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1. INTRODUCTION

In complex biological systems, the H-bonds may operate
simultaneously, giving rise to interesting cooperativity effects
among them. As is well-known, when they occur simultaneously,
the collective strength of the set of H-bonds is larger than the sum
of the individual bonds strength.1�3 Jeffrey et al.4 pointed out
that there are two types of cooperativity: π-cooperativity, which
is related to the π-electron delocalization in the resonance-
assisted hydrogen bond (RAHB), and σ-cooperativity, which is
related to σ-bonds connected to each other within a chain or a
cycle.Many theoretical works show the existence of cooperativity
in a variety of systems, as, for example, in clusters1,5 and chains6 of
water molecules, in which σ-cooperativity is involved, or in cyclic
clusters7 and linear chains8 of formamide molecules, in which
RAHB occurs. However, there are fewer studies in which σ- and
π-delocalization (simultaneously existing in a molecular system)
can generate cooperativity (as, for example, in formamide/water
complexes). The energy-based definition of cooperativity has
been traditionally used in the discussion of cooperative
phenomena.9,10 However, the effects of cooperativity can be
manifested in properties other than the energetic. For example, in
a previous work,11 we have examined the cooperative effects im-
plicated in bifunctional H-bonds in monohydrated six�membered

cycloether, where the water molecule plays a dual role as a proton
acceptor and a proton donor within the framework of the AIM
theory12,13 andof thenatural bondorbital (NBO) analysis.14Wehave
found that different indicators of H-bond strength such as structural
and spectroscopic data, electron charge density, population analysis,
hyperconjugation energy, and charge transference consistently show
significant cooperative effects in bifunctionalH-bonds.Consequently,
we conclude that because of theσ-electron delocalization, cycloether/
H2O complexes engaged by bifunctional H-bonds are more stable
than complexes bound by conventional H-bonds.11 In the same
sense, the other significant molecule that can act as a proton donor/
acceptor simultaneously is the formamide, wherein σ- andπ-electron
delocalization are involved. This molecule can be considered as the
minimum building block of the backbone of proteins, and a many
works have been written about it.15

In the latest decades, several complexes of the SWn type
(where S andW are solute and water molecules, respectively, n is
the number of water molecules, and ng 1) and the SmWn type
(where m g 1 and n g 1) have been studied1,16�24 to explore
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ABSTRACT: In this work, mono- and di-hydrated complexes
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formed at the MP2/6-311þþG(d,p) level of approximation.
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hydrogen bonds (H-bonds) in the most stable mono- and di-
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considered as “bifunctional hydrogen bonding hydration com-
plexes”. In addition, we analyzed how the strength and the nature of the interactions, in mono-hydrated complexes, are modified by
the presence of a second water molecule in di-hydrated formamide complexes. Structural changes, cooperativity, and electron
density redistributions demonstrate that the H-bonds are stronger in the di-hydrated complexes than in the corresponding mono-
hydrated complexes, wherein the σ- andπ-electron delocalization were found. To explain the nature of such interactions, we carried
out the atoms in molecules theory in conjunction with reduced variational space self-consistent field (RVS) decomposition analysis.
On the basis of the local Virial theorem, the characteristics of the local electron energy density components at the bond critical points
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used in conjunction with the electron density and the Laplacian of the electron density to analyze the characteristics of the
interactions. The analysis of the interaction energy components for the systems considered indicates that the strengthening of the
hydrogen bonds is manifested by an increased contribution of the electrostatic energy component represented by the kinetic energy
density at the BCP.
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molecular solvation. Additionally, several studies have been
carried out on methanol�water clusters, MmWn.1,25,26 Mandal
et al.1 have recently studied the structure, stability, and spectro-
scopic characteristics of H-bonded methanol�water clusters,
MmWn (wheremþ ne 4,m = 0�4, and n = 0�4), to understand
the cooperative effect in those systems. They performed an NBO
analysis and a reduced variational space self-consistent field (RVS)
decomposition analysis.27 Their results clearly show that coopera-
tive polarization and cooperative charge transference, in metha-
nol�water andmethanol�methanol complexes, are responsible for
the increase in stability.

Moreover, the Bader theory12 is very useful for studying the
nature of the H-bond interactions because it provides more
precise quantitative measures to describe them.

Grabowski et al.28 have analyzed the “possible covalent nature
of N�H 3 3 3O H-bonds in the formamide dimer and related
systems”, representing a wide spectrum of more-or-less covalent
interactions. By an analysis of the interaction energy components
(via Morokuma�like analysis), they have established28�31 that
the covalent character of the hydrogen bond is manifested by a
markedly increased contribution of the delocalization term,
EDEL, relative to the electrostatic interaction energy, EEL. Their
results indicate that the EDEL/EEL ratio increases with the
increasing of the H-bond strength.31 The delocalization energy
is often treated as such a term that reflects the importance of the
covalent character of the interactions. They performed an
analysis of the interaction energy components in conjunction
with the analysis of the local energy density descriptors derived
from the Bader theory, that is, the electronicHb, potentialVb, and
kinetic Gb energy densities at the H-bond BCP. The authors
found a correlation among the H 3 3 3Y distance, the delocaliza-
tion/electrostatic ratio, and the �Vb/Gb ratio. On the basis of
this background, we considered it attractive to examine, using
different indicators, the strengthening of the H-bonds (due to
cooperativity) in di-hydrated formamide complexes, as com-
pared to mono-hydrated ones, wherein bifunctional as well as
conventional H-bonds are involved. Additionally, we want to
inquire in the nature of this strengthening. In other words,
whether the strengthening is due to an increase in the “cova-
lency” of the H-bond interaction or, otherwise, it is the result of
the increase in the electrostatic contribution to the interaction
energy. With this purpose, we decomposed the local electronic
energy density,Hb, in two densities, (�Gb) and 1/4r 2Fb, which
can be connected to the electrostatic and the nonelectrostatic
part, respectively, of the total interaction energy. Our results
show that the strengthening of the H-bonds, in the studied
systems herein, is due to an increase in the electrostatic con-
tribution to the total interaction energy.

2. METHODS AND CALCULATIONS DETAILS

To explore the mono-hydrated structures of the formamide
using their molecular electrostatic potential (MEP), we used the
AGOA 2.0 program.32 (See more details in ref 33.) These
hydration structures were used as an initial guess for a full
geometry optimization for all complexes in gas phase at the
MP2/6-311þþG(d,p) level. In the case of the di-hydrated
structures, we did not perform an exhaustive search over the
entire MEP, as in the mono-hydrated structures. Instead, we
considered only four di-hydrated structures of the formamide to
quantify the cooperativity. Geometrical variables were optimized
using Berny’s analytical gradient method.34 All stationary points

were characterized as an energy minimum by calculating the
Hessian matrix. The interaction energy corrected by the basis set
superposition error (BSSE) (using the counterpoise method of
Boys and Bernardi35) was calculated as the difference between
the total energy of the complexes minus the sum of the energies
of the isolated monomers, ΔEt

corr. All of these electronic
structure calculations were performed with the Gaussian 03 suite
of programs.36

The cooperativity (ΔEcoop)
37 among the H-bond interactions

was calculated using eq 1

ΔEcoop ¼ ΔEtrimer �∑ΔEdimer ð1Þ
where ΔEtrimer is the interaction energy of the formamide di-
hydrated complexes (a trimer) and ∑ΔEdimer is the sum of the
interaction energies of the corresponding mono-hydrated com-
plexes, the water dimer, or both.

The calculations of local topological properties of the electron
charge density at the critical points as well as the display of the
molecular graphs were performed with the AIM2000 package38

with the electron density obtained at the same level. Also, an
interaction energy component analysis was carried out with the
RVS energy decomposition scheme,27 implemented in the
GAMESS quantum chemistry package.39

Ees þ Eex þ Epl þ Ect þ Eres ¼ ΔERVS ð2Þ
In this energy decomposition analysis (EDA), ΔERVS represents
the total interaction energy, calculated at a Hartee�Fock level,
without considering the deformation energy of the monomers.
Ees is the electrostatic energy describing the Coulomb interaction
between the charge distributions of undistortedmonomers, Eex is
the exchange�repulsion energy due to the Pauli’s exclusion
principle, Epl is the polarization term that describes the Coulomb
interaction between the charge distributions of the distorted
monomers, and Ect corresponds to the charge transfer term
between themonomers (also called delocalization energy term in
the scheme of Morokuma). Finally, Eres represents the difference
between the sum of the energy components and the ΔERVS. It
must be small for a valid RVS analysis.

When the correlation energy, EMP2, and the deformation
energy, Edef, are added to ΔERVS, then ΔEt

corr is obtained.
EMP2 is calculated as the difference between the MP2 and the
Hartee�Fock interaction energies, both computed without
considering themonomers deformation (i.e., with themonomers
in the complex geometry). Then, Edef is calculated as the
difference between the monomers energy in the complex and
their isolated geometries,40 both computed at the MP2 level.

In addition, the contribution of the interaction energy com-
ponents Ees, Eex, Epl, Ect, and ΔERVS to the cooperativity was
computed by employing eq 1.

Besides the mono-hydrated and di-hydrated formamide com-
plexes, a set of substituted formamide mono-hydrated complexes
with a single H-bond interaction were studied, in which the Hcis
bonded to the nitrogen of the formamide molecule was replaced
by X =�CH3,�NH2,�F,�NO, and�CN. This set of systems
allowed us to study the variation of the RVS energy components
and the AIM local energy densities as a function of the H-bond
distance and to find a relationship between the local energy
densities and the energy components of the RVS scheme.

The Results and Discussion section is organized as follows. In
Section 3.1, a geometric, energetic, and charge density analysis of
the mono-hydrated and di-hydrated formamide complexes was
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carried out to evaluate the strength of the H-bond interactions
and the cooperativity effects. In Section 3.2, the RVS interaction
energy components in the mono-hydrated and di-hydrated
formamide complexes were analyzed. In Section 3.3, an equation
to decompose Hb in two energy densities, 1/4r 2Fb and (�Gb),
was derived. In Section 3.4, a set of substituted mono-hydrated
formamide complexes were employed to relate the 1/4r 2Fb and
(�Gb) energy densities to the energy components of the RVS
scheme. Finally, at the end of Section 3.4 the proposed decom-
position of Hb was tested in the mono-hydrated and di-hydrated
formamide complexes.

3. RESULTS AND DISCUSSION

3.1. Geometric, Energetic, and Electron Charge Density
Analysis. In Figure 1, the optimized geometries of mono- and di-
hydrated formamide complexes (denoted asM1�M3 complexes
and D1�D4 complexes, respectively) are shown. In this Figure,
two different patterns of H-bonded monohydrated complexes
can be seen. In M1, the water molecule and the formamide
molecule itself play a dual role as a proton acceptor and as a
proton donor; in M2 and M3, the formamide (water) molecule
simply acts as a proton acceptor (donor) or proton donor
(acceptor), respectively. Similarly, as can be seen in Figure 1,
D1 andD2 di-hydrated complexes form cyclic structures, where-
in the formamide and the two water molecules act as proton
donors as well as proton acceptors, but a different pattern of
H-bonds is observed in the noncyclic structures (D3 and D4
complexes).
Table 1 showsMP2 results obtainedwith the 6-311þþG(d,p)

basis set for total interaction energy corrected by BSSE,
(ΔEt

corr). This table also reports relevant geometrical param-
eters, such as H-bond distances, H-bond angles, the proton

donor bond distances, and the CN and CO bond distances
involved in π-electron delocalization (due to strong nN f
π*CdO interaction).41,42 In addition, data of the water dimer
and formamide molecule are included. As can be seen in Table 1,
the calculated ΔEt

corr energies lie between �4.77 and �7.85
kcal/mol in mono-hydrated complexes and are of higher magni-
tude (from �10.82 to �16.98 kcal/mol) in di-hydrated com-
plexes. These interaction energies increase in the orderM3<M2<
M1 and D4 ≈ D3 < D2 < D1, respectively. As expected, an
increase in the stability is produced by the addition of a second
water molecule. In all cases, a shorter H-bond distance in the di-
hydrated relative to the mono-hydrated complexes is observed.
In the di-hydrated complexes, as in the mono-hydrated com-
plexes, the formation of cyclic structures provides the greatest
stabilization of the complexes. The more stable di-hydrated
complex has recently been observed by microwave spectroscopy
in the gas phase.15

Figure 2 shows the molecular graphs of the three mono-
hydrated and the four di-hydrated complexes analyzed in the
present work. Also, the molecular graphs of the water dimer, the
formamide, and the isolated water molecules are shown. The
values of charge density at the BCP, Fb, in the interactions
involved in the stabilization of the complexes are also included.
Themost stable mono-hydrated conformer of formamide, (M1),
displays two strong contacts between the formamide and a single
water molecule, which explains why this particular one has the
highest stability among the three monohydrated complexes. In
effect, the M1 complex, which adopts a closer planar ring
structure, is stabilized by a bifunctional hydrogen bond (i.e.;
N�Hcis 3 3 3O(H)�H 3 3 3OdC), whereas the water molecule
acts as a Lewis acid (giving a proton to the oxygen atom of the
carbonyl group) as well as a Lewis base (accepting a proton from
the cis hydrogen of the amino group). This structure shows an
agreement with the data reported by Lovas et al.43 and recently
by Blanco et al.15 In this last paper, the authors15 reported the two
highest energy forms of formamide/H2O complexes (M2 and
M3) using microwave spectroscopy with Fourier transform,
which have never been experimentally observed before. The
second most stable conformer (M2) is stabilized by a single
HO�H 3 3 3OdC hydrogen bond, wherein the trans lone pair
(with respect to the N�C bond) is involved in the H�bond. In
the less stable complex (M3), the water oxygen atom acts as a
single proton acceptor of the anti hydrogen of the amino group of
the formamide.
The comparison of H-bond distances and bond angles corre-

sponding to the HO�H 3 3 3OdC in M2 and N�H 3 3 3OH2

H-bonds in M3 complexes with similar interactions in M1
complex shows that these individual contacts are stronger than
those in the complex engaged by a bifunctional hydrogen bond.
Table 1 illustrates how both isolated interactions show lower
intermolecular distances (i.e., 1.930 inM2 vs 1.952 Å inM1 and
2.001 inM3 vs 2.060 Å inM1 structures) and how bond angles
deviate less from colinearity. These structural results are a
consequence of the M1 cyclic structure, wherein some angular
stress can be observed. (Note that the lone pair on the oxygen of
the CdO group of the formamide, which acts as a proton
acceptor, has a cis(trans) configuration with respect to the
N�C bond of the FD in M1(M2) complexes.) Nevertheless,
because of the two interactions present in M1 complex, the
charge density summation (considering both intermolecular
BCPs) is higher (i.e., ΣFb = 0.0441 au) than the intermolecular
charge density in both isolated interactions, evaluated at

Figure 1. Optimized geometry for formamide/water complexes. LetterM
denotes themono-hydrated complexes and letterDdenotes the di-hydrated
complexes. The ordering numbers denote the stability of the complexes
from the most stable (M1 and D1 to the least stable (M3 and D4).

http://pubs.acs.org/action/showImage?doi=10.1021/jp1105168&iName=master.img-001.jpg&w=240&h=258
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corresponding BCPs, (Fb(C=)O 3 3 3H = 0.0256 au) in M2 and
(FbO 3 3 3H(N) = 0.0204 au) in M3 complexes. In consequence,
becaue of the electron redistribution in the cyclic structure, the
M1 complex engaged by a bifunctional hydrogen bond results in
the most stable mono-hydrated complex. In line with this
observation, a lengthening in the O�H and N�H proton donor
bonds was found. In general, the lengthening of the proton donor
bond correlates well with the reduction of the H-bond distance;
however, in the monohydrated complexes, this correlation is not
observed. In other words, in bifunctional H-bond (M1 complex),
the enlargement of the O�H and N�H proton donor bonds is
higher than in conventional H-bond (inM2 andM3 complexes).
Despite this, the H-bond distances in M1 are also higher. We
believe that this is a characteristic of cyclic bifunctional H-bonds,
wherein a significant electronic redistribution, due to polariza-
tion, is found. As expected, the lengthening of the donor bond
was foremost in (M1 and D1) complexes engaged by bifunc-
tional H-bonds. Besides, a decrease in the electron charge density
at the proton donor bond BCP, with respect to the isolated
monomer, is always observed. (See Figure 2.) Our structural
and energetic results are in agreement with those reported
(in previous experimental and theoretical studies15,44,45) by
other authors.
Cooperative Effects.To evaluate cooperativity possible existence,

we compared theH-bond interactions in the di-hydrated complexes
with similar ones in mono-hydrated complexes and in the water
dimer.37 Table 2 shows the energetic contribution due to coopera-
tivity,ΔEcoop, as well as the percentage of interaction energy due to
cooperativity, % coop.The energy gained in di-hydrated complexes
(estimated as the difference between the Etrimer and the sum of
Edimers) lies in the range of 0.53 to 4.67 kcal/mol. Table 2 also
indicates whichmono-hydrated complexes (together with the water
dimer) were taken into account, in each case, to calculate the
cooperative effect. (See the last column.)
The results in Table 1 show that the two cyclic hydrated

structures bonded by two water molecules, denoted by D1 and
D2, are more stable because of the formation of three hydrogen

bonds, whereas the open structures (D3 andD4) show only two
intermolecular interactions. The first di-hydrated cyclic complex
(D1) is more stable than the second complex, (D2), by 3.5 kcal/
mol, and this result is not a surprise, considering that the
N�Hcis 3 3 3OH2 secondary interaction is more stabilizing than
the C�Hgem 3 3 3OH2 interaction. In the D3 complex, a chain of
two water molecules is associated with the N�Htrans bond of the
formamide molecule. This is the only one structure of hydration
where the CdO group is not directly involved in an H�bond.
Another hydrogen bonding pattern is found in D4 complex

wherein the two water molecules are bonded to different sites of
the formamide molecule without direct connection between
them. In this complex the two O 3 3 3H H-bond distances are
shorter than in M2 and M3 complexes and the N�H/O�H
proton donor bond distances are longer.
Electron Charge Density Redistribution. When the interac-

tions identified in D1 are compared with similar interactions in
M1 and in the water dimer, (H2O)2, it is evident that the
OH 3 3 3O H-bond shows an increase in the charge density at
the corresponding BCP (by 28%), similarly, in the NH 3 3 3O
H-bond (by 47.5%) and in the water bridge at the H 3 3 3O BCP
(by 46%). In addition, an electron charge density redistribution is
observed at the CN and CO covalent bonds (an augment of Fb in
the first one and a decrease in the last one), accomplished by
changes in the ellipticity values in both bonds. The reinforcement
of the H-bonds inD1 generates an additional stabilization of this
complex; the cooperation calculated from eq 1 is ∼28%.
In addition, by comparison of Fb values at the same donor

bond, it can be seen that the density decreases by complex
formation following the expected order. |ΔFb| (considered as the
difference with respect to the same bond in the isolatedmolecule,
in absolute value), at O�H donor bond, is higher in D1 (0.0240
au) than in M1 (0.0159 au), and the decrease in Fb at N�H
donor bond is 0.0138 and 0.0060 au, respectively.
Similar changes or characteristics are observed in D2 relative

toM2 and (H2O)2. In the first one, the increase observed at the
HOH 3 3 3O(dC) BCP is 24%, and the reinforcement of the

Table 1. Geometric and Energetic Parameters of the Mono-Hydrated and Di-Hydrated Formamide Complexesa

parameters

FD�H2O FD�(H2O)2

monomer (H2O)2M1 M2 M3 D1 D2 D3 D4

ΔEt
corrb �7.85 �5.52 �4.77 �16.98 �13.47 �10.82 �10.83 �4.45

d(C2dO1)
c 1.226 1.223 1.221 1.230 1.229 1.222 1.228 1.217

d(N3�C2) 1.356 1.360 1.358 1.348 1.357 1.358 1.351 1.364

d(N3�H5) 1.015 1.009 1.008 1.023 1.009 1.009 1.009 1.008

d(N3�H6) 1.006 1.007 1.011 1.007 1.007 1.015 1.013 1.006

d(O7�H8) 0.971 0.968 0.960 0.976 0.975 0.961 0.970 0.959d 0.961

d(O10�H11) 0.976 0.972 0.969 0.961 0.966

d(O1 3 3 3H8) 1.952 1.930 1.811 1.831 1.889

d(H5,6 3 3 3O7,10) 2.060 2.001 1.888 1.939 1.978

d(O7,10 3 3 3H4) 2.749 2.280

d(O7 3 3 3H11) 1.796 1.853 1.878 1.950

θ(O1 3 3 3H8�O7)
e 147.1 155.4 169.1 164.7 161.2

θ(N3�H5,6 3 3 3O7,10) 138.3 177.2 173.3 172.1 174.6

θ(O7 3 3 3H11�O10) 159.9 162.0 175.0

θ(O7,10 3 3 3H4�C2) 101.5 150.4
aMonomers and the water dimer are included. bΔEt

corr: total interaction energy corrected by BSSE in kilocalories per mole. cBond distances in
angstroms. d In isolated water. eBond angles in degrees.
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HOH 3 3 3OH2 H-bond at the water bridge is marked by the
increase in Fb (by 28%) relative to the same H 3 3 3O BCP at the
water dimer. Additionally, in D2, the incorporation of a second

water molecule makes possible the formation of a new H-bond
with the hydrogen of the C�H bond. The cooperative effect in
this trimer with respect to the corresponding dimers (M2 and
(H2O)2) is of 26%. (See Table 2.) Furthermore, a strengthening
and a weakening of the CN and the CO covalent bonds (by Fb
values) are also observed. These previously mentioned aspects,
more important in D1, are indicative of an electron charge
density shift due to a strong nN f π*CdO interaction that
stretches and weakens the CdO bond.42

A different H-bond pattern is observed in the noncyclic
structures (D3 and D4 complexes). In the first one, it can be
observed that a water molecule acts as a bridge between the
formamide and the water molecules (i.e., N�Htrans 3 3 3O-
(H)H 3 3 3OH2). The strengthening of the H-bonds can be
valued by the augment of the charge density at the Htrans 3 3 3O

Figure 2. Molecular graphs for mono-hydrated and di-hydrated formamide complexes. Also, the water dimer and the monomers are included. Big
circles correspond to attractors or nuclear critical point (3, �3), attributed to nuclei; lines connecting the nuclei are the bond paths, and the small red
circles on them are the bond critical points or (3, �1) critical points. The small yellow circles are ring critical points or (3, þ1) critical points. The
electronic charge density value (in au.) in selected BCPs is indicated. Additionally, the elipticity at the CdO and C�N BCPs is indicated in brackets.

Table 2. Energetic Contribution Due to the Cooperativity,
ΔEcoop, in Di-Hydrated Formamide Complexesa

complexes ΔEcoop
b % coopc dimers

D1 �4.67 28 M1 þ (H2O)2
D2 �3.49 26 M2 þ (H2O)2
D3 �1.59 15 M3 þ (H2O)2
D4 �0.53 5 M2 þ M3

aAlso, the dimers involved in the calculus of the cooperativity are shown.
(See eq 1.) bΔEcoop in kilocalories per mole. c% coop: percentage of the
energetic contribution due to cooperativity.

http://pubs.acs.org/action/showImage?doi=10.1021/jp1105168&iName=master.img-002.jpg&w=300&h=443
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BCP (0.0037 au greater than in M3, 18%). In addition, the
increase in the electron charge density at theH 3 3 3OBCP, due to
the formation of a bridge between the water molecules, is 0.0068
au relative to (H2O)2 (16%). The strengthening of both inter-
actions is due to the increase in the capacity as a Lewis acid as well
as a Lewis base of the bridge water molecule in its role as a proton
donor/acceptor. These cooperative effects are called by some
authors as σ-cooperativity.4,46 The increase in the energy stabi-
lization in D3 due to σ-electron reorganization is 1.59 kcal/mol,
and the percentage of cooperativity is 15%.
D4 structure shows two H-bonds at two different H�bonding

positions of the formamide, as proton acceptor at the carbonylic
oxygen atom as well as a proton donor at the N�Htrans bond
from the amino group. The first one (i.e., HO�H 3 3 3 transOdC
interaction) makes the NH group a better Lewis acid and
reinforces the N�Htrans 3 3 3OH2 H-bond with respect to the
M3 complex (by 6.3%). Simultaneously, the formation of this
H-bond in complex D4 reinforces the HO�H 3 3 3 transOdC
interaction with respect to the mono-hydrated M2 complex
(by 9.8%). In other words, when both interactions occur
simultaneously they result mutually reinforced. In D4 complex,
the electron displacement is augmented by the effect of the two
water molecules attached to both sides of the formamide
molecule. It produces shortening/lengthening and strengthen-
ing/weakening of the CN/CdO bonds with an increase/
decrease of the electron density at the BCPs. In turn, the π-
electron delocalization acts by strengthening the (Cd)O 3 3 3H
and NHtrans 3 3 3O H-bonds.
Interestingly, the cooperative effect in the D3 complex is

almost three times the one found in D4. This reflects the higher
contribution of the σ-electron delocalization to the cooperativity
effect, in theD3 complex, than the contribution of the π-electron
delocalization to cooperativity in the D4 complex.
3.2. Analysis of the Total Interaction Energy Components

by RVS Scheme. The usefulness of the EDA based on reduced
variational space self-consistent field scheme has been recognized
in previous studies about the H-bond.1,47,48 Consequently, to
evaluate the various energetic contributions to the cooperativity,

an EDA analysis was performed using the RVS method. Table 3
shows the different components of the RVS total interaction
energy (ΔERVS) in the mono- and di-hydrated formamide
complexes. The contributions to the cooperativity are also
included. In general, it can be observed that Ees and Eex values
are of higher magnitude than Epl and Ect and that the EMP2 and
Edef values are small. In addition, |Ees| > |Eex| and |Epl| > |Ect|, in
all complexes, with the exception of M2 complex, wherein |Epl|
and |Ect| show the same value.
From the data in Table 3, it can be observed that as theΔERVS

increases, the three stabilizing terms, that is, electrostatic,
polarization, and charge transfer energy terms also increase in
magnitude. This trend is fulfilled by all mono- and di-hydrated
formamide complexes, except for theD4 complex, in which the
interaction energy components Ees, Eex, and Epl are lower in
magnitude than in the D3 complex, although the ΔERVS value
in D4 is slightly bigger in magnitude than in D3 because of the
Ect term (which is 0.31 kcal/mol bigger inmagnitude inD4 than
in D3).
Regarding the contribution of the various components of the

interaction energy (in parentheses in Table 3) to the coopera-
tivity, when only the stabilizing contributions are considered (i.e.,
from Ees, Epl, and Ect), the electrostatic term contributes to the
cooperativity in about 68, 69, 68, and 60% in theD1,D2,D3, and
D4 di-hydrated complexes, respectively, whereas the polarization
term contributes to the cooperativity in 20, 20, 22, and 26% and
the charge transfer term in 12, 11, 10, and 14% in theD1,D2,D3
and D4 complexes, respectively. Therefore, these data indicate
that the Ees and Epl terms are the dominant contributions to the
cooperativity in all di-hydrated complexes.
However, it is not possible to relate these results to a particular

H-bond interaction because in the di-hydrated formamide com-
plexes there is more than one H-bond and different binding
patterns. In other words, like other global approaches to decom-
pose the interaction energy into its various components, the RVS
scheme does not give information about the individual interac-
tions, when complexes with more than one H-bond interaction
are considered. Moreover, in the context of the AIM theory, the
local properties of the charge density, specifically the local energy
density descriptors, are usually used to study the nature: electro-
static (closed shell interaction) or covalent (shared interaction),
of the individual H-bond interactions.28�31,47,49

3.3. Analysis of the Local Energy Densities at the H-Bond
BCPbyAIMMethod. In the AIM framework, the local statement
of the virial theorem12 provides a way to obtain the local energy
densities from a property of the charge density as is its Laplacian,
r 2F(r). The local statement of the virial theorem is (in au)

1=4r2FðrÞ ¼ 2GðrÞ þ VðrÞ ð3Þ

The first term, 1/4r 2F(r) (evaluated at the r point), represents
the excess of energy density between two times the kinetic energy
density, G(r), and the potential energy density, V(r).
Because G(r) > 0 and V(r) < 0, the potential energy is

dominant in those space regions with electronic charge concen-
tration where r 2F(r) < 0, whereas the kinetic energy is
dominant in regions where r 2F(r) > 0. Therefore, a positive
r 2F(r) at the BCP (i.e., r 2Fb) reveals that the local contribu-
tion of the kinetic energy is greater than that of the potential
energy and shows a depletion of the electronic charge along the
bond path. This is the case encountered in closed shell
(electrostatic) interactions.12

Table 3. Interaction Energy Components from the RVS
Method in the Mono- and Di-Hydrated Formamide
Complexesa,b

complexes

components of the interaction energy

Ees Eex Epl Ect ΔERVS EMP2 Edef

D1 �38.19 33.00 �6.48 �4.72 �17.25 �0.58 0.85

(�11.48) (12.49) (�3.40) (�2.07) (�5.13)

D2 �29.42 24.00 �4.66 �3.45 �14.07 0.21 0.39

(�8.63) (8.91) (�2.47) (�1.39) (�4.01)

D3 �21.95 16.32 �2.92 �1.82 �10.56 �0.39 0.13

(�3.39) (3.67) (�1.08) (�0.51) (�1.44)

D4 �21.57 15.73 �2.79 �2.13 �11.00 �0.07 0.24

(�1.26) (1.61) (�0.56) (�0.30) (�0.62)

M1 �17.19 13.73 �2.18 �1.88 �7.72 �0.33 0.20

M2 �11.27 8.28 �1.29 �1.29 �5.66 0.14 0.00

M3 �9.04 5.84 �0.94 �0.54 �4.72 �0.14 0.09

(H2O)2 �9.52 6.81 �0.90 �0.77 �4.40 �0.08 0.03
a In kilocalories per mole. bContributions from each component to the
cooperativity are indicated in parentheses. The correlation energy, EMP2,
and the deformation energy, Edef, are also shown.
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Moreover, the total electronic energy density function at the r
point, H(r), is related to G(r) and V(r) by the equation

HðrÞ ¼ GðrÞ þ VðrÞ ð4Þ

On the basis of the classification of bonds proposed by Bader and
Ess�en50a and Cremer and Kraka;50b bonds with a noncovalent
character must have a BCP with positive values of r 2F(r) and
H(r). However, on the basis of the classification of Espinosa
et al.,51 the condition in which |V(r)|/G(r) > 1 but |V(r)| < 2G(r)
gives such a result wherer 2F(r) would be positive (closed shell
interaction), whereas H(r) will still be negative (shared inter-
action). Therefore, they are generally termed as partially covalent
and partially electrostatic bonds.51,52 Nevertheless; it is known
that typical hydrogen bonds that are in line with the Pauling’s

definition of hydrogen bonding are mostly electrostatic in nature,
with positive values for termsr 2Fb and Hb.
Reordering eq 3, we can write another equation where we get

two alternative expressions for the local electronic energy
density, H(r).

1=4r2FðrÞ þ ð � GðrÞÞ ¼ GðrÞ þ VðrÞ ¼ HðrÞ ð5Þ

We expressed these quantities in atomic units. The second
member of eq 5 is the usual form to decomposeH(r), same as in
eq 4, whereas in the first member, the total electronic energy
density at the BCP is decomposed in two different energy
densities contributions, 1/4r 2F(r) and (�G(r)). From now
on, we have changed the subscript (r) to b to indicate that local
properties are measured at the BCP.
As is shown in Section 3.1, the reinforcement of the individual

H-bond interaction by the addition of a second water molecule (i.
e., from the mono-hydrated to the di-hydrated formamide
complexes) is due to the cooperative effects among the H-bond
interactions. The electronic charge density values at the H-bond
BCP (Fb) between the two water molecules properly describes
this strengthening. However, to inquire about the nature of this
H-bond, local energy density descriptors are needed.
In Figure 3, the variations of 1/4r 2Fb, (�Gb), and the Hb

energy densities are represented as a function of (O 3 3 3H)
H-bond distances between the two water molecules in D1, D2,
and D3 di-hydrated complexes. The values for (H2O)2 are also
depicted. The values of the correlation coefficients (R = �0.999
for 1/4r 2Fb and R = 0.996 for (�Gb)) show that the lineal
correlation of both energy densities with the H 3 3 3O distance is
even better than the lineal correlation of Fb with the H 3 3 3O
distance (R = 0.992, results not shown). This Figure shows that
the term 1/4r 2Fb increases with the decrease in the H 3 3 3O
distance, or, in other words, with the increase in the strength of
the interaction. In the same way, (�Gb) increases in magnitude

Table 4. Interaction Energy Components from the RVS Scheme and Energy Densities from AIM Method as a Function of
(O 3 3 3H) H-Bond Distance in Substituted M2 and M3 Monohydrated Complexes

a In angstroms. b In kilocalories per mole. c In au. d Eres must be small for a valid RVS analysis. eΔERVS is the total interaction energy calculated at the HF/
6-311þþG(d,p)//MP2/6-311þþG(d,p) level. fThis substituted M2�complex differs from the others in that it presents two H-bond critical points at
CdO 3 3 3H�OH and at weak C�H 3 3 3OH2 interactions. For this reason, ΔERVS is more negative than expected from the O 3 3 3H distance.

Figure 3. Variation of 1/4r 2Fb, (�Gb) and theHb energy densities as
a function of (O 3 3 3H) H-bond distance between the two water
molecules (in angstoms).The correlation coefficients, R, and the equa-
tions of the linear regressions are included. The data shown correspond
toD1,D2, andD3 di-hydrated complexes and the water dimer, (H2O)2.

http://pubs.acs.org/action/showImage?doi=10.1021/jp1105168&iName=master.img-003.png&w=417&h=203
http://pubs.acs.org/action/showImage?doi=10.1021/jp1105168&iName=master.img-004.png&w=199&h=152
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andHb slowly diminish its positive values with the decrease in the
H 3 3 3O distance.
3.4. Relationships between the Local Energetic Param-

eters (AIM) and Energy Decomposition (RVS) with the
(O 3 3 3H) H-Bond Distance. In an attempt to relate the variation
(with the decrease in the H 3 3 3O H-bond distance) of the
topological parameters derived from the Bader theory (i.e., the
Gb values and the 1/4r 2Fb values) with the variation of the
components of theΔERVS in the complexes studied here, an EDA
analysis in several related systems that present a single H-bond
interaction was carried out. In this form, the results of the RVS
analysis can be directly related with a particular H-bond interac-
tion. Then, substituted M2 and M3 mono-hydrated complexes
(in which, the Hcis bonded to nitrogen of the formamide
molecule was replaced by X = �CH3, �NH2, �F, �NO,
and �CN) were considered. For each substituted complex: (i)
the components of the total interaction energy, as in the
partitioning of the RVS scheme (eq 2), and (ii) the local energy
densities 1/4r 2Fb, (�Gb) and Hb, were analyzed.
Table 4 shows that the (O 3 3 3H) H-bond distance changes in

an opposite order with the replacement in substitutedM2 andM3,
denoted M2�X and M3�X complexes, respectively. In M2�X
complexes, the (O 3 3 3H) H-bond distance decrease following
the order: �CtN > �NdO > �F > �NH2 > �H > �CH3,

whereas in the M3�X complexes, the (O 3 3 3H) H-bond
distance decreases following nearly the opposite order: �CH3

∼ �H > �NH2 > �NdO > �F > �CtN. The methyl
group operates as the electron-donating substituent, and
the �NdO, �F, �CtN, and even the �NH2 group (by
inductive effect solely) can be considered to be electron-
withdrawing substituents.
The opposite tendency inM2�X and M3�X complexes can

be rationalized as follows. In M2�X complexes, the electron-
withdrawing substituents weaken the interaction nNf π*CdO
via σ-bond polarization, π-delocalization, or both. In conse-
quence, the Lewis base capacity of the carbonylic oxygen atom
is reduced, and the O 3 3 3Hdistance is enlarged. On the contrary,
in the substituted M3�X complexes, the electron-withdrawing
substituents polarize the adjacent N�H bond. As a result, the
Lewis acid capacity of the N�H bond is increased and the
O 3 3 3H distance is shortened.
Going back to eq 2, the charge transfer energy, Ect, is often

treated as such a term that reflects the importance of the covalent
character of the interactions.31 Moreover, the positive term Eex
reflects the requirements of the Pauli exclusion principle. These
two terms together (Eex þ Ect) qualitatively describe the
behavior of the 1/4r 2Fb term for closed shell interactions. (A
more/less positive value of 1/4r 2Fb is associated with a more/
less positive (EexþEct) sum.)
Moreover, the electrostatic (Ees) and the polarization (Epl)

components can be grouped in a single “electrostatic” term. As
was expressed by Dannenberg et al.,53 the “electrostatic” term
applies to interactions between entities that have fixed electron
densities, such as point charges. Often, also, the term is used to
include polarization, which is not “static”.53 In addition, the
polarization in the RVS scheme is expressed as associated with
the “internal” redistribution of electron charge.1

Following, in Figure 4A,B, the energetic terms (Ectþ Eex), (Eesþ
Epl), and ΔERVS, and the local energy density terms (1/4r 2Fb,
(�Gb) and Hb) are represented as a function of the H 3 3 3O
distance in the M3�X complexes. In these Figures, a similar
behavior between the term 1/4r 2Fb in the AIMmethod and the
quantity (Ect þ Eex) in the RVS scheme, as a function of the

Figure 4. (A) Correlation of (ΔERVS), (Ect þ Eex), and (Eel þ Epl)
terms with the (O 3 3 3H) H-bond distance (in angstroms) in the
substituted M3 mono-hydrated complexes and (B) idem correlation
of 1/4r 2Fb, (�Gb), and Hb energy densities with the (O 3 3 3H)
H-bond distance. The correlation coefficient, R, and the equations of
the linear regressions are included.

Table 5. 1/4r2Gb, (�Gb), and Hb Energy Densities At
H-Bond Interactions in the Mono- and Di-Hydrated Forma-
mide Complexesa

interactions complexes Fb 1/4r2Fb Hb (�Gb)

N�Hcis 3 3 3OH2 D1 0.0279 0.0252 0.0013 �0.0239

M1 0.0189 0.0189 0.0024 �0.0165

N�Htrans 3 3 3OH2 D3 0.0241 0.0236 0.0023 �0.0213

D4 0.0217 0.0217 0.0025 �0.0192

M3 0.0204 0.0206 0.0026 �0.0180

HO�H 3 3 3 cisOdC D1 0.0322 0.0291 0.0005 �0.0286

M1 0.0252 0.0222 0.0013 �0.0209

HO�H 3 3 3 transOdC D2 0.0318 0.0279 0.0003 �0.0276

D4 0.0281 0.0252 0.0012 �0.0240

M2 0.0256 0.0235 0.0016 �0.0218

HO�H 3 3 3OH2 D1 0.0338 0.0308 0.0000 �0.0308

D2 0.0295 0.0276 0.0012 �0.0265

D3 0.0269 0.0264 0.0019 �0.0245

(H2O)2 0.0231 0.0228 0.0023 �0.0204
a Fb, 1/4r2Fb, (�Gb), and Hb are given in au.

http://pubs.acs.org/action/showImage?doi=10.1021/jp1105168&iName=master.img-005.png&w=235&h=325
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H 3 3 3O distance, can be observed. Both terms show a smooth
increase with the decrease in the H 3 3 3O distance.
In addition, a similar tendency of variation can be observed

between (�Gb) and the electrostatic components of the RVS
scheme, (Ees þ Epl), with the H 3 3 3O distance. Furthermore, as
can be seen from Figure 4A,B;ΔERVS as well asHb decrease with
the H 3 3 3O distance, although the variation of Hb is smoother
than the variation of ΔERVS. In other words, ΔERVS takes more
negative values (by the increase in magnitude) with the decrease
in the H 3 3 3O distance, andHb diminishes its positive value with
the decrease in the H 3 3 3O distance.
In summary, our results provide a different interpretation for

Hb as a local electronic energy density that can be decomposed in
two local energy densities, (�Gb) and 1/4r 2Fb, which are
connected with the (Ees þ Epl) and (Eex þ Ect) terms of the
ΔERVS, respectively.
In turn, the (Ees þ Epl) term can be related to the “purely

electrostatic part” of the interaction, whereas the (Eex þ Ect) term
accounts for the “sharing of electrons” between the monomers.54

Then, the interactions havemore-or-less covalent character depend-
ing on the magnitude of Ect relative to Eex, as was explained above.
Having tested the proposed energy density decomposition (in

M2�X and M3�X complexes) with the RVS scheme, we will
apply it to the mono- and di-hydrated complexes. In several of
these complexes, multiple H-bond interactions occur simulta-
neously, and a local analysis, as proposed here, is needed to carry
out the EDA over the individual interactions.
Table 5 summarizes the values of the topological properties as

charge density and the energy densities (1/4r 2F, (�Gb) and
Hb) evaluated at the BCP in the different interactions present in
mono- and di-hydrated formamide complexes.
In all cases, the Fb values show that theH-bond interactions in di-

hydrated complexes are stronger than the same interactions in
mono-hydrated complexes. In linewith these findings, the 1/4r 2Fb
and (�Gb) energy densities also increase their magnitude in the
same sense. In the previous discussion, we have associated or related
the 1/4r 2Fb term with the (Ect þ Eex) term of the RVS
decomposition. In consequence, we attribute the increase in 1/
4r 2Fb to an increase in the energy exchange (Eex is always positive
whereas Ect is negative), where a more positive value of 1/4r 2Fb is
indicative of an increase in the interelectronic repulsion at the BCP,
as can be expected inH-bond interactions, where the charge density
is shifted from the atomic interaction surface toward the basin of
each of the linked atoms. In addition, the (�Gb) termwas related to
the electrostatic components (Ees þ Epl), and its increase (in
absolute value) clearly indicates an increase in the electrostatic
contribution to the interaction energy.
Simultaneously to this increase in the electrostatic compo-

nent, the local electronic energy density, Hb, decreases in
magnitude and takes the minor value in D1 complex. This
trend ofHb toward negative values is generally attributed to the
covalence of the interaction by other authors.28�31,51,52 How-
ever, our results indicate that the decrease in Hb is a conse-
quence of the increase in magnitude of the term (�Gb)
associated with the electrostatic energy, whose increase in
magnitude is higher than the increase in 1/4r 2Fb in the
analyzed interactions.

4. CONCLUSIONS

A theoretical study about the mono- and di-hydrated com-
plexes of the formamide was carried out at theMP2/6-311þþG-
(d,p) level of approximation. An energetic analysis, based on the

local Virial theorem, in the context of the AIM theory, was related
to the interaction energy components from the RVS analysis.

We have found that the cyclic structures (i.e.; M1 from the
mono-hydrated and D1 and D2 from the di-hydrated complex-
es) can be described as bifunctional hydrogen bonding hydration
complexes. They resulted more stabilized than the noncyclic
structures. The energetic stabilization increases in the order:M3 <
M2 <M1 and D4≈D3 <D2 <D1, wherein several topological
indicators of σ-electron and π-electron delocalization and sub-
sequent cooperative effects were established.

The large percentage of the cooperation found in D1 and D2
structures (28 and 26%, respectively; against 15% in D3 and 5% in
D4), is due to the incorporation of a second water molecule to the
M1 andM2 structures. This relieves the angular tension inM1 and
improves the colinearity of the interacting atoms as well as the
redistribution of the electron density. Although D3 and D4 com-
plexes have similar total interaction energies, the cooperative effects in
D3 are three times higher than inD4. In thefirst one, thewater bridge
bonded to N�H of the formamide molecule produces a higher
σ-electronic delocalization in thewhole complex (σ-cooperativity). In
contraposition, in the last complex, the higher π-delocalization
exhibited by the formamide (bonded to two water molecules none-
ngagedbetween them) canbe seen relative to the isolated formamide.
Both electron delocalizations occur simultaneously in these hydration
structures; however, the comparison of their features (inD3 andD4
complexes) indicates that the σ-cooperativity is quantitatively more
significant than the π-delocalization. In line with these results, the
polarization term is slightly higher in D3 (�2.92 kcal/mol) than in
D4 (�2.74 kcal/mol), and the charge transference term is higher in
D4 that in D3 (�2.13 vs �1.82 kcal/mol).

On the basis of the EDA, we have found that the electrostatic
and the polarization components have significant contribution to
the total interaction energy and, in contraposition, the correla-
tion energy representing dispersion interaction does not play a
crucial role in the stability of the hydration structures.

A linear relationship was established between the (H 3 3 3O)
H-bond distance between the two water molecules in the di-
hydrated complexes and the local topological parameters Fb,
(�Gb), (1/4r 2Fb) and (Hb) at the BCPs. Furthermore, a good
lineal correlation was established between the terms 1/4r 2Fb (R =
�0.997) and (�Gb) (R = 0.999) energy densities with the
(H 3 3 3O) H-bond distance, in the M3�X complexes, indicating
that these topological parameters can be considered as good local
descriptors of the strength of these interactions. Similarly, lineal
relationships among (ΔERVS), (Ect þ Eex), and (Eel þ Epl) terms
with the (H 3 3 3O) H-bond distance were also established. In
addition, energetic parameters derived from Bader’s theory were
related to the energetic decomposition terms provided by the RVS
scheme. From the AIM theory as well as from the RVS analysis we
conclude that the reinforcement of theH-bonds with the decrement
of the (H 3 3 3O) H-bond distance is due to a greater increment of
kinetic energy density, in relation to the increment of the (1/4r 2Fb)
energy density, which is also due to a greater increase in
magnitude of the (Eel þ Epl) term in relation to the (Ect þ Eex)
term. That is to say, the strengthening of the hydrogen bonds in
the studied systems herein is due to an increase in the electro-
static contribution to the total interaction energy.
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