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ABSTRACT: Hydrogen bonds profoundly influence the architec-
ture and activity of biological macromolecules. Deep appreciation of
hydrogen bond contributions to biomolecular function thus requires
a detailed understanding of hydrogen bond structure and energetics
and the relationship between these properties. Hydrogen bond
formation energies (ΔGf) are enormously more favorable in aprotic
solvents than in water, and two classes of contributing factors have
been proposed to explain this energetic difference, focusing
respectively on the isolated and hydrogen-bonded species: (I)
water stabilizes the dissociated donor and acceptor groups much
better than aprotic solvents, thereby reducing the driving force for
hydrogen bond formation; and (II) water lengthens hydrogen
bonds compared to aprotic environments, thereby decreasing the
potential energy within the hydrogen bond. Each model has been
proposed to provide a dominant contribution to ΔGf, but incisive tests that distinguish the importance of these contributions are
lacking. Here we directly test the structural basis of model II. Neutron crystallography, NMR spectroscopy, and quantum
mechanical calculations demonstrate that O−H···O hydrogen bonds in crystals, chloroform, acetone, and water have nearly
identical lengths and very similar potential energy surfaces despite ΔGf differences >8 kcal/mol across these solvents. These
results rule out a substantial contribution from solvent-dependent differences in hydrogen bond structure and potential energy
after association (model II) and thus support the conclusion that differences in hydrogen bond ΔGf are predominantly
determined by solvent interactions with the dissociated groups (model I). These findings advance our understanding of universal
hydrogen-bonding interactions and have important implications for biology and engineering.

■ INTRODUCTION

Hydrogen bonds are ubiquitous chemical interactions whose
formation and properties contribute enormously to protein and
nucleic acid folding, molecular recognition, enzymatic catalysis,
and drug−receptor interactions. A thorough understanding of
hydrogen bond structure and energetics is thus required to
deeply understand hydrogen bond contributions to biomolec-
ular function and to optimize the engineering of new molecular
systems with novel functional properties. In this work, we test
the relationship between hydrogen bond length and the free
energy change (ΔGf) upon hydrogen bond formation. ΔGf
reflects the overall stability of a hydrogen-bonded complex
relative to the dissociated donor and acceptor groups (Figure
1A) and is the most common thermodynamic measure for
assessing hydrogen bond contributions to protein folding,
ligand binding, and enzyme catalysis.1

Substantial prior work has indicated that the energetic
properties of hydrogen bonds are strongly influenced by the
nature of the surrounding environment. Extensive studies of
small-molecule complexes have provided overwhelming

evidence that hydrogen bonds formed in aprotic environments
are enormously more stable than in water. For example, ΔGf for
hydrogen bond formation between 4-nitrophenol and 4-
nitrophenolate is 7−8 kcal/mol more favorable in acetonitrile
and tetrahydrofuran than in water, and the hydrogen bond
between fluoride and hydrogen fluoride is nearly 40 kcal/mol
more stable in the gas phase than in water.2−5

Particular attention has been focused in the literature on the
structural and energetic role of hydrogen bonds with lengths of
2.4−2.6 Å, as these hydrogen bonds are significantly shorter
than the majority of 2.8−3.2 Å hydrogen bonds observed in
protein and small-molecule structures. Such short hydrogen
bonds display distinguishing spectroscopic features (e.g., 1H
NMR chemical shifts of 14−18 ppm) in aprotic organic
solvents, have large formation free energies in aprotic
environments, and are frequently referred to as “short, strong
hydrogen bonds”.6−10 In contrast, spectroscopic signals
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indicative of short hydrogen bonds have not typically been
observed for hydrogen-bonded complexes in water,8,11 where
ΔGf values are small.
Based on these structural and energetic observations, two

general models have been proposed in the literature to account
for the enhanced stabilities of hydrogen bonds in aprotic
environments compared to water. These models can provide
independent and additive contributions to ΔGf and focus on
either the dissociated donor and acceptor groups (Figure 1A,
left side of equilibrium) or the hydrogen-bonded complex
(Figure 1A, right side of equilibrium) and the differential effects
of the surroundings on these species, as elaborated below (see
additional discussion in Text S1, Supporting Information).
Model I addresses the differential ability of protic versus

aprotic solvents to stabilize the separated hydrogen bond donor
and acceptor groups.2,3,12−14 According to proposals that this
model provides a dominant contribution to hydrogen bond
ΔGf, the isolated charge of a dissociated oxyanionic acceptor
will be enormously more stable in water than in aprotic organic
solvents, resulting in a substantially reduced hydrogen bond

formation energy in water compared to aprotic environments
(Figure 1B).
Model II addresses the hydrogen-bonded complex and posits

that hydrogen bonds adopt shorter equilibrium distances in
aprotic environments than in water and that such shortening
deepens the potential energy well of the hydrogen-bonded
groups and results in a much more favorable formation free
energy (Figure 1C, additional discussion in Text S1).8,12,15−23

This model recognizes that hydrogen bonds are largely
electrostatic in character but have a charge-transfer component
that increases as a hydrogen bond shortens due to enhanced
orbital overlap.24,25 Hydrogen bonds formed in water might be
preferentially longer due to favorable interactions between
more localized charges and solvent water molecules (Figure
1C). In the absence of strong stabilizing interactions with
solvent, hydrogen bonds formed in aprotic solvents might
instead adopt shorter distances to maximize stabilization from
charge delocalization (see additional discussion in Text S1 and
S2). Indeed, a prior computational study suggested that the O···
O distance of the water−hydroxide hydrogen bond lengthens
from 2.4 Å in the gas phase to 2.8 Å in water.12

Both models have been suggested to be important for
protein function. For example, “short, strong hydrogen bonds”
have been proposed to form within buried protein interiors,
due to unique properties of the solvent-sequestered protein
matrix that differ from water, and to contribute substantially to
enzyme catalysis because of their short lengths.6,9,11,19 Other
researchers have invoked the general observation of increased
hydrogen bond formation free energies in the absence of water
to suggest that hydrogen bond stability might be enhanced
within protein interiors due to loop or domain closures or the
tight packing of active site groups that largely exclude bulk
water molecules.26,27

Despite the ubiquity of the two models described above, the
relative importance of their energetic contributions to hydrogen
bond stability in solution has never been distinguished and
assessed. Indeed, the central tenet of the second model that
hydrogen bonds are longer in water than in nonaqueous
environments has remained untested due to technical
challenges in assessing hydrogen bond structure in water.
There have been occasional spectroscopic reports9,28−31

suggesting that short hydrogen bond distances can form in
partially aqueous environments at subzero temperatures (e.g.,
10% water/90% acetone at −50 °C), and X-ray crystallographic
studies of the 4-nitrophenol·4-nitrophenolate complex have
reported nearly identical O···O distances in the absence (2.475
Å) or presence (2.465 Å) of two hydrating water molecules per
unit cell.32 Under these heterogeneous and low-temperature
conditions, however, the solvation properties of water
molecules can substantially differ from bulk water.33

We have critically assessed the structural basis for model II
(Figure 1C) by systematically testing whether hydrogen bonds
are longer and have significantly different potential energy
surfaces in water relative to aprotic organic solvents. Our results
provide direct evidence that the weaker formation free energies
observed for hydrogen bonds in water compared to aprotic
organic solvents are not accompanied by increased hydrogen
bond lengths or substantially differing potential energy surfaces
across these environments. These results rule out the central
underpinning of model II and, by elimination, support model I
as the dominant determinant of hydrogen bond ΔGf. This
finding has important implications for understanding the
contributions of hydrogen bonds to the fundamental energetic

Figure 1.Models for the effect of solvent on the equilibrium formation
of O−H···O− hydrogen bonds. (A) Schematic depiction of hydrogen
bond lengths and formation free energy (ΔGf), which reflects the
stability of the hydrogen-bonded complex relative to the dissociated
groups. (B) Schematic depiction of model I in which hydrogen bond
stability is determined by the differential interactions of water versus
aprotic solvents with the dissociated donor and acceptor groups, with
identical hydrogen-bonded species in the differing solvents. (C)
Schematic depiction of model II in which solvent−solute interactions
lengthen a hydrogen bond in water relative to an aprotic organic
solvent, resulting in the longer hydrogen bond as the more stable
structure in water and the shorter hydrogen bond as the more stable
structure in an aprotic environment. Charges and partial charges depict
possible effects that accompany hydrogen bond shortening and
interactions with solvent molecules. The larger dots represent the
deeper potential energy well posited in aprotic organic solvents
according to model II.
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and structural properties of biomolecules, their complexes, and
their functions.

■ RESULTS AND DISCUSSION
We approached this question by studying changes across a
series of compounds in multiple environments, rather than
examining a single hydrogen-bonded complex, as we reasoned
that systematic studies could provide more extensive and
incisive information about the relationship between solvation
and hydrogen bond structure and potential energy surface. We
focused on O−H···O hydrogen bonds, as these interactions are
common in nature and have been the subject of extensive prior
investigation.8,25,34,35

The Dependence of Hydrogen Bond Length on ΔpKa.
Hydrogen bond formation energies (ΔGf) are commonly
observed to depend linearly on ΔpKa, the proton affinity
difference between the hydrogen bond donor and acceptor
groups, with the largest formation energies typically observed at
or near a ΔpKa value of zero.

5,36 As the shortest hydrogen bond
lengths are also typically observed between groups with similar
pKa values,

37 we first asked whether hydrogen bond lengths
also show a broad linear dependence on ΔpKa. We analyzed the
crystal structures in Steiner and Saenger’s 1994 compilation of
O−H···O hydrogen bonds determined by low-temperature
(<130 K) neutron diffraction,35 experimental conditions that
most accurately determine proton positions. We also
determined low-temperature neutron structures of six addi-
tional hydrogen-bonded complexes, resulting in a composite,
structurally diverse data set of 68 inter- and intramolecular
hydrogen bonds with ΔpKa values spanning nearly 20 units
(Table S1).
We compiled the O···O, O−H, and H···O distances observed

in the neutron structures for each hydrogen-bonded complex
and plotted these distances as a function of the ΔpKa values
determined for each hydrogen bond based on the experimental
or calculated pKa values of the interacting donor and acceptor
groups. These plots revealed a steady dependence on ΔpKa,
with the O···O distance increasing linearly with a slope of 0.02
Å/pKa unit from 2.4 Å to almost 2.9 Å as ΔpKa increased from
0 to 20 (R2 = 0.86) (Figure 2A). The position of the hydrogen-
bonded proton also varied steadily with ΔpKa, with both O−H
and H···O distances converging on 1.2 Å as ΔpKa approached
zero (Figure 2B).
This structural dependence on ΔpKa observed directly by

neutron diffraction is consistent with prior NMR and IR studies
of O−H···O hydrogen bonds in aprotic organic solvents and in
the gas phase that have reported systematic changes as a
function of ΔpKa in 1H chemical shift and O−H stretching
frequency, spectroscopic observables that provide incisive
readouts of hydrogen bond structure.38−41 Our direct assess-
ment of this structural dependence on ΔpKa in hydrogen-
bonded crystals provides a quantitative baseline from which to
test and compare the effects of differing solvent environments.
Direct Tests of Hydrogen Bond Structure in Aprotic

Solvents versus Water via 1H NMR. In a nonaqueous
environment, both hydrogen bond length and formation free
energy correlate with ΔpKa. Prior studies

3,36,42 have provided
clear evidence that hydrogen bond formation energies display a
substantially steeper dependence on ΔpKa in aprotic organic
solvents than in water. The critical unresolved question that we
set out to test was whether hydrogen bond lengths also display
a steeper dependence on ΔpKa in aprotic organic solvents than
in aqueous solution, as predicted based on the central tenet of

model II (Figure 1C) that hydrogen bond formation energies
depend directly on hydrogen bond lengths.
We exploited the ability of 1H NMR spectroscopy to directly

detect hydrogen-bonded protons and its high sensitivity to
changes in hydrogen bond structure as small as 0.01 Å.34 1H
chemical shifts from solid-state NMR correlate strongly with
hydrogen bond distances determined by neutron diffraction,
with the chemical shift of the hydrogen-bonded proton
increasing from 12−20 ppm as the O···O distance decreases
from 2.7 to 2.4 Å and the O···H distance simultaneously
decreases from 1.7 to 1.2 Å.23,34,43−46 This correlation has been
ascribed to decreased shielding from σ bond electron density
around the proton as it migrates away from its covalently
associated oxygen toward the center of the hydrogen bond as
O···O distances shorten,23,35,47 and it provides a powerful
means to detect and quantify changes in hydrogen bond
structure within solution environments.44,48 This approach has
been used to interrogate hydrogen bond structure in aprotic
solvents,8,45,48 but aqueous environments remain challenging to
study due to proton exchange between water molecules and
hydrogen-bonded solutes.
We focused on the intramolecular hydrogen bond within

salicylate monoanions (Figure 3A), as a prior 1H NMR study29

of these compounds in 10% water/acetone (−50 °C) hinted
that it might be possible to detect the hydrogen-bonded proton
on a high-field instrument in fully aqueous solution (i.e., 100%
water) and thus enable the critical experimental test.
Furthermore, these compounds are available with differing

Figure 2. The dependence of hydrogen bond length on ΔpKa.
Dependence of O···O distance (R2 = 0.86) (A) and O−H (squares)
and H···O distances (circles) (B) on ΔpKa for O−H···O hydrogen
bonds in low-temperature neutron structures. Data points for newly
determined structures are in red. Inset in (A) is the neutron structure
for 4-nitrophenol·4-methoxypyridine-N-oxide determined herein
(ΔpKa = 5.1). Aqueous pKa values are used herein as a proxy for
proton affinity and so that each compound can be denoted by a single
ΔpKa value that allows comparisons between properties of the same
compound in different environments.
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substituents that vary the donor−acceptor ΔpKa over a wide
range, and equilibrium hydrogen bond formation free energies
(ΔGf, defined in Figure 3A) measured for salicylates indicate
stronger hydrogen bonds and a much steeper dependence on
ΔpKa in aprotic organic solvents than in water42 (see additional
discussion in Text S3). In addition, as we describe below,
multiple observations indicate that the hydrogen bond behavior
of these intramolecular complexes is very similar to that of
intermolecular complexes.
We acquired 1H NMR spectra of a series of salicylates

(aqueous ΔpKa varied over 5 units) in chloroform (ε = 5),
acetone (ε = 21), and water (ε = 80), solvents of widely
differing dielectric (ε) and hydrogen bonding ability. A far-
downfield peak corresponding to the intramolecular hydrogen-
bonded proton was readily detected in all spectra, including
those obtained in water, where the downfield peak was mildly
broadened due to slow exchange with bulk water (Figure 3A).
There were modest (<1 ppm) differences in the absolute

chemical shift measured for each salicylate across the three
solvents but no trend that distinguished the behavior between
any of the solvents. Indeed, the 1H NMR chemical shift
measured for each salicylate’s hydrogen-bonded proton and its
change across the series of salicylates were strikingly similar in
all three solvent environments, with increases of 1.0 ± 0.1 ppm
per unit decrease in ΔpKa (Figure 3B). A plot of the observed
1H NMR chemical shift in chloroform versus water is accurately

fit (R2 = 0.98) by a linear function with a slope of 1.0, further
indicating a nearly identical dependence of hydrogen bond
proton position on ΔpKa in these two solvent environments
despite their nearly 17-fold difference in dielectric constant and
their disparate capacities to hydrogen bond with solutes (Figure
3C). Similar trends are seen for the observed 1H NMR
chemical shifts in acetone versus water (R2 = 0.89) (Figure
3D), acetone versus chloroform (R2 = 0.89) (Figure S1A), and
water versus the previously reported29 chemical shifts in 10%
water/acetone (R2 = 0.92) (Figure S1B). By plotting the NMR
data in each solvent versus the NMR data in the other solvents,
any uncertainty in the accuracy of the intrinsic ΔpKa values for
salicylates is eliminated from the analysis.
As noted above, 1H NMR chemical shifts can be used to

estimate hydrogen bond lengths34,43,44 and thus to quantify
differences in hydrogen bond structure for the same salicylate
or across the series of salicylates in discrete solvents
(correlation functions given in Supporting Information and
Materials and Methods). The hydrogen bond O−O distances
estimated for 3,5-dinitrosalicylate in chloroform, acetone, and
water were all within 0.01 Å of one another and within 0.03 Å
of the O−O distance observed in a low-temperature neutron
crystal structure of this compound (Table S2), providing
additional evidence against substantial environmental effects on
hydrogen bond length.

Figure 3. Solution 1H NMR studies of hydrogen bonding in substituted salicylate monoanions. (A) Schematic depiction of intramolecular hydrogen
bond formation in salicylates and 1H NMR spectra of 5-methylsalicylate (ΔpKa = 5.0), 4-methoxysalicylate (ΔpKa = 4.2), 3,5-dichlorosalicylate
(ΔpKa = 3.5), 5-formylsalicylate (ΔpKa = 2.9), 5-nitrosalicylate (ΔpKa = 2.8), 3-nitrosalicylate (ΔpKa = 2.8), and 3,5-dinitrosalicylate (ΔpKa = 0.5)
in chloroform, acetone, and water at 4 °C. The spectrum of 3,5-dinitrosalicylate in water was acquired in 90% water/10% DMSO at −3 °C. (B−D)
Dependence of 1H NMR chemical shift in each solvent on ΔpKa (slopes = 0.8−1.0 ppm/pKa unit, R

2 = 0.82−0.92) (B), 1H NMR chemical shifts in
chloroform versus water (slope = 1.0, R2 = 0.98) (C), and 1H NMR chemical shifts in acetone versus water (slope = 0.8, R2 = 0.89) (D).
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Across the series, the observed 1H chemical shifts suggest
that salicylate hydrogen bonds shorten by 0.02−0.03 Å (O···O
distance) and 0.04−0.05 Å (H···O distance) per unit decrease
in ΔpKa in all three solvents.49 These distance changes are very
similar to the corresponding changes in O···O (0.02 Å/pKa

unit) and H···O (0.03 Å/pKa unit) distances determined by
neutron diffraction for hydrogen bonds in diverse small-
molecule crystals (Figure 2A,B). Analysis of X-ray diffraction
data in the Cambridge Structural Database for crystalline
salicylates also indicate a 0.017 Å/pKa unit change in O···O
distance that is nearly identical to that estimated by solution 1H
NMR for the salicylates and very similar to the 0.021 Å/pKa

unit change in O···O distance observed by neutron diffraction
for intermolecular hydrogen bonds (Figure S2). Thus, the
physical properties of salicylate hydrogen bonds are not unique
but are broadly similar to the observed behavior of the diverse
inter- and intramolecular O−H···O hydrogen bonds included in
the crystallographic data sets (Figures S2 and S3, and additional
discussion in Text S7). The 1.0 ± 0.1 ppm/pKa unit change in
chemical shift of the hydrogen-bonded proton across the series
of salicylates in the three solvents is also identical, within error,
to the 0.9 ± 0.2 ppm/pKa unit chemical shift change reported
for the intermolecular O−H···O hydrogen bond between
substituted phenols and trimethylamine-N-oxide in chloro-
form,38 further supporting the conclusions that salicylate
hydrogen bonds have similar properties to other hydrogen-
bonded groups, including intermolecular complexes, and that
hydrogen bond structure is not strongly influenced by solvent
environment.

We also studied the effect of solvent on the hydrogen bond
in 2-hydroxyphenylacetate, which, while still intramolecular, is
less structurally constrained than the salicylates. Despite this
additional flexibility, we observed nearly identical 1H NMR
chemical shifts for the hydrogen-bonded proton in chloroform
(13.4 ppm) and 10% water/acetone (13.2 ppm) (Figure S9),
providing additional evidence that supports our conclusion that
solvent effects do not substantially alter the structures of intra-
and intermolecular hydrogen bonds.

Probing Hydrogen Bond Potentials in Aprotic
Solvents versus Water with 2H Isotope Effects. To further
test the conclusion that hydrogen bonds formed in water are
not substantially lengthened relative to aprotic solvents and to
evaluate possible differences in the potential energy surface of
hydrogen bonds formed in different environments, we
measured the deuterium (2H) isotope effect on the NMR
chemical shifts of the hydrogen-bonded protons. For hydrogen
bonds with anharmonic potentials, substitution of the bridging
proton for deuterium leads to a shortening of the O−D bond
relative to the original O−H bond50,51 (most frequently
observed in hydrogen bonds <∼2.7 Å) that can be detected
by NMR as an upfield shift in the position of the 2H peak
relative to the 1H peak.8 The magnitude of this 1H−2H
chemical shift has been observed to increase with decreasing
hydrogen bond length, an effect ascribed to increased
anharmonicity of the bond potential as the central barrier to
proton transfer lowers with decreasing hydrogen bond length.52

Thus, measurement of the 1H−2H chemical shift for a
hydrogen bond provides an incisive readout of the general
shape and anharmonicity of the potential energy surface.

Figure 4. Deuterium isotope effects of hydrogen bond structure in water and organic solvents. (A) Dependence of the deuterium isotope shift
(1H−2H NMR chemical shift) on ΔpKa in chloroform (red, R2 = 1.0), acetone (black, R2 = 0.99), and water (blue, R2 = 0.95) for 5-methylsalicylate
(ΔpKa = 5.0, spectra in inset), 4-methoxysalicylate (ΔpKa = 4.2), 5-formylsalicylate (ΔpKa = 2.9), and 3,5-dinitrosalicylate (ΔpKa = 0.5). (B) Plot of
the deuterium isotope shift versus the 1H NMR chemical shift for each salicylate in chloroform, acetone, and water (colors as in (A)) and for
previously published O−H···O− hydrogen-bonded complexes in aprotic organic solvents (gray).8 (C) The HH and HD isotopologues of 1,8,9-
trihydroxyanthracene monoanion formed by partial deuterium exchange. (D) 1H NMR spectra of the 1,8,9-trihydroxyanthracene monoanion in
DMSO or 90% water/DMSO without or with partial deuterium exchange of labile hydrogen atoms. XD = mole fraction of deuterium.
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We acquired 2H NMR spectra for the same salicylates in
chloroform, acetone, and water. The 2H NMR peak in each
case was readily detected for all compounds except for 3,5-
dinitrosalicylate in water (Figure S4). The magnitudes of the
1H−2H shifts observed for individual salicylates in distinct
solvents were within 0.1 ppm of one another, and the change in
the 1H−2H shift as a function of ΔpKa was nearly identical in
the three environments (Figure 4A). In all cases the 1H−2H
shift increased similarly with increasing 1H NMR chemical shift,
as previously observed for diverse O−H···O hydrogen bonds in
nonaqueous solvents (Figure 4B) and as expected for
progressively shorter hydrogen bonds whose individual
anharmonicities and potential energy surfaces are very similar
in both water and aprotic solvent environments.
Physical Coupling of Adjacent Hydrogen Bonds in

Aprotic Solvents versus Water. Prior studies have observed
that when two hydrogen bonds are donated to a common
acceptor atom, substituting proton for deuterium in one of the
hydrogen bonds results in a shortening of the neighboring
hydrogen bond. This shortening can be detected as an increase
in the 1H NMR chemical shift of the hydrogen bond that
retains its proton, and it indicates that the structures of the two
hydrogen bonds are coupled.45,53

To test whether water attenuates this coupling, as might
occur if there were strong interactions with water molecules
that changed the electronic properties of the hydrogen-bonded
groups and altered the potential energy surface, we acquired 1H
NMR spectra of 1,8,9-trihydroxyanthracene monoanion
(Figure S5) dissolved in DMSO or in 90% water/DMSO
(this compound is insoluble in 100% water) without and with
partial substitution of labile hydrogen atoms with deuterium
(Figure 4C). Without deuterium exchange, we observed a
single downfield 1H NMR peak at 15.1 ppm in both solvents,
corresponding to the two magnetically equivalent hydrogen-
bonded protons of the symmetric O−H···−O···H−O isotopo-
logue and reflecting nearly identical hydrogen bond structures
in both solvent environments (Figure 4D). Upon partial
deuteration, a second downfield peak was detected in both
solvents, signaling formation of the O−H···−O···D−O
isotopologue and indicating that these neighboring hydrogen
bonds are coupled in both solvents. The observation that the
downfield chemical shiftof the O−H···−O···D−O isotopologue
is the same (15.3 ppm), within error, in the aprotic and
aqueous solvation environments, provides further evidence that
hydrogen bonds have very similar structures and potential
energy surfaces in both nonaqueous solvents and in water.
Theoretical Calculations of Hydrogen Bond Structure

in Aprotic Solvents versus Water. Quantum mechanical
(QM) calculations can, in principle, provide an independent
and rigorous test of the effect of solvation on hydrogen bond
structure, allowing discrete solvent properties to be separated
and independently tested. However, computational complex-
ities prevent modeling of both the hydrogen-bonded solutes
and a full atomistic solvation environment at the highest levels
of QM theory, and the development of accurate explicit
solvation models remains an ongoing challenge.54,55

To approach this question computationally, we first asked
the most simple and computationally straightforward question
of whether broadly varying the general solvent property of
dielectric, in the absence of specific solvent−solute interactions,
substantially alters hydrogen bond structure. We performed
QM calculations on the water-hydroxide ion and formic acid-
formate ion hydrogen bonds embedded in a polarizable

continuum56 whose dielectric was varied between 5 and 80.
This dielectric range mimics the dielectric difference between
chloroform and water, two of the solvents tested experimentally
and between which hydrogen bond ΔGf values vary
enormously. For both hydrogen bonds, ab initio calculations
at multiple levels of theory and basis sets returned energy-
minimized O···O and H···O distances near 2.5 and 1.5 Å,
respectively, that increased by only 0.04 ± 0.01 Å as the
continuum dielectric increased from 5 to 80 (Figures 5A and

S6, Table S3, and additional discussion in Text S4). This small
change is nearly identical to the 0.03 Å difference previously
reported for the N−H···OC hydrogen bond (N···O and H···
O distances) in the acetic acid-acetamide dimer at solvent
dielectrics corresponding to water and chloroform.13 These
results indicate that increasing solvent dielectric alone from the
value of a low-polarity organic solvent such as chloroform to
the value of water does not substantially perturb hydrogen
bond structure.
To test whether intramolecular hydrogen bonds display a

similar or different sensitivity to solvent dielectric compared to
intermolecular hydrogen bonds, we performed analogous QM
calculations for the intramolecular hydrogen bond in 5-
methylsalicylate, one of the compounds studied experimentally
herein (Table S3). Our calculations suggest that the O···O and
H···O distances within this hydrogen bond increase by ≤0.02 Å
as the dielectric increases from 5 to 80, supporting our
conclusion that the structures of inter- and intramolecular
hydrogen bonds display a similarly very low sensitivity to
solvent dielectric.
Calculations using a continuum solvation model also

afforded a straightforward means to test the effect of increasing
solvent dielectric from 5 to 80 on the one-dimensional potential
energy surface of the water-hydroxide ion hydrogen bond.
These computations, summarized in Figure S7 and discussed in

Figure 5. Theoretical calculations of the effect of solvent environment
on hydrogen bond structure. Calculated structure of the water-
hydroxide hydrogen bond in (A) a polarizable continuum of variable
dielectric without explicit solvent or (B) a polarizable continuum with
a dielectric value of 5 with two explicit water molecules. Distances are
in angstroms (Å). Calculations were performed at the B3LYP level
using the 6-311++G(d,p) basis set.
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more detail in Text S5, suggest that the shape of the potential
energy well for O−H···O− hydrogen bonds is very similar at
dielectric constants of 5−80, in agreement with our conclusion
based on the 2H NMR studies above.
To address the computationally more complex question of

whether specific hydrogen-bonding interactions between
solutes and explicit solvating water molecules substantially
lengthen hydrogen bonds compared to aprotic environments,
we performed QM calculations on the water-hydroxide ion
dimer at a dielectric of 5 that included two additional explicit
hydrating water molecules (Figure 5B), and we compared the
calculated distances to those obtained above in the absence of
explicit hydration. These calculations gave a nearly identical
O···O distance in the absence (2.535 Å) or presence (2.517 Å)
of explicit hydrating water molecules (Figure 5B), consistent
with the prior crystallographic observation that the presence or
absence of two hydrating water molecules had nearly no effect
on the length of the 4-nitrophenol:4-nitrophenolate hydrogen
bond.32 Prior QM studies that involved more extensive
solvation shells of explicit water molecules have also reported
O···O distances of 2.5−2.6 Å for the water−hydroxide ion
complex,57−59 suggesting that the very small length difference
observed in our calculations plus or minus two hydrating water
molecules is not substantially altered by inclusion of a larger
network of solvating water molecules. Overall, these calcu-
lations suggest that the inductive effects on hydrogen bond
structure from specific solvation by water molecules are small
and on the order of ∼ 0.02 Å, in contrast to prior suggestions in
the literature that O−H···O hydrogen bonds are substantially
lengthened in water relative to low polarity environments by as
much as several tenths of an angstrom.12,16

■ CONCLUSIONS AND IMPLICATIONS
Since Pauling’s seminal description in The Nature of the
Chemical Bond,24 hydrogen bonds have been recognized as
ubiquitous and critical interactions whose structural and
energetic properties make dominant contributions to aqueous
solvation and enormously influence the fundamental architec-
tures and activities of all biological macromolecules. Hydrogen
bonds formed within the complex interiors of folded
biopolymers link together structural elements, tether bound
ligands, and stabilize charge localization during enzymatic
catalysis.
Although hydrogen bonds are present in bulk solution and in

protein interiors, the nature of these two environments differs
greatly. In aqueous solution, dissolved solutes are surrounded
by extensive solvation shells of abundant water molecules,
which can form hydrogen bonds with solutes and aggressively
compete for hydrogen bond formation between solutes. Protein
interiors, however, largely exclude water molecules and instead
surround hydrogen-bonded groups with highly anisotropic
solvation environments composed of structured arrays of
charged, polar, and hydrophobic groups.
The effect of these solvation differences between the interior

protein matrix and water on the structural and energetic
properties of hydrogen bonds has been the subject of
considerable debate and speculation in the literature and has
remained unresolved.6,12,17,26,42,60 In this work, we have
overcome longstanding technical limitations to determine the
structural properties of hydrogen-bonded solutes in water.
These direct and systematic measurements, in combination
with prior studies of hydrogen bond formation free energies in
water versus aprotic solvents, elucidate the fundamental

relationship between hydrogen bond length and stability in
solution and have important implications for understanding
hydrogen bond contributions to biomolecular function.

The Structural Properties of Hydrogen Bonds Show
Little Sensitivity to Solvent Environment. We observed
very similar structures for individual hydrogen bonds in widely
differing solvent and crystalline environments (Figures S2B,C).
Furthermore, the sensitivity of hydrogen bond length to
changes in the proton affinity of the hydrogen bond donor
and/or acceptor (ΔpKa) was also nearly identical for diverse
small molecules in water, aprotic solvents, and in crystals, with a
0.02−0.03 Å change in O···O distance per unit change in ΔpKa
(Figures 2A, 6B, and S2). This sensitivity is also nearly identical

to that previously reported for a series of phenolates bound to
ketosteroid isomerase61,62 (0.02 Å/pKaunit) or photoactive
yellow protein53 (0.03 Å/pKaunit), providing additional
evidence for similar hydrogen bond structural properties across
widely differing solvation environments.
Equilibrium distance is the most common read-out of

hydrogen bond structure, but we have also probed the shape of
the potential energy well for O−H···O− hydrogen bonds. High-
level QM calculations (Figure S7) and indirect experimental
measurements, including the 2H isotope effect on the NMR
chemical shift of the hydrogen-bonded proton (Figure 4),
suggest minimal changes in the hydrogen bond potential energy
surface across solvents with widely varying dielectrics (5−80)
and hydrogen-bonding ability (water versus aprotic).
Hydrogen bonds are shorter than the sum of the van der

Waals radii of the interacting atoms, indicating a degree of
orbital mixing and covalent character.24,63−65 Some degree of
partial covalent character of hydrogen bonds could contribute
to the minimal change in O−H···O− hydrogen bond structure
across environments. Indeed, analogous covalent bond lengths
in organic molecules vary little (e.g., 0.01−0.02 Å) in different
solvent environments.66,67 The constancy of hydrogen bond
lengths between protic and aprotic solvents may also arise
because interaction energies of solvating water molecules with
the oxygen atoms in an O−H···O− hydrogen bond are not
sufficiently large, relative to the interaction energies within the
O−H···O− complex, to perturb the electronic properties of the
hydrogen-bonded groups and there by reshape the potential
energy well (see additional discussion in Text S6). Consistent

Figure 6. Hydrogen bond formation free energy but not hydrogen
bond length is exquisitely sensitive to solvent. Comparison of the
dependence of hydrogen bond formation energy (ΔGf) (A) versus
hydrogen bond O···O distance (B) on ΔpKa for substituted salicylates
in an aprotic organic solvent (red) versus water (blue). The ΔGf values
were previously published42 and were determined in DMSO and
water. The O···O distances were determined from the 1H NMR
chemical shifts measured in chloroform and water as reported herein.
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with this view, our QM calculations (Figure 5B) and prior
theoretical57−59,68 and crystallographic32 studies suggest that
the electronic perturbations due to the formation of additional
hydrogen bonds to hydrating water molecules are small and
result in only 0.01−0.02 Å changes in the length of a solute−
solute hydrogen bond over the conditions investigated herein.69

Indeed, even the presence of a second short (pKa-matched)
hydrogen bond only results in a minor <0.1 Å perturbation to a
hydrogen bond formed to a common acceptor atom (Figure
5B),53,57,58 suggesting that even short hydrogen bonds do not
greatly perturb the accessibility of the valence electron cloud for
making an additional interaction.
Environment Rather than Hydrogen Bond Length Is

the Primary Driving Force for Hydrogen Bond Stability.
Our findings clarify the physical basis for the widely differing
hydrogen bond formation free energies for a given hydrogen
bond pair in water versus aprotic environments. Large energetic
differences (>8 kcal/mol) in the stability of individual hydrogen
bonds in these discrete environments (Figures 1A and 6A) are
not accompanied by large differences in hydrogen bond length
(Figure 6B) or potential energy surface, disproving the central
tenet of model II (Figure 1C) that hydrogen bond length and
stability are directly coupled for a given complex. Hydrogen
bond lengths for each compound studied changed only slightly
(i.e., ∼0.01−0.02 Å) in widely differing environments,
indicating that hydrogen bond length is not the primary
driving force for the more stable hydrogen bonding in low-
dielectric and poorer solvating environments (see additional
discussion in Text S6). Prior investigators have questioned the
general connection between hydrogen bond structure and
stability,2,12,68,70 and our work provides a direct and systematic
test of this relationship.
By ruling out a significant contribution from model II, our

results strongly favor model I,2,13,14 that the differences in
hydrogen bond formation free energy for a given complex in
protic versus aprotic solvents is dominated by the differential
ability of these solvents to stabilize the dissociated donor and
acceptor groups (Figure 1B, left side of equilibrium) (see
additional discussion in Text S6). Solvation energies for the
hydrogen-bonded groups (Figure 1B, right side of equilibrium)
are also expected to differ in water versus aprotic environments.
However, as is critical for the overall energetics of hydrogen
bond formation, this difference is expected to be smaller than
the corresponding difference for the isolated charge of the
dissociated acceptor group. Our findings emphasize the need to
understand the nature of the solvation environments in which
hydrogen bonds form and to consider interactions with both
sides of the equilibrium when analyzing hydrogen bond stability
(ΔGf) or any other equilibrium process.
The Origins of Changes in Hydrogen Bond Length

and Formation Free Energies (ΔGf) Across a Series of
Hydrogen Bond Donors and Acceptors. Although the
length of a hydrogen bond for a particular complex is largely
insensitive to solvent environment, hydrogen bond lengths
across a series of compounds show a regular dependence on
ΔpKa, the proton affinity difference between the donor and
acceptor groups (Figures 2 and 6B).37,68 This dependence on
ΔpKa holds whether the donor or acceptor is varied, and as
noted above it displays a common dependence of 0.02−0.03 Å
(O···O distance) per unit change in ΔpKa

71 regardless of
solution, crystalline, or protein environment (Figure S2).53,61,62

Increased charge density of a hydrogen bond donor or
acceptor group, which correlate strongly with pKa,

72,73

presumably results in larger electrostatic attractive forces and
greater orbital mixing and covalent character between the
hydrogen-bonded groups and thus shorter hydrogen bond
distances with decreasing ΔpKa. The formation free energy
(ΔGf) for hydrogen-bonded complexes also tends to vary
linearly with ΔpKa for a homologous series of compounds
within a constant solvent environment.3,5,36,42 Overall, differ-
ences in hydrogen bond ΔGf values across a series of
compounds reflect changes in the hydrogen bond potential
energy, from contributions classically ascribed to ionic and
covalent factors as well as differential solvation effects for the
free and hydrogen-bonded species for each complex in the
series for each given solvent (see additional discussion in Text
S6).

Short Hydrogen Bonds Inside Proteins Do Not
Provide a Read-Out of Hydrogen Bond Stability or the
Nature of the Local Electrostatic Environment. Structural
studies have identified short hydrogen bond distances (e.g.,
2.4−2.6 Å) in the interior of numerous proteins, where they
have been suggested to form due to unique properties of the
solvent-sequestered protein matrix that differ from water and to
make substantial energetic contributions to protein stability and
function (e.g., catalysis).6,11,19 Our results demonstrate that
formation of a short hydrogen bond within a protein or in other
environments does not provide a read-out of the local solvation
environment or hydrogen bond stability, as short lengths
appear to be independent of solvent properties and are not
tightly coupled to formation energy (Figure 6).
Several observations suggest the presence of slightly shorter

hydrogen bonds within protein interiors than in other protein
environments.17,74 Our results demonstrate that such differ-
ences are not expected from and do not reflect the local protein
solvation environment and underscore the importance of
exploring multiple potential origins. We speculate that packing
and binding interactions within the anisotropic protein interior
may constrain hydrogen bonds from relaxing to a preferred
geometry in some instances, and such constraints might at
times favor shorter17,74 or longer53,75 hydrogen bonds depend-
ing on the idiosyncrasies of the local structural environment.
These complexities emphasize the need for direct, systematic
tests of the structural and energetic contributions from
hydrogen bonds in enzyme interiors,76,77 rather than inferring
such contributions from distance observations alone.

Why Do Enzymes Exclude Water? Recognition that
hydrogen bond formation is generally weak in water compared
to aprotic environments has led to proposals that hydrogen
bonds are stronger (i.e., more stable) within the nonaqueous
protein matrix because water molecules are largely ex-
cluded.11,17 Indeed, it is often stated that enzymes have evolved
flexible surface loops or domains that close over active sites
upon substrate binding in order to exclude water and thus to
strengthen hydrogen bond formation.6,11,26,27,78−80

Researchers have suggested that hydrogen bonds adopt
shorter distances within enzymes upon better matching of
proton affinities (pKa values) between protein hydrogen bond
donor groups and substrate acceptor groups in the reaction
transition state due to water exclusion and that such shortening
provides a mechanism to enhance hydrogen bond strength (i.e.,
potential energy) and thus stability.6,11,19 However, as noted
above, our results provide direct evidence that the sensitivity of
hydrogen bond distance to ΔpKa is not strongly influenced by
solvation environment or directly coupled to stability (Figure
6A,B), suggesting that modulation of hydrogen bond structure
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via water exclusion is not a general mechanism for proteins to
enhance hydrogen bond formation free energies.
Others have taken note of the general increase in hydrogen

bond stability within nonaqueous environments and proposed
that enzymes might exclude water in order to decrease the local
polarity of active site as a mechanism to strengthen hydrogen
bond formation and increase catalysis.17,26,27 To provide
catalysis, however, enzymes must stabilize transition states
relative to the stability of such species in aqueous solution.
Enhanced stability of a hydrogen-bonded complex, which
occurs for the case when both the dissociated groups and the
complex are already in a nonaqueous environment (Figure 1B,
bottom equilibrium), does not indicate that the hydrogen-
bonded complex in a low polarity environment, in the absence
of other active site features, is intrinsically more stable than that
same complex in water and can thereby provide catalysis.
Indeed, a destabilizing rather than stabilizing effect for a
charged or polar hydrogen-bonded complex is expected upon
lowering the environment polarity (Figure S8). In other words,
all else being equal, the polar or charged complex would prefer
to remain in the solvent of higher polarity or dielectric.
We suggest that enzymes have evolved domain closures and

tightly packed active sites that largely exclude water molecules
to optimally position and interact with bound substrates and
thus maximize favorable binding interactions with active site
groups whose electrostatic nature and geometric positioning are
complementary to the shape and charge distribution of reaction
transition state. It remains an ongoing experimental and
computational challenge to understand the electrostatic nature
of enzyme active sites, to fully decipher the physical
consequences of excluding water, and to test the relative
contributions to catalysis from positioning and charge
stabilization and indeed to determine whether such factors
are formally separable.60,75,81−85

Implications for Computational Models. The strong
correlation of hydrogen bond length with ΔpKa suggests that
expected values from such correlations might be used as
benchmarks for computation and as simple checks of X-ray
structural models. As there is evidence in certain situations for
perturbations of hydrogen bond lengths by local structural
features within proteins,53,75 a substantial mismatch to an
expected value could indicate model error or interesting local
interactions. In addition, as force fields often include empirical
corrections, including terms to constrain hydrogen bond
lengths could improve model accuracy. On an additional
practical level, our observations suggest that molecular
dynamics force fields will not require terms that mimic QM
coupling between solvent molecules and hydrogen-bonded
complexes to adjust the shape and depth of potential energy
wells for hydrogen bonds in different environments. In
addition, the near constancy of hydrogen bond distances across
the range of solvation conditions and dielectric constants of 5−
80 studied herein raises the possibility that benchmarking
computational force fields to gas phase data may, in some
instances, create unnecessary complications through the need
for additional terms to adjust the hydrogen bond properties
from those at very low dielectrics (i.e., 1−4) to those observed
across a broad range of solvation conditions at higher solvent
dielectrics.

■ MATERIALS AND METHODS
A full description of all experimental and computational methods is
given in Supporting Information. Small-molecule neutron structures

were determined experimentally at the Intense Pulsed Neutron Source
(Argonne National Laboratory) or retrieved from the Cambridge
Structural Database and analyzed for hydrogen bond distances. ΔpKa
values were assigned based on experimental values or computational
prediction. 1H and 2H NMR spectra were acquired on 800 or 600
MHz Varian UNITYINOVA spectrometers equipped with a 5 mm,
triple-resonance, gradient 1H(13C/15N) probe, or a 10 mm broadband
probe. NMR samples consisted of 25 mM substituted salicylic acid and
triethylamine (TEA) in 100% water (containing 5% D2O), acetone-d6
(with 0.05% tetramethylsilane, TMS), or CDCl3 (with 0.05% TMS).
Spectra for samples dissolved in acetone-d6, chloroform-d6, and
DMSO-d6 were acquired using the s2pul pulse sequence, and chemical
shifts were referenced internally to TMS (0 ppm). Spectra for aqueous
samples were acquired using the 1331 binomial pulse sequence for
water suppression, a 30 ppm spectral width (carrier frequency set on
the water resonance), an excitation maximum of 14−17 ppm, and
chemical shift referencing to the water resonance (5.0 ppm at 4 °C).
Hydrogen bond distances were estimated from the measured 1H NMR
chemical shifts for the detected salicylate hydrogen-bonded protons
using published correlation functions.34,44 QM calculations were
performed at the HF, B3LYP, and MP2 levels using multiple basis sets.
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