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Application of the Domenicano et al. method of estimating group electronegativity from angular geometry of
the ring in monosubstituted benzene derivatives allowed us to find how the electronegativity of OH/O- groups
in H-bonded complexes of phenol and phenolate depends on the nature and strength of H-bond. For complexes
in which the OH group is only proton donating in the H-bond, a linear dependence of the estimated
electronegativity on O‚‚‚O(N) interatomic distance was found for experimental (CSD base retrieved) data.
The following rule is observed: the weaker the H-bond is, the more electronegative the OH group is. If apart
from this kind of interaction the oxygen is proton accepting, then an increase of electronegativity is observed.
Modeling (B3LYP/6-311+G**) the variation of the strength of the H-bond by the fluoride anion approaching
the OH leads to qualitatively the same picture as the scatter plots for experimental data.

Introduction

Electronegativity is a frequently used chemical term, describ-
ing “the power of an atom in a molecule to attract electrons to
itself”.3 There have been many attempts, based on different
assumptions, to define numerically the magnitude of the property
that this term tentatively describes.1,4-9 It has generally been
accepted that this quantity should be described in the numerical
scale introduced by Pauling.3,10 Early on, the term was
considered as an invariant property of atoms,4,10and then it was
found that it depends on hybridization,11 oxidation state,12 and
the number and nature of surrounding atoms in the molecule.
The concept, initially defined for atoms, was extended into
groups.6,8,9a,13Even if the basic idea for all those approaches is
common, the mutual relationships between numerical values of
electronegativities are far from excellent.1

In 1975, the existence of a correlation between ipso angle
and the atom electronegativity14 and then the group electrone-
gativity of the substituent6 emerged from experimental data of
monosubstituted benzene derivatives.15 Recently, Domenicano
et al. repeated this kind of study employing ab initio (HF/6-
31G*) optimized geometries of 75 monosubstituted benzene
derivatives and obtained even more convincing results.16

Consequently, they introduced a new way of estimating group
electronegativity,1 ø, based on application of the principal
component analysis17 to geometry (bond angles) of the ring in
monosubstituted benzene derivatives. The first principal com-
ponent, directly related to electronegativity, accounts for most
of the variance and depends almost entirely on variation inR
andâ angles (for labeling see Chart 1).

Since the changes inR andâ angles depend on each other
for geometric reasons because of the constraint of the planar

hexagon,18 it might be reasonable to considerR as a sufficient
geometrical parameter describing the electronegativity of the
group in question. To check this hypothesis, we have plottedR
angles versus Domenicano’s electronegativity. The regression
of ø versusR for 53 monosubstituted benzene derivatives with
“first row” substituents (that is, substituents linked to the
benzene ring through an element of the Li-F row) with a few
cases considered in orthogonal, planar, and pyramidal confor-
mations taken from papers by Domenicano et al.1 is shown in
Figure 1.

The regression line reads

with correlation coefficient cc) 0.998.
This means that, as a good approximation,R values may be

used to estimate the electronegativity of the groups for which
this angle is known, and also that the greater theR angle is for
a given monosubstituted benzene derivative, the greater the
group electronegativity for the substituent is.

It has been observed recently that in phenol/phenolate systems
involved in H-bond formation the ipso angle,R, changes within
a great range.19,20 Thus, following the Domenicano et al.1

treatment on group electronegativity, these changes may be
interpreted as representing the changes in electronegativity of
OH/O- groups involved in an H-bond. Obviously, the magnitude
of electronegativity is dependent on the nature and strength of
H-bonding. The main purpose of this paper is to show how the
above factors affect the electronegativity of the OH and O-

groups in cases when they are involved in H-bonded complex-
ation, and to describe these effects in a more quantitative way.
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CHART 1

ø ) -41.00+ 0.3678R (1)
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Methodology

To simulate a wide range of H-bond strength, a simplified
model system [PhO‚‚‚H‚‚‚F-] with controlled O‚‚‚F distance
was used.20,21 The idea is shown in Chart 2 for OH‚‚‚F- and
Chart 3 for O-‚‚‚HF.

The fluoride anion approaches the molecule of phenol along
the line of prolongation of the O-H bond direction (Chart 2).
The O‚‚‚F distance was controlled, and the linearity of
O‚‚‚H‚‚‚F and planarity of the phenyl ring were assumed. For
the PhOH‚‚‚F- complexes, the O‚‚‚F distance was varied from
4.0 Å up to a distance when the proton transfers from phenol
to F-. In the case of the PhO-‚‚‚HF complexes (Chart 3), the
range of the O‚‚‚F distance was slightly wider and started from
the distance for the optimal geometry of the system.

Becke-style 3 parameter density functional theory using the
Lee-Yang-Parr correlation functional and 6-311+G** basis
set (B3LYP/6-311+G**) were used to optimize the geometries
of the molecules and complexes and to calculate vibrational
frequencies. Optimal geometries of molecules and H-bond
complexes (without the O‚‚‚F distance constrained) and
PhO-‚‚‚HF complexes with O‚‚‚F distance in the range 2.4-
2.8 Å have no negative frequencies. Only one negative
frequency was found for the other complexes, indicating the
proper route of the proton on the path realized by H-bonding
of the system under consideration.

All calculations were performed using theGaussian98series
of programs.22

To estimate the interaction energy, eq 221 is used, employing
the counterpoise correction method which eliminates basis set
superposition errors:

where, for interactions described by Chart 2, A is phenol and
C is F-. EA(basisAC; optA) means that the energy of molecule
A, EA, was calculated using internal coordinates of the A and
C molecules, basisAC, and for the geometry obtained during
optimization of molecule A, optA. The other terms in eq 2 should
be understood in the same way. For interactions described by
Chart 3, A is phenolate anion and C is hydrofluoric acid.

Geometries of H-bonded complexes of phenol and phenolate
anion with various oxygen and nitrogen bases/acids were
retrieved from CSD.2 The searches were performed for phenol
(phenolate) interacting with a nitrogen or oxygen base (acid)
with an intermolecular contact between the oxygen of phenol
(phenolate) and the nearest O or N atom in base (acid) equal to
or less than the sum of their van der Waals radii.23 In the case
of phenolate H-bonded complex the angle between the oxygen
of phenolate, the proton and O or N of the acid (proton donor)
was limited from 90 to 180 degrees. The searches were restricted
to structure measurements with the reported mean estimated
standard deviation (esd) of the CC bonde 0.01 Å (there is no
structure of the phenolate with esde 0.005 Å in the database),
not disordered, without errors and 3D coordinates determined.
Sometimes the molecules of the solvent were present in the
crystal lattice.

Results and Discussion

The CO bond lengths may be considered as an estimate of
H-bond strength. For PhOH‚‚‚F- interactions,21 the shorter the
CO bond length is, the stronger the H-bond is. However, in the
case of CO-‚‚‚HF interactions, a reverse situation occurs: the
longer the CO bond length is, the stronger the H-bond is. This
is shown in scatter plots in Figure 2, where the energy of
interaction,E, described by eq 2 is plotted against CO bond
length,dCO.

The two different physical situations mentioned above are
represented by different changes in energy of H-bonding as a
function of CO bond lengths. The limiting cases of the CO bond
length are in the PhOH (the maximal value) and in the PhO-

(the minimal one) not complexed by a hydrogen bond. In our
model system, it means that F- and HF, respectively, are in
infinity. For OH‚‚‚F- interactions, an increase in energy of
H-bonding is associated with a shortening of the CO bond. This
is due to the fact that the fluoride approaching the proton in
the OH group causes lengthening of the OH bond leading to a
more negative charge settled at the oxygen. This may cause
mesomeric interactions with theπ-electron structure of the ring.
In consequence, the CO bond may become shorter. A reverse
situation occurs for PhO-‚‚‚HF interactions. The shorter the

Figure 1. Linear regression for the electronegativity,1 ø, vs ipso angle,16

R. For labeling, see Chart 1.

CHART 2

CHART 3

Figure 2. Dependence of energy of interaction,E, on CO bond lengths,
dCO (opt denotes the optimal H-bonded complex).

E ) EAC(basisAC; optAC) -
EA(basisAC; optA) - EC(basisAC; optC) (2)
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distance between the proton of HF and the oxygen of phenolate
is, the stronger the H-bond and the longer the CO bond become.
The approaching proton attracts electrons from the partly double
bond leading to elongation of the CO bond.

Undoubtedly, the different kind of H-bonding in those two
cases generates different possibilities of electron delocalization
from the oxygen atom toward the CO bond and further to the
benzene ring. Nevertheless, the CO bond lengths and electrone-
gativity of the OH/O- groups involved in H-bonding are
mutually related, as shown by Figure 3. The range of variation
of ø(O-) in O-‚‚‚HF complexes is between∼0.9 and 1.6. For
OH‚‚‚F- complexes,ø(OH) ranges from 2.2 to 3.2. For OH
and O- not interacting with anything, i.e., for isolated (ab initio
optimization) phenol and phenolate, the values ofø are known,
being equal to 3.21 and 0.98, respectively.1 Thus, the observed
ø values for interaction schemes as in Charts 2 and 3 should be
in the range 0.98-3.21.

Figure 3a presents the variation ofø values, depending on
CO bond length,dCO, which in turn depends on the nature of
OH‚‚‚F- and O-‚‚‚HF interactions: the scale of the magnitude
is from 0.9 to 3.2. The circles denote the electronegativities of
phenol and phenolate H-bonded complexes estimated from
experimental geometries.2 It should be noted that in these cases
variation in H-bond strength depends only on the nature of base
(acid) in the complex. The observed variation of electronega-
tivity for H-bonded complexes of phenol and phenolate is not
large (2.7-3.5 and 1.7-2.0, respectively). Despite a reasonable
picture of the observed changes in electronegativity, for crystal
diffraction determination of geometry it should always be taken
into account that the geometry may be affected by crystal
packing forces,24 particularly in the case of bond angles,25 and
random and systematic errors in X-ray crystal structure deter-
mination (including, e.g., uncorrected thermal motion effects).
Figure 3b presents the changes of electronegativity for typical
substituents; for comparison, there is the same range of variation
in electronegativity as that for model data of Figure 3a.

In many cases, the strength of intermolecular H-bonding is
approximated by an interatomic distance between heavy atoms
participating in a joint interaction with the proton in between.26

Figure 4 presents the dependence of energy of interaction,E,
on O‚‚‚F interatomic distance,dO‚‚‚F. Again, we observe two
lines, one for OH‚‚‚F- interactions and the other for O-‚‚‚HF
interactions, the former being stronger H-bonding.

The way of estimating electronegativity of the OH group
involved in H-bond presented above is now applied to experi-

mental geometries of phenol in its H-bonded complexes with
various bases. The data were retrieved from CSD.2

Two cases have to be distinguished:
(i) The hydroxyl group of phenol is proton donating in the

H-bonded complex with bases (Chart 4).
(ii) The hydroxyl group of phenol is involved in two

H-bonding interactions; in one, the OH of phenol is proton
donating, and in the other, the oxygen of the OH group is proton
accepting (Chart 5).

In the second case (the OH group involved in both kinds of
interactions, Chart 5), the same value of the estimatedø is
associated with two values ofdO‚‚‚O(N): one (labeled d2, Figure
5) for the hydroxyl acting as the proton donor and the other
(labeled a2, Figure 5) for the OH, i.e., the oxygen, acting as
the proton acceptor in the H-bonded complex.

Figure 3. (a) Dependence of group electronegativity,ø, for various H-bonded complexes of phenol and phenolate anions with Bro¨nsted bases and
acids (as shown in the box, CSD indicates experimental geometry retrieved from CSD2) on CO bond length,dCO. (b) For comparison, a histogram
of ø values1 for various groups known as typical substituents is shown.

Figure 4. Dependence of energy of interaction,E, on O‚‚‚F interatomic
distance,dO‚‚‚F (opt denotes the optimal H-bonded complex).

CHART 4

CHART 5
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Figure 5 presents the dependence of estimated electronega-
tivity, ø, on the interatomic distance O (from OH/O- groups)
and oxygen or nitrogen atoms from bases/acids,dO‚‚‚O(N).

It follows from Chart 4 that the stronger the H-bond is,
approximated by interatomic distance,dO‚‚‚O(N),26 the more
negative charge is on the oxygen atom and the lower the value
of electronegativity should be. This is in line with the regression
line in Figure 5 for points labeled by d1 for which correlation
coefficient cc) 0.90. Theø values are mostly lower than the
value for phenol itself (ø ) 3.21) and drop down to∼2.6.

In the case of the OH group involved in two H-bonds, Chart
5, the consequence may be a lowering of electron charge at
oxygen and hence an increase of electronegativity of the OH.
It is worth mentioning thatø for PhOH2

+ is 5.461 and hence
the approach of the proton donating group to the oxygen atom
of OH (shorter however than the sum of van der Waals radii23)
should lead to an increase of electronegativity. Note that another
H-bond in which OH is proton donating acts in the opposite
direction. In a real crystal structure, one of these interactions
may be superior to the other one, and then, the appropriate
dO‚‚‚O(N) value may be substantially shorter. This interaction may
determine the electronegativity of the OH group. For these cases,
there are two values ofdO‚‚‚O(N) given, indicated in Figure 5 by
different symbols: d2 and a2. For clarity, two examples are
discussed more in detail. One of them is the low-temperature
measurement (123 K) crystal data for phenols.27 Its molecules
form a hydrogen-bonded chain where the phenols are arranged
in approximately 3-fold helices. In this case, three independent
molecules of phenol are in the asymmetric part of the elementary
cell, and hence, three pairs ofdO‚‚‚O(N) and angles values are
given: (2.655, 2.664, and 2.693 Å) and (121.2°, 120.7°, and
120.2°). However, precision of measurements is not sufficiently
high, and therefore, the mean values ofdO‚‚‚O andR were taken
into account. The resulting value of the angle leads to an
electronegativity (ø ) 3.40) value that is higher than the value
for phenol (3.21). Thus, it seems that in this case with two kinds
of interactions (OH‚‚‚O and O‚‚‚HO) the accepting interaction
of the oxygen is dominant. This kind of interaction was already
analyzed on the basis of experimental and computational
results.28 Another three pairs of points (dO‚‚‚O(N) ) 2.940, 2.957,
and 2.996 Å) are for polymorphs of crystalline phenol measured
under high pressure (0.16 GPa).29 The crystal structure of this

polymorph is completely different from that of the former one.
Both H-bonding interactions (d2 and a2, Figure 5) are weaker
(the ambient pressure hydrogen bond27 strength is approximately
8% greater29 than that in the high-pressure phase), characterized
as a longer O‚‚‚O interatomic distance. This leads toø-values
close to the one obtained for an isolated molecule of phenol (ø
) 3.21).

Conclusions

The most important conclusion of this report is that the
substituent property as the group electronegativity depends
strongly on interactions with the environment and that H-bond
complexation may cause substantial changes in this property.
This kind of effect was already discussed earlier30 in regard to
specific substituent-solvent interactions affecting the acidity
of phenol derivatives. Differences in acidities in the gas phase
and solution measurements of phenols have been attributed to
the specific solvent-substituent interactions.

In the present report, the changes in substituent property due
to H-bonded complexation of OH/O- are given numerically by
group electronegativity expressed in the Pauling scale.3 The
important thing to add is that these changes are very big and
depend on the nature and strength of H-bonding.

Acknowledgment. This paper is dedicated to Professor
Roland Boese (Essen) on the occasion of his 60th birthday. The
authors thank the Interdisciplinary Center for Mathematical and
Computational Modeling (Warsaw, Poland) for computational
facilities, and the Warsaw University of Technology for financial
support. KBN Grant 3 T09A 031 28 provided financial support
for this study. The authors thank the reviewers for attracting
our attention to the problem of measurement precision.

Supporting Information Available: Details of the molec-
ular modeling, supplementary references, and information
concerning H-bonded complexes of phenol and phenolate
retrieved from CSD (see ref 2). This material is available free
of charge via the Internet at http://pubs.acs.org.

References and Notes

(1) Campanelli, A. R.; Domenicano, A.; Ramondo, F.; Hargittai, I.J.
Phys. Chem. A2004, 108, 4940-4948.

(2) The Cambridge Structure Database, the 5.27 version; November
2005.

(3) Pauling, L.The Nature of the Chemical Bond, 3rd ed.;. Cornell
University Press: Ithaca, NY, 1960; p 88.

(4) (a) Mulliken, R. S.J. Chem. Phys.1934, 2, 782-793. (b) Allred,
A. L.; Rochow, E. G.J. Inorg. Nucl. Chem.1958, 5, 264-268.

(5) (a) Gordy, W.Phys. ReV. 1946, 69, 604-607. (b) Walsh, A. D.
Proc. R. Soc London1951, A207, 13-30. (c) Gordy, W.J. Chem. Phys.
1951, 19, 792-793. (d) Sanderson, R. T.J. Chem. Phys.1955, 23, 2467-
2468. (e) Pritchard, H. O.; Skinner, H. A.Chem. ReV. 1955, 55, 745-786.
(f) Boyd, R. J.; Markus, G. E.J. Chem. Phys. 1981, 75, 5385-5388. (g)
Iczkowski, R. P.; Margrave, J. L.J. Am. Chem. Soc. 1961, 83, 3547-3551.

(6) (a) Huheey, J. E.J. Phys. Chem. 1965, 69, 3284-3291. (b) Huheey,
J. E.J. Phys. Chem. 1966, 70, 2086-2092.

(7) (a) Imamoto, N.; Masuda, S.Tetrahedron Lett. 1977, 3287-3290.
(b) Hinze, J.; Jaffe, H. H.J. Am. Chem. Soc. 1962, 84, 540-546.

(8) Marriot, S.; Reynolds, W. F.; Taft, R. W.; Topsom, R. D.J. Org.
Chem. 1984, 49, 959-965.

(9) (a) Suresh, C. H.; Koga, N.J. Am. Chem. Soc. 2002, 124, 1790-
1797. (b) Politzer, P.; Murray, J. S.; Grice, M. E.Collect. Czech. Chem.
Commun. 2005, 70, 550-558.

(10) Pauling, L.J. Am. Chem. Soc. 1932, 54, 3570-3582.
(11) Walsh, A. D.Discuss. Faraday Soc.1947, 2, 18-25.
(12) Sanderson, R. T.J. Chem. Educ. 1954, 31, 2-7.
(13) (a) Mullay, J.J. Am. Chem. Soc. 1985, 107, 7271-7275. (b) Boyd,

R. J.; Boyd, S. L.J. Am. Chem. Soc.1992, 114, 1652-1655. (c) Reed, L.
H.; Allen, L. C. J. Phys. Chem. 1992, 96, 157-164. (d) De Proft, F.;
Langenacker, W.; Geerlings, P.J. Phys. Chem. 1993, 97, 1826-1831.

Figure 5. Estimated values of electronegativity,ø, (eq 1) plotted against
interatomic distance,dO‚‚‚O(N) (experimental geometry retrieved from
CSD2). d1 stands fordO‚‚‚O(N) in the case of an OH group involved in
one H-bond with OH being the proton donating group; d2 and a2 are
the cases wheredO‚‚‚O(N) stands for the distances of interactions where
oxygen in the OH group is proton accepting a2 and OH is proton
donating d2. The circles are for phenolate anion involved in one or
more H-bonds.

Varying Electronegativity of OH/O- Groups J. Phys. Chem. A, Vol. 110, No. 22, 20067235



(14) Domenicano, A.; Vaciago, A.; Coulson, C.Acta Crystallogr. 1975,
B31, 1630-1641.

(15) Domenicano, A.; Mazzeo, P.; Vaciago, A.Tetrahedron Lett. 1976,
17, 1029-1032.

(16) Campanelli, A. R.; Domenicano, A.; Ramondo, F.J. Phys. Chem.
A 2003, 107, 6429-6440.

(17) Malinowski, E. R.Factor Analysis in Chemistry, 3rd ed.; Wiley-
Interscience: New York, 2002; pp 255-294.

(18) Domenicano, A.; Murray-Rust, P.; Vaciago, A.Acta Crystallogr.
1983, B39, 457-468.

(19) Szatyłowicz, H.; Krygowski, T. M.Pol. J. Chem. 2004, 78,1719-
1731.

(20) (a) Krygowski, T. M.; Zachara, J. E.; Szatyłowicz, H.J. Org. Chem.
2004, 69, 7038-7043. (b) Krygowski, T. M.; Szatyłowicz, H.; Zachara J.
E. J. Chem. Inf. Comput. Sci. 2004, 44, 2077-2082. (c) Krygowski, T. M.;
Szatyłowicz, H.; Zachara, J. E.J. Chem. Inf. Model.2005, 45, 652-656.

(21) Krygowski, T. M.; Zachara, J. E.; Szatyłowicz, H.J. Phys. Org.
Chem.2005, 18, 110-114.

(22) Frisch, M. J.; Trucks, G. W.; Schlegel, H. B.; Scuseria, G. E.; Robb,
M. A.; Cheeseman, J. R.; Zakrzewski, V. G.; Montgomery, J. A., Jr.;
Stratmann, R. E.; Burant, J. C.; Dapprich, S.; Millam, J. M.; Daniels, A.
D.; Kudin, K. N.; Strain, M. C.; Farkas, O.; Tomasi, J.; Barone, V.; Cossi,
M.; Cammi, R.; Mennucci, B.; Pomelli, C.; Adamo, C.; Clifford, S.;
Ochterski, J.; Petersson, G. A.; Ayala, P. Y.; Cui, Q.; Morokuma, K.; Malick,
D. K.; Rabuck, A. D.; Raghavachari, K.; Foresman, J. B.; Cioslowski, J.;

Ortiz, J. V.; Stefanov, B. B.; Liu, G.; Liashenko, A.; Piskorz, P.; Komaromi,
I.; Gomperts, R.; Martin, R. L.; Fox, D. J.; Keith, T.; Al-Laham, M. A.;
Peng, C. Y.; Nanayakkara, A.; Gonzalez, C.; Challacombe, M.; Gill, P. M.
W.; Johnson, B. G.; Chen, W.; Wong, M. W.; Andres, J. L.; Head-Gordon,
M.; Replogle, E. S.; Pople, J. A.Gaussian 98, revision A.7; Gaussian,
Inc.: Pittsburgh, PA, 1998.

(23) Bondi, A.J. Phys. Chem.1964, 68, 441-451.
(24) Bernstein, J. Effect of crystal environment on molecular structure.

In Accurate Molecular Structures; Domenicano, A., Hargittai, I., Eds.;
Oxford University Press: New York, 1992; p 469.

(25) Krygowski, T. M.; Turowska-Tyrk, I.Chem. Phys. Lett.1987, 138,
90-94.

(26) (a) Speakman, J. C.Struct. Bonding1972, 12, 141-199. (b) Emsley,
J. Chem. Soc. ReV. 1980, 9, 91-124. (c) Steiner, T.Angew. Chem., Int.
Ed. 2002, 41, 48-76.

(27) Zavodnik, V. E.; Bel’skii, V. K.; Zorkii, P. M.Zh. Strukt. Khim
(Russ.) (J. Struct. Chem.)1987, 28 (5), 175-177.

(28) Ramondo, F.; Bencivenni, L.; Portalone, G.; Domenicano, A.Struct.
Chem. 1995, 6, 37-45.

(29) Allan, R. A.; Clark, S. J.; Dawson, A.; McGregor, P. A.; Parson,
S. Acta Crystallogr. 2002, B58, 1018-1024.

(30) (a) McIver, R. T.; Silvers, J. H.J. Am. Chem. Soc.1973, 95, 8462-
8464. (b) McMahon, T. B.; Kebarle, P.J. Am. Chem. Soc.1977, 99, 2222-
2230. (c) Fujio, M.; McIver, R. T.; Taft, R. W.J. Am. Chem. Soc.1981,
103, 4017-4029.

7236 J. Phys. Chem. A, Vol. 110, No. 22, 2006 Krygowski and Szatyłowicz


