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ABSTRACT: Thermodynamic hydricities (ΔGH
−) in acetonitrile and

dimethyl sulfoxide have been calculated and experimentally measured
for several metal-free hydride donors: NADH analogs (BNAH, CN-
BNAH, Me-MNAH, HEH), methylene tetrahydromethanopterin
analogs (BIMH, CAFH), acridine derivatives (Ph-AcrH, Me2N-
AcrH, T-AcrH, 4OH, 2OH, 3NH), and a triarylmethane derivative
(6OH). The calculated hydricity values, obtained using density
functional theory, showed a reasonably good match (within 3 kcal/
mol) with the experimental values, obtained using “potential pKa” and
“hydride-transfer” methods. The hydride donor abilities of model
compounds were in the 48.7−85.8 kcal/mol (acetonitrile) and 46.9−
84.1 kcal/mol (DMSO) range, making them comparable to previously studied first-row transition metal hydride complexes. To
evaluate the relevance of entropic contribution to the overall hydricity, Gibbs free energy differences (ΔGH

−) obtained in this
work were compared with the enthalpy (ΔHH

−) values obtained by others. The results indicate that, even though ΔHH
− values

exhibit the same trends as ΔGH
−, the differences between room-temperature ΔGH

− and ΔHH
− values range from 3 to 9 kcal/mol.

This study also reports a new metal-free hydride donor, namely, an acridine-based compound 3NH, whose hydricity exceeds that
of NaBH4. Collectively, this work gives a perspective of use metal-free hydride catalysts in fuel-forming and other reduction
processes.

■ INTRODUCTION

Enzymatic redox reactions often rely on organic cofactors, such
as reduced nicotine adenine dinucleotide (NADH) and flavin
adenine dinucleotide (FADH2), to perform hydride transfer
reactions to substrates such as carbonyl compounds,1 carbon
dioxide,2 flavins (imines),3 and compounds containing activated
CC bonds.4,5 The synthetic analogs of these biological “H2-
equivalents” have found applications in chemical laboratories,
particularly when asymmetric transformations are desired. In
the presence of a chiral cocatalyst, NADH analogs serve as
regio- and enantioselective reagents for the reduction of imines
to amines,6−8 carbonyl compounds to alcohols,8−10 and
compounds with CC bonds to the corresponding saturated
analogs.8,11,12 NADH analogs have also been applied to the fuel
forming reactions. Specifically, a simple pyridinium ion has
been investigated as facilitating the electrocatalytic and
photoelectrocatalytic reduction of CO2 to methanol.13−16

While the experimental work was not reproduced by others,16

and the mechanism of catalysis still remains unclear, the
computational work indicates that the CO2 reduction may
occur by a hydride transfer from dihydropyridine, a close
relative of NADH.17−21 More recently, other nitrogen-
containing organic compounds (imidazoles,22,23 pyridazine,24

pyridoxine,25 mercaptopteridine,26−28 dihydrophenanthri-

dine,29 and dihydroacridine29) have also been shown to
perform CO2 reduction reactions. Furthermore, NADH
analog-based ligands coordinated with redox-active transition
metal (Ru,30 Ir31) or other metal ions (Al32) were shown to
perform the photocatalytic or electrocatalytic reduction of CO2
or water.
Thermodynamic hydricity (ΔGH

−) is a useful parameter that
is often used to evaluate the hydride donating ability of a
molecule. It is defined as the Gibbs free energy for hydride ion
release from the compound, with lower values of ΔGH

−

indicating better hydride donors:

→ + Δ+ −
−

 GR H R H H (1)

This thermodynamic parameter provides useful information
for the potential application of hydrides in synthetic reductions
of CC, CN, and CO bonds as well as in fuel-forming
reductions of protons and CO2. For this reason, the hydricities
of a large number of metal-based hydrides have been
extensively studied using computational and experimental
methods for different solvents.33−39 Although ΔGH

− values
exhibit strong solvent effects,40−42 the majority of reported
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hydricities were obtained in acetonitrile. These hydricities were
found to vary in a wide 25−120 kcal/mol range. Relevant to
fuel-forming reactions in acetonitrile, hydrides with ΔGH

−

below 76 kcal/mol are thermodynamically capable of proton
reduction,43,44 whereas ΔGH

− below 44 kcal/mol is needed for
the reduction of CO2 to formate.45 The hydricity studies on
metal-based models have shown several structural factors that
influence the ΔGH

− values of metal hydrides: (i) The type of
the metal used significantly alters the hydricities of complexes.
Within the same row of the periodic table, metals with lower
atomic number give rise to metal complexes with greater
hydride donor ability.46 Within the same group, metals in
second and third rows are generally better hydride donors than
the first-row analogues.33,44,47,48 (ii) The structural and
electronic properties of the ligand can also tune the hydricities.
For example, the decrease in the ligand bite angle contributes to
the lowering of ΔGH

− values.48−50 Furthermore, the presence of
electron-donating substituents on the ligand decreases the
hydricities of metal complexes.44,51−53 (iii) The overall charge
of the metal complex also affects the hydricities, with anionic
complexes being stronger hydride donors than the correspond-
ing neutral analogs.54−56 (iv) Solvent drastically affects
hydricities, where more polar solvents (such as water) lower
ΔGH

− values.37,40,57−61 It is interesting to note that the hydricity
values in different solvents do not scale linearly, making it
possible for a certain reaction to be thermodynamically
downhill in one solvent, while it is uphill in another.57

A systematic analysis of over 150 reported hydricity values
for metal-based hydride donors has enabled the discovery of
many elegant catalytic systems in which the critical reduction
step involves a hydride transfer.36,62 Despite being widely
present in natural systems, metal-free hydrides lack proper
thermodynamic evaluation. Most studies of organic compounds
have focused on weaker hydride donors, such as aryl-
substituted carbocations and quinones.63−65 Among stronger
organic donors, thermodynamic hydricities have been reported
only for a limited number of model compounds.56,63,64,66−68

The most hydridic donors have been found to be radical anions
of organic hydride donors, such as one-electron reduced
dihydroanthracenes and toluenes.68 Even though these radical
anions showed excellent hydride donating ability, very negative
potentials required for their formation (<−1.5 V) and low-
stability of active hydride species prevent practical application.
As a general trend, the hydricities of these organic hydride
donors can be lowered by increasing the stability of the cation
R+ formed upon the hydride transfer, either through aromatic
stabilization or by the introduction of electron-donating groups.
Due to experimental challenges associated with determination
of ΔGH

− values, the hydricities of metal-free donors are often
reported in terms of two other parameters that can be obtained
from relatively simple experimental measurements: the
enthalpy change associated with the hydride release
(ΔGH

−)69−71 and the hydride nucleophilicity (N).72,73 While
the reported ΔGH

− values allowed screening of a large number
of metal-free hydrides, it is not clear whether the entropic
contribution (TΔGH

−) is negligible or persistent for structurally
different hydride donors. Similarly, the nucleophilicity, N, is an
empirical parameter that provides useful insights into the
kinetics of hydride transfers from model donors, but the
correlation between N values and standard kinetic parameters
(such as activation free energy, ΔG⧧) is not straightforward.
In this study, we report the calculated and experimental

thermodynamic ΔGH
− for model organic hydrides presented in

Scheme 1. Some of the model compounds are direct analogs of
the enzymatic cofactors NADH1 (model compounds BNAH,

CN-BNAH, Me-MNAH, and HEH) and methylene tetrahy-
dromethanopterin, H4MPT+74 (model compounds BIMH and
CAFH). Other model compounds are derived from acridine
(Ph-AcrH, Me2N-AcrH, T-AcrH, 4OH, 2OH, 3NH) and
triarlymethane (6OH) frameworks. The calculated values were
determined in two solvents using density functional theory
(DFT) and supported by experimental findings obtained using
“potential pKa” and hydride transfer methods. A comparison of
ΔGH

−values obtained here with calculated ΔHH
− values indicate

a degree of uncertainty associated with the evaluation of
hydride strength using enthalpic ΔHH

−. Specifically, the
entropic contribution (TΔSH−) was found to differ significantly
for structurally unrelated hydride donors. The results of our
work are also discussed in terms of the structural and electronic
factors that lead to good hydride donor abilities in metal-free
models. Importantly, we discovered a new metal-free
compound with strong hydride donating ability: an acridine-
based structure, 3NH, was shown to exceed the hydride donor
abilities of natural and most artificial metal-free hydride donors.
Additionally, the cathodic behavior of the corresponding cation,
3N+, was shown to be reversible, indicating that this compound
could be possibly utilized in catalysis.

■ COMPUTATIONAL METHODS
Hydricity Calculations. All calculations related to hydricity were

performed using Gaussian 09 package75 with the resources of the Ohio
Supercomputer Center. The geometries of relevant species (R+ and
R−H) were optimized at the ωB97X-D/6-311G(d) level of theory
with the conductor-like polarizable continuum model (CPCM) for
solvents (acetonitrile and dimethyl sulfoxide).76−78 The frequency
calculations were performed to confirm the absence of imaginary
frequencies. The output files from the frequency calculations provided
the thermal corrections to free energies (ΔGcorr

sol ) for R+ and R−H. The
structures optimized at the ωB97X-D/6-311G(d) level were then used
to perform a single-point energy calculation at the ωB97X-D/6-311+
+G(2df,p)/CPCM(ACN or DMSO) level, and the electronic energies
(ε0

sol) of R+ and R−H were obtained from these output files.

Scheme 1. Structure of Organic Hydridesa

aNADH analogs (BNAH, CN-BNAH, Me-MNAH, HEH), methylene
tetrahydromethanopterin analogs (BIMH and CAFH), acridine (Ph-
AcrH, Me2N-AcrH, T-AcrH, 4OH, 2OH, 3NH), and triarlymethane
(6OH) derivatives.
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The computational method for hydricity calculation was adopted
from the previously published study.79 The hydricity of a model
compound R−H is defined as the thermodynamic driving force
(ΔGH

−) for the following reaction:

→ + Δ = + −+ −
−− +

 G G G GR H R H H R Hyd R H

where individual Gibbs free energies are defined as follow:

ε= + Δ + Δ *+ → +G G G( )R 0
sol

corr
sol

0 R

ε= + Δ + Δ + Δ *→G G G G( )Hyd 0
gas

corr
gas

hyd
sol

0 Hyd

ε= + Δ + Δ *− → −G G G( )R H 0
sol

corr
sol

0 R H

where ε0
sol and ε0

gas represent electronic energies in solvated and gas
phases, ΔGcorr

sol and ΔGcorr
gas are thermal correction to the Gibbs free

energy in solvated and gas phases, ΔGhyd
sol is solvation free energy for

the hydride anion, and ΔG0→* is a standard state correction (the value
is ΔG0→* = +1.891 kcal/mol for all species that do not have gaseous
standard state).80,81 Electronic energies and thermal corrections to the
Gibbs free energy were obtained as previously described. To derive
Ghyd, the electronic energy (ε0

gas = −331.14 kcal/mol) and the thermal
correction (ΔGcorr

gas = −6.28 kcal/mol) were obtained for gas-phase
using the ωB97X-D/6-31+G(d,p) level of theory. The solvation
energy ΔGhyd

sol for H− was obtained from the thermochemical cycle
connecting gas phase and solution phase one-electron reduction, as
expressed in the following equation:

Δ = Δ − Δ + Δ− −G G G Ghyd
sol

(H/H )
solv

(H/H )
gas

(H)
solv

where ΔG(H/H−)
gas and ΔG(H/H−)

solv represent the Gibbs free energy changes
for the one electron reduction of hydrogen atom in the gas phase and
the solution, respectively. ΔGgas(H/H

−) is the negative value of the
electron affinity of hydrogen atom (ΔGgas(H/H

−) = −17.39 kcal/
mol82). ΔG(H/H−)

solv was obtained from the experimental one-electron
potentials EH/H−

0 : using EH/H−
0 = −0.60 V68 and −0.55 V68 for

acetonitrile and dimethyl sulfoxide, ΔG(H/H−)
solv values were estimated to

be −84.88 kcal/mol and −86.04 kcal/mol for acetonitrile and dimethyl
sulfoxide, respectively. ΔG(H)

solv represents the solvation energy of
hydrogen atom, and this value was computed using CPCM/6-311+
+G(2df,p) and found to be −0.1 kcal/mol in both solvents. Using this
procedure, the computed values for GHyd were −404.8 kcal/mol and
−406.0 kcal/mol for acetonitrile and dimethyl sulfoxide, respectively.
Reduction Potential Calculations. The first (ER+/R•° ) and second

(ER•/R−° ) reduction potentials for our model compounds were derived
from the calculated driving forces (ΔGR+/R

• and ΔGR
•
/R

−), as follows:

ε εΔ = + Δ * − + Δ *→ →+ • • +G E E( ) ( )R /R 0
sol

0 R 0
sol

0 R

ε εΔ = + Δ * − + Δ *→ →• − − •G E E( ) ( )R /R 0
sol

0 R 0
sol

0 R

where electronic energies were obtained by performing single-point
calculations using the B3LYP83-D3BJ84 and ωB97X-D377 exchange
correlation functionals with the Def2-TZVP85 basis set using the SMD
continuum solvation model86 on fully optimized structures obtained
using the BP8687-D3BJ/Def2-SVP85 model chemistry with ORCA.88

The entropic contributions for the reactant and product states were
assumed to be similar, which resulted in their mutual cancellation. The
ΔG values were then used to calculate the standard reduction

potentials ( = − ΔE G
nF
). The calculated values were referenced to NHE

by subtracting 3.92 V80 from computed absolute potentials.89

In case of second reduction potentials, accuracies of ER•/R−° reduction
potentials were systematically improved compared to available
experiment when a counterion (K+) was included in both the R•

and R− states, that is, using reduction potentials modeled as R•−K+

and R−−K+. It seemed that adding a counterion stabilizes the anion
relative to the neutral radical, and this resulted in better agreement
with experiment due to error cancellation. We report our best
calculated values in Table 1: first reduction potential was calculated
using ωB97X-D3 calculations, while the second reduction potential is

calculated with ωB97X-D3 and the counterion. The Supporting
Information (Table S1) reports all calculated data.

■ EXPERIMENTAL SECTION
General Methods. All chemicals were purchased from commercial

suppliers and used without further purification. 1H NMR spectra were
recorded on a Bruker Avance III 500 MHz system. Steady-state UV/
vis absorption spectra were recorded on a Varian Cary 50 UV−vis
spectrophotometer. 1-Benzyl-1,4-dihydronicotinamide (BNAH) and
10-methyl-9-phenylacridinium perchlorate (Ph-Acr+) was purchased
from TCI America. Fluorene (FlH), triphenylmethane (Ph3CH),
diphenylyldiphenylmethane (DPE), and Super-Hydride (1 M in THF)
were purchased from Sigma. NAD+ analogs (6O+,90 4O+,90 2O+,90

3N+,91 T-Acr+,90 Me2N-Acr
+,90 BNA+,92 CN-BNA+,92 Me-MNA+,93

HE+,94 BIM+,95 and CAF+96), NADH analogs (6OH,97 2OH,98 Ph-
AcrH,79 CN-BNAH,92 BIMH,95 and CAFH96), indicator 9-phenyl-
xanthene (XanH99) and nickel-complex ([Ni(dmpe)2](PF6)2

100) were
synthesized according to the previously published procedures.

N,N-Dimethyl-4-(10-methyl-9,10-dihydroacridin-9-yl)aniline
(Me2N-AcrH). Me2N-Acr

+ (412 mg, 1 mmol) was dissolved in 5 mL
of ethanol and cooled in an ice bath. Sodium borohydride (150 mg, 4
mmol, 4 equiv) was then added, and the color changed to yellow. The
reaction mixture was warmed to room temperature and stirred for
additional 4 h. The resulting solution was filtered, and the precipitate
was washed with dichloromethane. The filtrate was extracted with
dichloromethane, organic extracts were combined, and solvent was
evaporated. The yellow oil was dissolved in ethanol and precipitated
by addition of water. The yellow precipitate was filtered, washed with
cold water, and dried under vacuum to yield 115 g (37%) of pure
product. 1H NMR (CD3CN, 500 MHz): 7.30−7.23 (4H, m), 7.05
(2H, d), 7.00−6.90 (4H, m), 6.59 (2H, d), 5.13 (1H, s), 3.41 (3H, s),
2.77 (6H, s).

N,N-Dimethyl-4-((10-methyl-9,10-dihydroacridin-9-yl)-
ethynyl)aniline (T-AcrH). T-Acr+ (120 mg, 0.27 mmol) was
dissolved in 6 mL of ethanol and cooled in an ice bath. Sodium
borohydride (62 mg, 1.62 mmol, 6 equiv) was added, and the reaction
mixture was stirred for 2 h, which resulted in disappearance of the
deep-blue color. The reaction mixture was then filtered, filtrate was
discarded, and precipitate was washed with dichloromethane.
Dichloromethane solution was evaporated yielding 30 mg of brownish
product (33%). 1H NMR (CD3CN, 500 MHz): 7.67 (2H, d), 7.38

Table 1. Calculated Standard Reduction Potentials (vs NHE)
for R+/R• and R•/R−, pKa Values of RH and ΔGH

− for RH in
Different Solventsa

DMSO ACN

compd E1(R
+/R•)b E2(R

•/R−)c pKa(RH)
d ΔGH

−e ΔGH
−e

6OH 0.08 −1.27 30.4 84.1 85.8
4OH −0.61 −1.48 37.6 73.2 75.1
PhAcrH −0.25 −1.17 26.1 72.8 74.9
Me2N-AcrH −0.30 −1.20 25.6 70.3 72.2
CN-BNAH −0.69 −1.42 33.1 66.5 68.5
T-AcrH −0.09 −1.02 14.9 64.7 66.6
2OH −0.58 −1.40 27.0 61.1 62.9
HEH −1.04 −1.50 36.0 60.6 62.5
BNAH −0.94 −1.84 38.4 58.3 60.3
CAFH −1.87 −1.65 45.8 51.3 53.2
Me-MNAH −1.24 −1.63 34.1 48.7 50.3
BIMH −1.51 −1.69 38.4 48.6 50.3
3NH −1.07 −1.75 30.8 46.9 48.7

apKa values for RH and ΔGH
− for RH in different solvents. bCalculated

using ωB97X-D3/Def2-TZVP and the SMD continuum solvation
model. cCalculated using ωB97X-D3/Def2-TZVP and the SMD
continuum solvation model with a K+ ion. dCalculated using the eq 4.
eCalculated using ωB97X-D/6-311++G(2df,p)/CPCM (DMSO or
ACN).
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(2H, d), 7.33 (2H, t), 7.10−7.05 (4H, m), 6.73 (2H, d), 5.00 (1H, s),
3.46 (3H, s), 2.98 (6H, s).
Cyclic Voltammetry. Cyclic voltammetry was performed using a

BASi epsilon potentiostat in a VC-2 voltammetry cell (Bioanalytical
Systems) using platinum working electrode (1.6 mm diameter, MF-
2013, Bioanalytical Systems), a nonaqueous Ag/Ag+ reference
electrode (MF-2062, Bioanalytical Systems), and a platinum wire
(MW-4130, Bioanalytical Systems) as a counter electrode. The
spectroscopic grade solvent DMSO and the electrolyte tetrabutylam-
monium perchlorate (TBAP) were purchased from Sigma-Aldrich and
used as received. Fast scan rate cyclic voltammetry was performed
using CHI 600 C potentiostat and platinum working electrode (CHI-
107, CH instruments, 10 μm diameter). In the case of T-Acr+, the
second standard reduction potential was obtained by oxidation of T-
Acr−, which was prepared in situ from T-AcrH and potassium
dimsyl.101 Electrochemical potentials were converted to NHE by
adding 0.548 V to the experimental potentials.102

pKa Determination. The pKa values of the NADH analogs were
determined using the indicator anion method in DMSO.99 Under inert
atmosphere, indicators (InH) were added to a solution of potassium
dimsyl (K+CH3SOCH2

−) to generate the indicator anions (In−). An
excess of indicator solution was added to the K+CH3SOCH2

− to
ensure the complete consumption of the base. The anion
concentrations were determined using recorded absorbance and In−

extinction coefficients. Then, the colored In− solutions were quenched
by addition of small aliquots of organic hydride solutions in DMSO.
The pKa values for the organic hydrides were determined using the
known indicator pKa value and experimentally obtained equilibrium
constants of the reactions between indicator anions and the hydrides.
Indicators were chosen to be within 2 pKa units from the hydrides, and
indicator absorbed in visible spectrum where the other species were
transparent.99 In case of overlapping absorptions of In− and
deprotonated hydride R− (Me2N-Acr

−), the absorption of Me2N-
Acr− was subtracted using its extinction coefficient at λmax for indicator
In−, as described in Supporting Information. The pKa values of
indicators used in this study are99 triphenylmethane (Ph3CH, pKa =
30.6) for 4OH, diphenylyldiphenylmethane (DPE, pKa = 29.4) for
Me2N-AcrH, 9-phenylxanthene (XanH, pKa = 27.9) for Ph-AcrH and
6OH, and fluorene (FlH, pKa = 22.6) for 2OH.
Hydride Transfer Studies. The hydricities of selected model

compounds were obtained by determining the equilibrium constant
for the hydride transfer to an appropriate acceptor with known hydride
affinity. To ensure that the equilibrium constant can be reached, the
reference compounds were selected so that their hydricities are within
3 kcal/mol of the hydricities of our model compounds (as estimated
from DFT calculations described in the Computational Methods
section). The equilibrium concentration ratios of reactants and
products were obtained using 1H NMR spectroscopy. The following
steps were performed to ensure that equilibrium was reached: The
progress of the reaction was monitored until the integration of NMR
peaks stopped changing. Then, an additional amount of one of the
products was added, and the reaction was monitored again until
equilibrium was reached. Deuterated acetonitrile and DMSO were
used as solvents. All reaction mixtures were prepared in the glovebox
using dry reagents and airtight NMR tubes.
Equilibrium of BNAH and 2O+. BNAH (3.8 mg, 0.018 mmol)

and 2O+ (8.1 mg, 0.018 mmol) were dissolved in 0.6 mL of deuterated
acetonitrile or DMSO. The equilibrium constant was reached after 14
days in acetonitrile yielding Keq = 9.61, whereas the equilibrium was
reached after 19 days in DMSO yielding Keq = 1.68. The hydricity of
2OH in acetonitrile was obtained from Keq and the reported hydricity
of BNAH (59 kcal/mol) as reference.56 In the case of DMSO, the
hydricity of 2OH (58.3 kcal/mol) was calculated by using the potential
pKa method, and the obtained value was used as reference to calculate
the hydricity of BNAH in DMSO. The 2OH hydricity was 60 kcal/mol
in acetonitrile, and the hydricity of BNAH was 57.7 kcal/mol in
DMSO.
Equilibrium of BNAH and HE+. BNAH (3.8 mg, 0.018 mmol)

and HE+ (5.5 mg, 0.018 mmol) were dissolved in 0.6 mL of deuterated
acetonitrile or DMSO. In acetonitrile, the equilibrium was reached

after 15 days, yielding Keq = 87.52. In DMSO, the equilibrium was
reached after 49 days, yielding Keq = 1.53. The hydricity of HEH in
acetonitrile was obtained from Keq and the reported hydricity of
BNAH (59 kcal/mol) as reference.56 The hydricity of HEH in case of
DMSO was obtained from Keq and hydricity of BNAH (57.7 kcal/
mol) as reference. The HEH hydricity was 61.5 kcal/mol in
acetonitrile and 58.2 kcal/mol in DMSO.

Equilibrium of [Ni(dmpe)2H]
+ and 3N+ or BIM+. [Ni-

(dmpe)2H]
+ was prepared in situ by addition of 1 M Super-Hydride

(20 μL, 0.020 mmol) to a solution of [Ni(dmpe)2](PF6)2 (16.2 mg,
0.025 mmol) in 0.6 mL deuterated acetonitrile. To this solution was
then added 3N+ (12.7 mg, 0.025 mmol) or BIM+ (8.1 mg, 0.026
mmol). The Keq = 3.33 was obtained after 15 days for 3N+ and Keq=
0.69 was obtained for BIM+ after 11 days. From these equilibrium
constants and reported hydricity of [Ni(dmpe)2H]

+ (49.9 kcal/mol),36

we derived ΔGH
−(3NH) = 49.2 kcal/mol and ΔGH

−(BIMH) = 50.1
kcal/mol in acetonitrile.

■ RESULTS AND DISCUSSION
Calculated Hydricities. The hydricities ΔGH

− of model
compounds R−H (eq 1) are calculated from the absolute Gibbs
energies of reactant and product states in the appropriate
solvation model:

Δ = + − −− +G G G GH R hyd R H (2)

While the Gibbs energies of solvated R+ and R−H species can
be calculated reasonably well using the standard DFT
methodology and solvation models, the calculation of absolute
Gibbs free energy for the solvated hydride ion (Ghyd) represents
a challenge. One way to overcome this drawback is to calculate
the thermodynamic parameters for a hydride transfer reaction
between R−H and a reference hydride acceptor (such as
acridinium cation or p-benzoquinone) whose hydride affinity is
known from the experiment.66,103 Alternatively, the Ghyd value
can be obtained as a fitting parameter from the experimental
hydricities and calculated Gibbs energies GR

+ and
GR−H.

17,48,104,105 Unfortunately, Ghyd values derived from
these studies are not consistent (for example, Ghyd values in
acetonitrile were reported to be −400.7 kcal/mol,48 − 404.7
kcal/mol,105 and −412.7 kcal/mol104).
In collaboration with the Krylov group at the University of

Southern California, we previously calculated the hydricity of
an acridine-based hydride donor, and the obtained value was in
excellent agreement with the experimental hydricity.79 In our
approach, the absolute Gibbs energy Ghyd was obtained as the
sum of the gas-phase energy Ghyd

gas and the solvent contribution
ΔGhyd

sol :

= + ΔG G Ghyd hyd
gas

hyd
sol

(3)

The gas phase energy, Ghyd
gas , was calculated using DFT, while

the solvation energy, ΔGhyd
sol , was derived from the experimental

one-electron reduction potential of hydrogen atom in a solvent
of interest65 and the calculated gas-phase electron affinity of a
H atom (as detailed in the Computational Methods section).
The Ghyd values obtained in this way are −404.8 kcal/mol (in
ACN) and −406.0 kcal/mol (in DMSO). In the current
manuscript, this computational methodology was used to
calculate the hydricities of our model hydrides in two solvents
(ACN and DMSO, Table 1).
The calculations were also used to estimate the standard

reduction potentials and pKa values of relevant species (Table
1). While E1(R

+/R•) values acquired using sole electronic
energies showed a reasonable match with experimental values
(Table S1, Supporting Information), the E2(R

•/R−) values
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using standard procedures did not match experiment well
(mean unsigned error = 0.17 V). Since our original calculated
E2 values were consistently too negative compared to
experiment, we speculated this was because the calculated
free energies of R− states were systematically too unstable
regardless of different exchange correlation functionals,
continuum solvation methods, and basis set sizes. As a simple
correction and following previous work,106 we added a
positively charged counterion, K+, into the calculations on the
R− and R• states, and the resulting E2 values agreed with
available experimental data much better (mean unsigned error
= 0.08 V). Adding an analogous counterion, Cl−, to the states
needed for the E1 calculations did not improve the agreement
of calculated versus experiment. The obtained calculated
reduction potentials are then used to estimate the pKa values
for the model hydride donors (eq 4). However, the calculated
pKa values (Table 1) are not very accurate. The trends of
reduction potentials and pKa values will be discussed in a later
section when experimental values are introduced.

=
Δ − + − Δ− + • • −

+ −

K
G E E G

p
23.06( )

1.364a
RH H R /R

0
R /R
0

solvent
H /H

(4)

Experimental Hydricities. Two experimental approaches
were used to determine the hydricities of model compounds:
the “potential pKa” and “hydride transfer” methods.36 The
potential pKa method uses the relevant standard reduction
potentials and pKa values to determine the hydricity of a model
compound, as follows:

+ → Δ = −+ − •
+ •G ER e R 23.06ET1 R /R

0

+ → Δ = −• − −
• −G ER e R 23.06ET2 R /R

0

+ → Δ = −− + G KR H RH 1.364pPT a
RH

+ →
Δ = Δ =

+ − −

+ − + −
G G

H 2e H

69.9 kcal/mol; 54.7 kcal/molDMSO
H /H

ACN
H /H

→ +
Δ = Δ + Δ + Δ + Δ

+ −

−
+ −

G G G G G

RH R H

H ET1 ET2 PT DMSO/ACN
H /H

where ΔGET1 and ΔGET2 represent Gibbs free energy changes
for first and second electron reduction of NAD+ analogs,
calculated using their reduction potentials (ER+/R•

0 and ER•/R−
0 );

ΔGPT represent a Gibbs free energy change for protonation of
R−, calculated using the pKa values of NADH analogs (pKa

RH);

ΔGDMSO
H+/H−

and ΔGACN
H+/H−

represent Gibbs free energy changes for
two electron reduction of the proton in dimethyl sulfoxide and
acetonitrile, respectively, using the derived potentials for proton
reduction in these solvents;68 ΔGH

− represents hydricity of the
studied NADH analog.
The hydride transfer method involves the determination of

the equilibrium constant (KHT) for a hydride transfer from a
model hydride R−H and a reference hydride acceptor (A+)
with known affinity, as follows:

+ ⇌ + Δ = −+ + G RT KRH A R AH lnHT HT

→ + Δ+ −
−GAH A H (AH)H

→ +
Δ = Δ + Δ

+ −

− −G G G
RH R H

(RH) (AH)H H HT

where ΔGHT represents a Gibbs free energy change for the
hydride transfer between examined and referent hydrides,
calculated from experimentally obtained equilibrium constant
for the hydride transfer, KHT; ΔGH

−(AH) and ΔGH
−(RH)

represent hydricities of the reference and examined hydrides.
Both of these approaches have limitations, which necessitated

the use of potential pKa method for those model compounds
that exhibited measurable reduction potentials and pKa values
in DMSO. On the other hand, the hydride transfer method was
used for the model compounds that reached the equilibrium
point when reacted with the reference hydride acceptor.

Potential pKa Method. While this experimental approach is
relatively simple, it is limited to the model compounds whose
reduction potentials, ER+/R•

0 and ER•/R−
0 , are within the

electrochemical window of the electrolyte solution (approx-
imately −1.9 V vs NHE for DMSO using TBAP as electrolyte
and platinum working electrode). Furthermore, the pKa values
of hydride donors R−H can be experimentally determined only
if R−H is more acidic than the solvent (for DMSO, pKa = 35,
which limits the pKa determination for compounds with pKa
values lower than 32).107 The calculated pKa values in Table 1
indicate that the acidity of CN-BNAH, Me-MNAH, HEH,
4OH, BNAH, BIMH, and CAFH are higher than that of the
DMSO limit, indicating that their hydricities are not likely to be
determined using the potential pKa method. However, this
argument should be taken loosely due to the low accuracy of
calculated pKa values. Similarly, the reduction potentials ER+/R•

0

and ER•/R−
0 need to be less negative than the cathodic

electrochemical window of the solvent (approximately −1.9 V
vs NHE for DMSO using TBAP as electrolyte and platinum
working electrode).
Standard reduction potentials were obtained using cyclic

voltammetry (Figure 1). At low sweep rates, the first reduction
step of 6O+ and most acridine-based models (Ph-Acr+, Me2N-
Acr+, 4O+, 2O+, and 3N+) exhibited reversible electrochemical
behavior, indicating good chemical stability of the correspond-

Figure 1. Cyclic voltammograms of model compound (cations) in the
cathodic range: Pt working electrode, Pt counter electrode, and
nonaqueous Ag/AgNO3 reference electrode. Sweep rate, 0.1 V/s (3N

+,
CN-BNA+, HE+, BNA+, Me-MBNA+, BIM+, and CAF+), 25 V/s (6O+,
T-Acr−, Me2N-Acr

+, 2O+), 2 kV/s (T-Acr+), 100 V/s (Ph-Acr+, 4O+);
electrolyte, 0.1 M TBAP in DMSO. The second reduction peak of T-
Acr+ was obtained from the oxidation of T-Acr−, which was formed in
situ by the deprotonation of T-AcrH in the presence of dimsyl anion
(pKa = 35).107
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ing radicals. On the other hand, the first reduction potentials of
pyridinium (CN-BNA+, HE+, BNA+ and Me-MNA+) and
imidazolium (BIM+ and CAF+) models appear at more negative
potentials and are chemically irreversible, possibly due to
radical dimerization.108−111 The stability of pyridine-based
radicals can be increased by the introduction of substituents in
the 4-position.110 The lower reactivity of acridine-based radicals
over the pyridine-based structures is likely due to higher
delocalization of the unpaired spin in the acridine-based
radicals.109 The reduction of T-Acr+ becomes chemically
reversible only at high scan rates (2 kV/s, Figure 1), despite
the fact that the compound is acridine-based. The origin of the
chemical irreversibility has not been explored further, but it is
interesting to note that the reduction of the neutral acridine-
based analog to form the radical anion is chemically reversible
even at 100 mV/s.112 The chemical instability of imidazolium
radicals has been previously attributed to either their
dimerization111 or the loss of H atom and formation of
carbene analogs.111,113−115 While the one-electron reduced
CAF+ can form carbene analogs by a loss of a hydrogen atom
from the carbon located between two N-centers, it is not clear
whether BIM+ can undergo similar chemistry by a loss of a
phenyl radical. The chemical reversibility for the one-electron
reduction of pyridinium and imidazolium models could not be
achieved (scan rates up to 10 kV/s were investigated), which
prevented us from obtaining the standard reduction potentials
for these processes.
The second reduction peak was obtained only for NAD+

analogs whose first reduction peaks were reversible (6O+, Ph-
Acr+, Me2N-Acr

+, 4O+, 2O+, and 3N+). At low scan rates (100
mV/s), second reduction peaks were irreversible, likely due to
the protonation of the generated anion to form NADH
analogs.116 Consistent with this assignment is the fact that the
reactivity of NAD− anions (reversibility of the second reduction
peak) correlates well with pKa values of the corresponding R−
H analogs. For example, the second reduction peak of 6O+

becomes reversible at relatively low scan rates (25 V/s), which
is consistent with relatively low basicity of 6O− anion (the pKa
of 6OH is 26.9, see text below). On the other hand, the
reversibility for 4O+ requires the scan rates of 100 V/s and the
pKa of 4OH is 30.3 (Table 2). In the case of T-Acr+, the

standard reduction potential for this process was obtained by
electrochemical oxidation of T-Acr− anion, formed by the
deprotonation of T-AcrH (Figure 1). A similar approach was
attempted on the compounds that lacked second reduction
peaks, but the experiment was not successful because the
dimsyl base was not a sufficiently strong base to deprotonate
hydrides.

The experimental pKa values for selected hydrides in DMSO
were obtained using the spectrophotometric method developed
by Bordwell.99 The indicators with known pKa values were
deprotonated using the dimsyl anion and then reacted with
model NADH analogs. The equilibrium constant for the proton
transfer between the NADH analog and indicator anion was
determined by monitoring the absorption of indicator anion at
a selected wavelength (see Figure S2, for example). The
accuracy of this method is high (0.05 pKa units) if the acidities
of indicator and NADH analog are within 2 pKa units to ensure
that the equilibrium is reached.99 For this reason, more than
one indicator was used to determine the pKa values of model
NADH analogs (Figure 2). In case of Me2N-AcrH, the

absorption of deprotonated NADH analog overlapped with
the absorption of indicator anion. In this instance, the
absorption contribution due to the deprotonated NADH
analog was accounted for, as described in the Supporting
Information. Deprotonation of T-AcrH led to unstable
products, which prevented us from determining the pKa value
of T-AcrH. Also, the same methods could not be applied for
the acetonitrile, since the NADH analogs are even weaker acids
in this solvent. The obtained pKa values in DMSO were used,
along with the standard reduction potentials, to determine the
hydricities of model NADH analogs, and the values are
reported in Table 2.

Hydride Transfer Method. The hydricities of almost one-half
of the model NADH analogs presented in Scheme 1 could not
be obtained using the potential pKa method (either due to the
irreversible reduction behavior of NAD+ analogs or due to the
high pKa values of the corresponding R−H). The hydricities of
these model compounds were obtained using the hydride-
transfer method, which was previously used by Dubois to
obtain the hydricities of NADH analogs (BNAH and CN-
BNAH) in acetonitrile, using the metal-based hydride donors as
references.56 This study showed that the accurate equilibrium
constants can be obtained if the hydricities of two relevant
hydrides differ by less than 3 kcal/mol. In our study, NMR
spectroscopy was used to determine the hydricities of model
NADH analogs in two solvents, acetonitrile and dimethyl
sulfoxide, and the results are listed in Table 3. As an example,
the NMR spectra for the reaction between BNAH (reference
hydride), and 2O+ in acetonitrile is presented in Figure S3,
Supporting Information. Unfortunately, the hydride transfer
method could not be applied to all model compounds, due to

Table 2. Experimentally Obtained ER+/R•
0 and ER•/R−

0 (V vs
NHE), pKa

RH of NADH model, and ΔGH
− (kcal/mol) Values

Derived Using Potential pKa Method in Dimethyl Sulfoxide

compd ER+/R•
0 ER•/R−

0 pKa
RH ΔGH

−

6OH +0.24 −1.24 26.9 83.5 ± 3
4OH −0.38 −1.41 30.4 70.2 ± 3
PhAcrH −0.29 −1.23 28.3 73.5 ± 2
Me2N-AcrH −0.30 −1.42 29.2 70.1 ± 2
T-AcrH −0.22 −1.07 a a
2OH −0.50 −1.39 23.4 58.2 ± 2
3NH −0.80 −1.62 a a

aNot available.

Figure 2. Indicators and their pKa values (left) used to determine the
pKa values of NADH analogs (right): triphenylmethane (Ph3CH),
diphenylyldiphenylmethane (DPE), 9-phenylxanthene (XanH) and
fluorene (FlH).107
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the occurrence of unwanted side reactions. Experimental
hydricity values obtained by potential pKa and hydride transfer
methods are further validated by cross-referencing among
studied model compounds (see Supporting Information for
more details).
Theory versus Experiment. The experimental hydricities

obtained using potential pKa and hydride transfer methods
showed a good match with the calculated values (Figure 3).

The calculated values are frequently higher than the
experimental hydricities by up to 3 kcal/mol, likely due in
part to the uncertainties associated with the treatment of the
hydride ion solvation in calculations. A similar match between
experiment and theory has been reported previously for metal-
based hydrides.33,48 Our finding that computationally inex-
pensive methods reproduce the experimental hydricities is quite
encouraging, particularly in light of technical difficulties
associated with determination of experimental values.
Entropic Contributions. The experimental determination

of ΔGH
− values can be quite challenging, as shown in the

previous section. On the other hand, the enthalpy for hydride
transfer, ΔHH

−, is readily obtained by a simple calorimetry

method, and this method has been used to screen a large
number of metal-free hydride donors. While the enthalpy
approach is quite useful, the use of ΔHH

− to describe hydride
donor ability is justified only when entropic contributions are
negligible. To evaluate the entropic contribution, we compared
the ΔGH

− and ΔHH
− values obtained by us and

others56,69,71,103,117−119 in Figure 4. The data clearly show
that the entropic contribution for metal-free hydrides cannot be
ignored, with TΔSH− values ranging from 3.4 to 12.1 kcal/mol.
Thus, the assumption that the entropic contribution can be
neglected introduces, on average, a 10% error to the
measurement.
A more accurate approach is to assume that the entropic

contribution is constant across a series of structurally related
hydride donors. This assumption was found to be valid for
tungsten hydride complexes (TΔSH− = 3.2 kcal/mol).54 While
this assumption drastically reduces the error, the ΔSH− values
are not always constant across series. NADH analogs exhibit
TΔSH− values in a narrow range (4.4−5.2 kcal/mol), whereas
the acridine derivatives were found to have values in much
wider range (3.4−6.5 kcal/mol). Thus, the enthalpic hydricity
ΔHH

− can be used to predict trends within the structurally
related hydride donors, but it fails to give precise driving forces
for hydride transfer reactions with hydrides of different groups.

Structure−Property Relationship. Based on the calcu-
lated and experimental data presented here, several interesting
points can be raised regarding the structural factors that control
hydricities of organic donors. In general, the hydride donor
ability of R−H derivatives improves with an increase in the
stabilization of the forming cation, R+. Consequently, triaryl-
methane derivative showed the poorest hydride donor ability,
where the R+ stabilization is achieved solely through non-
aromatic delocalization. The positive charge in R+ can be
stabilized through the inductive effect of electron-donating
substituents, as can be observed for the NADH analogs, where
the replacement of electron-withdrawing amide (BNAH, ΔGH

−

= 59 kcal/mol) or cyano (CN-BNAH, ΔGH
− = 63 kcal/mol)

groups with the electron-donating methyl group (Me-MNAH,
ΔGH

− = 50 kcal/mol) has a strong effect on hydricity. In
another example, the hydricity of Me2N-AcrH (ΔGH

− = 70.1
kcal/mol) is lower relative to the derivative without donating
group (PhAcrH, ΔGH

− = 73.5 kcal/mol).
An interesting class of hydride donors are imidazoles (BIMH

and CAFH), which have shown low hydricities (calculated
ACN values in the 50−53 kcal/mol range) in accordance from
previously reported ΔHH

−.69 The high hydride donor ability of
imidazole derivatives has been previously credited to the
specific conformation and an anomeric effect,120 where
neighboring nitrogen centers destabilize the C−H bond in
R−H by donating their lone pairs to its antibonding orbital. It is
interesting to note that imidazole-based hydride donors have
been identified in a relatively new class of hydrogenases,
namely, 5,10-methenyltetrahydromethanopterin (Hmd) hydro-
genase.121 In this enzyme, the imidazole-based hydride donor
drives H2 heterolysis reaction, activated by the presence of Fe-
containing cofactor. Since the synthetic procedures for these
derivatives are relatively straightforward, it is likely that new
imidazole-based hydride donors will be reported in the near
future.
Strikingly, the strongest hydride donor among the studied

compounds was found to be an acridine derivative, 3NH
(calculated ΔGH

− = 49 kcal/mol in ACN). This finding is
surprising, considering that the increase in the number of fused

Table 3. Hydricities (ΔGH
−, kcal/mol) of Selected Model

NADH Analogs Obtained Using Hydride-Transfer Method
in Dimethylsulfoxide and Acetonitrile

compound reference hydride (ΔGH
−) ΔGH

−

DMSO
BNAH 2OH (58.2) 57.5 ± 2
HEH BNAH (57.5) 58 ± 2

2OH (58.2) 57.9 ± 2
ACN

BNAH CpRe(NO)(CO)(CHO) (55)56 59 ± 256

2OH BNAH (59)56 60.3 ± 2
HEH BNAH (59)56 61.5 ± 2

CNBNAH (63)56 61 ± 2
CN-BNAH BNAH (59)56 63 ± 256

BIMH [Ni(dmpe)2H]
+ (49.9)36 50.1 ± 2

3NH [Ni(dmpe)2H]
+ (49.9)36 49.2 ± 2

Figure 3. Comparison between the calculated and experimental
hydricities for the NADH analogs. The value for PhAcrH was obtained
from our ref 79, while the values for BNAH and CN-BNAH were
obtained from ref 56.
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aromatic rings leads to the lowering of aromatic stabilization in
the corresponding R+ cation. For example, dihydropyridines are
better hydride donors than dihydroacridines, because of the
higher aromatic character of pyridinium cation.103 In the case of
3N+, the aromatic moiety is stabilized through the positive
charge delocalization via the conjugation with the remainder of
the molecule. In addition, a significant structural strain present
in the rigid 3NH further facilitates the loss of a hydride ion,
resulting in a highly planar system. The effects of extended
charge delocalization and planarization prevails in 4OH < 2OH
< 3NH series where hydricity in ACN declines from 75 to 49
kcal/mol.
It is interesting to note that acridine-based hydrides studied

here (3NH and 2OH) have comparable hydricity values to
other known reducing reagent, such as sodium borohydride
(NaBH4, calculated ΔGH

− = 50 kcal/mol117 in ACN) and
Hantzsch ester (ΔGH

− = 59 kcal/mol117 in ACN). Despite
being commonly utilized in organic synthesis, these hydrides
are used in stoichiometric rather catalytic amounts, due to
challenges associated with their regeneration.122 The electro-
chemical recovery of NADH analogs is complicated by the
chemical side reactions involving one-electron reduced species
(such as radical dimerization).108,109 Unlike NADH analogs,
3N+ and 2O+ exhibit electrochemically and chemically
reversible reduction potentials (Figure 1), suggesting that
3NH and 2OH can be electrochemically recovered and could
possibly serve as renewable hydride donors.
Overall, the hydride donor abilities were improved slightly

going from acetonitrile to dimethyl sulfoxide (by ∼2 kcal/mol),
which was also predicted by calculations. Such a trend can be
explained by the small differences in their dielectric constants
(ε(DMSO) = 47 versus ε(ACN) = 38), which results in slightly
better solvation of formed charged species (R+ and H−). A
similar solvent trend has been observed for the Ni-based
hydride,40 whose hydricities were obtained in acetonitrile
(ΔGH

− = 57.4 kcal/mol), dimethyl sulfoxide (ΔGH
− = 55.5

kcal/mol), and water (ΔGH
− = 30.0 kcal/mol).

Comparison with Metal-Based Analogs. Transition
metal hydrides have been identified as important intermediates
in a variety of catalytic fuel-forming and other redox reactions
in ground and excited state.35,45,123−127 On the other hand, the
metal-free hydrides have not been widely used for this purpose,

despite the abundance of enzymatic catalysis by NADH,
FADH2, and other metal-free hydrides.1−5,121 Thus, it is
interesting to compare the thermodynamic hydricities of our
model compounds with those reported for metal-based
hydrides. In general, the hydricities of metal-based hydrides
span a wide range of values (reported acetonitrile hydricities are
in the 26−120 kcal/mol range34,36). The metal-free hydrides of
Scheme 1 exhibit values that are somewhat higher, with the
calculated values in the 49−86 kcal/mol range, and seem to
have hydricities similar to the first raw transition metal
hydrides, such as Co-, Ni-, and Fe-based compounds
(acetonitrile hydricities are in the 32−73 kcal/mol range36).
Thus, both types of compounds are sufficiently strong hydride
donors for the relevant fuel forming reactions. For example, the
hydride affinity of protons in acetonitrile is approximately
−76.6 kcal/mol,43 indicating that most metal-free hydride
donors in Scheme 1 are thermodynamically capable of driving
the hydrogen evolution reaction.
Why are then metal-free hydride donors not used in fuel-

forming reactions as often as their metal-based analogs? One
possible explanation might be related to the differences in the
activation barriers associated with the relevant hydride transfer
processes (our future studies will investigate the kinetic effect in
more detail). Another reason for lower use of metal-free
hydride catalysts might be related to the closure of catalytic
cycle, which involves the two-electron, proton-coupled
reduction of R+ to recover the active R−H hydride form. To
exemplify this point, Figure 5 presents an energy diagram for
two hydride donors of similar hydricities: a metal-based
[Ni(PPh

2N
Ph)2H]

+ complex, whose hydricity in acetonitrile is
ΔGH

− = 59.3 kcal/mol,128 and 2OH, whose hydricity is ΔGH
− =

60.3 kcal/mol. The first reduction potentials of the
corresponding precursors, E(M2+/M+) and E(R+/R•), are
relatively similar and affordably small (around −0.5 V vs
NHE). Previous studies of metal-based compounds have shown
that E(M2+/M+) shifts to more negative values as the hydride
donor ability of the corresponding donor increases.36,52,129−131

Our metal-free analogs scale in the same way, as exemplified by
the similarities in the first reduction peaks for M2+/M+ and R+/
R•. However, a striking difference was observed in the values
for the second reduction potentials, E(M+/M0) and E(R•/R−):
while the metal-based compound undergoes the second

Figure 4. (a) Comparison between ΔHH
− and ΔGH

− for organic and other metal-free hydride donors in acetonitrile. (b) Comparison between
TΔSH− and ΔGH

− for organic hydride donors. Hydrides are represented as follows: calculated values for hydrides studied here (red triangles),
calculated values by others (blue circles), and experimental values obtained elsewhere (green squares). A complete list of metal-free hydrides can be
found in Figure S5, Supporting Information.
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reduction at a relatively low potential (−0.5 V vs NHE), the
metal-free model compound requires a significantly more
negative potential (−1.4 V vs NHE) to inject the second
electron.
Such a large energy requirement for the second reduction

step prohibits the application of metal-free hydride donors in
catalysis. Several approaches can be used to lower the standard
reduction potentials in metal-free systems. One involves the
coupling of the first electron transfer step with a proton transfer
to generate RH•+, which will then be reduced at a less negative
potential. Such proton-coupled reduction has been selected by
nature as a way to regenerate NADH. Specifically, NAD+

reduction is mediated by FADH2, which is formed from
FAD+ through two proton-coupled reductions.132 Another
interesting approach toward the lowering of reduction
potentials has recently been reported by Berben and co-
workers, who utilized the coordination with Al ions to lower
the reduction potentials of imine-based ligands.32 Finally,
model compounds that exhibit small or even inverted
differences in reduction potentials can be utilized to facilitate
the regeneration of metal-free hydrides.133 For example, it was
shown for some organic compounds that the structural changes
that accompany the first electron reduction can result in the
lowering of their LUMO orbital energies and associated second
reduction potentials.134 We observe similar effects in the case of
BIM+, which exhibits the smallest energy difference between
the calculated E(R+/R•) and E(R•/R−) potentials (Table 1),
likely brought about by the rotation of the phenyl ring upon
one electron reduction (Figure S4, Supporting Information).

■ CONCLUSIONS
Despite their importance in enzymatic redox reactions, metal-
free hydride donors are not widely used as catalysts for fuel-
forming and other reduction processes. To explore their
applicability in catalysis, we investigated hydricities of several
model compounds that are direct analogs of the enzymatic
cofactors NADH and methylene tetrahydromethanopterin, as
well as the synthetic hydrides derived from acridine and

triarylmethane frameworks. The hydride donor ability for the
model compounds reported here were found to be similar to
metal-based hydrides and dependent on structural motifs, such
as size of conjugated molecular framework, aromaticity, and
presence of electron-donating groups. Unlike the metal-based
equivalents, the metal-free hydrides exhibited high values for
their second reduction potentials, prohibiting the catalyst
recovery. Future design of these hydride donors will be focused
on lowering the reduction potentials and enabling facile
hydride-form regeneration.
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