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INTRODUCTION 
 
The ability to donate or accept the proton is a fundamental chemical property of 
a molecule.1 The acidity or basicity are therefore the important quantitative 
characteristics of chemical reactivity. A number of processes of great biological 
and technological relevance (e.g., enzyme catalysis in living organisms, hetero-
geneous catalysis in oil processing, organic synthesis, etc.) are based on acid-
base equilibria. Therefore, the knowledge about acidity and basicity of the 
reactants and the understanding of the change in their properties upon substitu-
tions or transfer to different solvent systems are prerequisites for the state of the 
art design of the novel processes for the modern chemical industry. 

Traditionally, theoretical chemists use multiparameter correlations to es-
tablish conventional descriptors for predicting the influence exerted by different 
substituents and solvents on major intramolecular structural effects (field-
inductive effect, polarizability, hyperconjugation, etc.) responsible for specific 
acid-base properties of the parent compounds. The advent of powerful multi-
processor computing architectures together with highly sophisticated quantum 
chemical codes made it possible to perform ab initio calculations of acidity and 
basicity using accurate theoretical methods on reasonably large structures. At 
the same time quantum chemical calculations provide further data (e.g., electron 
density and charge distributions, orbital interactions, spectral properties, geo-
metries, etc.) to study relationships between structure and reactivity. 

The high electronegativity of the fluorine atom and its ability to create con-
ditions for anionic hyperconjugation2 made it one of the most simple and im-
portant choices among various substituents that strongly affect Brønsted acidity. 
Therefore, the fluorination of H2O, H2S, CH3OH, and CH3SH series of OH and 
SH acids is expected to raise acidity of these compounds. The systematic high-
level investigation of acid-base properties of these compounds and effects of 
successive fluorination on such properties is carried out in the present study. 

Dimethyl sulfoxide (DMSO) and acetonitrile (MeCN) are dipolar aprotic 
solvents capable of dissolving both hydrophobic and hydrophilic solutes. 
DMSO is widely used in organic synthesis for rate control of the nucleophilic 
substitution reactions. MeCN is used as a solvent in the purification of buta-
diene and in the manufacture of pharmaceuticals. For the modeling of chemical 
reactions in DMSO and MeCN it is helpful to understand the role of the solvent 
in complexing a solute molecule or ion and its influence on the acidity or 
basicity of solutes. 

A number of well-established theoretical methods exist for calculating 
acidities and basicities of isolated molecules in the gas phase. The best of these 
methods reproduce absolute acidities and basicities well within the acceptable 
error margins.3 The situation becomes, however, more complicated when 
acidity or basicity is calculated for solvated molecules, where the main source 
of uncertainty stems from the calculation of the energy of solvation. Several 
theoretical models exist for this case, including supermolecule-style calcu-
lations, variants of dielectric continuum theory, and cluster-continuum 
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approach. The recent review by Tomasi et al.4 provides extensive coverage of 
the modern solvation models. Typically, in the case of specific solvation, the 
dielectric continuum theory is improved by adding solvent molecules explicitly 
to the solute.5 However, Liptak et al.6 demonstrated an outstanding performance 
of the pure dielectric continuum theory applied to aqueous solutions with much 
stronger hydrogen bond interactions than in DMSO. In the present study we use 
supermolecule approach to investigate the structural chemistry of DMSO–anion 
clusters and dielectric continuum theory to calculate pKa values of substituted 
phenols in DMSO and MeCN solutions. 

The dissociation of Brønsted acids in solution occurs due to solvation that 
provides the energy required to stabilize ion pairs or even completely separated 
ions. The similar stabilization could take place in the presence of additional 
charged particles or ionizing radiation. However, the spontaneous proton 
transfer is expected to occur if sufficiently strong neutral acid encounters the 
neutral base of a matching strength in a gas phase. One of the goals of the 
present study is to demonstrate the possibility and understand the mechanism of 
such spontaneous proton transfer in the gas phase. 

3
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LITERATURE OVERVIEW 
 

1. Acidity Trends upon Successive Fluorination  
of OH and SH Acids 

 
It has been known since the time of Moissan7 that fluorine reacts vigorously 
with water. The principal products of this reaction are usually HF, O2, H2O2, 
and OF2.8 In the early 1930s, it was claimed by Dennis and Rochow 9,10 that 
they succeeded in liberating hypofluorous acid from the solutions of oxy salts of 
fluorine made by passing F2 into aqueous alkali followed by neutralization of 
the excess alkali. However, the unambiguous confirmation of the existence of 
FOH came only in 1968 in the work of Noble and Pimentel, who isolated it in a 
solid N2 matrix at 14–20 K.11 Later it was discovered that FOH plays the key 
role of an intermediate in the interaction of F2 with water.12 Besides that, the 
electronic structure and reactivity of this molecule have attracted the attention 
of theoretical chemists because of the presence of the highly electronegative F 
atom and the effect of the lone pair-lone pair interactions of adjacent oxygen 
and fluorine atoms in the relatively small (one hydrogen and two heavy atoms) 
molecule. 

During the last forty years, FOH was experimentally characterized by its 
microwave spectra,13 IR spectra in the gas phase,14 in the nitrogen and argon 
matrixes,15 and in the solid state,16 Raman spectra,17 photoelectron spectra,18 and 
reactivity.12 An excellent review of the earlier studies of the chemistry and 
physics of this molecule can be found in ref 19. There are numerous papers 
reporting the quantum chemical investigation of FOH. So the equilibrium 
structure and anharmonic force-field constants,20,21 the energy of its ground state 
and homolytical dissociation,21,22 rotational and vibrational spectra,23 and gas-
phase acidity and basicity24–26 have been calculated. However, no high-level 
calculations or experimental work on the acid-base properties of FOH were 
performed when the present study was started. As a rule, the existing empirical 
predictions of these quantities are at variance with each other as well as with 
those calculated from the existing thermochemical data. So the gas-phase 
acidity of FOH could be predicted on the basis of the multiparameter correlation 
equation to be 362 kcal/mol,27 from which the proton affinity of around 369 
kcal/mol could be estimated. Thermochemical estimates of the proton affinity of 
FO– on the basis of the existing thermochemical data on the FOH molecule 
[∆Hf(FOH) (–23.0 kcal/mol28 or –19.9 kcal/mol22), D(FO–H) = 98.5 kcal/mol28] 
and suggested electron affinities of FO• (1.4–2.15 eV29,30) lead to values in a 
wide range from 362 to 380 kcal/mol, whereas the most probable value, using 
EA(FO•) = 2.15,30 seems to be in the range 361.8–364.8 kcal/mol. Un-
fortunately, no experimental data on ∆Hf(FOH2

+) are available for the thermo-
dynamic estimation of the proton affinity of the neutral FOH molecule. 
 



 

 11

It is a well-known fact31 that the acidity of neutral Brønsted acids increases in 
going down a column of the periodic table, despite the decrease in electro-
negativity. This behavior is related to the size and polarizability of the species 
involved and also depends heavily on the bond strength of the X─H group of 
the acidity center (e.g., O─H, S─H, etc.). Therefore, methanol is less acidic 
than methanethiol (∆Gacid 374.0 kcal/mol32 and ∆Gacid 350.6 kcal/mol,32 respec-
tively), and a similar relationship should also be expected to hold for trifluo-
romethanol and triflouromethanethiol. 

Trifluoromethanol has attracted considerable interest in recent years as a 
product of the atmospheric degradation of hydrofluorocarbons and hydro-
chlorofluorocarbons which contain a CF3 group.33 Among other properties the 
gas-phase acidity of CF3OH has also been measured.34 The reported acidity 
(∆Gacid 323 kcal/mol) is higher than earlier estimations (∆Gacid 340 kcal/mol27), 
and even higher than that of CF3SH (∆Gacid 327.8 kcal/mol35). Ab initio G2 
calculations by Notario et al.36 seem to support the experimental acidity of 
CF3OH.34 In effect this means that CF3OH should exceed even (CF3)3COH in 
acidity (∆Gacid 324 kcal/mol35). The high acidity of CF3OH is especially 
surprising in view of the fact that the O─H bond in this molecule is reported to 
be anomalously strong (119 ± 2 kcal/mol37), probably even stronger than the 
corresponding O─H bond in the water molecule. Both experimental and 
computational results indicate that the CF3 group strengthens the O─H bond in 
CF3OH relative to that in CH3OH or similar alcohols. The CF3 group has an 
apparent β-stabilizing influence in a number of other systems also. For instance, 
the peroxide linkage in CF3OOCF3 has been measured to be 8 kcal/mol stronger 
than that of typical alkyl peroxides,38 and the CF3O─OH bond is calculated to 
be stabilized by 3.5 kcal/mol relative to that of CH3O─OH.39 Similarly, the 
C─H bond energy in CF3CH3 is about 8.5 kcal/mol greater than that in ethane38 
and the C─H bond in (CF3)3─CH 8.7 kcal/mol stronger than in (CH3)3─CH.40 
At the same time, similar to CF3OH, (CF3)3CH also has a surprisingly high 
acidity (∆Gacid 326.6 kcal/mol35), which successfully competes with that of 
(CF3)3OH (∆Gacid 324.0 kcal/mol35). While the trend toward the stabilization of 
β bond energies is evident, the origin of the effect is unclear. 

The CF3 group is well known to bond strongly to adjacent π-donor groups. 
This ability has been attributed to the negative hyperconjugation effect, or the 
ability of the formally π-saturated CF3 group to act as a π-acceptor.41,42 Walling-
ton et al. have suggested that the effectiveness of negative hyperconjugation in 
CF3OH and CF3O radical can account for the anomalously large CF3O─H bond 
strength.39,43 On the basis of the simple thermodynamic cycle they showed that 
the anomalously large value for the CF3O─H energy can be recast in terms of 
an anomalously large decrease in C─O bond energy from CF3OH to CF3O. As 
an explanation for this large decrease they have proposed that negative 
hyperconjugation is less effective in stabilizing the CF3O radical compared to 
CF3OH, and in this way changes in negative hyperconjugation at the C─O bond 
(α-effect) can be manifested in the hydroxyl bond energies (β-effect). 
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2. Effects of Solvation in DMSO and MeCN 
 
Cluster approach. The well-known stabilizing nucleophilic solvation in 
DMSO is based on dimethyl sulfoxide S–O bond oxygen interaction with the 
solute’s electrophilicity center. This interaction favors dissolving MX-type salts 
due to formation of DMSO–M+ complex resulting in enhanced reactivity of X–. 

However, the latest experimental and computational findings confirm also 
the possibility of electrophilic solvation in DMSO.44–48 The binding energy in 
the DMSO-anion clusters may be as high as 30 kcal/mol and may even exceed 
the stabilizing effect of conventional nucleophilic solvation. Therefore, while 
considering reactivity in DMSO solutions (e.g., SN2-type reactions), the pos-
sibility of stabilizing electrophilic solvation should be taken into account. 

The first experimental evidence confirming existence of gas-phase clusters 
between DMSO and the anions dates back to 1984–86. Kebarle et al. applied 
high-pressure mass spectrometry to study the processes of complexation 
between Cl–, Br–, I–, and DMSO44 while Sieck reported formation of DMSO – 
NO2

– and DMSO – C6H5NO2
– clusters.48 In both studies experimental values of 

the free energy of complexation were also determined. 
In our earlier FT-ICR study49 we applyed the combination of strong magnetic 

field (4.7 T) and low partial pressure of the reactants (10–7 mbar) to confirm for-
mation of stable clusters between DMSO and CH3O–, Cl–, and NO– anions. At 
the same time we carried out HF/3–21+G* calculations to determine the energy 
of complexation for DMSO – F–, DMSO – Cl–, DMSO – HO–, DMSO – CH3O–, 
DMSO – NO–, and DMSO – NO2

– structures. The calculated energies were in 
the range of 18.5 kcal/mol (for Cl– complex) to 32.6 kcal/mol (for HO– 
complex) and consequently, the stabilizing interaction was verified to be 
operative in all the structures under investigation. 

The researchers provide rather different explanations about the intrinsic 
nature of this stabilizing interaction. Kebarle et al. explained this interaction as 
purely electrostatic, i.e., charge (anion) – dipole (DMSO, mainly the S−O bond) 
interaction, using strong polarization of S−O bond upon complexation and 
structural features permitting anion access as the main evidence.44,45 Similar 
conclusion was obtained even earlier by Koppel based on STO-3G* ja 3–21G* 
ab initio calculations.46,47 Later, Brown, on the basis of solid state X-ray 
spectroscopy data, proposed that DMSO can bond to anions by forming hydro-
gen bond between its methyl hydrogen and free electron pair in anion.50 The co-
existence of ion-dipole interactions and hydrogen bonding in similar systems 
has been discussed and quantitatively analyzed by means of correlation analysis 
techniques by Abboud et al.51 This uncertainty has motivated us to further 
investigate the nature of bonding between DMSO and the anions. 
 
PCM approach. The use of various forms of the polarized continuum model 
(PCM) in addition to cluster approach has become increasingly popular in 
recent years in studying effects of solvation. Particularly, the results of pKa 
calculations in H2O and DMSO/MeCN solutions are presented below. 
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Case of H2O. Liptak et al.6 achieved promising results (accuracy within 0.4– 
0.5 pKa units) with the CBS-QB3/CPCM method for carboxylic acids and 
substituted phenols in water. Murłowska and Sadlej-Sosnowska52 followed the 
procedure proposed by Liptak et al. on tetrazoles and achieved a similar 
precision of 0.4 pKa units. Da Silva et al.53 used a combination of high-accuracy 
gas-phase methods and DPCM solvation procedure to calculate pKa of HNO2. 
The error margin was below 0.2 pKa units. Kallies and Mitzner54 studied 
aqueous solutions of aliphatic, alicyclic, and aromatic amines with DFT/SCI-
PCM combination. The standard deviation of the calculated pKa values 
amounted to 0.7 pKa units. All these calculations employed an absolute thermo-
dynamic cycle, whereas in the following references the relative thermodynamic 
cycle was applied. Takano and Houk55 compared CPCM with other methods for 
calculating aqueous pKa values. They found that the mean absolute deviation for 
CPCM is close to the cluster-continuum approach, within 2.19 and 2.06 pKa 
units, respectively. Gutowski and Dixon56 calculated pKa values of some very 
strong acids using G3(MP2) and Cosmo solvation procedure with the error 
margin of ±2 pKa units. Pliego and Riveros57 used a cluster/IPCM method to 
calculate pKa values of various acids and achieved a precision of 2.2 pKa units. 
Klamt et al.58 used COSMO-RS, combining dielectric continuum theory with a 
statistical thermodynamics treatment to predict pKa values of organic and 
inorganic acids. The error of 0.5 pKa units is reported to measure rms deviation 
between pKa estimates from linear regression and corresponding experimental 
values. Chipman calculated pKa values of several acids and bases in water, 
dimethyl sulfoxide, and acetonitrile from an absolute cycle and surface 
simulation with correction for volume polarization SSC(V)PE procedure.59 For 
bases in the water medium, the results were reasonable with error about 2 pKa 
units. For acids, however, the predictive power of the method in water was 
unsatisfactory. 
 
Case of DMSO/MeCN. Almerindo et al.60 applied PCM with their own para-
metrization when calculating pKa values of organic acids in a DMSO solution 
with rms error of 2.2 pKa units. Qi et al.61 calculated pKa values for transition-
metal hydrides in MeCN with precision of 1.5 pKa units by exploiting 
sophisticated ONIOM partitioning and CPCM. Klamt et al.58 calculated pKa 
values for seven acids with an rms error of 1.76 pKa units and low regression 
slope value (0.70) in DMSO with the COSMO-RS procedure. Eckert et al.62 also 
used COSMO-RS to calculate pKa values for different classes of organic acids in 
MeCN. The authors reported an rms error of 1.38 pKa units for the entire data set 
after uniform correction was added to the calculated values of ∆Gdiss for 
compounds forming anions with the localized charge. Kovačević and Maksić63 
applied a combination of DFT and IPCM to calculate pKa values for various 
superbases in acetonitrile with the mean absolute deviation of 0.4 pKa units. The 
theoretical pKa values in the work of Klamt et al. and Kovačević and Maksić were 
calculated by using linear regression fit of either ∆G of the acid dissociation 
reaction (Klamt et al.) or proton affinity of the base (Kovačević and Maksić) with 

4
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the experimental pKa values. Magill et al.64 combined CBS-QB3 and CPCM to 
calculate pKa for nucleophilic carbenes in water, DMSO, and MeCN from the 
absolute thermodynamic cycle. The errors for the two compounds with known 
experimental values in DMSO were 0.1 and 0.5 pKa units, respectively. 
Chipman’s SSC(V)PE results for DMSO and MeCN are very encouraging.59 For 
DMSO and MeCN, the errors of the pKa values, measured as deviations between 
the estimate from linear regression and corresponding experimental value, remain 
in the range of 0.3–0.6 and 0.1–0.7 pKa units, respectively. However, the 
precision of calculated pKa depends not only on the theoretical method and the 
basis set chosen for calculation, but also upon the chosen electron isodensity 
contour value. Our preliminary experience with SCI-PCM,65 another continuum 
solvation method based on isodensity contour for cavity construction, was rather 
unsuccessful. The mean unsigned error of pKa values for the series of substituted 
phenols in DMSO was 1.88 pKa units at the B3LYP/6–311+G** level. The 
analysis of solvation energy dependence on the value of isodensity cutoff 
revealed significant deficiency of the method, which is caused by uncompensated 
charge escape from the solute cavity in case of anions. This deficiency seems to 
be responsible for the low slope value of the linear regression between the 
calculated and experimental pKa values. 

Fu et al.66 presented several protocols to calculate pKa values in DMSO and 
MeCN. Initially, the PCM-based cluster-continuum approach was used to 
calculate pKa values of organic acids in DMSO with a precision of 1.7–1.8 pKa 
units. In the follow up, an improved method based on pure integral equation 
formalism PCM (IEF-PCM) results with UA0 cavity model combined with 
B3LYP/6–311++G(2df,2p) gas-phase acidities predicted experimental pKa 
values with the errors having standard deviation of 1.4 pKa units. For MeCN, 
DPCM solvation method with Bondi cavity was selected to complement 
B3LYP/6–311++G(2df,2p) gas-phase acidities. The standard deviation of the 
resulting pKa errors was 1.0 pKa units. It is important to note that authors 
optimized the cavities for organic solvents, using nondefault scaling factors 
applied to the atomic radii. The values of 1.1 and 1.2 for DMSO and MeCN, 
respectively, resulted in the lowest standard deviation and the highest 
correlation coefficient. 

For several types of cavity models, including UA0 and Bondi, the default 
scaling factors are specifically optimized for aqueous solutions. The results of 
Fu et al. confirm the requirement of cavity tuning as a prerequisite for 
calculation of solvation free energies in organic solvents. 

The analysis of reference data suggests that integral equation formalism 
PCM,67 the latest formulation of PCM model with carefully adjusted solute 
cavities, could be the method of choice (along with equivalent SSC(V)PE) if 
one is interested in absolute pKa calculations in DMSO and MeCN with the 
precision close to 0.5 pKa units, an important benchmark established for 
aqueous solutions. It is worth mentioning that both IEF-PCM and SSC(V)PE 
provide proper treatment of volume polarization, which is absolutely essential 
for pKa calculation of neutral acids. 
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3. Spontaneous Proton Transfer in the Gas Phase 
 
The currently existing experimental gas-phase scale of Brønsted acidities (GA) of 
neutral acids covers the over 130 kcal/mol range from ethane (GA= 
411.7 kcal/mol) and its derivatives to (n-C4F9SO2)2NH (GA=284.1 kcal/mol).35a,68 
In a recent series of papers it was suggested that even much higher acidities 
(close to 200 kcal/mol) could be expected for some modern neutral super-
acids.69–74 

The intrinsic basicity scale of the gas-phase Brønsted basicities (GB) covers 
the range between GB=35.5 kcal/mol for helium and GB=264.6 kcal/mol for 
EtN═P(NMe2)2NP(NMe2)3.75,76 The somewhat outdistanced and not continously 
covered region of very high basicity ranges up to 337.5 kcal/mol (Cs2O) and is 
so far represented with experimentally determined values for such superbases as 
alkali metal hydroxides, alkali metal oxides, alkali metals, and oxides of 
alkaline earth metals.77–80 Extremely strong basicities (ranging from ca 
240 kcal/mol to ca 340 kcal/mol) were predicted for families of ylides, imides, 
phosphazenes, phosphines, and alkali metal nitrides.71,76,81–85 

This means that the overlap-area for the basicities of neutral and anionic 
bases (or the acidites of cationic and neutral Brønsted acids) covers more than 
130 kcal/mol range from ca 200–230 kcal/mol (acidities of CB11F12H and 
CB11(CF3)12H)69) to ca 340 kcal/mol (basicities of Cs2O77,80 and K3N83). 

Therefore, the realization of the idea69,70,83,86,87 of spontaneous (without the 
presence of solvent, additional charged reactants, or applying ionizing radiation, 
etc.) gas-phase proton-transfer equilibrium between neutral Brønsted acids and 
neutral base with similar or overlapping values of gas-phase acidity and gas-
phase basicity seems to have waited for a practical solution. Some possible 
ways of its accomplishment have been proposed.69,80,83–93 
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GOALS OF THE STUDY 
 
The major goals of the present study are: 
• high-level ab initio investigation of the influence of the structural factors 

(the presence of the highly electronegative F atom and the lone pair – lone 
pair interactions of the adjacent oxygen and fluorine atoms) on the acidity 
and basicity of FOH 

• G2 study of the acidities of CH3-nFnOH and CH3-nFnSH (n = 0–3) families 
and identification of the key factors responsible for the behavior of the 
geometries and energetics of these species and their heterolytic and homo-
lytic dissociation products 

• theoretical investigation of the nature of bonding in DMSO – anion 
complexes and obtaining structural information about such complexes 

• critical performance test of the IEF-PCM solvation procedure as imple-
mented in Gaussian03 on calculating absolute pKa values of substituted 
phenols in dimethyl sulfoxide and acetonitrile 

• theoretical investigation of interactions of a strong base (K2O) with acids of 
different strength (HClO4, HCl, and HF), and strong acid (HClO4) with bases 
ranging from K2O (GB=322.8 kcal/mol) to H2O (GB=157.6 kcal/mol) 
regarding the nature and extent of proton transfer between those partners. 
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COMPUTATIONAL METHODS 
 
All ab initio quantum chemical computations94 reported in this study were 
carried out using Gaussian95 series of programs. 
 
The neutral, protonated and deprotonated forms of FOH molecule were fully 
optimized at Hartree–Fock level using the STO-3G, 3–21G, 3–21+G, 6–31G, 
6–31G*, 6–31G**, and 6–31++G** basis sets. With the 6–31G* basis set, post-
Hartree–Fock level (MP2, second-order Møller–Plesset perturbation theory; 
CISD, configuration interaction with inclusion of singles and doubles) 
calculations with geometry optimizations were also carried out. G196 and G297 
calculations of energies of the above-mentioned species were performed. 
 
Geometries of the CH3-nFnOH and CH3-nFnSH (n=0–3) molecules and of the 
corresponding anions and radicals were fully optimized at the HF/6–31G* and 
MP2/6–31G* levels. Harmonic frequencies were calculated at the HF/6–31G* 
level of theory. G2 energies (at 0 K), enthalpies and Gibbs free energies (both at 
298.15 K) were also calculated. 
 
Geometries and total energies of DMSO–anion clusters, DMSO molecule, and 
corresponding anions were calculated at MP2/6–31+G* and B3LYP/6–31+G* 
(Becke’s three-parameter functional98 is the hybrid method which includes a 
mixture of Hartree–Fock exchange term with DFT exchange-correlation terms 
and the nonlocal correlation term provided by the Lee, Yang, and Parr 
functional99–101) levels of theory. All geometries were fully optimized. 
 
The geometries of substituted phenols and corresponding phenoxide anions 
were fully optimized at B3LYP/6–311+G** level of theory, and the values of 
Gibbs free energy were calculated for the standard state of 1 atm at 298.15 K. 
The second set of acidity values was based on B3LYP/6–311++G(2df,2p) 
single-point energies computed for B3LYP/6–311+G** optimized structures 
and corresponding B3LYP/6–311+G** thermal corrections. Finally, the 
B3LYP/6–311+G** gas-phase acidities were scaled according to the correlation 
with experimental acidities established previously102 for the substituted phenols 
to produce the third set of gas-phase acidity values: 
 
∆Gscaled=(∆G+34.2)/1.091 
 
For strong acids, bases, and their respective complexes participating in the 
spontaneous gas-phase proton transfer equilibria DFT calculations with B3LYP 
hybrid functional were used. Full geometry optimizations and frequency cal-
culations with vibrational analysis were performed using the 6–311+G** basis 
set. Calculated unscaled frequencies were used to obtain the thermodynamic 
parameters (at 298.15 K) using the standard procedures. 
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All stationary points were verified by vibrational analysis to be true minima on 
the potential energy surface (Nimag=0). 
 
The gas-phase deprotonation energies (DPE) were calculated as the energy 
change of the following equilibrium at 0 K: 

DPE = E(A–
g) + E(H+

g) – E(AHg) 
 
The corresponding gas-phase deprotonation enthalpies (∆Hacid) and acidities 
(∆Gacid) were calculated (usually at 298.15 K) similarly using thermochemical 
corrections from frequency calculations. The values of E(H+

g), H298(H+
g), and 

G298(H+
g) were set to 0.0, 1.48, and –6.29 kcal/mol, respectively. 

 
Homolytic bond dissociation energies (BDE) were calculated as the energy 
change of the following reaction: 

BDE = E(AHg) – [E(A*
g) + E(H*

g)] 
 
∆HHBD and ∆GHBD were also calculated (at 298.15 K). 
 
The gas-phase proton affinity (PA) and basicity (GB) were calculated as nega-
tive enthalpy and Gibbs free energy change (at 298.15 K) of the reaction 

PA = H(Bg) + H(H+
g) – H(BH+

g) 
GB = G(Bg) + G(H+

g) – G(BH+
g) 

 
The complexation enthalpy was defined by analogy of proton affinities as the 
negative of the heat of the following reaction: 

∆Hº = Eº(DMSO) + Eº(X–) – Eº(DMSO ··· X–) 
 
where Eº(DMSO), Eº(X–), and Eº(DMSO ··· X–) are total energies of the DMSO 
molecule, anion, and DMSO–anion complex, respectively. The results of 

AH g  A*
g  +  H *

g  (C yc le  2 ) 

AH g  A-
g  +  H +

g (C yc le  1 ) 

B g  +  H +
g B H +

g  (C yc le  3 ) 

D MS O  +  X-  D MS O  ···  X-  (C yc le  4 ) 
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frequency calculations were used to include ZPE and thermal corrections in the 
final ∆H298 values for comparison with the experiment. 
 
Absolute pKa calculations are based on the following thermodynamic cycle: 

The following relations were applied to calculate pKa: 
 
Ka = [A–

s][H+
s] / [AHs] 

pKa = – logKa 
∆Gs = – RT ln Ka 
pKa = ∆Gs / RT ln 10 
∆Gs = G(A–

g) + G(H+
g) – G(AHg) + RT ln(24.46) + ∆Gs(A–) + ∆Gs(H+) – 

∆Gs(AH) 
 
The ∆Gs values in this study were determined from IEF-PCM/B3LYP/6–
31+G** single-point calculations on gas-phase B3LYP/6–311+G** optimized 
geometry with either UA0 (DMSO, alpha=1.1) or Bondi (MeCN, alpha=1.2) 
cavity in SCFVAC mode using internally stored dielectric constants of 46.7 and 
36.64 for dimethyl sulfoxide and acetonitrile, respectively. Both electrostatic 
and nonelectrostatic (i.e., cavitation, repulsion, and dispersion) terms were 
included in the calculation of ∆Gs values. RT ln(24.46) reflects the change in the 
standard conditions from 1 atm to moles per liter. 

Initially, ∆Gs(H+) was set to –268.6 and –252.9 kcal/mol for DMSO and 
MeCN, respectively. These values were derived from the free energy of solva-
tion of proton in water as determined by Tissandier et al.103 (–263.98 kcal/mol) 
using the tetraphenylarsonium tetraphenylborate (TATB) assumption.104 Later, 
the values of ∆Gs(H+) were adjusted to provide the best correlation between 
calculated and experimental pKa values. 
 
Topological charge density analysis105 was performed using Bader’s PROAIM106 
program package. 
 
Natural bond orbital analysis was based on NBO version 3107 software. 
 
MOLEKEL108 software package was used for visualizing electron density and 
molecular orbitals. 

AH g  A-
g  +  H +

g 

(C yc le  5 ) 

AH s  A-
s +  H +

s  

∆G g  

∆G s  

∆G
s 

∆G
s 

∆G
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RESULTS AND DISCUSSION 
 

1. Acidity Trends upon Successive Fluorination  
of OH and SH Acids 

 
H2O, H2S, CH3OH, CH3SH, and their respective fluorinated derivatives were 
investigated in the present study to understand relationships between structural 
factors and geometry and energetics of these OH and SH acids in the gas phase. 
 
Geometries. In Table 1.1 are listed the geometries of investigated methanols 
and methanethiols optimized at the MP2/6–31G* level of theory. Both mono-
fluorinated methanol and methanethiol adopted conformations with OH or SH 
hydrogen gauche to the fluoro substituent (Figure 1.1). The trans conformer 
was not a minimum on the MP2/6–31G* CH2FOH potential energy surface but 
rather a transition state (5.5 kcal/mol above the minimum) by analogy with 
fluoromethylamine.109 Interestingly enough the cis (staggerred) conformation of 
CH2FOH, which is also a transition state to the rotation around O−H bond, has 
lower energy (3.0 kcal/mol above the minimum energy gauche form). In the 
case of CH2FSH the two corresponding transition states have much closer 
energies (4.0 and 3.8 kcal/mol above the minimum for trans and staggered 
conformations, respectively). 
 
 
Table 1.1. MP2/6–31G* Bond Lengths in CH3-nFnOH and CH3-nFnSH (n=0–3) and the 
Corresponding Anions and Radicals (Å) 
 
 neutral anion radical 

r C-H r O-H r C-O r C-F r C-H r C-O r C-F r C-H r C-O r C-F 
CH3OH 1.090 0.970 1.423  1.149 1.323  1.101 1.386  
 1.097       1.096   
 1.097       1.096   
CH2FOH 1.089 0.972 1.384 1.390 1.131 1.268 1.559 1.100 1.341 1.384 
 1.095       1.100   
CHF2OH 1.087 0.976 1.358 1.366 1.117 1.239 1.479 1.098 1.352 1.357 
CF3OH  0.974 1.350 1.330  1.226 1.431  1.366 1.336 
    1.351      1.337 
    1.351      1.337 
           
 neutral anion radical 

r C-H r O-H r C-O r C-F r C-H r C-O r C-F r C-H r C-O r C-F 
CH3SH 1.090 1.340 1.814  1.100 1.826  1.095 1.799  
 1.090       1.090   
 1.090       1.090   
CH2FSH 1.091 1.340 1.796 1.389 1.099 1.771 1.444 1.095 1.776 1.363 
 1.091       1.095   
CHF2SH 1.091 1.341 1.795 1.365 1.098 1.739 1.413 1.094 1.794 1.363 
CF3SH  1.340 1.797 1.343  1.728 1.388  1.801 1.346 
    1.346      1.343 
    1.346      1.343 
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In difluoro-substituted acids the OH and SH hydrogens were also oriented 
gauche relative to both fluoro substituents (Figure 1.1). The gauche-trans 
conformers were local minima on the potential energy surface, but above (by 
3.1 kcal/mol for CHF2OH and 1.1 kcal/mol for CHF2SH) the global gauche-
gauche minima, and the energy barrier for conversion of the trans-gauche 
conformer into the gauche-gauche conformer was found to be small or even 
negligible (0.1 and 1.3 kcal/mol for CHF2OH and CHF2SH, respectively). 
 

Figure 1.1. Energy barriers for rotations around C−O and C−S bonds in CH2FOH, 
CH2FSH, CHF2OH, and CHF2SH. Energies E are relative to the preferred conformation 
(kcal/mol). τ is the dihedral angle H−O−C−F for CH2FOH, H−S−C−F for CH2FSH, 
H−O−C−H for CHF2OH, and H−S−C−H for CHF2SH. 
 
 
Such conformational preferences have been observed earlier for substituted 
methanols43 and attributed to the hyperconjugative interaction between fluoro 
substituents and lone pairs of the hydroxyl oxygen. Another possible expla-
nation would attribute such behavior to the electrostatic interaction: the O−H 
(and also S−H) bond dipoles are oriented opposite those of the CH2F and CHF2 
groups, similarly to the orientation of O−H groups in carboxylic acids pre-
ferably as Z (over E).109 It is clear that electrostatics should be much less im-
portant for S−H compounds as the S−H bond dipole moment is much smaller 

CH2FOH

-1.0
0.0
1.0
2.0
3.0
4.0
5.0
6.0

-180 -120 -60 0 60 120 180

τ

E

CH2FSH

-1.0
0.0
1.0
2.0
3.0
4.0
5.0

-180 -120 -60 0 60 120 180

τ

E

CHF2OH

0.0

1.0

2.0

3.0

4.0

5.0

-180 -120 -60 0 60 120 180

τ

E

CHF2SH

0.0
0.5
1.0
1.5
2.0
2.5
3.0

-180 -120 -60 0 60 120 180

τ

E

 

6



 

 22

than that of the O−H bond (due to the smaller electronegativity difference). The 
distinct differences between potential energy curves for CH2FOH and CH2FSH, 
and CHF2OH and CHF2SH, especially the marked stabilization of the staggered 
transition state (maximum of the electrostatic stabilization – antiparallel dipole 
moments) relative to the trans form (maximum of electrostatic destabilization – 
parallel dipole moments) in the case of CH2FOH and the absence of a similar 
effect in the case of CH2FSH, indicate that the electrostatic interactions are 
operative. 

Geometries, calculated at the MP2/6–31G* level (see Table 1.1), indicate 
that successive fluorine substitution does not affect C−H, O−H, and S−H bond 
lengths to a considerable extent. The largest geometric changes take place in the 
C−O and C−F bond lengths in neutral methanols. Upon fluorination the C−O 
bond in neutral substituted methanols is shortened by 0.040, 0.026, and 
0.008 Å, while C−F bond is shortened by 0.024 and 0.015 Å. The C−S bond in 
methanethiols is shortened by 0.018 Å upon the first fluorine inclusion and 
remains practically constant upon successive fluorination, thus behaving 
similarly to the C−H bonds in methanol. These trends are similar to those well-
known in the CFxH4-x series, first noted by Brockway.110 They have usually been 
taken as evidence for negative hyperconjugation in CFxH4-x,111 but Wiberg112 
and Reed and Schleyer111 have attributed them to the Coulombic interaction. 

In the series of substituted methoxide anions the C−H and especially C−F 
bonds are longer than their counterparts in neutrals (by 0.03–0.06 and 0.1–
0.12 Å, respectively), while the C−O bond is shorter by 0.1–0.12 Å. Successive 
fluorination leads to the C−H bond being shortened by 0.017 and 0.014 Å, 
while C−F bonds are lengthened by 0.079 and 0.048 Å. Similarly, the C−H and 
C−F bonds are longer (compared to those in neutrals) in substituted metylthio 
anions and the C−S bonds shorter by 0.02–0.07 Å, except for that in CH3S–, 
where the C−S bond is 0.012 Å longer than in the neutral. Here the successive 
fluorination also has the C−H and C−F bond shortening effect, but the changes 
are smaller (0.0002 and 0.0017 Å for C−H bonds and 0.031 and 0.024 Å for 
C−F bonds). In contrast, the changes in C−S bond lengths are much more 
pronounced for anions compared to neutrals, and are 0.054, 0.032, and 0.012 Å. 

The C−H bonds gauche to the orbital with an unpaired electron are somewhat 
shorter in methoxy and methylthio radicals compared to methanol and metha-
nethiol, while the trans C−H bond is longer compared to the similar bonds 
(relative to the O−H bond) in methanol and methanethiol. Substitution of 
hydrogens by fluorines has a very small effect (up to 0.0025 Å for methanols 
and 0.0047 Å for methanethiols) on C−H bonds. The C−O bond is much shorter 
in methoxy radical compared to methanol (by 0.038 Å), but still longer than in 
methoxy anion, while the C−S bond in methylthio radical is 0.015 and 0.026 Å 
shorter than in methanethiol and methylthio anion, respectively. In all radicals 
the subsequent inclusion of fluorines leads to the shortening of C−F bonds (by 
0.028 and 0.020 Å for methoxy radicals and by 0.024 and 0.020 Å for 
methylthio radicals). Inclusion of the first fluorine into methoxy and methylthio 
radicals leads to the marked decrease of the C−O and C−S bonds as in the case 



 

 23

of neutrals and anions. In contrast, the inclusion of the second and third fluorine 
leads to the lengthening of the corresponding C−O and C−S bonds. 
 Energetics. G2 energies, deprotonation energies, and homolytic bond dis-
sociation energies (at 0 K) are given in Table 1.2. G2 enthalphies, Gibbs ener-
gies, acidities, and homolytic bond dissociation enthalpies and Gibbs energies 
(all at 298.15 K) are given in Tables 1.3 and 1.4 along with experimental gas-
phase acidities. In most cases where comparisons are available, the experi-
mental and calculated acidities are in reasonably good agreement (usually 
within ±2 kcal/mol) with each other. 
 
 
Table 1.2. G2 Energies (E, au), Deprotonation Energies (DPE, kcal/mol), and Homo-
lytic Bond Dissociation Energies (BDE, kcal/mol) at 0K for the Studied OH and SH 
Acids 
 

 E(AH) E(A–) E(A*) DPE BDE 
H2O –76.33206 –75.71278 –75.64391 388.6 118.1 
FOH –175.35341 –174.78103 –174.69627 359.2 98.6 
CH3OH –115.53490 –114.92709 –114.86753 381.4 105.0 
CH2FOH –214.70200 –214.13225 –214.03480 357.5 104.9 
CHF2OH –313.87904 –313.33690 –313.19517 340.2 115.4 
CF3OH –413.05170 –412.53052 –412.36257 327.0 118.7 
H2S –398.93071 –398.37158 –398.28697 350.9 90.2 
FSH –498.05020 –497.50370 –497.41820 342.9 82.8 
CH3SH –438.14847 –437.57977 –437.51126 356.9 86.1 
CH2FSH –537.30052 –536.75071 –536.66308 345.0 86.3 
CHF2SH –636.46412 –635.93207 –635.82135 333.9 89.6 
CF3SH –735.63544 –735.11573 –734.99183 326.1 90.1 

 
 
However, a more noticeable deviation is present in case of CF3SH, where the 
difference between the available experimental acidity value and G2 calculations 
amounts to more than 6 kcal/mol. Unfortunately, the performance of the G2 
theory for reproducing the gas-phase acidities was never checked for relatively 
more acidic Brønsted acids, and a question of whether any scaling of the 
directly calculated ∆Gacid values is necessary remains unanswered. Therefore, 
on those grounds it is probably too early to call for the urgent revision of the 
published experimental value for CF3SH. Our experience113 with G2 calcu-
lations of intrinsic acidities of some strong conventional acids (e.g., FSO3H) 
seems to support the necessity of such scaling. 
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Table 1.3. G2 Gibbs Energies (G, au), Gas-Phase Acidities (∆Gacid, kcal/mol), and 
Homolytic Bond Dissociation Gibbs Energies (∆Ghomol, kcal/mol) for the Studied OH 
and SH Acids at 298.15K, and the Corresponding Experimental Gas-Phase Acidities 
(∆Gacid

e, kcal/mol) 
 
 G(AH) G(A–) G(A*) ∆Gacid ∆Gacid

e ∆Ghomol 
H2O –76.34965 –75.72903 –75.66080 383.4 384.1114 111.2 
FOH –175.37519 –174.80124 –174.71690 354.1 355.6115 92.1 
CH3OH –115.55762 –114.94825 –114.89046 376.3 374.032 97.6 
CH2FOH –214.72674 –214.15677 –214.05987 351.6  97.4 
CHF2OH –313.90536 –313.36301 –313.22186 334.2  107.9 
CF3OH –413.07922 –412.55666 –412.39060 320.9 323.034 111.1 
H2S –398.95022 –398.38943 –398.30545 345.8 344.832 83.6 
FSH –498.07343 –497.52502 –497.44002 338.0  76.4 
CH3SH –438.17269 –437.60233 –437.53554 351.8 350.632 78.8 
CH2FSH –537.32665 –536.77641 –536.68939 339.2  78.9 
CHF2SH –636.49183 –635.95927 –635.84926 328.1  82.2 
CF3SH –735.66417 –735.14289 –735.02100 321.0 327.835 82.6 

 
 
Table 1.4. G2 Enthalpies (H, au), Gas-Phase Deprotonation Enthalpies (∆Hacid, 
kcal/mol), and Homolytic Bond Dissociation Enthalpies (∆Hhomol, kcal/mol) for the 
Studied OH and SH Acids at 298.15K, and the Corresponding Experimental Gas-Phase 
Deprotonation Enthalpies (∆Hacid

e, kcal/mol) 
 
 H(AH) H(A–) H(A*) ∆Hacid ∆Hacid

e ∆Hhomol 
H2O –76.32828 –75.70947 –75.64060 389.8 390.7114 119.3 
FOH –175.34959 –174.77763 –174.69293 360.4 362.5115 99.8 
CH3OH –115.53061 –114.92324 –114.86356 382.6 380.632 106.3 
CH2FOH –214.69754 –214.12804 –214.03069 358.8  106.2 
CHF2OH –313.87418 –313.33233 –313.19067 341.5  116.6 
CF3OH –413.04627 –412.52551 –412.35738 328.3 329.834 120.0 
H2S –398.92691 –398.36828 –398.28367 352.0 350.732 91.4 
FSH –498.04631 –497.50027 –497.41482 344.1  84.0 
CH3SH –438.14389 –437.57575 –437.50710 358.0 357.632 87.3 
CH2FSH –537.29564 –536.74635 –536.65872 346.2  87.4 
CHF2SH –636.45868 –635.92725 –635.81644 335.0  90.7 
CF3SH –735.62944 –735.11035 –734.98622 327.2  91.4 

 
 
Comparison of acidifing effects of fluorine substitution into parent molecules of 
the studied series, H2O and H2S, indicates that the substitution of hydrogen for 
fluorine has a significantly larger acidifying effect (30 kcal/mol) in the case of a 
water molecule, whereas in the case of dihydrogen sulfide the acidity increase is 
only 8 kcal/mol. At the same time, it is evident that the two most acidic re-
presentatives of the series of fluorine-substituted methanols and methanethiols, 
respectively, CF3OH and CF3SH, are predicted by G2 theory to have rather 
close intrinsic acidity. Indeed, in sharp contrast to, e.g., methanol and metha-
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nethiol (the latter is 23.4 kcal/mol more acidic than CH3OH) or water and H2S 
(the latter is 39.3 kcal/mol more acidic than H2O), trifluoromethanol exceeds 
CF3SH in calculated gas-phase acidity by 0.1 kcal/mol at 298 K! It should be 
noted that at 0 K the CF3SH is still predicted to be a stronger acid by 
0.8 kcal/mol, and the inversion of the acidity order is due to an entropy factor: 
on the ∆Hacid scale (at 298 K) CF3SH is by 1.1 kcal/ mol a stronger acid com-
pared to CF3OH. 

At the same time, the calculated gas-phase acidities for both CF3OH and 
CF3SH also exceed the experimentally determined ∆Gacid value for (CF3)3COH 
(324.0 kcal/mol). The further insight can be obtained by adding the calculated 
acidity values of (CF3)3COH and (CF3)3CSH to the general acidity trend. The 
G3(MP2) calculations predict ∆Gacid values of 324.0 and 314.9 kcal/mol for 
(CF3)3COH and (CF3)3CSH, respectively. The former value matches exactly the 
experimental acidity value of (CF3)3COH. For CF3OH and CF3SH the G3(MP2) 
acidity values are 321.9 and 321.1 kcal/mol, respectively. Thus, at G3(MP2) 
level CF3SH is by 0.8 kcal/mol stronger acid than CF3OH. However, it appears 
that for CF3OH acidity trend is broken and this acid is much stronger than one 
could expect. The reason behind this enormous acidic strength is extreme 
anionic hyperconjugation. NBO analysis of orbital interactions at B3LYP/6–
311+G** level reveals that in energetic terms CF3O– is about 3 times more 
stabilized due to electron density delocalization as compared to CF3S–. Unlike 
CF3S– where the main contributors responsible for stabilization are interactions 
between sulfur lone pairs and C−F antibonding orbitals, CF3O– exhibits very 
strong geminal interactions (E(2) stabilization energy of 1000–1700 kcal/mol) 
between C−F and O−C antibonding orbitals. It is also worth mentioning that 
NBO analysis suggests the significant increase in the bond order between 
carbon and oxygen atoms in CF3O–. For the (CF3)3COH and (CF3)3CSH pair the 
difference in anionic hyperconjugation is rather small and acidity order is 
determined mainly by the difference in O−H and S−H bond strength while for 
CF3OH and (CF3)3COH the stabilizing effect of higher polarizability of C4F9 
group prevails. 
 
There is no doubt that CF3OH and CF3SH play an important role in under-
standing the influence of substituent effects on the acidity of fluorine-sub-
stituted alcohols and thiols. However, the procedures of measurement of their 
gas-phase acidity are rather complicated, in particular because of the presence 
of different competing side reactions which are most pronounced in the case of 
CF3OH (elimination of HF, formation of H-bonded complexes with F–, etc.). 
Therefore, an additional careful study, review and verification of the experi-
mental data on the gas-phase acidities of both CF3OH and CF3SH, seems to be 
highly desirable. 

Inspection of the acidity trends shows (as expected) increased acidity after 
each successive fluorine introduction. Also, quite logically, each additional 
replacement of hydrogen by fluorine leads to a smaller acidity increase com-
pared to those of the previous ones. Interestingly, in the case of methanethiol, 

7
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the acidifing effects (∆∆Gacid) of the first and second fluorine substitutions are 
quite close (12.6 and 11.1 kcal/mol), while the third substitution leads to much 
smaller acidity enhancement (7.1 kcal/mol). The successive fluorine substitu-
tions in methanol lead to a much smoother acidity increase: 24.7, 17.4, and 
12.4 kcal/mol, respectively. Therefore, in the case of the series of substituted 
methanols, the effects are much larger than in methanethiol. 

Changes in homolytic bond dissociation energies (∆∆HHBD) are much more 
confusing. In both series of substituted methanols and methanethiols, the first 
fluorine substitution practically does not change the bond dissociation energy, 
while the second substitution leads to the marked increase of the BDE 
(10.4 kcal/mol in the case of methanol and 3.3 kcal/mol for methanethiol). The 
third substitution has a very small effect on the BDE of methanethiol 
(0.4 kcal/mol). In the case of methanol the effect is 3.4 kcal/mol, which is also 
considerably smaller than the effect of the second substitution. From these data 
it is clear that the effect responsible for the BDE increase is not a simple 
inductive effect as suggested for fluorinated ethanols,40 where the monotonous 
(although not quite linear) increase in the BDE with successive replacemens of 
β-hydrogens by fluorine atoms was found. 

Figure 1.2. Correlation between calculated acidities (at 298.15 K) of OH and SH acids, 
and between calculated bond dissociation free energies (at 298.15 K) of OH and SH 
acids. 
 
 
Figure 1.2 presents the relationships between the acidities of investigated O−H 
and S−H acids, and between homolytic bond dissociation energies of the same 
compounds. One can see that the structural effects on the acidities and BDEs of 
both families are linearly related to a high degree of precision (R2 = 0.917 and 
R2 = 0.980, respectively), while the slopes of correlation lines are significantly 
larger than 1 (in fact 2.03 and 2.90, respectively). Thus, in accord with the 
earlier work of Molina et al.,116 substituent effects are appreciably attenuated in 
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thiols with respect to alcohols, possibly as a consequence of the S−C bonds 
being longer than the O−C ones. 

Wallington has proposed hyperconjugation as the explanation of BDE trends 
in fluoromethanols. He argues that a single fluorine substituent can have a 
hyperconjugative interaction only with one free electron pair on oxygen, thus 
stabilizing both CH2FOH and CH2FO radical to the same extent (as both species 
have an oxygen lone pair available). In contrast, he writes43 “Multiple halogen 
substituents can interact with and stabilize two O π-electron pairs on an adjacent 
oxygen. Approximately two electron pairs are available in the saturated metha-
nols, but in the methoxy radicals only one pair plus one unpaired electron are 
available.” 

Besides the interactions between fluorine substituents and oxygen, one 
should also consider the interactions between fluorine atoms in multiply 
substituted species as it is well known that carbon energetically prefers to be 
multiply substituted by fluorine.112 The extra stability of multiply substituted 
fluoromethanes as compared to the methyl fluoride has also been commonly 
discussed in terms of negative hyperconjugation. 
 
 
Table 1.5. Energetics (E(1), kcal/mol) of Stepwise Fluorination by the Isodesmic 
Reaction CHnF3-nX + CH3F ═ CHn–1F4-nX + CH4 
 

molecule E(1), neutral E(1) , anion E(1), radical 
H2O 76.6 47.1 57.1 
CH3OH –14.9 –38.8 –15.0 
CH2FOH –21.1 –38.5 –10.7 
CHF2OH –18.4 –31.5 –15.1 
H2S 15.0 7.1 7.6 
CH3SH –5.5 –17.3 –5.3 
CH2FSH –12.7 –23.9 –9.4 
CHF2SH –17.6 –25.3 –17.0 
CH4 0.0   
CH3F –12.8   
CH2F2 –20.2   
CHF3 –18.4   

 
 
Table 1.6. G2 Energies (E, au) at 0K for Methane and Fluoromethanes 
 

molecule E molecule E 
CH4 –40.41086 CHF3 –337.89358 
CH3F –139.55422 CF4 –437.06631 
CH2F2 –238.71798   
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The energetic effects of subsequent fluorination can be compared using the 
energies of the following isodesmic reaction: 
 
CHnF3-nX + CH3F ═ CHn–1F4-nX + CH4 
 
where X is OH, SH, O–, S–, O•, or S•. Table 1.5 shows that for substituted 
methanols the inclusion of the second and third fluorine atoms leads to higher 
stabilization of the molecule as compared to the first fluorine substituent, 
whereas the second fluorine is the most stabilizing. Interestingly enough, the 
stabilization energies obtained by stepwise introduction of fluorines into 
methanol (14.9, 21.1, and 18.4 kcal/mol) are very close to those obtained from 
the isodesmic reaction 
 
CHnF4-n + CH3F ═ CHn–1F5-nX + CH4 
 
(1 ≤ n ≤ 3) for introduction of fluorines into methane (12.8, 20.2, and 
18.4 kcal/mol, based on G2(0 K) energies in Table 1.6). As we have similar 
systems here, and the energy trends are also the same, we expect that the 
stabilizing mechanism should also be the same for both systems. 

In case of substituted methoxy anions the stabilizing energies of fluorine 
substitution are the largest (up to 38.8 kcal/mol for the first fluorine), and 
decrease somewhat as the degree of fluorination increases. For methoxy radical 
the first and third substitutions are energetically practically identical (15.0 and 
15.1 kcal/mol, respectively), while the second one is somewhat smaller 
(10.7 kcal/mol). These energy trends in methoxy radicals contradict the electro-
static model proposed by Wiberg112 as there should not be any reason for lesser 
electrostatic stabilization in difluoromethoxy radical compared to trifluoro-
methoxy radical neither by saturation nor by repulsion between lone pairs of 
fluorine atoms. 

In contrast to substituted methanols, for methanethiol the successive fluorine 
substitutions stabilize neutrals, anions, and radicals in a synergistic manner, i.e., 
each successive substitution has more significant stabilization energy. The 
stabilization energies are greatest for anions as in the case of substituted 
methanols. The radicals are somewhat less stabilized than neutrals. 

One might assume that the change of one H atom in the H2O molecule for 
fluorine should, due to the extremely high electronegativity (field-inductive 
effect) of the latter, result in a compound, which must be significantly more 
acidic than water. The counteracting effects on the acidity are expected to be 
displayed by increased lone pair – lone pair repulsion in the FO– anion as 
compared to the neutral acid, FOH, and by the slightly smaller polarizability of 
the F atom as compared to the hydrogen atom. Since, in fact, the calculated 
acidity is much higher for FOH (354.1 kcal/mol) than the corresponding 
quantity for H2O (383.4 kcal/mol), the two latter effects must have much less 
influence on the acidity of FOH than the first one (i.e., field-inductive effect). 
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Similarly, the basicity of FOH should be much less than that of H2O due to the 
stronger field-inductive effect and also to the slightly lower polarizability of the 
F atom. Simultaneously, due to the protonization of FOH, the counteracting 
base-strengthening effect of the elimination of the adjacent lone pair repulsion 
should be present. As can be seen from comparison of the proton affinities for 
H2O (166.5117 kcal/mol) and FOH (135.3 kcal/mol), the first two effects seem to 
be dominant. 

The comparison of the calculated acidity of FOH (354.1 kcal/mol) with the 
corresponding value for CF3OH (320.9 kcal/mol) shows that the latter is more 
acidic than FOH by ca 33 kcal/mol. On the assumption of the roughly similar 
field-inductive effects of the F atom and CF3 group27,118,119 and contribution (ca 
2.3 kcal/mol118) to the stronger acidity of CF3OH due to the higher polarizability 
of the CF3 group as compared to the fluorine atom, the remaining gap of ca 
31 kcal/mol could be mainly attributed to the acid-strengthening resonance 
(anionic hyperconjugation 35b) effect which accompanies the acidic dissociation 
of CF3OH. Some contribution from destabilizing lone pair – lone pair repulsion 
effect should be also considered, since in CF3OH and its anion there are no lone 
pairs in the α-position to the deprotonation center. 

As indicated above, the major structural effects responsible for the rather 
high acidity of CF3OH, CF3SH, and evidently also (CF3)3CH are negative 
(anionic) hyperconjugation and electrostatic effects. In the case of those species 
the first effect seems to be dominating. 
 

 
2. Effects of Solvation in DMSO and MeCN 

 
Cluster approach. Calculated dissociation energies of complexes between 
DMSO and anions are presented in Table 2.1. Comparison with the available 
experimental results for the DMSO−Cl– complex (∆H298 was found to be 18.6, 
16.3, and 18.6 kcal/mol by MP2, B3LYP, and experiment,44 respectively) and 
the DMSO−NO2

– complex (19.5, 17.2, and 19.2 kcal/mol by MP2, B3LYP, and 
experiment,48 respectively) indicates good agreement between experiment and 
calculations. As the primary experimental data are Gibbs energy changes we 
have also evaluated these quantities for the two complexes above, and once 
more the agreement between experiment and calculations is good: for the 
DMSO−Cl– complex, the reported44 experimental ∆G298 is 12.5 kcal/mol while 
our calculated values are 12.3 and 10.9 kcal/mol for MP2 and B3LYP. For the 
DMSO−NO2

– complex, the reported48 experimental ∆G420 is 8.7 and our calcu-
lations give 9.6 and 7.5 kcal/mol for MP2 and B3LYP, respectively. Both 
methods used give similar results, with B3LYP energies being systematically 
somewhat lower. 
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Table 2.1. Calculated Total Energies of Monomers E0
x and Complexes E0

c (au) and 
Complexation Enthalpies ∆H˚ and ∆H298 (kcal/mol) 
 
 MP2/6–31+G* B3LYP/6–31+G* 

E0
x E0

c ∆H˚ ∆H298 E0
x E0

c ∆H˚ ∆H298 
DMSO –552.13005 –553.20011   
F– –99.62385 –651.79998 28.9 28.5 –99.85970 –653.10622 29.1 28.9 
Cl– –459.67115 –1011.83196 19.3 18.6 –460.27472 –1013.50165 16.8 16.3 
HO– –75.58836 –627.76871 31.6 31.2 –75.79668 –629.04428 29.8 29.6 
CH3O– –114.74453 –666.92092 29.1 28.0 –115.11531 –668.35294 23.5 23.1 
HCOO– –188.71138 –740.87539 21.3 21.0 –189.21950 –742.45036 19.3 19.1 
NO2

– –204.64827 –756.81020 20.0 19.5 –205.16963 –758.39814 17.8 17.2 
 
 
It has been pointed out in earlier publications120–122 that the strength of the 
hydrogen bond (dissociation energy of complex) in the B–−HX complexes 
increases with the basicity of anion. This is true also for data in Table 2.1. The 
stability order of complexes matches exactly the proton affinity order of anions. 
Moreover, the correlation between proton affinity and “DMSO affinity” of the 
anions is remarkable (R2 = 0.967 for MP2 results and R2 = 0.816 for B3LYP). 
This suggests considerable contribution from hydrogen-bond type interaction 
between DMSO and anion. 
 
 
Table 2.2. Selected Geometrical Parameters of DMSO and Its Complexes with 
Monodentate Ligands (Bond Lengths in Angstroms and Angles in Degrees) 
 

ligand 
MP2/6–31+G* B3LYP/6–31+G* 

– F– Cl– HO– CH3O– – F– Cl– HO– CH3O– 
r(S-O) 1.522 1.545 1.540 1.548 1.546 1.519 1.543 1.537 1.545 1.543 
r(S-C) 1.809 1.798 1.800 1.797 1.798 1.837 1.825 1.828 1.825 1.826 
r(C-H1) 1.094 1.096 1.095 1.096 1.096 1.094 1.097 1.096 1.097 1.097 
r(C-H2) 1.094 1.108 1.098 1.107 1.106 1.095 1.114 1.100 1.112 1.109 
r(C-H3) 1.092 1.093 1.093 1.094 1.094 1.093 1.095 1.094 1.096 1.095 
r(X-S)  3.434 4.090 3.419 3.425  3.466 4.162 3.459 3.494 
r(X-H2)  1.901 2.520 1.950 1.962  1.850 2.568 1.922 1.959 
α(O-S-C) 106.7 108.1 107.5 107.6 107.6 106.8 108.6 107.6 108.1 108.0 
α(C-S-C)   96.3   95.9   96.2   96.4   96.4   96.5   95.7   96.3   96.2   96.2 
α(S-C-H1) 108.9 107.8 108.1 107.8 107.9 109.2 108.0 108.3 107.9 108.0 
α(S-C-H2) 110.1 106.2 108.1 106.9 106.9 109.9 105.8 108.3 106.6 106.8 
α(S-C-H3) 107.3 107.8 107.7 107.5 107.4 106.8 107.7 107.2 107.3 107.3 
α(O-S-X)  156.3 158.7 158.0 158.3  153.4 158.0 156.0 156.2 
α(C-H2-X)  152.4 157.1 149.3 149.2  154.8 157.2 151.2 151.5 
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Table 2.3. Selected Geometrical Parameters of DMSO and Its Complexes with 
Bidentate Ligands (Bond Lengths in Angstroms and Angles in Degrees) 
 

ligand 
MP2/6–31+G* B3LYP/6–31+G* 

– HCOO– NO2
– – HCOO– NO2

– 
r(S-O) 1.522 1.541 1.539 1.519 1.539 1.537 
r(S-C) 1.809 1.798 1.799 1.837 1.825 1.826 
r(C-H1) 1.094 1.095 1.095 1.094 1.096 1.096 
r(C-H2) 1.094 1.101 1.099 1.095 1.104 1.102 
r(C-H3) 1.092 1.093 1.093 1.093 1.094 1.094 
r(O2-S)  4.115 4.146  4.526 4.727 
r(X-H2)  2.941 3.102  2.938 3.089 
r(O2-H2)  2.104 2.158  2.100 2.156 
r(X-O2)  1.269 1.278  1.260 1.260 
α(O-S-C) 106.7 107.3 107.3 106.8 107.6 106.1 
α(C-S-C)   96.3   96.6   96.4   96.5   95.7   96.3 
α(S-C-H1) 108.9 108.1 108.1 109.2 108.4 108.4 
α(S-C-H2) 110.1 109.4 109.1 109.9 109.3 108.9 
α(S-C-H3) 107.3 107.2 107.3 106.8 106.8 107.1 
α(O-S-X)  154.7 155.4  160.2 159.4 
α(C-H2-X)  156.7 153.8  156.8 160.1 
α(C-H2-O2)  175.9 175.2  178.7 179.1 
α(O2-X-O3)  129.0 115.4  129.2 116.1 
α(H2-O2-X)  119.3 127.1  119.9 127.3 

 
 
The obtained geometries of complexes are given in Tables 2.2 and 2.3 (num-
bering of hydrogens is given on Figure 2.1). In all cases complexes preferred Cs 
symmetry. Differently from what is reported in earlier studies where diffuse 
exponents were not included,44–47 the anions tended not to be on the same line 
with the O−S bond. They preferred positions in the plane defined by carbons 
and hydrogens participating in hydrogen bonding (see Figures 2.1 and 2.2). It 
allows a much shorter distance between the anion and hydrogens of DMSO 
methyl groups while the distance with S−O bond dipole is increased. Our earlier 
calculations49 using 3–21+G* basis obtained similar trend, and considering 
good agreement between dissociation energies calculated at both 3–21+G* and 
6–31+G* levels of theory, and experimental values it is clear that diffuse basis 
functions are essential for description of the interactions between DMSO and 
anions. The distances between the anion and adjacent hydrogens in the methyl 
groups of DMSO are usually between 1.9 and 2.1 Å, which is fairly typical for 
hydrogen-bonded complexes. The changes in geometry of DMSO upon 
complex formation are quite small. Most pronounced is the lengthening of S−O 
bond by 0.02 A. The C−H bond, which should participate in hydrogen bonding, 
lengthens only very slightly (about 0.01 Å at the MP2 level of theory). 
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Figure 2.1. Structure of the complex between DMSO and monodentate anion (OH–) and 
the numbering of hydrogens in the DMSO methyl groups. 
 

 

 
Figure 2.2. Two possible structures of the complex between DMSO and bidentate anion 
(HCOO–). 
 
 
The results of NBO charge distribution analysis for all investigated species are 
presented in Tables 2.4 and 2.5. It can be seen that charge transfer from anions 
to DMSO is small but constant (ca 0.04 electrons). Following the small charge 
transfer, the changes in charge distribution within DMSO molecule are also 
small. There are some common trends, which should be noted. Upon complex 
formation, the negative charge on oxygen increases while the positive charge on 
sulfur decreases. The charge distributions, obtained by us, clearly indicate that 
the interaction between DMSO and anions cannot be explained only as 
interaction between the S-O bond dipole and a point charge. Our results show 
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that alongside with the increase of the negative charge on oxygen there is 
similar rise in the negative charge on carbon atoms and positive charge on 
potentially hydrogen-bonded hydrogens. It once more suggests considerable 
contribution from hydrogen bonding to the complexation of anions by DMSO. 
 
 
Table 2.4. NBO Charges of DMSO and Its Complexes with Monodentate Ligands 
 

ligand 
MP2/6–31+G* B3LYP/6–31+G* 

– F– Cl– HO– CH3O– – F– Cl– HO– CH3O– 
S 1.307 1.269 1.281 1.272 1.274 1.210 1.168 1.188 1.173 1.176 
O –1.074 –1.124 –1.113 –1.128 –1.125 –0.972 –1.034 –1.021 –1.039 –1.033 
C –0.869 –0.888 –0.874 –0.882 –0.881 –0.895 –0.912 –0.897 –0.904 –0.903 
H1 0.251 0.222 0.232 0.220 0.222 0.257 0.230 0.240 0.228 0.231 
H2 0.241 0.347 0.306 0.347 0.337 0.251 0.341 0.306 0.340 0.327 
H3 0.261 0.221 0.233 0.219 0.221 0.269 0.230 0.242 0.229 0.232 
X  –0.950 –0.962 –1.382 –1.092  –0.910 –0.948 –1.356 –0.996 
ligand  –0.950 –0.962 –0.953 –0.945  –0.910 –0.948 –0.920 –0.917 

 
 
Table 2.5. NBO Charges of DMSO and Its Complexes with Bidentate Ligands 
 

ligand 
MP2/6–31+G* B3LYP/6–31+G* 

– HCOO– NO2
– – HCOO– NO2

– 
S 1.307 1.277 1.281 1.210 1.182 1.184 
O –1.074 –1.154 –1.113 –0.972 –1.025 –1.021 
C –0.869 –0.878 –0.878 –0.895 –0.900 –0.901 
H1 0.251 0.227 0.229 0.257 0.236 0.238 
H2 0.241 0.319 0.311 0.251 0.312 0.302 
H3 0.261 0.232 0.234 0.269 0.241 0.242 
X  0.809 0.411  0.619 0.231 
OX  –0.907 –0.685  –0.797 –0.579 
ligand  –0.960 –0.960  –0.935 –0.926 

 
 
Inspection of the changes in the frequencies of the C−H2 bond (see Figures 2.1 
and 2.2) valence vibrations also indicates the presence of the hydrogen bonding 
in studied complexes. The unscaled MP2 frequency of that vibration changes 
from 3100 cm–1 (free DMSO) to 2849 cm–1 (DMSO−MeO– complex). The 
smallest change (by 53 cm–1) was found for complex between DMSO and 
chloride anion. Similar changes were found for B3LYP frequencies. 

The inspection of the total electron density for the studied complexes 
revealed significant concentration of the electron density between oxygen atoms 
of the anions and hydrogen atoms of the DMSO methyl groups. The similar 
spatial localization was also found for the bonding molecular orbitals of the 
appropriate geometry. Therefore, the existence of the hydrogen bonding has 
correct quantum chemical grounds. 

Interesting situation occurs in the structure of potentially bidentate anions 
where the plane defined by anion is perpendicular to the plane defined by the 
central atom of anion and carbon atoms of DMSO (Figure 2.2, top conformer). 
Despite the fact that one of the oxygen atoms of the anion is placed closer to the 

9



 

 34

methyl hydrogens than the second oxygen atom, the hydrogen bond involving 
the outer oxygen atom is also present, which is confirmed by spatial localization 
of the bonding molecular orbital. Naturally, the concentration of electron 
density on this H-bond is lower if compared with the second H-bond and, 
therefore, the strength of the hydrogen bonds involving different oxygen atoms 
is unequal for this structure. 

To confirm the existence of a hydrogen bond between the anion and 
hydrogens of the methyl groups of DMSO the Bader’s topological charge 
density analysis105 was carried out. In all cases the presence of a bond between 
the anion and hydrogens of methyl groups of DMSO was verified by finding 
bond critical point between these atoms. The values of bond-localized electron 
density were in agreement with the results of visual analysis of molecular 
orbitals and total electron density. 

Comparison of energies and geometries of different complexes between 
DMSO and monodentate anions reveals that the interaction energy depends on 
both S−X– and H2−X– distances. So for F–, CH3O–, and Cl– the energy order 
follows the lengths of the H2−X– bond. The OH– anion is exception from this 
rule, and even as CH3O– obeys it, the difference in energy between the F– and 
CH3O– complexes is small (0.5 kcal/mol). For these two complexes somewhat 
shorter S−X– distances should be considered, which can indicate an enhanced 
dipole-charge interaction. Inspection of NBO charges on the oxygen atom in 
these anions reveals that this may be the case as the charges are considerably 
higher (–1.38 and –1.10 in OH– and CH3O–, respectively) than in other two 
anions (–0.95 and –0.96 in F– and Cl–, respectively). 

Further support of the hypothesis of combined hydrogen bonding and 
electrostatic interaction between an anion and DMSO dipole can be obtained 
from the study of potentially bidentate anions, NO2

– and HCOO–. In both cases 
the complexes in which both oxygens participate in hydrogen bonding were 
found to be slightly more stable (by 0.32 and 0.30 kcal/mol for NO2

– and 
HCOO–, respectively, at the MP2/6–31+G* level of theory) than monodentate 
complexes (see Figure 2.2) despite the fact that in the latter case the anion can 
approach the S−O bond dipole considerably more close (S−Oanion distance is 
4.11 Å in the bidentate complex and 3.25 Å in the monodentate complex, 
MP2/6–31+G* results for HCOO–), while the Oanion−H2 distance increases only 
slightly (from 2.104 to 2.370 Å, MP2/6–31+G* results for HCOO–). However, 
as the energy difference between these two conformers is small despite the 
significant weakening of hydrogen bond interaction in monodentate complex, 
the enhanced charge-dipole interaction (much shorter distance between dipole 
and charge) seems to compensate for most of this weakening. Therefore, one 
should consider the possibility of combined interactions between anions and 
DMSO, i.e., both hydrogen bonding and charge dipole interaction. 
 
PCM approach. The calculated and experimental gas-phase acidities of 
substituted phenols are presented in Table 2.6. All calculated values at the 
B3LYP-6–311+G** level are systematically lower (i.e., more acidic) than the 
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corresponding experimental values. With the single exception of 2,4-di-
nitrophenol, the same holds true for B3LYP/6–311++G(2df,2p)//B3LYP/6–
311+G** as well. The mean unsigned errors are 4.4 and 2.8 kcal/mol for 
B3LYP/6–311+G** and B3LYP/6–311++G(2df,2p)//B3LYP/6–311+G**, re-
spectively. 
 
 
Table 2.6. Experimental and Calculated Gas-Phase Acidities. All Values Are Given in 
kcal/mol 
 

substituted phenols expta 

B3LYP/6–311+G** 
B3LYP/6–
311++G(2df, 2p)// 
B3LYP/6–311+G** 

B3LYP/6–
311+G**, scaled 

calcd error calcd error calcd error 
phenol 342.3 339.3 –3.0 340.3 –2.0 342.3 0.0 
4-NH2-phenol 345.6 342.9 –2.7 344.4 –1.3 345.7 0.1 
3-NH2-phenol 343.7 341.1 –2.6 342.3 –1.4 344.0 0.3 
2-NH2-phenol 341.3 337.9 –3.4 338.9 –2.4 341.1 –0.2 
4-F-phenol 339.9 336.0 –3.9 337.6 –2.3 339.3 –0.6 
2-F-phenol 339.0 335.8 –3.2 337.2 –1.8 339.1 0.1 
3-F-phenol 336.8 332.9 –3.9 334.5 –2.3 336.5 –0.3 
3-Cl-phenol 335.0 331.0 –4.1 332.3 –2.7 334.7 –0.3 
2-NO2-phenol 329.5 327.3 –2.2 329.0 –0.6 331.4 1.9 
3-NO2-phenol 327.5 323.6 –3.9 325.1 –2.4 328.0 0.5 
4-CN-phenol 325.3 320.7 –4.6 321.9 –3.4 325.3 0.0 
3,4,5-Cl3-phenol 323.9 320.5 –3.4 322.1 –1.8 325.1 1.2 
4-NO2-phenol 320.9 314.7 –6.2 316.3 –4.6 319.8 –1.1 
2,4-(NO2)2-phenol 308.6 308.3 –0.3 310.4 1.8 313.9 5.3 
2,3,4,5,6-F5-phenol 320.8 315.7 –5.1 318.8 –2.0 320.7 –0.1 
2,4,6-(NO2)3-phenol 302.8 293.6 –9.2 296.0 –6.8 300.4 –2.4 
4-CF3-phenol 330.1 325.2 –4.9 327.1 –3.0 329.4 –0.7 
3-CF3-phenol 332.4 328.2 –4.2 329.8 –2.6 332.2 –0.2 
2-CF3-phenol 332.2 327.1 –5.1 328.7 –3.5 331.2 –1.0 
3,5-(CF3)2-phenol 322.9 318.3 –4.6 320.6 –2.3 323.1 0.2 
2,3,4,5,6-(CF3)5-phenol 298.7 290.2 –8.5 293.9 –4.8 297.3 –1.4 
2,4,6-Tf3-phenol b 291.8 283.5 –8.3 286.1 –5.7 291.2 –0.6 
2,4,6-(FSO2)3-phenol  280.2  284.9  288.2  
mean error –4.4 –2.6  0.0 
mean unsigned error 4.4 2.8  0.8 
rms error   4.9  3.2   1.4 

a References 35a, 68, 102. b Tf denotes CF3SO2. 
 
 
The correlation between experimental and calculated gas-phase acidities 
resulted in the following equations: 
 
∆Gexpt=0.9062 ∆Gcalcd+34.6601, R2=0.9905  
 



 

 36

and 
 
∆Gexpt=0.9365 ∆Gcalcd+23.2179, R2=0.9904 
 
representing B3LYP/6–311+G** and B3LYP/6–311++G(2df,2p)//B3LYP/6–
311+G** methods, respectively. It is evident that B3LYP/6–
311++G(2df,2p)//B3LYP/6–311+G** results are closer to the experimental 
acidity values; however, the value of the slope still deviates from unity. A closer 
look at individual errors in Table 2.6 reveals that 2,4,6-trinitrophenol, 
pentakis(trifluoromethyl)phenol, and 2,4,6-tris(trifluoromethanesulfonyl)phenol 
have the largest errors, which on average are 2 times higher than MUE. These 
enormous errors for the three outer points of the linear regression lower the 
value of the slope and together represent the root cause of its deviation from 
unity. Unfortunately, both B3LYP/6–311+G** and B3LYP/6–311++G(2df,2p)/ 
/B3LYP/6–311+G** methods have severe difficulties in predicting the gas-
phase acidities of these highly acidic phenols. To resolve this situation, the 
results of B3LYP/6–311+G** calculations were scaled according to the 
expected correlation with experimental acidities. 
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Figure 2.3. Correlation between the experimental and calculated gas-phase acidities of 
phenols in the gas phase (all values in kcal/mol). The y=x line is added for comparison. 
 
 
The scaled B3LYP/6–311+G** results predict experimental acidities with the 
mean unsigned error of 0.8 kcal/mol. 
 The results of correlation between scaled B3LYP/6–311+G** and experi-
mental gas-phase acidities are presented in Figure 2.3. The slope of the 
regression line is very close to unity, and the intercept is reasonably small. 
However, 2,4-dinitrophenol with the error of 5.3 kcal/mol is a clear outlier. 
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Both B3LYP/6–311++G(2df,2p)//B3LYP/6–311+G** and scaled B3LYP/6–
311+G** gas-phase results were used in the following pKa calculations. Table 
2.7 includes calculated pKa values in DMSO with mean unsigned error of 
1.2 pKa units for B3LYP/6–311++G(2df,2p)//B3LYP/6–311+G** results and 
1.3 pKa units for scaled B3LYP/6–311+G** results. 
 
 
Table 2.7. Experimental and IEF-PCM Calculated pKa Values in DMSO 
 

substituted phenols expta 

B3LYP/6–
311++G(2df,2p)// 
B3LYP/6–311+G** 

B3LYP/6–311+G** 
scaled 

B3LYP/6–311+G** 
scaled, optimized 

calcd error calcd error calcd error 
phenol 18.0 18.0 0.0 19.4 1.4 18.4 0.4 
4-NH2-phenol 20.8 21.8 1.0 22.8 2.0 21.7 0.9 
3-NH2-phenol 19.5 19.3 –0.2 20.5 1.0 19.5 0.0 
2-NH2-phenol 18.2 18.6 0.4 20.2 2.0 19.2 0.9 
4-F-phenol 18.0 17.5 –0.5 18.7 0.7 17.7 –0.3 
2-F-phenol 15.6 14.8 –0.8 16.3 0.7 15.2 –0.4 
3-F-phenol 15.9 15.7 –0.2 17.2 1.3 16.2 0.3 
3-Cl-phenol 15.8 15.2 –0.6 16.9 1.1 15.9 0.1 
2-NO2-phenol 11.0 11.1 0.1 12.9 1.9 11.9 0.9 
3-NO2-phenol 14.4 12.9 –1.5 15.0 0.6 14.0 –0.4 
4-CN-phenol 13.2 11.6 –1.6 14.1 0.9 13.1 –0.1 
3,4,5-Cl3-phenol 12.6 11.7 –0.9 13.9 1.3 12.9 0.3 
4-NO2-phenol 10.8 8.3 –2.5 10.8 0.0 9.8 –1.0 
2,4-(NO2)2-phenol 5.1 4.4 –0.8 7.0 1.9 5.9 0.8 
2,3,4,5,6-F5-phenol 8.9 7.3 –1.6 8.7 –0.2 7.7 –1.2 
2,4,6-(NO2)3-phenol –1.0 –2.3 –1.3 0.9 1.9 –0.1 0.9 
4-CF3-phenol 14.6 14.0 –0.6 15.7 1.1 14.7 0.1 
3-CF3-phenol 15.1 14.9 –0.2 16.7 1.6 15.7 0.6 
2-CF3-phenol 14.4 11.2 –3.2 13.0 –1.4 12.0 –2.4 
3,5-(CF3)2-phenol 13.2 12.0 –1.2 13.9 0.7 12.8 –0.4 
2,3,4,5,6-(CF3)5-phenol 3.1 –3.1 –6.2 –0.6 –3.7 –1.7 –4.8 

mean error 
 

 
–1.1  

(–0.8)b  
0.8 

(1.0)  
–0.2 
(0.0) 

mean unsigned error 
 

 
1.2 

(1.0)  
1.3 

(1.2)  
0.8 

(0.6) 

rms error 
 

 
1.8 

(1.3)  
1.5 

(1.3)  
1.3 

(0.8) 
a References 102, 123–128. b The values in parentheses exclude 2,3,4,5,6-(CF3)5-phenol. 
 
 
To assess performance of theoretical methods, the correlations between cal-
culated and experimental pKa values should also be examined. These correla-
tions are characterized by the following parameters: 
 
pKa expt=0.8299 pKa calcd+3.1322, R2=0.9627 

10
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and 
 

pKa expt=0.8894 pKa calcd+0.7496, R2=0.9559, 
 

based on B3LYP/6–311++G(2df,2p)//B3LYP/6–311+G** and scaled 
B3LYP/6–311+G** methods, respectively. The regression line slope for both 
methods is significantly lower than the expected value of 1. This deviation is 
obviously connected with the large error in pKa value of pentakis(trifluoro-
methyl)phenol. After excluding this compound from the data set, the mean un-
signed errors decrease to 1.0 and 1.2 pKa units for B3LYP/6–311+ 
+G(2df,2p)//B3LYP/6–311+G** and scaled B3LYP/6–311+G** methods, 
respectively, while the corresponding values of the regression line slopes 
become 0.90 and 0.98. It appears that the former slope value is lower than the 
latter one because of a rather large error in gas-phase acidity of the picric acid at 
the B3LYP/6–311++G(2df,2p)//B3LYP/6–311+G** level of theory. The scaled 
B3LYP/6–311+G** method eliminates that distortion, and the corresponding 
slope value is very close to unity. 

It is also important to note that the value of the intercept strongly depends on 
the value of the solvation free energy of the proton. The error in this value is a 
source of systematic error component of the pKa series in the case of the slope 
being close to unity. As solvation free energies of the proton in DMSO and 
MeCN are estimated from the TATB assumption and are not established 
thermodynamic values, it is reasonable to optimize these values to minimize the 
mean unsigned error for the series. It was found that the value of –270.0 kcal/mol 
for DMSO provides the best fit with the mean unsigned error of 0.6 pKa units. 
The corresponding linear regression is presented in Figure 2.4. The work of 
Westphal and Pliego129 suggested a more negative value of ∆Gs(H+) in DMSO 
than the value based on TATB assumption. The solvation free energy of the 
proton in DMSO has been recently determined from the cluster-pair approach by 
Kelly et al.,130 who obtained even more negative value (–273.3 kcal/mol). 
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Figure 2.4. Correlation between the experimental and calculated pKa values of phenols 
in DMSO. The y=x line is added for comparison. 
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The results of pKa calculations in MeCN are given in Table 2.8. Unfortunately, 
there are no experimental pKa values available in acetonitrile for many phenols 
in our series, especially in the less acidic range. Instead, experimental pKa 
values are available for 2,4,6-tris(trifluoromethanesulfonyl)phenol and 2,4,6-
tris(fluorosulfonyl)phenol at the acidic end of the scale. The mean unsigned 
error for the B3LYP/6–311++G(2df,2p)//B3LYP/6–311+G** method is larger 
for MeCN as compared with that for DMSO, while for the scaled B3LYP/6–
311+G** a slight improvement over DMSO results is observed. The regression 
line slopes are slightly higher as compared to those of DMSO. The resulting 
equations for B3LYP/6–311++G(2df,2p)//B3LYP/6–311+G** and scaled 
B3LYP/6–311+G** methods are: 
 

pKa expt=0.9522 pKa calcd+3.8261, R2=0.9940 
 

and 
 

pKa expt=1.0100 pKa calcd+0.6407, R2=0.9864 
 

Finally, using previously described arguments, we optimized the value of 
solvation free energy of the proton for MeCN as done for DMSO. The 
optimized value of –251.9 kcal/mol resulted in the mean unsigned error of 0.7 
pKa units. The corresponding regression plot is presented in Figure 2.4. Kelly et 
al.130 recently determined the solvation free energy of the proton in MeCN from 
the cluster-pair approach and obtained a more negative value (–260.2 kcal/mol) 
compared to our optimized value. 
 
 
Table 2.8. Experimental and IEF-PCM Calculated pKa Values in MeCN 
 

substituted phenols expta 

B3LYP/6–
311++G(2df,2p)// 
B3LYP/6–311+G**

B3LYP/6–311+G** 
scaled 

B3LYP/6–311+G** 
scaled, optimized 

calcd error calcd error calcd error 
phenol 29.1 26.2 –2.9 27.7 –1.4 28.4 –0.7 
2-NO2-phenol 22.9 20.3 –2.6 22.1 –0.8 22.8 –0.1 
3-NO2-phenol 23.9 21.7 –2.1 23.8 –0.1 24.5 0.7 
4-CN-phenol 22.8 20.7 –2.1 23.2 0.4 24.0 1.2 
4-NO2-phenol 20.9 17.4 –3.6 19.9 –1.0 20.7 –0.2 
2,4-(NO2)2-phenol 16.7 14.0 –2.7 16.6 –0.1 17.3 0.6 
2,3,4,5,6-F5-phenol 20.1 16.7 –3.4 18.1 –2.0 18.9 –1.3 
2,4,6-(NO2)3-phenol 11.0 7.2 –3.9 10.4 –0.6 11.1 0.1 
4-CF3-phenol 25.5 22.8 –2.8 24.5 –1.1 25.2 –0.3 
3-CF3-phenol 26.5 23.8 –2.7 25.6 –0.9 26.3 –0.2 
2-CF3-phenol 24.9 20.8 –4.1 22.6 –2.3 23.3 –1.6 
3,5-(CF3)2-phenol 23.8 21.3 –2.4 23.2 –0.6 23.9 0.2 
2,3,4,5,6-(CF3)5-phenol 10.5 7.2 –3.3 9.7 –0.8 10.4 0.0 
2,4,6-Tf3-phenol b 4.8 2.0 –2.9 5.7 0.9 6.4 1.6 
2,4,6-(FSO2)3-phenol 5.5 1.0 –4.6 3.4 –2.1 4.1 –1.4 
mean error   –3.1  –0.8  –0.1 
mean unsigned error 3.1  1.0  0.7 
rms error 3.1  1.2  0.9 

a References 62, 102, 127, 131. b Tf denotes CF3SO2. 
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It was also found that an appropriately optimized UA0 cavity model (alpha= 
1.05) performed less satisfactorily in terms of regression line slope in MeCN 
than the cavity based on Bondi radii. 

Table 2.9 provides comparison of the results of pKa calculations from this 
study with the results published by Eckert et al., Chipman, and Fu et al. 
 
 
Table 2.9. Mean Unsigned Errors (MUE), RMS Errors, Values of Slope, and R2 
Coefficients for the Series of pKa Calculations in DMSO and MeCN; IC is Isodensity 
Cutoff in Atomic Units 
 

methods 
DMSO MeCN 

MUE RMS slope R2 MUE RMS slope R2 
IEF-PCM/B3LYP/6–31+G**// 
B3LYP/6–311+G**, scaled B3LYP/6–
311+G**//B3LYP/6–311+G** a 

0.6 0.8 0.980 0.973 0.7 0.9 1.010 0.987 

IEF-PCM/B3LYP/6–31+G**// 
B3LYP/6–31+G*, B3LYP/6–
311++G(2df,2p)//B3LYP/6–31+G* b 

1.2 1.5 0.893 0.988     

DPCM/B3LYP/6–31+G**// 
B3LYP/6–31+G*, B3LYP/6–
311++G(2df,2p)//B3LYP/6–31+G* c 

    0.9 0.9 0.791 0.953 

DPCM/B3LYP/6–31+G**//B3LYP/ 
6–31+G*, B3LYP/6–311++G(2df,2p) 
//B3LYP/6–31+G* c, d 

    0.8 0.9 0.853 0.937 

SSC(V)PE/HF/6–31+G*, IC=0.001 e 0.3g  0.764 0.998 0.7g  0.904 0.978 
SSC(V)PE/B3LYP/aug-cc-pVTZ, 
IC=0.001 e 0.6g  0.776 0.992 0.1g  0.848 0.998 

COSMO-RS/BP/TZVP f     3.2 3.3 0.926 0.983 
COSMO-RS/BP/TZVP f     0.8g 1.0g 1.060 0.983 

a This work. b Reference 66b. c Reference 66c. d With the latest experimental pKa value 
for phenol. e Reference 59. f Reference 62 values for the group of phenols. g Based on 
results predicted by correlations. 
 
 
From the data in Table 2.9, it follows that achieving both reasonably low mean 
unsigned error and regression line slope value close to unity at the same time 
might be a complicated task. In this regard, IEF-PCM, the default solvation 
method implemented in Gaussian03, combined with the scaled B3LYP/6–
311+G** gas-phase data performs rather well in both DMSO and MeCN. This 
good performance is obviously associated with the quality of underlying gas-
phase results. Unfortunately, there is no analysis available about the gas-phase 
performance of the B3LYP/6–311++G(2df,2p)//B3LYP/6–31+G* method on 
compounds studied by Fu et al., and therefore, it is impossible to conclude 
whether the method might introduce excessive errors for any compounds that 
could translate into the low slope value in pKa correlations. Chipman’s 
SSC(V)PE method demonstrates good performance in terms of mean unsigned 
error. It is important to note, however, that these MUE values are based on the 
results predicted by correlations between experimental and calculated pKa 
values and should not be directly compared with other results. The performance 
of the method depends heavily on the chosen isodensity cutoff value and the 
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choice of quantum chemical method and basis set. By modifying the isodensity 
contours it is possible to achieve the slope value of 1; however, the default and 
recommended cutoff value of 0.001 au resulted in a lower value of slope. Klamt 
et al.’s COSMO-RS method predicts pKa of substituted phenols in MeCN with 
the mean unsigned error of 0.8 pKa units. However, this quite good precision is 
achieved only after applying the results of the correlation between calculated 
∆Gdiss/RT ln 10 and the respective experimental pKa values, which were 
established for the large set of diverse compounds. The raw ab initio pKa values 
deviate more substantially from the corresponding experimental values with the 
mean unsigned error and rms error of 3.2 and 3.3 pKa units, respectively. The 
rms error of ab initio pKa values for the subset of CH acids is much lower, being 
0.9–1.1 pKa units. The authors give the following explanation to the differences 
in performance: the anionic charge is more delocalized in the case of CH acids 
as compared to phenols, and therefore, the phenoxide anions exhibit stronger 
interaction with solvent molecules, which is not fully accounted for by the 
solvation model. 
 
 
 

3. Spontaneous Proton Transfer in the Gas Phase 
 
The proton transfer reaction between acid AH and base B can lead directly to 
the formation of free ions A– and BH+ 
 
AH + B = A– + BH+   (1) 
 
Assuming the zero activation energy, for the realization of proton transfer the 
basicity of B must exceed, or at least be comparable to the basicity of the 
anionic base A– (or the acidity of neutral acid AH), GB(B)≥GA(AH). This is the 
case for the reaction of perchloric acid and potassium or sodium oxide, where 
the proton transfer (leading to the free separated ions) is energetically favored 
and should be spontaneous. Indeed, the geometry optimization starting from 
assumed encounter geometry of acid and base lead to ion-pair complex of the 
proton transfer reaction products (Figure 3.1). 

11
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Figure 3.1. Typical geometries of proton transfer reaction product complexes between 
acids and alkali metal oxides 
 
 
It is important to notice that if the oppositely charged products of the proton-
transfer equilibrium (1) might undergo association into the ion-pair as a final 
product, then the proton transfer reaction should in fact be written as 
 
AH + B ═ A–···HB+   (2) 
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and its energetic realization will be much more favorable due to rather signi-
ficant coulombic stabilization through the interaction of its anionic and cationic 
products 
 
A– + BH+ ═ A–···HB+   (3) 
 
The extent of that electrostatic stabilization can be calculated as a free energy of 
reaction (3) which is the difference of free energies of processes (2) and (1). 
The calculated free energies of reactions (1), (2), and (3) are given in Table 3.1 
together with calculated gas-phase acidities and basicities. 
 
 
Table 3.1. Gas-Phase Acidities (GA), Basicities (GB), and Free Energies of Reactions 
(1–3) (∆G1, ∆G2, ∆G3, all in kcal/mol) of Acids HA and Bases B, Calculated at 
B3LYP/6–311+G** Level 
 

HA B GA GB ∆G1 ∆G2 ∆G3 
HClO4 H2O 292.5 157.6 134.9 (–1.4)a –136.3 
HClO4 NH3 292.5 195.8 96.7 –4.5b –103.6 
HClO4 (H2N)3P═NH 292.5 241.6 50.9 –27.4 –78.3 
HClO4 Li2O 292.5 278.6 13.9 –101.1 –115.0 
HClO4 Na2O 292.5 309.1 –16.6 –118.5 –101.9 
HClO4 K2O 292.5 322.8 –30.3 –119.3 –89.1 
HCl K2O 324.0 322.8 1.2 –102.8 –104.0 
HF K2O 361.8 322.8 39.0 –91.1 –130.1 

a Corresponds to the formation of hydrogen bonded acid-base complex, that is, free 
energy change of the reaction (4) as no ion-pair complex was found. b The formation of 
hydrogen bonded acid-base complex is preferred by 2.4 kcal/mol. 
 
 
All studied proton transfer reactions involving alkali metal oxides lead to 
characteristic ion-pair complexes corresponding to proton attached to the oxide 
oxygen and alkali metal atoms (bearing considerable positive charge: 0.93–0.97 
according to the NBO analysis) electrostatically interacting with anion (Figure 
3.1). 

The proton transfer from acid to base proceeds without any barrier as 
evidenced by the geometry optimization leading directly to the product ion pair 
irrespective to the starting geometry. 

Similar results are obtained for the interaction of perchloric acid and HP1 
phosphazene (H2N)3P═NH. There are two possible conformations of the ion 
pair formed: one with three longer (1.87–2.01Å) Cl—O···H—N contacts and 
another with two shorter (ca 1.74 Å) ones. The first one (with three contacts) is 
by 1.3 kcal/mol more stable. The remaining two bases, ammonia and water, are 
much weaker compared to the previously described ones. As a result, proton 
transfer reactions of perchloric acid with those bases do not irreversibly proceed 
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to the ion-pair complex. The proton transfer reaction starts with formation of 
hydrogen bonded encounter complex 
 
AH + B ═ AH···B   (4) 
 
which may proceed to the ion-pair complex (NH3) or may not (H2O). The 
reaction of the perchloric acid with ammonia leads to the hydrogen bonded 
acid–base complex, which is only by 2.4 kcal/mol more stable than ion-pair 
complex. It seems that the former is stabilized by two additional N—H···O 
interactions while the ion-pair complex has only one additional such contact as 
the proton transfer from O to N is accompanied by the 60 degrees rotation of the 
ammonia relative to N···O axis (Figure 3.2). The reaction barrier between these 
two complexes (corresponding to the proton transfer and rotation of ammonia) 
is very small (ca 0.2 kcal/mol) and thus the populations of the conformers are 
defined only by thermodynamics. 
 
 (a) 

 
 
 (b) 

 
 
Figure 3.2. Geometries of complexes between NH4

+ and ClO4
– (a), and HClO4 and NH3 

(b). The second complex is by 2.4 kcal/mol more stable as it has two additional N–
H···O contacts compared to one in the first complex 
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The basicity of water (157.6 kcal/mol) is clearly insufficient for proton transfer 
and so the reaction is finished by the formation of hydrogen-bonded acid–base 
complex. Independent of the starting geometry only this complex was obtained 
with very low hydrogen bond energy (∆G(4)=1.4 kcal/mol). 

Our results are in qualitative agreement with findings of Alkorta et al.92 who 
predicted that for the proton transfer to take place the difference in the proton 
affinities of base and the acid anion should not exceed 102 kcal/mol. We have 
shown (the reaction between perchloric acid and ammonia) that splitting up 
between proton transfer and hydrogen bond formation can occur at the 
97 kcal/mol difference between GA and GB. 
 

12
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CONCLUSIONS 
 
The major results of the present study are summarized below: 
1. Our G2 and G3(MP2) calculations indicate that the successive introduction 

of fluorine atoms into methanol and methanethiol significantly reduces the 
acidity gap between the representatives of those two series. The G2 
calculations predict that the ca 25 kcal/mol stronger acidity of CH3SH as 
compared with CH3OH is inverted to a –0.1 kcal/mol acidity difference (at 
298 K) in the case of the respective trifluoromethyl derivatives. At G3(MP2) 
level, CF3SH is still 0.8 kcal/mol stronger than CF3OH on the ∆Gacid scale (at 
298 K). 

2. The energetic effects upon successive fluorination of neutrals, anions, and 
radicals of the investigated species indicate that hyperconjugation is the 
main effect in charge for methanols and methanethiols. The same conclusion 
can be obtained from geometries, especially from the changes of the C−O 
and C−S bond lengths upon the inclusion of the second and third fluorine 
atoms. However, the potential energy curves for rotation around the O−H 
and S−H bonds suggest that the direct electrostatic interactions (i.e., between 
bond dipoles) should also be taken into account. 

3. For FOH and, also, FSH the trends in acidity and basicity upon fluorination 
of the parent compounds, H2O and H2S, could be rationalized in terms of 
field-inductive, polarizability, and (counteracting) lone pair – lone pair 
repulsion effects. 

4. The results of the analysis of the energies, geometries, NBO charges, and 
topological charge densities together with visualization of the total electron 
density distributions and selected molecular orbitals indicate that the 
interaction between DMSO and the anions cannot be characterized in terms 
of pure electrostatic interaction between the anion and S-O bond dipole. The 
formation of bidentate hydrogen-bonded complexes was verified, and 
combined hydrogen bonding and electrostatic charge-dipole interaction 
should be considered as a more realistic description. 

5. The combination of scaled B3LYP/6–311+G** gas-phase acidities with the 
IEF-PCM method provided reliable absolute pKa values for a diverse set of 
substituted phenols in the widely used DMSO and MeCN solvents. Our 
approach binds the scaled gas-phase acidities with optimized solute cavity 
formation and solvent interactions addressing the charge escape problem. 
The good predictive power of such an IEF-PCM approach is characterized 
with a mean unsigned error of 0.6 pKa units for DMSO and 0.7 pKa units for 
MeCN. The corresponding correlations between the calculated and experi-
mental pKa values resulted in regression line slopes very close to the ex-
pected value of 1. 

6. It was shown that spontaneous, unassisted proton transfer can take place in 
the gas-phase reactions between strong neutral Brønsted acids and bases. 
The reaction might be barrierless as in case of interactions between 
extremely strong superacids and superbases (e.g., perchloric acid and alkali 
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metal oxides or potassium oxide and halogen hydrides) or involve the 
encounter complex (hydrogen bonded acid–base cluster), which is separated 
from ion-pair by the transition state. However, it should be kept in mind that 
such proton transfer reactions do not lead to charge separation (i.e., 
formation of free protonated base and deprotonated acid) despite the fact that 
in some studied cases (reaction of HClO4 with K2O or Na2O) even that 
reaction would be energetically favorable. The separation of the ions from 
the ion-pair is energetically very unfavorable (at least by 80 kcal/mol) and 
thus the expected product of the proton transfer reaction will be the ion-pair 
complex. 
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SUMMARY IN ESTONIAN 
 

Struktuuri- ja solvendiefektide mõju arvutuslik uurimine 
Brønstedi hapete happelisusele 

 
Käesolevas töös uuriti kõrgetasemeliste ab initio meetoditega oluliste struk-
tuursete faktorite (suure elektronegatiivsusega F aatomi olemasolu ning kõrvuti-
asetsevate hapniku ja fluori aatomite vabade elektronpaaride vaheline inter-
aktsioon) mõju FOH molekuli happelisusele ja aluselisusele. G2 meetodit 
kasutades arvutati CH3-nFnOH ja CH3-nFnSH (n = 0–3) seeriate happelisused 
ning selgitati välja võtmefaktorid, mis avaldavad mõju nii nende OH ja SH 
hapete kui ka nende heterolüütilise ja homolüütilise dissotsiatsiooni produktide 
geomeetriale ja energeetikale. 

Teiseks uurimisteemaks oli DMSO ja anioonide vahelise komplekseerumise 
iseloomu väljaselgitamine ning IEF-PCM meetodi ennustusvõime hindamine 
asendatud fenoolide pKa väärtuste arvutamisel dimetüülsulfoksiidis ja atseto-
nitriilis. 

Samuti uuriti käesolevas töös tugeva aluse (K2O) interaktsiooni erineva 
tugevusega hapetega (HClO4, HCl ja HF) ning tugeva happe (HClO4) interakt-
siooni alustega alates K2O-st kuni H2O-ni, et selgitada välja partneritevahelise 
prootoniülekande iseloom ja ulatus. 
 
Uurimistöö olulisemad tulemused on esitatud alljärgnevas loetelus: 
1. Meie G2 and G3(MP2) arvutused näitavad, et fluori aatomite järjestikune 

sisseviimine metanooli ja metaantiooli vähendab oluliselt happelisuse vahet 
nende kahe seeria esindajate vahel. G2 arvutused ennustavad, et CH3SH  
ca 25 kcal/mol tugevam happelisus võrrelduna CH3OH-ga pöördub  
–0,1 kcal/mol happelisuse erinevuseks (temperatuuril 298 K) vastavate tri-
fluorometüülderivaatide korral. G3(MP2) tasemel on CF3SH ikka  
0,8 kcal/mol tugevam kui CF3OH ∆Gacid skaalas (temperatuuril 298 K). 

2. Energeetilised efektid uuritud ühendite neutraalsete vormide, anioonide ja 
radikaalide järjestikusel fluoreerimisel näitavad, et hüperkonjugatsioon on 
metanoolide ja metaantioolide jaoks peamine mõjuv faktor. Sama järelduseni 
võib jõuda ka geomeetriatest, eriti C−O ja C−S sidemepikkuste muutumisest 
teise ja kolmanda fluori aatomi lisamisel. Siiski nähtub potentsiaalse energia 
kõveratest, mis saadakse struktuuri rotatsioonil O−H ja S−H sidemete 
suhtes, et arvestada tuleks ka otseseid elektrostaatilisi (s.t. sideme dipoolide 
vahelisi) interaktsioone. 

3. FOH ning samuti FSH korral saab happelisuse ja aluselisuse muutumist 
lähteühendite H2O ja H2S fluoreerimisel selgitada induktsiooni, polarisee-
ritavuse ja (vastutoimiva) vabade elektronpaaride omavahelise tõukumise 
efektidega. 

4. Energiate, geomeetriate, NBO laengute ja topoloogiliste laengutiheduste 
analüüsi tulemused koos summaarse elektrontiheduse jaotuse ja valitud 
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molekulorbitaalide visualiseerimisega näitavad, et interaktsiooni DMSO ja 
anioonide vahel ei saa iseloomustada puhta elektrostaatilise interaktsiooniga 
aniooni ja S−O sideme dipooli vahel. Tõendati bidentaatsete vesinikside-
metega komplekside tekkimine ning pakuti välja vesiniksidemete moodus-
tumise ja elektrostaatilise laeng–dipool vastasmõju kombinatsioon kui arves-
tatav mõjufaktor DMSO ja anioonide kompleksimoodustamise kirjeldamisel. 

5. Skaleeritud B3LYP/6–311+G** gaasifaasi happelisuste kombineerimine 
IEF-PCM meetodiga andis usaldusväärseid absoluutse pKa väärtusi mitme-
suguste asendatud fenoolide korral laialdaselt kasutatavates DMSO ja MeCN 
solventides. Meie lähenemine seob skaleeritud gaasifaasi happelisused opti-
meeritud soluudi õõnsuse moodustamisega ja solvendi interaktsioonidega, 
mis arvestavad ja kompenseerivad laengu võimalikku leket. Sellise IEF-
PCM lähenemise head ennustusvõimet iseloomustab keskmine absoluutne 
viga 0,6 pKa ühikut DMSO korral ja 0,7 pKa ühikut MeCN korral. Vasta-
vatest korrelatsioonidest arvutatud ja eksperimentaalsete pKa väärtuste vahel 
saadi regressioonisirge tõusudeks oodatavale väärtusele 1 väga lähedased 
väärtused. 

6. Näidati, et spontaanne iseeneslik prootoni üleminek võib toimuda gaasifaasi 
reaktsioonides tugevate neutraalsete Brønstedi hapete ja aluste vahel. Reakt-
sioon võib olla barjäärivaba nagu äärmiselt tugevate superhapete ja super-
aluste (näiteks perkloorhappe ja leelismetallioksiidide või kaaliumoksiidi ja 
halogeenhüdriidide) vaheliste interaktsioonide korral või toimuda üle 
kohtumiskompleksi (vesiniksidemetega hape–alus klaster), mis on eraldatud 
ioonpaarist aktiveeritud vahekompleksiga. Siiski tuleb silmas pidada, et 
sellised prootoni ülekandereaktsioonid ei vii laengute eraldumiseni (s.t. vaba 
protoneeritud aluse ja deprotoneeritud happe moodustumiseni) vaatamata 
faktile, et mõnedel vaadeldud juhtudel (HClO4 reaktsioon K2O või Na2O-ga) 
oleks isegi selline reaktsioon energeetiliselt soodustatud. Ioonide eraldumine 
ioonpaarist on üldiselt energeetiliselt väga ebasoodne (vähemalt 80 kcal/mol 
ulatuses) ning seega oleks prootoni ülekandereaktsiooni oodatavaks pro-
duktiks ioonpaarkompleks. 
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