

[Cp*Ir(bpy-OMe)(NCCH3)][PF6]2 (4NCCH3): (60% yield, 98% purity) 1H NMR (500 MHz, 

CD3CN) δ 8.65 (d, J = 6.6 Hz, 2H), 7.98 (d, J = 2.8 Hz, 2H), 7.36 (dd, J = 6.6, 2.8 Hz, 2H), 4.11 

(s, 6H), 1.66 (s, 15H). 

[Cp*Ir(bpy-CO2Me)(NCCH3)][PF6]2 (5NCCH3) (59% yield, 100% purity) 1H NMR (500 MHz, 

CD3CN) δ 9.09 (m, J = 5.7 Hz, 4H), 8.31 (d, J = 5.9, 2H), 4.06 (s, 6H), 1.69 (s, 15H).  
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[Cp*Ir(bpy-CF3)(NCCH3)][PF6]2 (6NCCH3) (47% yield, 100% purity) Single crystals suitable 

for X-ray diffraction studies were grown by vapor diffusion of Et2O into an acetonitrile solution 

of 6NCCH3. 1H NMR (500 MHz, CD3CN) δ 9.18 (d, J = 5.9 Hz, 2H), 9.02 (s, 2H), 8.24 (dd, J = 

5.9, 1.9 Hz, 2H), 1.72 (s, 15H).  

 

Synthesis of [Cp*Ir(bpy-X)(H)][Cl] Complexes: 

The synthesis of hydride complexes 1H, 2H, 4H, and 5H with chloride counter ions was 

reported previously.8 Synthesis  of 3H and 6H  was adapted from the synthesis of 1H8 

(characterization data for unreported complexes is presented below). 

[Cp*Ir(bpy-tBu)(H)][Cl] ([3H]Cl). 1H NMR (500 MHz, CD3CN) δ 8.78 (d, J = 6.2 Hz, 2H), 8.48 

(d, J = 2.1 Hz, 2H), 7.64 (d, J = 6.1 Hz, 2H), 1.85 (s, 15H), 1.48 (s, 18H), -11.54 (s, 1H). 

[Cp*Ir(bpy-CF3)(H)][Cl] ([6H]Cl). 1H NMR (600 MHz, CD3CN) δ 9.18 (d, J = 5.9 Hz, 2H), 9.02 

(s, 2H), 7.91 (s, 2H), 1.90 (s, 15H), -11.77 (s, 1H). 

 

Synthesis of [Cp*Ir(bpy-X)(H)][X] Complexes (X = PF6 or OTf): 

The synthesis of complexes [2H]PF6, [3H]PF6, and [4H]PF6, was adapted from the 

reported synthesis of [1H]PF6.29 The synthesis of complex [4H]PF6 was verified by comparison 

with published spectra20 and characterization data for unreported complexes are outlined below.  

[Cp*Ir(bpy-Me)(H)][PF6]2 ([2H]PF6). 1H NMR (500 MHz, CD3CN) δ 8.69 (d, J = 5.9 Hz, 2H), 

8.21 (s, 2H), 7.42 (d, J = 5.7, 2H), 2.60 (s, 6H), 1.81 (s, 15H), -11.50 (s, 1H). 
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[Cp*Ir(bpy-tBu)(H)][PF6]2 ([3H]PF6). 1H NMR (500 MHz, CD3CN) δ 8.75 (d, J = 6.1 Hz, 2H), 

8.36 (d, J = 2.1 Hz, 2H), 7.59 (dd, J = 6.1, 2.2 Hz, 2H), 1.83 (s, 15H), 1.45 (s, 18H), -11.58 (s, 

1H).  

The synthesis of [Cp*Ir(bpy-CO2Me)(H)][OTf]2 ([5H]PF6) and [Cp*Ir(bpy-CF3)(H)][OTf]2 

([6H]PF6) followed the general procedure described below.  

The IrI complex ([Cp*Ir(bpy-CO2Me)] and [Cp*Ir(bpy-CF3)], respectively) were synthesized 

from the iridium chloride complexes following established procedures.8 The IrI complex was 

then dissolved in 10 mL of diethyl ether and a 0.01 M solution of [HDMF][OTf] in acetonitrile 

was added until the color change from dark purple to red-orange persisted for 1 min. The dark 

orange solid was then filtered and washed with 3 x 5 mL diethyl ether. The solid was then 

redissolved in acetonitrile and dried in vacuo to yield the product.  

[Cp*Ir(bpy-CO2Me)(H)][OTf]2 ([5H]PF6) 1H NMR (500 MHz, CD3CN) δ 9.05 (d, J = 6.0 Hz, 

2H), 8.96 (d, J = 1.8 Hz, 2H), 8.00 (dd, J = 6.0, 1.8 Hz, 2H), 4.02 (s, 6H), 1.86 (s, 15H), -11.87 

(s, 1H). 

[Cp*Ir(bpy-CF3)(H)][OTf]2 ([6H]PF6). Synthesis yields a mixture of [6H]PF6 and 6NCCH3 

(77% hydride) due to a small amount of over protonation by the acid to release H2. 1H NMR 

(500 MHz, CD3CN) δ 9.14 (d, J = 6.1 Hz, 2H), 8.88 (s, 2H), 7.88 (d, 2H), 1.89 (s, 15H), -11.79 

(s, 1H). 
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