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Abstract: Understanding the fundamental principles for the design of CO2-philic materials is of growing
importance due to the potential for enabling “green” chemistry and technologies in liquid and supercritical
CO2 as alternative solvent systems. Recently, there have been numerous efforts to develop hydrocarbon-
based CO2-philes containing carbonyl groups, which are known to interact through a Lewis acid-Lewis
base (LA-LB) interaction with CO2 molecules, thereby providing the necessary solvation energy for
dissolution. In this work, we investigate the role of a weaker, but cooperative, C-H‚‚‚O hydrogen bond as
an additional stabilizing interaction in the solvation of polycarbonyl moieties with hydrogen atoms attached
directly to the carbonyl carbon or to the R-carbon atom. Ab initio calculations are performed on simple
intermolecular complexes of CO2 with compounds capable of acting as Lewis bases. Systems studied in
different interaction configurations include formaldehyde, acetaldehyde, acetic acid, and methyl acetate,
as model carbonyl compounds, and dimethyl sulfoxide as a model system for the sulfonyl group. Interaction
energies, vibrational frequencies, charge transfer, and other molecular properties are calculated. Results
indicate that C-H‚‚‚O hydrogen bonds may be an important stabilizing interaction that merits consideration
in the design of future CO2-philes.

1. Introduction

Miscibility and dissolution of materials in liquid and super-
critical CO2 (scCO2) have gained considerable attention in the
recent past due to the advantages of CO2 over conventional
organic solvents and the many potential applications in “green”
chemistry.1-10 CO2 is regarded as an environmentally benign
solvent because of its nontoxicity, but more importantly, it is
an excellent choice as a solvent due to the ease of solvent
removal, its abundance, low cost, and tunability of solvent
parameters.4 The low solubility of the majority of polar and
ionic materials has, however, been a serious limitation in
expanding the possibilities of this solvent system. Thus, the
fundamental principles for the design of CO2-philic molecules
including amphiphiles have attracted great interest, and different
molecular level approaches have been used to “CO2-philize”

compounds that are otherwise insoluble in CO2.1,5,6,10The first,
and thus far the most widely, applied method is the introduction
of fluorocarbons.10 Though the interaction between CO2 and
fluorocarbons is very weak,11-12 fluorocarbons exhibit high
solubility in liquid and scCO2. Conflicting theories on the nature
of this interaction have been put forth, and the debate is still
active.10-13

Fluorocarbon-based CO2-philes are expensive; thus, there is
current interest in the development of inexpensive, hydrocarbon-
based CO2-philes. The specific interaction of CO2 molecules
with Lewis base groups, especially carbonyl groups,14-16 has
also been utilized in the design of CO2-philic materials.6-7

Beckman and co-workers synthesized hydrocarbon-based, car-
bonyl-supported, poly(ether-carbonate) copolymers soluble in
liquid CO2 by maximizing the entropic and enthalpic contribu-
tions to solvation.6 The investigators also reported a high
solubility for poly(propylene glycol)acetate with 21 repeat units.6

This necessitates a close examination of the nature of the
interaction of CO2 with various functional groups containing
carbonyl moieties (such as acetate groups). Several experimental
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and theoretical studies have been carried out to estimate the
nature and extent of these interactions. Using IR spectroscopy
Kazarian et al.15,16studied the specific interaction between CO2

and carbonyl groups by investigating the lifting of the degen-
eracy of the CO2 bending modes,ν2, as a result of these
interactions. These researchers speculated that these interactions
could be responsible for the swelling of polyacrylates by CO2.
Following these experimental studies, Nelson and Borkman used
ab initio calculations14 to quantify the splitting of theν2 mode
of CO2 upon interaction with carbonyl groups in simple
molecules. However, after a closer examination of their results
and the optimized geometries of the complexes reported,14 we
have identified the probability of another weaker, but significant
type of interaction, a C-H‚‚‚O hydrogen bond.17-25 We
hypothesize that this interaction acts cooperatively with the
CO2-carbonyl interaction in systems having a hydrogen atom
attached to the carbonyl carbon or theR-carbon atom as shown
in Figure 1.

In C-H‚‚‚O hydrogen bonding, the C-H acts as the proton
donor, and these interactions are in general rather weak
compared to the conventional X-H‚‚‚Y-type of hydrogen bond.
A shortening of the C-H bond and a blue shift of the C-H
stretching frequency characterize these interactions, while for
typical O-H‚‚‚O hydrogen bonding, the O-H bonds are
stretched as a result of the hydrogen-bond formation.26,27

Extensive theoretical and experimental investigations have been
carried out in the recent literature to identify the strength and
directionality of these relatively weak interactions.28-35 Dixon

and co-workers28,29reported computational evidence suggesting
that CR-H‚‚‚OdC< interactions are of sufficient strength to
exert a significant influence on protein structure. It was reported
that inN,N-dimethyl formamide dimers, each of these interac-
tions provides a stabilization energy of at least-2.1 kcal/mol.28

Due to the apparently opposite features of these interactions
compared to conventional hydrogen bonds, Hobza and co-
workers have even described26 these as “anti-hydrogen bonds”.
Scheiner and co-workers30 carried out detailed ab initio mo-
lecular orbital calculations to probe the fundamental nature of
the C-H‚‚‚O hydrogen bond and compared this to the
O-H‚‚‚O hydrogen bond. They observed that, although
C-H‚‚‚O bonds are weaker than O-H‚‚‚O bonds, their binding
energy dies off more gradually as the distance between the two
subunits is increased.30

It is widely accepted that C-H‚‚‚O hydrogen bonds play an
important role in determining macromolecular conformation,34

crystal packing,19,21-25 molecular recognition processes,35 sta-
bilization of inclusion complexes,36 and the activity37 of
biological macromolecules. High-resolution crystal structures
of proteins have recently revealed close C-H‚‚‚O contacts,
suggesting a biological role for these weak interactions in
determining the conformation of these molecules. The majority
of the reported C-H‚‚‚O contacts in proteins involve hydrogen
atoms attached to theR-carbons in the peptide backbone, as
these C-H bonds are relatively more polarized due to the
electron withdrawal by the CdO and N-H groups. In crystal
engineering, these weak interactions play a crucial role in
directing the three-dimensional growth of crystals. Even in small
molecules, C-H‚‚‚O hydrogen bonding can play an important
role in cluster formation, condensation and related phenomena.
For example it has been reported38 that in dimethyl ether-
terminated methanol clusters, the C-H‚‚‚O interactions guide
the formation of cyclic tetramer structures rather than the
expected chain structures. These examples indicate that these
relatively weak interactions are ubiquitous and play an important
role in molecular structure.

In the present work we investigate the role of cooperative
C-H‚‚‚O hydrogen bonds as a CO2-philic stabilization factor
in addition to the LA-LB interactions between CO2 and the
carbonyl group by using ab initio calculations. For this purpose,
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Figure 1. Typical interaction geometry of CO2 complexes involving a
cooperative C-H‚‚‚O hydrogen bond associated with a typical LA-LB
interaction between CO2 and a Lewis base system (e.g., a carbonyl
functionality) as in the interaction between CO2 and an acetate group.D
and d represent the C‚‚‚O and the H‚‚‚O distances for the C-H‚‚‚O
interaction, respectively. AnglesA1, A2 and A3 are the respective angles
OdCdO, >CdO‚‚‚C, and C-H‚‚‚O, defining the structure of the
complexes.R1 and R2 are bond lengths (CdO) of the “free” and
“complexed” bonds of CO2. RCdO andRC-H represent the bond lengths of
the>CdO group and the C-H bond involved in C-H‚‚‚O hydrogen bond,
respectively.
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we have chosen to study the interaction of some of the simplest
carbonyl compounds with CO2, namely, formaldehyde (HCHO),
acetaldehyde (AcH), methyl acetate (MeOAc), and acetic acid
(AcOH). Similar interactions are investigated in the case of
another Lewis base functionality (sulfonyl) in dimethyl sulfoxide
(DMSO).

2. Computational Methods

Ab initio calculations were performed using the Gaussian98 pro-
gram.39 Preliminary geometry optimizations were carried out at the
Hartree-Fock (HF) level using 3-21G and 6-31G, as well as density
functional theory (DFT). More exact calculations of geometry, energies,
and vibrational frequencies were performed at the second-order Møller-
Plesset (MP2)40 level to include the effects of electron correlation. For
MP2 level optimizations, we employed the 6-31+G* basis set, and all
the optimizations were carried out using the Berny optimization
procedure in Gaussian98. The energies at these optimized geometries
(single-point) were calculated using Dunning’s polarized correlation-
consistent aug-cc-pVDZ basis set, augmented by diffuse functions.41

Thus, throughout this paper, while referring to the single-point energies
at MP2/aug-cc-pVDZ level for the geometries optimized at MP2/6-
31+G* level, we simply refer to them as MP2/aug-cc-pVDZ energies.
Interaction energies (∆E) of these complexes for different interaction
geometries were calculated using the “supermolecule” method,42 as the
difference in energy between each complex and the sum of the isolated
monomers according to:

whereEAB is the energy of the optimized complex (AB) andEA and
EB are the respective energies of the optimized monomers A and B.
The basis set superposition errors (BSSE) were calculated using the
counter-poise method of Boys and Bernadi.43 Vibrational frequencies
are calculated at the MP2/6-31+G* level. While some previous studies
show that DFT calculations using the B3LYP functional yield results
comparable to those at the MP2 level, recent experimental results reveal
that DFT at this level may not be accurate for calculating changes in
vibrational frequencies as a result of complexation.38 Thus, we restrict
our discussions to the MP2 level binding energies of the optimized
geometries. Molden was used to visualize the results of the Gaussian98
calculations.44

3. Results and Discussion

Solvation in scCO2 has been of great theoretical as well as
experimental interest.45 It is clear that solvation in CO2 depends
not only on the interactions between CO2 and the CO2-philic
functional group but also on their relative strength in comparison
with the solvent-solvent interactions46 and the solute-solute

interactions. The structure and binding of CO2 dimer46-49 and
trimer48,49 have been extensively studied using high-level ab
initio calculations as well as high-resolution spectroscopy. It is
well established that for the CO2 dimer, there are two favored
configurationssthe slipped parallel (C2h symmetry) as well as
the T-shaped (C2V symmetry) geometries. Both the theoretical
and the experimental investigations have shown that among
these structures, the slipped parallel geometry is preferred over
the T-shaped geometry in the dimers observed in gas phase. It
was reported48 that the interaction energies of the slipped parallel
and T-geometries are-1.33 and-1.11 kcal/mol, respectively,
at the MP2/aug-cc-pVQZ level. The interaction energies cal-
culated48 using the MP2-R12 method with the 13s8p6d5f basis
set for these two geometries were-1.48 kcal/mol and-1.18
kcal/mol, respectively. Spectroscopic studies by Miller and co-
workers47 have shown that theC2h geometry is favored over
theC2V geometry in low-temperature molecular clusters. Since
energies of the various solute-solvent complexes presented in
this work are at the MP2/aug-cc-pVDZ level (after optimizations
at the MP2/6-31+G* level), we have employed the same level
of theory for the calculation of the CO2 dimer structures also,
for comparison purposes. The optimized geometries are shown
in Figure 2A and B, respectively. The BSSE corrected interac-
tion energies (∆Ec) are-1.1 kcal/mol and-0.94 kcal/mol for
the C2h and theC2V geometries, respectively (see Table 1).

Ab initio calculations48 and high-resolution IR spectroscopic
studies49 reveal that the CO2 trimer exists predominantly in the
ring structure. The preference for the ring structures in small
clusters arises from the fact that ring structures maximize the
number of possible LA-LB interactions between the CO2
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Figure 2. Optimized structures (MP2/6-31+G*) for (A) the “slipped”
parallel geometry (C2h symmetry) and (B) the T-geometry (C2V symmetry)
of the CO2 dimer as well as (C) the T-structure (C2V symmetry) and (D)
the proton side (Cs symmetry) configuration for the HCHO-CO2 complex.
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molecules, exceeding by one the number found in the chain
and branched structures. The ring structures can also enhance
the cooperativity. The situation is similar to the growth of the
clusters of water,50 methanol51 andtert-butanol52 where the ring
structures dominate in the rangen ) 3-5 and on further increase
in n, the topology changes to chains and branched chains since
the preference for the ring structure slowly goes away. In fact,
the signatures from neutron scattering data and molecular
dynamics simulations of liquid CO2 indicate that the interaction
geometries in liquid CO2 are closer to the T-interaction
geometry.53

Although the net dipole moment for CO2 is zero, CO2 is not
a nonpolar solvent, but a quadrupolar solvent.54 There is a clear
charge separation in the CO2 molecule with the bond electron
density being polarized more toward the oxygen atoms, leaving
the carbon atom with a partial positive charge and the two
oxygen atoms with partial negative charges. Thus, the electron-
deficient carbon atom can act as a Lewis acid, while the oxygen
atoms, though less effectively, can act as Lewis base moieties.
The situation is somewhat analogous to the case of H2O, which
can act both as a Lewis acid as well as a Lewis base. However,
in CO2 these interactions are rather weak compared to that in
H2O, considering the unique hydrogen-bond networks in the
latter, making CO2 a much less effective solvent for polar
materials. Nevertheless, it has been shown that the LA-LB
interactions between CO2 and carbonyl functional groups are
almost half as strong as the interactions between two water
molecules.14 As mentioned previously, IR spectroscopic studies
by Kazarian et al. have clearly demonstrated the nondegeneracy
of the CO2 bending modes,ν2, when complexed to the carbonyl
groups of solid polymers.15 This specific interaction (LA-LB)
has been the focus of the design of CO2-philic polymers, which
have potential for use in variety of green chemistry applications.

However, to maximize the CO2-philicity, one should investigate
what type of functionality should be the most energetically
suitable and elucidate the fundamental nature of such solute-
solvent interactions governing solvation.

3.1. Energetics and Geometric Considerations.The opti-
mized geometries for the HCHO-CO2 complex are shown in
Figure 2, C (C2V) and D (Cs), respectively. In theC2V geometry
(HCHO-CO2 (T)), the carbonyl carbon, oxygen, and the C-atom
of CO2 are linear, and their interaction is restricted to a simple
LA-LB interaction between CO2 and the carbonyl group.
However, it is noteworthy that the CO2 molecule is oriented
perpendicular to the plane of the formaldehyde molecule. The
geometry in which CO2 is in the same plane as formaldehyde
is energetically unstable and is readily routed to the out-of-
plane geometry. This is important since both the oxygen lone
pairs of the carbonyl group are in the plane of the molecule. It
is plausible that in this geometry, the interaction between the
carbonyl oxygen and the C-atom of CO2 is more electrostatic
in nature, and the out-of plane arrangement of CO2 minimizes
the repulsive interactions between the lone pairs of the carbonyl
oxygen and the oxygen atoms of CO2, especially considering
the partial negative charges on these oxygen atoms. Another
possibility is the involvement of the carbonylπ-electrons in
the interaction. The interaction energy (∆Ec) corresponding to
this geometry is-1.92 kcal/mol (Table 1).

In the Cs geometry (HCHO-CO2 (P)), however, CO2 is
planar with the formaldehyde molecule, as the carbonyl oxygen
interacts with the carbon atom of CO2 and one of the oxygen
atoms of CO2 points toward one of the aldehyde hydrogen
atoms. The geometric parameters for this complex suggest the
presence of a weak, cooperative C-H‚‚‚O interaction as an
additional stabilization for this geometry compared to theC2V

geometry. The interaction energy corresponding to this geometry
is -2.43 kcal/mol. In this configuration, having a five-membered
ring including the hydrogen, the carbon, and oxygen atoms of
the aldehyde along with the carbon and one of the oxygen atoms
of the CO2 molecule, a weak electron delocalization cannot be
ruled out considering the contracting nature of the C-H‚‚‚O
bond. The H‚‚‚O distance (d) is 2.71 Å, and the C‚‚‚O distance
(D) is 3.24 Å (Figures 1 and 2), well within the reported limits
of D to qualify the interaction as a C-H‚‚‚O hydrogen bond
(4.0 Å).23a

One possible explanation for the higher interaction energy
of theCs geometry is that the oxygen lone pairs are in plane, at
120° with the >CdO bond, and this would be the ideal
condition for the interaction between the carbonyl group and
the CO2 molecule (>CdO‚‚‚C angle,A2 ) 120°). However,
the >CdO‚‚‚C angle for theCs geometry of the HCHO-CO2

complex is 111.0°, suggesting a deviation from the ideal
condition due to or for the involvement of a C-H‚‚‚O hydrogen
bond. From a qualitative view, since the CO2 oxygen is sp2-
hybridized, the preferred CdO‚‚‚H angle should be 120°.
However, this is not a rigid rule since the variation in energy
with angular deviation is small.30 The CdO‚‚‚H (the CdO of
CO2 involved in hydrogen bonding) angle for theCs geometry
of the HCHO-CO2 complex is 109.5°. In all these interactions,
the CO2 molecule is bent slightly, caused by deviation of the
carbon atom from the sp-hybridization. Although HCHO
presents the simplest but convincing case for the existence of
cooperative C-H‚‚‚O interactions, it is of interest to investigate
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Table 1. BSSE Corrected Interaction Energies (∆Ec) for the CO2
Complexes with HCHO, AcH, MeOAc, AcOH, and DMSO along
with Those of the CO2 Dimer for Different Interaction
Configurations, Calculated at the RHF and the MP2 Levels of
Theory Using aug-cc-pVDZ Basis Seta

molecular species
∆Ec(RHF)
(kcal/mol)

∆Ee

(kcal/mol)
∆Ec(MP2)
(kcal/mol)

HCHO-CO2 (T) -1.40 -0.52 -1.92
HCHO-CO2 (P) -1.84 -0.59 -2.43
AcH-CO2 (M) -1.76 -0.72 -2.52
AcH-CO2 (P) -2.08 -0.61 -2.69
MeOAc-CO2 (M) -1.96 -0.86 -2.82
MeOAc-CO2 (E) -1.67 -0.97 -2.64
AcOH-CO2 (M) -2.00 -0.80 -2.80
CO2 dimer (II) -0.29 -0.82 -1.10
CO2 dimer (T) -0.24 -0.70 -0.94
DMSO-CO2 -2.15 -1.27 -3.42
H2O-H2Ob -4.11b

a The optimizations were carried out at the MP2/6-31+G* level and
single-point energies for the optimized geometries were computed at MP2/
aug-cc-pVDZ level. For comparison, the∆Ec for water dimer is shown.
bReference 30.c ∆Ee is the electron correlation component of∆Ec(MP2).
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other LB (carbonyl and sulfonyl) systems with differences in
the LB electron density and other changing structural features.
The optimized geometries for the complexes of CO2 with AcH,
MeOAc, AcOH, and DMSO in different interaction geometries
are given in Figures 3, 4, and 5 A and B, respectively.

The ∆Ecvalues at the Hartree-Fock (HF) and MP2 levels
using the aug-cc-pVDZ basis set are shown in Table 1. The
strongest interaction observed is for the DMSO-CO2 complex;
however, we will discuss DMSO separately and restrict the
primary part of the discussion to carbonyl compounds. For AcH
(Figure 3, A and B), the T-interaction is energetically unstable,
and two different slanted configurations are observed. In the
first case, the CO2 molecule is interacting with acetaldehyde
from the methyl side (AcH-CO2 (M)), and in the other
geometry, on the side of the aldehyde proton (AcH-CO2 (P)).
Similarly, for MeOAc, there are two possible interaction
geometries, namely, the methyl side (MeOAc-CO2 (M)) and
the ester side (MeOAc-CO2 (E)) approaches, which are shown
in Figure 4, A and B, respectively. For AcOH, only the methyl
side configuration (AcOH-CO2 (M)) was optimized. We did
not observe a minimum on the acid side, despite the acid side
being less sterically hindered. It is seen from Table 1 that the
interaction energies of the CO2 complexes at the MP2 level are
in the order: DMSO< MeOAc (methyl side)< AcOH (methyl
side) < AcH (proton side)< MeOAc (ester side)< AcH
(methyl side)< HCHO (proton side)< HCHO (T), indicating
the strongest interaction for DMSO and the weakest for HCHO
(T). All these energies compared to that of HCHO (T) structure
support the existence of a cooperative C-H‚‚‚O interaction in
the complexes studied that could lead to enhanced solvation of
materials functionalized with these moieties in liquid and scCO2.

The geometrical parameters for the various complexes are
presented in Table 2. For AcH (Figure 3), the>CdO‚‚‚C angles
(A2) are 131.1° and 112.2° for the methyl side and proton side
approaches, respectively. For the methyl side approach, one of
the hydrogen atoms of the methyl group (that is planar to the
carbonyl group), the methyl carbon, aldehyde carbon, and the
CO2 molecule are coplanar with the carbonyl oxygen interacting

with the carbon atom of CO2. The carbonyl oxygen of AcH is
a better electron donor compared to that of HCHO due to the
electron-donating ability of the methyl group (considering the
hyperconjugation with the methyl hydrogen atoms), and this
explains the higher∆Ec for the AcH-CO2 complexes compared
to that of HCHO. The∆Ec values for the methyl and ester side
complexes of MeOAc (Figure 4, A and B) are-2.82 and-2.64
kcal/mol, respectively, and the corresponding>CdO‚‚‚C angles
(A2) are 132.0° and 157.9°. The methyl side complex of AcOH
(Figure 5A) has a∆Ec of -2.80 kcal/mol andA2 ) 131.3°. All
of the above results provide strong evidence for the presence
of weak C-H‚‚‚O interactions, as postulated in Figure 1.
Additionally, examination of the geometries of the complexes
suggests that these two interactions (LA-LB and C-H‚‚‚O)
act cooperatively. The interaction of the carbonyl group with
CO2 introduces a partial electron density transfer to the carbon
atom of the CO2 molecule while the C-H‚‚‚O hydrogen bond
transfers some electron density back to the carbonyl carbon.
Each of these interactions reinforces the other, resulting in a
very weak electron delocalization in the five (or six)-membered
ring formed by the carbonyl carbon, carbonyl oxygen, the carbon
atom of the CO2, one of the oxygen atoms of the CO2 (involved
in the C-H‚‚‚O hydrogen bond), and the hydrogen atom
attached to the carbonyl group (the methyl proton in the case
of the methyl side approaches) as seen in Figures 2-5.

Table 2. Geometric Parameters of the CO2 Complexes Formed with HCHO, AcH, MeOAc, AcOH, and DMSO for Different Interaction
Configurations, Calculated at the MP2/6-31+G* Level (See Figure 1)a

molecular species A1 (deg) A2 (deg) A3 (deg) d (Å) D (Å) ∆R (mÅ) ∆A1 (deg) ∆ν2 (cm-1) ∆RC-H (mÅ) ∆RCdO (mÅ)

HCHO-CO2 (T) 178.6 - - - - 0.0 1.4 10.0 -0.10 0.75
HCHO-CO2 (P) 178.1 111.0 109.5 2.71 3.24 3.50 1.9 18.0 -0.66 2.06
AcH-CO2 (M) 178.1 131.1 143.3 2.66 3.59 3.14 1.9 16.0 -0.39 1.32
AcH-CO2 (P) 177.7 112.2 110.6 2.79 3.26 3.48 2.3 22.0 -1.32 1.79
MeOAc-CO2 (M) 177.9 132.0 142.6 2.66 3.58 2.73 2.1 18.6 -0.14 2.07
MeOAc-CO2 (E) 178.1 157.9 103.0 3.05 3.47 2.50 1.9 9.0 -0.39 1.60

112.0 2.91 -0.66
AcOH-CO2 (M) 178.0 131.3 144.5 2.57 3.51 4.19 2.0 16.0 -0.12 0.75
DMSO-CO2 177.0 - 128.0 2.74 3.52 3.45 3.0 30.0 -0.34 -

a The following abbreviations are used:∆R ) R2 - R1; ∆RC)O is the change in the carbonyl bond length;∆A1 refers to the bending angle of CO2 (180
- A1, in degrees).

Figure 3. Optimized structures (MP2/6-31+G*) for (A) the methyl side
and (B) the proton side interaction geometries of theAcH-CO2 complex. Figure 4. Optimized structures (MP2/6-31+G*) for (A) the methyl side

and (B) the ester side interaction geometries for the MeOAc-CO2 complex.

Figure 5. Optimized structures (MP2/6-31+G*) for (A) the methyl side
configuration of the AcOH-CO2 complex and (B) the DMSO-CO2

complex.
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3.2. Contraction of the C-H Bond. It is well established
that the C-H bond will undergo shortening as a result of
C-H‚‚‚O hydrogen bonding.28-30 Also, assuming an electro-
static model, as for conventional O-H‚‚‚O hydrogen bonds,
the C-H‚‚‚O hydrogen bonds should ideally be linear, with the
hydrogen atom interacting with the lone pair of the oxygen while
the C-H bond and the CO2 unit are coplanar. In the case of
normal hydrogen bonds, the directionality of the bond is
generally considered as evidence for the existence of the
hydrogen bond. However, crystal structure data reveal large
deviations, with C-H‚‚‚O bond angles ranging from 90° to
180°, indicating no preference for linearity.19 It can also be seen
that even in the case of the HCHO-CO2 (T) complex, where
there is no possibility of a C-H‚‚‚O interaction, we observe a
contraction of the aldehydic C-H bond, although this is only
15% of that in the case of the proton side approach involving
the cooperative C-H‚‚‚O interaction. This can be attributed to
the increased electron withdrawal by the carbonyl oxygen from
the carbonyl carbon as a result of its electron donation to the
carbon atom of the CO2 molecule. From this, it must be
concluded that the contraction of C-H bonds occurs when there
is either athrough bondor through spaceelectron withdrawal
from the C-H bond, and the behavior is a general attribute of
the C-H bonds examined. It is observed that in all of the present
complexes, there is a contraction in the C-H bond length as a
result of the CO2 interaction (Table 2).

This poses an interesting question regarding the observed
C-H bond contraction in the present complexes as to whether
this phenomenon is due to an increased electron withdrawal by
the carbonyl oxygen, resulting from the complex formation with
CO2 or from C-H‚‚‚O interaction. The best way to address
this question is through the examination of the relative variation
of the C-H and CdO bond lengths upon complex formation,
although in a cooperative interaction this may be more
complicated. Normally, one would expect that if the C-H bond
contraction is only attributed to an increased electron withdrawal
by the carbonyl oxygen, then the contraction of the C-H bond
and the stretching of the CdO bond should be correlated.
However, data from Table 2 reveal that this is not the case and
suggest a cooperative pair of interactions. For example, in the
proton side complexation of HCHO, the∆RC-H and∆RCdO are
respectively-0.66 and 2.06 mÅ, while for the proton side
complexation of AcH, the∆RC-H and ∆RCdO are -1.32 and
1.79 mÅ respectively. This reveals that although these values
collectively indicate the strength of the C-H‚‚‚O interaction,
it is difficult to individually consider them as a marker for the
strength of the interaction especially in cases such as methyl
acetate, where the electron withdrawal is not localized to a single
C-H bond.

3.3. Effect of the C-H‚‚‚O Interaction on CO2. In all the
complexes studied, the CO2 molecule undergoes bending from
its otherwise linear geometry (Table 2) as a result of possible
deviation from the sp-hybridization of the carbon atom upon
LA-LB complexation. Aside from this, we noticed another
important geometric aspect that supports the presence of the
C-H‚‚‚O interaction. Assuming that the only type of interaction
between these carbonyl compounds and CO2 is the LA-LB
interaction, one would expect that the two CdO bond lengths
of CO2 should be identical. Table 2 shows that these distances
are not equal except in the case of the HCHO-CO2 (T)

complex. In all other systems, the CdO bond that is presumed
to be involved in a C-H‚‚‚O interaction is longer than the “free”
CdO bond. This provides strong evidence for the weak
C-H‚‚‚O interaction, but also, one should be able to draw a
qualitative correlation between the∆R (the difference between
the two CdO bond lengths of CO2) and the strength of the
C-H‚‚‚O hydrogen bonding. Accordingly, it can be seen from
Table 2 that the strongest C-H‚‚‚O interaction is in the case of
AcOH and decreases in the order AcOH-CO2 (M) > HCHO-
CO2 (P) > AcH-CO2 (P) > DMSO-CO2 > AcH-CO2 (M)
> MeOAc-CO2 (M) > MeOAc-CO2 (E). While the O‚‚‚H
distance (d in Figure 1) also could be a measure of the
interaction strength, we cannot draw a direct correlation between
d and the C-H‚‚‚O interaction energy since the C-H‚‚‚O angles
are different in these systems and this will also affect the strength
of the interaction. Due to the cooperativity, there appears to be
an inherent limitation on isolating the energetics of the C-H‚‚‚O
interaction from the LA-LB interaction. This mechanism for
the stabilization of the solvation complexes is noteworthy;
however, one needs to analyze the intermolecular charge transfer
variation in the individual atomic charges upon complex
formation, vibrational frequencies, and the changes in the bond
lengths to characterize the fundamental nature and extent of
these interactions.

3.4. Vibrational Spectra. The calculated harmonic infrared
frequencies for the CO2 bending mode,ν2, in the various
complexes are shown in Figure 6. It can be seen that the
degeneracy of theν2 modes of complexed CO2 is lifted and the
values of the vibrational energy separation between these bands,
∆ν2, are given in Table 2. For the complex, the in-plane bending
mode (with reference to the plane of the interacting Lewis base
group and the adjacent carbon atom) is at a lower frequency
compared to the out-of-plane mode. The largest splitting is for
the DMSO-CO2 complex (30 cm-1). It is also observed that
the in-plane bending mode is more sensitive to the binding and
the typical shifts are to lower frequencies. However, the splitting
of the ν2 mode is affected by both the LA-LB as well as the
C-H‚‚‚O interaction, and the individual contributions will
change, depending on the specific compounds and the interaction
configuration.

Figure 6. Calculated harmonic IR spectra (MP2/6-31+G*) of the bending
mode of CO2 in CO2 monomer, CO2 dimer, HCHO-CO2 (T), HCHO-
CO2 (P), AcH-CO2 (M), AcH-CO2 (P), MeOAc-CO2 (M), MeOAc-
CO2 (E), and AcOH-CO2 (M).
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The calculated infrared spectra of the C-H stretching region
for the various CO2 complexes are shown in Figures 7 and 8.
As discussed previously, the C-H bonds of the aldehyde groups
(or theRC-H) undergo contraction, and the IR frequencies are
blue-shifted as a result of the increase in energy separation
between the excited and ground vibrational states of the complex
compared to the monomer. It can be seen from Figure 7 that
for HCHO, the C-H stretching mode blue-shifts in both the T
geometry and the proton side approach configurations. Also,
Figure 7 shows that in the AcH-CO2 complex, the aldehyde
C-H stretching mode blue-shifts in configurations where CO2

approaches from either the methyl or the proton side. However,
for the methyl side interaction, the antisymmetric stretch is
slightly blue-shifted, and this is absent for the proton side
approach. The trends in the vibrational spectra of the C-H
stretching region for MeOAc and AcOH are shown in Figure
8. The blue-shifts of the C-H modes are more pronounced for
the ester side interaction, indicating stronger C-H‚‚‚O interac-

tions for the ester side approach. This can be corroborated by
the larger contraction of the C-H bonds for the ester side
approach. This definitely cannot be attributed to an increased
LA-LB interaction sinceA2 is 158°, unsuitable for the ideal
>CdO‚‚‚C interaction especially when one considers the steric
repulsion. The lower value of∆RCdO for the ester side approach
(1.6 mÅ) in comparison with that for the methyl side (2.07 mÅ)
also supports the hypothesis that there is a C-H‚‚‚O hydrogen
bond in this system.

In a situation where both the C-H‚‚‚O interaction and the
LA-LB interaction are operative, and where both these give
rise to the same effects as in the majority of the cases here, the
spectral deconvolution that would allow one to attribute the
observations to a particular interaction is rather difficult. For a
comparison, the carbonyl stretching region of the calculated
harmonic infrared frequencies for the different complexes are
shown in Figures 9 and 10.

In all the complexes, there is a red-shift in the carbonyl
stretching frequency. This is more pronounced for HCHO in
the proton side approach of CO2, although the trend is similar

Figure 7. Calculated harmonic IR spectra (MP2/6-31+G*) of the C-H
stretching modes in HCHO, HCHO-CO2 (T), HCHO-CO2 (P), AcH,
AcH-CO2 (M), and AcH-CO2 (P).

Figure 8. Calculated harmonic IR spectra (MP2/6-31+G*) of the C-H
stretching modes in MeOAc, MeOAc-CO2 (M), MeOAc-CO2 (E), AcOH,
and AcOH-CO2 (M).

Figure 9. Calculated harmonic IR spectra (MP2/6-31+G*) of the carbonyl
stretching modes in HCHO, HCHO-CO2 (T), HCHO-CO2 (P), AcH,
AcH-CO2 (M), and AcH-CO2 (P).

Figure 10. Calculated harmonic IR spectra (MP2/6-31+G*) of the carbonyl
stretching modes in MeOAc, MeOAc-CO2 (M), MeOAc-CO2 (E), AcOH,
and AcOH-CO2 (M).

A R T I C L E S Raveendran and Wallen

12596 J. AM. CHEM. SOC. 9 VOL. 124, NO. 42, 2002



for the AcH complexes. For both MeOAc and AcOH, there is
a significant red-shift in the carbonyl stretching frequency.

The cooperativity of the LA-LB interaction and the C-H‚‚‚O
interaction should be reflected in the correlation of the splitting
of the degenerateν2 vibrational modes and the bending of the
CO2 molecule (deviation from linearity) upon complex forma-
tion, since these are two parameters that are affected collectively
by both interactions. A plot of∆ν2 versus∆A1 for the various
complexes is given in Figure 11 and is found to be linear,
suggesting their common origin. This also supports the coop-
erativity of the two interactions and the complex manner in
which they are mixed.

3.5. Charge-Transfer Model.To gain a clearer view of the
C-H‚‚‚O hydrogen bond and its cooperativity with the LA-
LB interaction, we investigated the overall charge transfer (CT)
between the LA and LB units involved in the interaction, as
well as the changes in the natural population of charges for the
atoms involved in complex formation. The charge transferred
from the Lewis base unit to CO2 in various complexes
(expressed in millielectrons, me) is given in Table 3.

It is calculated by summing up the atomic charges on either
of the individual molecules. The sum of these charges on the
isolated monomers should be zero; therefore, the magnitude and
sign of the sum of these charges in the complex provide an
estimate of the charge transferred from one molecule to the other

as a result of the complex formation. From Table 3, it is seen
that the charge transfer is most pronounced in the proton side
configurations for AcH (20.1 me) and HCHO (10.9 me).

Another interesting parameter to compare in these complexes
would be the relative charges on the two oxygen atoms of CO2,
as the degeneracy of these oxygen atoms is lifted on complex
formation, presumably as a result of C-H‚‚‚O hydrogen
bonding. The differences between the Mulliken charges on these
two oxygen atoms of CO2 are also shown in Table 3. For the
CO2 molecule, in all cases the “complexed” oxygen atom
involved in the C-H‚‚‚O hydrogen bond is more negative
compared to the “free”oxygen, making it more attractive toward
the bridging hydrogen. It is noteworthy that while there is almost
no difference between the two oxygen atoms of CO2 for the
T-geometry of HCHO-CO2, there is clearly a large difference
in the proton side configuration of HCHO-CO2, providing
further evidence for the existence of the C-H‚‚‚O interaction.
These are also well correlated with the differences between the
bond lengths of the two CdO bonds of CO2 in these complexes
(∆R), except for the small deviation in the case of AcH.

An examination of the changes in the natural population
atomic charges for the various atoms involved in the LA-LB
(>CdO‚‚‚C) and the C-H‚‚‚O interactions should reflect the
electron density shifts, and these are presented in Table 4.
Negative charges indicate a net gain in electron density, while
positive charges indicate a net loss of electron density. For the
LA-LB interaction (>CdO‚‚‚C triad), the carbonyl oxygen in
all the complexes shows a net gain in electron density as
expected due to an increased polarization of the carbonyl group,
while the carbonyl carbon has a loss of electron density (with
the exception of HCHO-CO2 (P), where the carbonyl carbon
acquires a small negative charge,-1.1 me). The carbon atom
of the CO2 molecule has an even reversal of electron density
changes, but strikingly, the AcH-CO2 (P) complex shows a
high net positive charge (26.0 me), indicating loss of electron
density, despite the transfer of electron density from the carbonyl
group to CO2 (LA-LB interaction). This loss of electron density
in the carbon atom of CO2 may be attributed to the increased
polarization of one of the CdO bonds of CO2 as a result of its
involvement in the C-H‚‚‚O hydrogen bonding.

For the C-H‚‚‚O triad, it is shown in Table 4 that, while the
oxygen atom of CO2, as well as the carbon atom acquire a net
negative charge in all complexes with the exception of AcH-
CO2 (P), the bridging hydrogen acquires a net positive charge.
For the AcH-CO2 (P) complex, both the carbon and hydrogen
of the C-H‚‚‚O triad loses electron density, while the oxygen
atom gains electron density as in the other systems. The general

Figure 11. The vibrational energy splitting of the CO2 bending modes
(∆ν2) plotted versus the deviation from linearity (degree of bending for the
CO2 molecule,∆A1). The straight line is indicative of the coopverativity of
the LA-LB and the C-H‚‚‚O hydrogen bond interactions (Table 2).

Table 3. Charge Transfer (CT) from the Carbonyl Compound to
CO2 in Millielectrons (me) and the Difference (∆q) between the
Charges on the “Free” and “Complexed” Oxygen Atoms of CO2 for
the Various Interaction Complexes

species charge transfer, CT (me) ∆q (me)

HCHO-CO2 (T) 4.9 0.2
HCHO-CO2 (P) 10.9 43.6
AcH-CO2 (M) 7.9 34.0
AcH-CO2 (P) 20.1 33.8
MeOAc-CO2 (M) 2.6 27.6
MeOAc-CO2 (E) 2.2 22.6
AcOH-CO2 (M) 2.8 47.6

Table 4. Change in the Natural Population Atomic Charge (∆q) of
Atoms in the Complexes Relative to Monomers for the Atoms
Involved in the C-H‚‚‚O and the >CdO‚‚‚C Interactions (∆qH for
Water Dimer30 Is 19 me)

C−H‚‚‚O >C1dO‚‚‚C2

species
∆qC

(me)
∆qH

(me)
∆qO

(me)
∆q′C(1)

(me)
∆q′O
(me)

∆q′C(2)

(me)

HCHO-CO2 (T) 3.87 3.5 1.0 3.9 -5.8 -3.2
HCHO-CO2 (P) -1.1 19.3 -27.0 -1.1 -21.5 -0.4
AcH-CO2 (M) -4.2 18.5 -17.6 6.35 -22.7 -6.8
AcH-CO2 (P) 166.8 22.5 -19.8 166.8 -25.3 26.0
MeOAc-CO2 (M) -47.5 26.9 -15.6 52.7 -50.9 0.1
MeOAc-CO2 (E) -14.6 0.0, 8.2 -15.6 38.3 -30.8 -0.6
AcOH-CO2 (M) -24.7 20.3 -26.6 40.7 -51.2 2.7
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trend is consistent with that observed for conventional hydrogen
bonds, as observed in a H2O dimer. The observed gain of
positive charge on the bridging hydrogen atom is higher in
comparison with that of the water dimer. This larger increase
in the positive charge of the bridging hydrogen, however, will
make this hydrogen more attractive to the negatively charged
oxygen atom of the CO2 molecule, enhancing the strength of
the C-H‚‚‚O bond. The observed gain in the electron density
of the carbon atom of the C-H‚‚‚O triad, despite the increased
electron withdrawal by the carbonyl group as a result of the
LA-LB interaction, also supports the formation of the C-H‚‚‚O
bond.

The pattern of the charge density changes on these CO2

complexes, in any case, provides conclusive evidence for the
existence of a C-H‚‚‚O hydrogen bond as an additional
stabilization mechanism for the LA-LB complexes between
carbonyl groups and CO2 in the systems studied. Also, the
cooperative nature of these two interactions can be examined
from a different point of view on the basis of the net changes
in the atomic charges on the individual atoms involved. For
example, the C-H‚‚‚O interactions make the oxygen atom of
CO2 more electron-rich, most likely at the cost of the carbon
atom of CO2, making it more positive. This in turn, enhances
the strength of its LA-LB interaction with the carbonyl group.

3.6. DMSO-CO2 Interactions. For DMSO, the optimized
geometry is somewhat different compared to that of the carbonyl
compounds. In this case, unlike in the carbonyl systems, the
S-O-C-O dihedral is nonzero (Figure 5B). A qualitative
explanation for this would be that while in the carbonyl systems
the oxygen is purely sp2-hybridized making the lone pairs of
oxygen in plane, the oxygen of the sulfonyl oxygen is
intermediate between the sp2 and sp3 hybridizations due to the
highly polarized SdO bond. This also results in a stronger LA-
LB interaction. We also observe a contraction of-0.34 mÅ
for the C-H bond involved in the C-H‚‚‚O hydrogen bonding.
Maximum bending of CO2 (3°) is observed in this complex, as
well as the highest splitting of theν2 bending modes of CO2
indicating that both the LA-LB and the C-H‚‚‚O interaction
are significant for DMSO. All these suggest that in the case of
sulfonyl moieties too,RC-H bonds can enhance the strength
of the CO2-philic interactions through cooperative C-H‚‚‚O
interactions.

3.7. Role of the C-H‚‚‚O Interaction on Solvation. As
mentioned at the beginning of the discussion, solvation in liquid
and scCO2 depends on the relative strengths of solvent-solvent,
solute-solvent, and solute-solute interactions apart from en-
tropic considerations. While the interaction energy of the CO2

dimer alone cannot represent exactly the solvent-solvent
interaction cross-section in liquid and scCO2 due to the presence
of many-body interactions, it provides a starting point for
estimating the strength of solvent-solvent interactions. The
results of the calculations in this work show that for all the
simple carbonyl systems studied, the solute-solvent interaction
is significantly stronger than the solvent-solvent interaction.
This favors solvation of these materials in liquid and scCO2,
suggesting that hydrocarbons functionalized with these carbonyl
moieties may exhibit good CO2-philicity. However, the solvation
also depends strongly on the lattice energies of the CO2-philes
that are functionalized with these carbonyl moieties. We do not
have sufficient experimental data available to determine which

functionality is better as far as lattice energy requirements are
concerned. Additionally, one needs to consider how cooperative
solute-solvent C-H‚‚‚O interactions may enhance the solubility
of materials in liquid and scCO2, since in most of these materials
a significant portion of the lattice energy comes from C-H‚‚‚O
interactions. For example, it was suggested recently that the
C-H‚‚‚O hydrogen bonds are responsible for the self- and cross-
associations of cyclic and linear carbonates, resulting in
significant differences in many physical properties.55 Since the
cooperative C-H‚‚‚O hydrogen bonds increase the effective
solute-solvent interactions, they definitely will contribute to
the enhanced solvation of materials in liquid and scCO2.

Following our calculations, we identified acetate groups as
the most favored CO2-philic functional group based on the
carbonyl functionality. Since nature is abundant with polyhy-
droxy compounds in the form of carbohydrates, we expected
that the acetylation of carbohydrates would be a previously
unknown resource of renewable CO2-philes. In fact, we have
recently reported that acetylated sugars undergo deliquescence
in gaseous CO2 and exhibit an extremely high solubility in
scCO2 (above 30 wt %) at very low pressures.56 Crystal
structures of sugar acetates also reveal that the intermolecular
C-H‚‚‚O interactions between the carbonyl group of the acetate
moiety andRC-H bonds provide the most stabilizing interac-
tions in the lattice. From these observations and the present
calculations, we propose that the cooperative C-H‚‚‚O interac-
tion plays a unique role in enhancing solubility of these materials
in scCO2. The function of these interactions in the solvation of
polycarbonyl compounds in liquid and scCO2 may be important
not only in terms of the specific solute-solvent interaction but
also in terms of replacing the C-H‚‚‚O interactions in the lattice
by the “CO2-philic” C-H‚‚‚O interactions upon solvation.

4. Conclusions

The role of a cooperative C-H‚‚‚O interaction as an
additional stabilizing interaction along with the LA-LB interac-
tion between CO2 and carbonyl compounds with hydrogen
atoms attached to the carbonyl carbon or theR-carbon atom
and their implications for solvation in scCO2 are investigated
in this work. Ab initio calculations are performed on complexes
of CO2 with model carbonyl systems such as HCHO, AcH,
MeOAc, and AcOH. Calculations are also performed on the
CO2-DMSO complex to investigate the possible use of the
sulfonyl moiety as a CO2-philic functional group. The calcula-
tions reveal that among the carbonyl systems investigated,
MeOAc has the strongest interaction with CO2. The high CO2-
philicity of MeOAc suggests that acetylation, unlike fluorination,
could be a much cheaper method for the design of renewable
CO2-philes. Considering the abundance of polyhydroxy com-
pounds in nature, this method offers great possibilities toward
enabling sustainable, green chemistry applications in CO2-based
solvent systems. The results also suggest that incorporation of
SdO bonds could be an effective approach to the design of
CO2-philic materials and explain the high miscibility of DMSO
in CO2.

In all cases the bond electron density of CO2 is more polarized
toward the oxygen atoms, leaving a partial positive charge on
the carbon atom and negative charge on the oxygen atoms. This

(55) Wang, Y.; Balbuena, P. B.J. Phys. Chem. A2001, 105, 9972-9982.
(56) Raveendran, P.; Wallen, S. L.J. Am. Chem. Soc.2002, 124,7274-7275.
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makes the carbon atom an electron acceptor in a Lewis acid-
Lewis base interaction with carbonyl groups, which act as Lewis
bases. Also, the oxygen atoms having partial negative charges
can be involved in weak electrostatic interactions with properly
placed electron-deficient C-H bonds. In all the complexes
studied, the CO2 molecule is bent from its otherwise linear
geometry as a result of this interaction. The two CdO bonds
of the “complexed” CO2 are nonidentical. The CdO bond
involved in the C-H‚‚‚O interaction is consistently longer than
the “free” CdO, strongly supporting the presence of these
interactions. Charge transfer and electron density changes in
the systems upon complexation also provide conclusive evidence
for the existence of the C-H‚‚‚O hydrogen bond. The question
remains as to the relative contribution of the C-H‚‚‚O interac-
tion to the overall stabilization, but such an estimate is elusive
at present, considering the intricate nature of the cooperativity

of these interactions. The investigations, nevertheless, reveal
the presence of a previously unreported, cooperative C-H‚‚‚O
hydrogen bond that merits consideration when designing CO2-
philic materials. The generality of these results with respect to
designing cooperative interactions into synthetic schemes for
enhanced solubility in CO2 is a topic for future investigation.
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