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Abstract

Abstract

The intermolecular geometry and relative strengths of hydrogen bonds 

between alkanol fragments and aromatic heterocycles, containing nitrogen and/or 

oxygen acceptors, have been studied using a combination of statistical studies of 

organic crystal structures in the Cambridge Crystallographic Database, and 

intermolecular perturbation theory calculations. The variation in the strength of the 

hydrogen bond with the nature of the acceptor, the orientation of the donor molecule, 

and the influence of neighbouring groups is well reflected in the electrostatic 

component of the intermolecular energy. To model this variation, an anisotropic 

electrostatic model, such as distributed multipoles centred on the atoms, is required. 

This anisotropic electrostatic model, combined with a simpler empirically fitted 6-exp 

dispersion-repulsion potential, successfully predicts the main trends in the relative 

strengths of the hydrogen bonds between a number of aromatic heterocycles and 

methanol, and it predicts intermolecular geometries for the complexes that 

qualitatively agree with the most commonly observed patterns in the database.

Changes of the atomic charge density due to hybridisation, neighbouring 

atoms, or molecular conformation inevitably affect the other contributions to the 

intermolecular energy, and thus such changes need to be modelled to provide a more 

accurate potential. The overlap model is investigated as a means of deriving the 

exchange-repulsion from the overlap of the monomer wavefunctions for two very 

different N—H—O hydrogen bonds, and for the oxalic acid dimer. The overlap model 

is shown to be a good method for splitting-up the total intermolecular repulsion into 

atom-atom contributions, although convergence problems of the series of anisotropic 

terms mean that the analytical expression of the overlap is not very useful for organic 

systems. Overall, a systematically derived potential, which uses distributed multipoles 

for the electrostatics and the overlap model for the repulsion, is successful in 

modelling both polymorphs of oxalic acid, and is thus more realistic than most earlier 

empirically fitted transferable potentials.
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I. Overview

Chapter I
Overview

Hydrogen bonds between molecules have attracted a lot of scientific interest 

due to their abundance in the solid state and their important role in the biological 

activity of molecules. This thesis is partly a theoretical investigation into the nature of 

hydrogen bonds aimed at understanding common patterns observed in crystal 

structures, and partly an effort to improve model potentials so that they more 

accurately reflect the potential energy surfaces of hydrogen bonds. This chapter gives 

an overview of the problems and solutions dealt with in this thesis.

Despite the widely recognised importance of hydrogen bonding, little is known 

on how the strength of a hydrogen bond, and its variation with geometry, depend on 

the specific nature of the donor and acceptor atoms. The hybridisation of the donor 

and acceptor atoms, their neighbouring groups, and of course the conformation of the 

molecules involved in hydrogen bonds can all be expected to affect their strength and 

geometries. If this is true, then the simplified model potentials used in drug design 

studies ought to reflect the nature and environment of the atoms involved. This in turn
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I. Overview

means, that current assumptions of the transferability of parameters for such 

potentials, even amongst similar systems, need to be investigated.

This thesis begins with a study of specific systems, aromatic heterocycles 

containing N and/or O atoms. These heteroatoms are potential hydrogen bond 

acceptors and the comparative study of their hydrogen bonds to a molecule such as 

methanol is of interest to the design of new ligands, where substitution of nitrogen 

with oxygen would be an easy way of obtaining a distinct type of ligand from an 

existing one. This work uses a combination of statistical studies from the Cambridge 

Structural Database (CSD)^ and intermolecular perturbation theory calculations 

(IMPT)^’̂ ’'* on model systems to derive conclusions on the preferred acceptors and 

geometries among possible and often competing hydrogen bonds. Both approaches 

have advantages and limitations, and thus we use them as complementary in this 

study. Indeed, the agreement between the two methods is encouraging.

In the first part of results (chapter IV), the CSD is used to retrieve and analyse 

hydrogen bonds between C—O—H fragments and the nitrogen or oxygen acceptor in 

seven aromatic monocyclic heterocycles. Statistical analysis shows that hydrogen 

bonds to aromatic oxygens are very rare, and that bonds to nitrogen acceptors are 

mostly formed in the direction of the idealised lone pair. The directionality observed in 

the CSD is confirmed by IMPT calculations at the most energetically favourable 

regions of the intermolecular surface, located during a scan using an atom-atom 

model potential. The key feature of this potential is the representation of the 

electrostatic forces using Distributed Multipole Analysis (DMA),^’̂  which accurately 

models anisotropic interactions arising from the non-spherical distribution of charge 

densities around bonded atoms. The repulsion and dispersion are more conventionally 

modelled using an isotropic 6-exp form: A qx^{-oR) + CJI^, with A, B and C fitted to 

experimental data. The observed weakness of aromatic oxygens in accepting 

hydrogen bonds leads to further research (described in chapter V) on the hydrogen 

bonding abilities of anisoles and phenols, with methanol as a model donor. The 

DMA+ 6-exp potential is used for scanning the potential energy surface and IMPT 

calculations are performed at the minima located with this potential. It is found that 

twisting the H/CH3 group out of the plane of the ring leads to stronger hydrogen

11



I. Overview

bonds, but the variation of the energy with conformation is not large. Furthermore, it 

is found that the electrostatic component of the intermolecular potential makes a 

major contribution to the variation with conformation.

This study shows then that the use of an accurate anisotropic electrostatic 

model is indispensable in representing the variation with hybridisation and 

environment of the charge density on the atoms involved in hydrogen bonds. If the 

charge density varies considerably among these similar systems, it can be expected 

that this will not only influence the electrostatic component, but the other terms as 

well. In this thesis we focus our interest on the exchange-repulsion, which governs 

how close two molecules can approach each other, and which needs to be better 

modelled to reflect the variation of repulsion with different orientations of the donor 

and acceptor atoms, as well as the variation with hybridisation state of these atoms.

Chapter VI is an account of our attempt to go beyond the DMK+6-exp 

potential to improve the representation of repulsion, and subsequently improve the 

determination of the hydrogen bond length. This thesis investigates the overlap model, 

which assumes that the intermolecular repulsion is proportional to the overlap of 

molecular charge densities. The usefulness of the overlap model in splitting up the 

total repulsion in hydrogen bonded systems into atom-atom contributions is tested. 

Furthermore, the derivation of an analytical anisotropic expression for the repulsion in 

N -'H —O hydrogen bonds is attempted. Methanol is used as a model donor, and 

pyridine and methylcyanide as hydrogen acceptors. The proportionality constant 

between repulsion and overlap is fitted to IMPT calculations for a large number of 

hydrogen bonded geometries. These geometries are representative of the bulk of the 

hydrogen bonds between pyridine rings (or cyanide groups) and alcohols observed in 

a collection of crystal structures, retrieved from the CSD. Although the anisotropy in 

the repulsion for the above systems is small, the method is generally successful in 

reproducing the IMPT value for the repulsion within the error inherent in the overlap 

assumption.

The reasonable success of the overlap model in yielding isotropic parameters 

for an exponential repulsion potential leads to the work described in chapter VII. 

Better and correlated basis sets are used in an effort to produce parameters for the

12
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exchange-repulsion between oxalic acid molecules in the dimer, with the final goal of 

accurately reproducing the crystal structures of oxalic acid. Most empirically fitted 

transferable potentials for carboxylic acids do not perform well for at least one of the 

two polymorphs of oxalic acid. This is probably because oxalic acid is unique in that 

the two carboxylic groups are adjacent to each other. This would affect mostly the 

parameters for carbon, as these carbons must be very different than carbons in the 

alkane chain of longer carboxylic acids. Our isotropic repulsion potential, in 

combination with a Slater-Kirkwood dispersion model and a DMA representation of 

the electrostatics, and with no fitting to experimental data, performs better in 

reproducing the structures of both polymorphs of oxalic acid, than an empirically 

fitted 6-exp potential which uses the same representation for the electrostatic forces. 

This non-empirical potential can be improved, if the pre-exponential parameters are 

fitted to a small number of calculated atom-'-atom overlaps, so as to absorb part of the 

error from neglecting the anisotropy. This requires the use of accurate exponents and 

consequently large basis sets. However, good exponents can be derived for a small 

molecule representative of a whole class of molecules (and assumed transferable for 

the whole class), thus allowing the use of much better basis sets, than the ones which 

would have been possible for larger molecules.

Thus, this thesis is fundamentally concerned with producing more accurate and 

reliable potentials for the representation of hydrogen bonds. An electrostatic model 

based on distributed multipoles provides most of the observed variation in the 

hydrogen bond strength, arising from variations in the orientation of the acceptor and 

donor atoms, their hybridisation states, their environments and the conformation of 

the molecules involved. The remaining terms in the potential will be also affected by 

such variations and need to be based on similar theoretical footing. A step towards 

this direction is the development, in this thesis, of a systematic scheme for deriving the 

exchange-repulsion from the overlap of the monomer wavefunctions. In conclusion, 

deriving the necessary parameters from the monomer wavefunction means that the 

unique nature and environment of atoms in organic systems, which are responsible for 

many of the failures of empirical transferable potentials, can be taken into account.

13
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Chapter II.

The theory of intermolecular forces

n.l. Introduction

The science of chemistry deals mainly with the making and breaking of bonds 

between atoms, but the world around us is a manifestation of the forces between 

molecules. Everyday observations, such as the condensed phase of matter, suggests that 

even neutral molecules interact with each other, and that this interaction most often has 

both attractive and repulsive regions. Understanding the interaction of molecules is a 

pathway to understanding the physical world, and so it is a challenge very close to the 

chemists’ heart.

The title of this chapter refers to intermolecular forces, but it is much more 

common to discuss the interactions between molecules in terms of the potential {U) 

around them. The two of course are related through equation II. 1 ;

15



II. Theory o f  intermolecular forces

F{R) = (mi)
aK

In the simplified approximation, where the interaction of the two molecules is a function 

of their separation, chemical intuition tells us that the intermolecular potential will look 

like fig. II. 1. The idea of molecules attracting and repelling each other goes back to the 

18th century when it was initially suggested by Boscovich, but it was Clausius in 1857 

who first stated that attraction must be dominant at long range and repulsion at short, ̂  

giving rise to a picture similar to fig. II. 1. Eisenschitz and London^ showed that the shape 

of the potential curve arises from a balance of the long range terms and exchange- 

repulsion. The potential has a well around a minimum energy separation R=p, it goes 

through zero (at R=a, the collision diameter) as the molecules are brought together, and 

becomes positive fast as the molecular electron densities start to overlap. At distances 

larger than p, the attractive interaction must fall off slowly, as the intermolecular distance 

increases. It is worth noting here that the forces in fig. II. 1 become repulsive for 

separations smaller than p, yet the energy of the two molecules remains negative up to 

R~<j. AI significant part of this dissertation focuses on the repulsive interactions in the area 

where the total potential is still negative.

Even this simple picture of the intermolecular potential would need either a large 

number of single-point calculations to describe it, or a mathematical form, some function 

of R  involving parameters which need determination. In reality, the situation is far more 

complicated as most molecules are not even approximately spherical, and so their potential 

is not only a function of R, but also a function of orientation D. In the general case, we 

deal with a six-dimensional potential energy surface, three coordinates needed for the 

intermolecular vector R and three angles for the description of the orientation of the 

molecular axes of one molecule with respect to the axes of the other.

This chapter attempts an outline of the very broad subject of intermolecular forces. 

It starts with the description of these forces in terms of their physical meaning, i.e. as they 

are qualitatively understood at present. It continues with the description of methods for 

the calculation of the intermolecular potential, going from experimental data to the 

theoretical attempts for an exact calculation using ab Uiitio variational or perturbational

16
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methods. Finally, it concludes with a review of the attempts to construct model potentials, 

in an effort to substitute the computationally expensive, and often unknown, real potential 

with a mathematical function, the parameters of which are determined via experimental or 

theoretical methods. As it will become obvious, certain aspects of the theory of 

intermolecular forces are given much more emphasis on account of their relation to the 

rest of the thesis. Thus, for example, the electrostatic and repulsion forces are particularly 

emphasised, as is the development of accurate model potentials based on the monomer 

wavefunctions. Consequently, this chapter does not do justice to every contribution to the 

intermolecular forces, and it is far from a comprehensive review of the subject. The reader 

is directed to the many cited references and a large number of books/reviews such as those 

by Hirschfelder,^ Margenau and Kestner,'^ Maitland et al,^ Pullman,^ Arrighini,^ Gray and 

Gubbins,^ Pertsin and Kitaigorodsky,* Huyskens et al^, and recently Stone.

n.2. The forces between molecules

The discussion in this chapter focuses on forces of electrostatic origin, and hence 

forces that arise from the presence of charged particles in molecules, i.e. nuclei and 

electrons. Of course magnetic and gravitational forces also exist between particles, but 

these are so weak that they cannot account for the strength of the observed intermolecular 

forces. These will therefore be ignored in this discussion.

The contributions to the intermolecular interaction are commonly divided into 

long- and short-range, the division being primarily a question of whether the overlap of 

charge distributions of the molecules can be considered negligible or not. The energy for 

long-range interactions has an inverse power relationship to the distance between the 

molecules, whereas the short-range one falls approximately exponentially with distance.

It is appropriate here to introduce also the concept of pairwise additivity. This is 

the idea that the potential of a collection of molecules A, B, C, D,...etc, can be treated as 

the sum of all two body terms;

UABCD... .....+ U   (II:2)

This is of course neglecting the fact that the interaction of A with B  may be influenced by

17
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the presence of C, D  ...Thus, the sum of the pair potentials differs from the real total 

intermolecular potential by a term This term can be split into different contributions, 

such as three-body, four-body terms etc, and even each one of these can be further split 

into more identifiable contributions. For example, one of the three body terms, known as 

the triple dipole energy was first derived and estimated by Axilrod and Teller. We shall 

see that the importance of this concept stems from the fact that non-pairwise additive 

contributions to the intermolecular potential are naturally much harder to model. Each 

contribution to the interaction between molecules is described here briefly in terms of its 

physical significance.

11.2,1. Long range interactions

Electrostatic energy. This is the classical Coulombic interaction between the undistorted 

charge distributions of two molecules. For neutral molecules, it is due to the interactions 

between the non-spherically symmetrical distribution of charge due to the nuclei and the 

electrons. The electrostatic interaction between two molecules can be expressed in a 

straightforward way in the form of an integral over the charge densities of the molecules:

Ue,= J  P  (n:3)
r  — rall_space  I 1 2 1

where is the charge distribution of molecule A, whose position (determined by the

vector ri) is |r i-r2| distance away from molecule B.

The electrostatic interaction is pairwise additive, attractive or repulsive, and shows 

the greatest orientation dependence. Hence, it is expected to be the dominating force in 

determining the orientation of the interacting molecules.

Induction (polarisation) energy. A nonadditive, and always attractive term, the 

polarisation energy arises from the distortion of the charge distribution on one molecule in 

the presence of the electric field of all surrounding molecules. For neutral molecules, it is 

normally the smallest (in magnitude) long range term. For example, the interaction of a 

charge and the dipole it induces will have an induction term that falls off as .

Dispersion energy. This is an always attractive, and additive (to second order in
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perturbation theory - at higher order there are non-additive terms) term. It has no 

“classical” explanation, but it describes the mutual correlation of electrons belonging to 

different mononers, the effect being one of lowering the energy.

77.2.2. Short range interactions

When charge overlap occurs, all long range terms are modified, and this effect 

must be taken into account for an accurate representation of intermolecular forces. Charge 

overlap gives rise to terms known as penetration electrostatic, exchange induction and 

exchange dispersion. The last two will be ignored throughout this thesis, although they 

may have a non-negligible effect on the intermolecular potential. In addition, the following 

new types of interaction arise at short range:

Exchange-Repidsion energy. This non-additive and repulsive term consists of two 

components: The exchange energy (pairwise additive and attractive), a non-classical term, 

describes the exchange of electrons of parallel spin between two molecules, leading to a 

lowering of the energy. The second term is a non-additive repulsion arising from the Pauli 

exclusion principle, which, in a naive interpretation, means that electrons with parallel spin 

cannot occupy the same space. Since the repulsion energy is approximately twice as large 

as the exchange energy, their sum is repulsive and it is actually the dominant contribution 

at short range.

Charge-transfer energy. This is an attractive term corresponding to the charge transfer 

which arises from excitations of electrons from occupied orbitals of one molecule to 

virtual ones of the other. We shall see later on that the charge transfer energy is by 

definition meaningful, only when the molecular orbitals can be identified as belonging to 

one or the other monomer. Where no such definition is possible, the separation of the 

charge transfer form the polarisation energy is somehow artificial.

II.3. The calculation of intermolecular forces

77.5.7. Intermolecular forces from experiments

Before progress in computers made theoretical calculations feasible for at least 

medium size systems, experimental techniques were the only method available for
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determining and quantifying the interactions between molecules. In fact, there is still, and 

will always be, a complementary relationship between experimental and theoretical 

methods, as progress in either field challenges researchers in the other to provide support 

and confirmation for the new observation or prediction.

To the present day there is no direct way of measuring intermolecular forces. What 

are measurable are macroscopic properties which depend on the intermolecular forces 

through some functional form. This means that information on the forces must be 

extracted from experimental data and this is not an easy task. Experimental errors will 

hinder this procedure but more importantly success will depend on the theory that 

connects the observations to the forces. Often a set of experimental data may be equally 

well represented by many potential functions. Therefore some model mathematical form 

must be assumed, and then the data must be used to fit the parameters in the model. The 

fitting of the parameters to experimental data is crucial, as the reliability of the potential in 

future simulations will be directly related to this fitting. A common problem is overfitting, 

i.e. constructing a model that fits the available data accurately but has little predictive 

power,. as it is a poor representation of the real potential. The use of sufficient 

experimental data that comes from a variety of sources is needed, in order to obtain a 

realistic potential. Theoretical guidance is indispensable in the extraction of a potential 

from experimental measurements, as this can limit considerably the functional form and 

number of parameters for fitting. Testing an existing potential is a generally less 

demanding procedure, as there is no need for a large number of observations, as long as 

these are chosen carefully to cover as wide as possible a range of the distance and 

orientations that the potential is effective in.

Experimental data for the determination of intermolecular potentials has come 

traditionally from experiments on gases, although condensed phases are also used and 

lately the study of small molecular clusters has also been possible through the advance of 

experimental techniques. The following is a very brief summary of the experimental 

methods used, as this thesis does not include any experimental work. Comprehensive 

treatments can be found in Gray and Gubbins,^ or Maitland et al.^ and shorter reviews in 

Stone,*® Mason and Monchik,*^ and in selected chapters in Pullman.^
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Spectroscopy is probably the single most important method for the determination 

of intermolecular potentials. Molecular beam microwave spectroscopy for example can be 

used to obtain the microwave spectra of weakly bound complexes. A disadvantage of this 

method is that the information obtained is averaged over the large amplitude vibrations of 

such complexes. Alternatively, far-infrared spectroscopy provides a wealth of 

information,^^ and advances in the lasers and detectors used in this method are responsible 

for the numerous investigations of complexes that led to information on the potential 

energy surfaces of Ar—HCl, '̂* Ar--H2 0 ,̂  ̂and Ar—HgN.^^

Molecular beam scattering experiments use two crossed beams of molecules to 

calculate properties such as differential cross sections which are directly related to the 

depth of the potential and the separation of molecules at the van der Waals minimum. 

Scattering techniques provide information on both the attractive and repulsive parts of the 

potential and are thus complementary to spectroscopy.

Information on the intermolecular potential of gases is most commonly obtained 

from the second virial coefficient. This is the first of a series of temperature dependant 

coefficients describing the deviation of a real gas from the ideal gas behaviour, described 

as PV=RT. It depends solely on the pair potential, but, in practise, inversion of the virial 

coefficient data to obtain the potential is impossible, as in the general case of two non

linear molecules this coefficient is an integral over the six dimensions describing their 

distance and orientation. However second virial coefficients are often used as tests for the 

form and parameters of model potentials.

Other properties of gases, such as thermal conductivity,^^ or viscosity and diffusion 

coefficients*^ also depend only on the pair potential and so they can be used in theory to 

derive information for the potential. In practise these properties involve more complicated 

inversion procedures and so their use is limited to testing the validity of potentials.

Experimental data on condensed phases is contaminated with the effects of many- 

body terms. The error introduced by ignoring these terms is too large for solids and 

liquids, but taking them into account adds a considerable cost in the time consumption of 

the simulation. It is usual then to use an effective potential, i.e. a pair potential which 

implicitly absorbs some average correction for the three body terms. The molecular crystal
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structures are very sensitive to the potential, at least for the orientations sampled in the 

crystals. Hence, crystal structures provide a good source of information for fitting of 

parameters in potentials.^”’̂ '

Finally, experiments are often used for the calculation of properties of the 

monomers, such as multipole moments, which can be used for the description of the 

intermolecular potential at long range. The dipole moment for example is often determined 

via measurements of the dielectric constant or using spectroscopy (the Stark effect), or 

electron density maps from X-ray diffraction.^^ The anisotropy in the refractive index 

induced by non-uniform electric fields (induced birefringence) can be used to determine 

quadrupole moments.^^ Mean polarisabilities are related to the refractive index and they 

can also be determined from electric-dipole absorption spectra.

11.3,2. Intermolecular forces from ab initio methods

The following discussion on the accurate calculation of intermolecular forces is in 

fact not totally accurate as two basic assumptions are made. The first one is the neglect of 

relativisjiic effects. The theory of relativity tells us that no information can travel faster 

than the speed of light. This includes the “knowledge” of one particle concerning the 

positions of other particles around it. Hence the basic assumption of quantum mechanics 

that the particles know exactly where other particles are, breaks down for distances where 

the information is delayed by the finite speed of light. This leads to retardation effects that 

must be considered in the potential. However, the distances we normally deal with are so 

small that neglect of relativity is not a problem. Where it becomes important it can be 

taken into account using quantum electrodynamics^"^ but for the rest of this thesis it will be 

ignored.

The other fundamental approximation is the Born-Oppenheimer separation of 

electronic and nuclear motions. This approximation is in fact indispensable to the concept 

of potential energy surfaces. To understand this better, one must think that, for the 

interaction between two molecules to be represented by a figure like II. 1, one must know 

the exact position of the two molecules at all times. The uncertainty principle tells us that 

this is not possible. Fortunately the nuclei move so slow compared to the electrons that
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assuming them fixed in space is a valid approximation in most cases. The problem then 

reduces into a fixed-nuclei moving electrons one, in which the separation of the molecules 

can be defined exactly as the separation between two nuclei, or two centres of masses. In 

rare cases the Bom-Oppenheimer approximation will break down, such as when the nuclei 

move fast as in high energy molecular beam collisions, or if electronic quantum states of 

the same symmetry cross. However such situations will not be considered in this 

dissertation.

II. 3.2.1. Supermolecule calculations

The intermolecular potential between two molecules A and B  can be defined as the 

energy required to bring A and B together from infinity, i.e.

u =  - E g  (11:4)

where Eab is the energy of the complex A - B, and Ea and Eb are the energies of the

isolated molecules. The energies Eab, Ea and Eb are solutions of the time independent

Schrodinger equation;
!

H\ \ f  = E\\f (11:5)

(within the Born Oppenheimer approximation). From equation 11:4, to calculate the 

intermolecular potential Uab we need to calculate the energies Eab, Ea and Eb. This is the

supermolecule approach, as the complex A - B is considered as one entity (a

supermolecule) for the calculation of the energy Eab- The Schrodinger equation has 

analytical solutions only for the hydrogen atom, so that the energies E  are generally 

approximate solutions obtained from ab initio calculations.

Since only approximate solutions are possible for the energies, the intermolecular 

potential will reflect the level of approximation used in the ah initio calculations. A 

common approximation is the self consistent field technique (SCF) where it is assumed 

that each electron moves in the averaged field of all others. Within the SCF 

approximation, the quality of the calculation is restricted by that of the basis set. The SCF 

energy is variational, so better (which is normally synonymous to larger) basis sets yield 

lower energies, which are closer to the true value. The latter is known as the Hartree-Fock
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limit and it would be obtained with an ideally complete basis set. Even at the Hartree-Fock 

limit, the calculated interaction energy of the system will be only an estimate of the true 

energy, as SCF calculations do not account for the dispersion energy between molecules. 

This is due to the fundamental assumption of SCF theory that each electron moves in the 

average field of all others, its movement being independent of the movement of all other 

electrons. The electrons are said to be uncorrelated.

Methods which attempt to correct the SCF energy by including the correlation of 

electrons are known as correlation methods. Configuration interaction (Cl), coupled- 

clusters (CC) and Moller-Plesset perturbation theory truncated at various orders (MP2, 

MP4, etc), are all attempts to account for electron correlation. Including electron 

correlation adds, normally, a considerable amount of time to the calculation, and for rather 

large systems it may be altogether prohibitive.

In an ideal situation, complete basis sets would be used in conjunction with 

sophisticated methods for the electron correlation, and the true values of the energies of 

monomers and of the complex would be obtained for any separation and orientation of 

interacting molecules. In practise, even today’s supercomputers cannot cope with the task 

of calculating ab initio the true potential for even small sized molecules during simulations 

of the liquid phase, where thousands of such calculations are needed. We shall see later on 

that this is exactly where model potentials become indispensable.

The supermolecule approach has been criticised on the basis of a number of 

weaknesses. A fundamental problem of this method is that, although the energies of the 

monomers are variational, their difference is not variationally bound, i.e. it does not form 

itself an upper (or lower) limit for the true energy. Supermolecule approaches have the 

additional drawback of calculating a very small energy from two much larger ones. This 

has been compared^^ illustratively (and rather wittily) to obtaining the weight of a captain 

as the difference between the mass of the ship with and without the captain. Of course, if 

the errors in the calculation of the ship’s weight are much smaller than the captain’s 

weight, there is nothing fundamentally wrong with this method. In the same way, post- 

Hartree-Fock methods with large basis sets, can be accurate enough so that the errors 

involved are much smaller than the intermolecular energies. However, one should be
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aware of this problem, when balancing the quality of the calculation against time and 

hardware requirements.

A method for the calculation of molecular energies of interaction should be ideally 

independent of the basis set used. If this is not possible - and this is the case with current 

computers and software - what would be required of the method then, is that it produces 

results that converge slowly to a limit as the quality of the basis set gets better and better. 

However, the basis set superposition error (BSSE), i.e. the lowering of the interaction 

energy caused by the use of finite basis sets is a problem affecting most calculations. The 

BSSE problem stems from the fact that basis sets currently in use are never complete, and 

thus, a molecule A that is inadequately described by its own basis functions may use the 

basis functions of a molecule B to improve its own intramolecular description, as if the 

electrons and nuclei of B were not there. This is causing a spurious lowering of the energy 

of interaction. There are methods correcting BSSE (the most popular being the Boys- 

Bernardi counterpoise method^^), but for a long time there was controversy in the 

literature^^’̂ ’̂̂ ’̂̂® on whether this is actually an overcorrection leading to underestimated 

interaction energies. Recently it has been argued that there is no problem of 

overcorrection.^^ In any case, the correction of BSSE is still an undeniable time- 

consuming task. A more promising approach for the future may be the a priori avoidance 

of the problem. Gianinetti et al?^ have recently suggested such a method, based on a 

modification of the Roothaan equations, which they claim is particularly suitable for the 

computation of intermolecular interactions.

II. 3.2.2. Density functional theory

Density functional theory (DFT) is strictly not an ab initio but a semi-empirical 

m et hod . I t s  basis is the theorem by Hohenberg and Kohn '̂  ̂ that the electron density p(r) 

of a system determines the external potential, or in other words, the energy is a functional 

of the density. The theorem however is restricted to ground states only. Wilson^^ has 

given a simplified explanation of the method which became the basis of hopes and 

aspirations behind DFT. He claimed that the knowledge of the electron density and its 

gradient would give us the position and charge of the nuclei. Thus, the full Schrodinger
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Hamiltonian would be known, the waveflinction and energy of the system would be 

known, and from these every property of the system could be calculated. This is ideal but 

it has very little practical value as it does not give any guidance on how to calculate the 

energy from a given density. However, it is possible to reduce the problem to the 

determination of a functional known as the exchange-correlation functional. Following the 

Kohn-Sham^^ methodology, this functional is the equivalent of the exchange contribution 

in the SCF formalism. Once the exchange-correlation functional is determined, the DFT 

method is complete. It is not known whether the exact functional will ever be found. 

Indeed, it is not sure whether it even exists, which means that the basis of DFT is itself not 

very rigorous. But DFT methods can start from approximations for which there are exact 

solutions, such as the uniform electron gas (also known as LDA, the local density 

approximation), and improve using different approaches such as the Becke exchange 

correction,^^ and correlation functionals,^* or the Lee-Yang-Parr^^ correlation functional.

Theoretical chemists embraced in the last decade DFT methods which became 

extremely popular, mainly due to their reduced computational expense, as compared with 

correlatpd ab initio methods. Their applicability to the description of intermolecular 

potentials is however debatable, their main problem being their poor representation of the 

dispersion energy. Their accuracy has also been debated on the grounds that the numerical 

methods employed for the evaluation of the energy contain errors of the order of 

intermolecular energies. Results from Pérez-Jordâ and Becke'**’ on rare gas diatomics were 

-not unexpectedly- poor as dispersion was severely underestimated. Del Bene et al.^  ̂

reported a failure of the B3-LYP/6-31G(d,p) in reproducing the energies, structures and 

frequency shifts of selected hydrogen bonded complexes, as compared with MP2 and 

experimental values (but their conclusions were recently criticised'*  ̂ on the basis that the 

surprisingly good results of the MP2 method must have been the result of cancellation of 

errors). In a recent study of the water dimer the well depth was severely underestimated 

by DFT.'*  ̂ However, Xantheas'*'* reported some encouraging results in the study of cyclic 

water dimers for the B-LYP functional using a double zeta basis set augmented with 

polarisation and diffuse functions. More recently, Suhai'*̂  has shown that structural details 

of infinite chains of formamide (modelling the hydrogen bonded chains observed in the
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crystal structure) can be predicted within a few hundredths of an Â using B-LYP and B3- 

LYP functionals, and a minimum TZ(2d,2p) type basis set (but this large basis set was of 

equivalent computational expense as a DZ(d,p) at the MP2 level). In any case, it should be 

noted that the failures of DFT can in principle be corrected, if the right functional is ever 

constructed, and so this method has the potential to play an important role in the 

determination of intermolecular potentials in the future.

II. 3.2.3. Perturbation theory calculations

Stone has argued'*  ̂ that perturbation theory is a natural way of calculating 

intermolecular forces, since they are relatively weak compared to the forces that keep 

molecules together, and that it is intuitive to treat them as a small perturbation to the total 

Hamiltonian for the interacting molecules. The attraction behind using perturbation theory 

is that, in essence, this is using information from the monomers to obtain the dimer 

potential energy. This idea will recur in this dissertation, as it is the basis for most efforts 

to develop simplified approaches to the calculation of intermolecular potentials.

113.2.3:^1. Perturbation theory at long range

Long range perturbation theory of intermolecular forces was first discussed by 

London'*^ but many have re-formulated it since, amongst them Margenau,'** Longuet- 

Higgins,'*^ and Buckingham.

At long range, perturbation theory is simplified because the exclusion principle can 

be neglected. More specifically, the wavefunctions of the monomers are non-zero in 

different non-overlapping regions of space, which means that the waveflinction of the 

complex does not need to be an antisymmetrised product of them. The assumption that 

electrons can be assigned to individual molecules reflects a “polarised” view of the 

complex, and hence it is also referred to as the “polarisation approximation”. There is a 

small error involved in the assumption that the wavefunctions do not overlap at long 

range, as the overlap can never be exactly zero. However, this error decreases 

exponentially with the increasing separation between the molecules, and it is already 

negligible at moderate separations of interest to the intermolecular potential.

In the Rayleigh-Schrodinger perturbation theory, the interacting molecules A and B
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have Hamiltonians Ha and Mb, with the unperturbed Hamiltonian for the interacting system 

being simply; H^=Ha-^Hb. The perturbation V is then defined as the electrostatic 

(Coulombic) interaction between the electrons and nuclei of^4 and those oïB\

î A j€B

The zeroth order energy is the energy of a system with infinite separation of the 

monomers and it is simply the sum of the monomer energies:

U ' ^ = E \ + E l  (11:7)

where: and |//g| Vg),  and a and y/g are ground state

wavefunctions of the molecules A and B  respectively.

From eq. 11:7 then the intermolecular potential should be the sum of all terms 

higher than zeroth order. At first order we obtain the electrostatic energy:

= ( v > b H v > b) (n:8)

At second order, we obtain the induction and dispersion energies, which contain no terms

with both molecules in the ground state. The induction energy of A is described by a term 

where A is at an excited state and B in the ground state:

U L  = -  E  (U:9)

and vice versa for the induction energy of B\

u L  = -  Z  ( n : io )
Vb b

Finally the dispersion energy arises from the terms where both molecules are excited:

^  E... + £ . . .  - E ° - E ‘!Vx 'Vb a
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Here, the products Ya Yb are eigenfunctions of the unperturbed Hamiltonian i f .

It is important to note that SCF wavefunctions for the monomers can be used in 

perturbation theory to recover part of the dispersion energy, whereas in a supermolecule 

calculation, correlated wavefunctions are required for the dispersion energy to be 

included.

A physical interpretation is possible for the above terms, in the frame of the 

multipole expansion approximation. Following S t one , th e  perturbation operator F is  re

expressed as a power series in the intermolecular separation R  in the spherical tensor 

notation:

V = QfT,„Q! (n:12)

This is a very compact notation, where the perturbation has been expressed in terms of the 

tensors T, and the irreducible components of the electrostatic multipole operators Q . A 

repeated suffix summation convention has been used, and there is a further abbreviation in 

that the subscripts t and u are each used to represent a spherical harmonic The

interaction tensors T are defined in terms of the real components of the normalised S  

functions, S  , as:

where the subscript /; refers to the rank of the multipole on molecule A and k  indicates 

that we deal with real components. The tensors T  depend only on the separation and 

relative orientation of the molecules A and B. Hence, they can be tabulated and used 

irrespectively of the molecules’ identities. Formulae for /y+/2<=4 have been given by Price 

et and listed by Stone^® in a slightly different form. Hàttig and Hess^  ̂ introduced later 

a simpler method for deriving these formulae and listed expressions for terms up to and 

including IT^. Hàttig^^ has recently published recurrence relations for the calculation of 

higher rank spherical multipole interaction tensors using the lower rank ones.

The beauty of eq. 11:12 is that there is no need for a repeated evaluation of 

trigonometric functions to describe the interaction of the two molecules. All is needed are
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scalar products of the unit vectors along the local molecular axes and the vector R from 

molecule A to molecule B. This is very advantageous in simulations where the potential 

needs to be evaluated many times for different intermolecular separation and orientations.

Coming back to eq. 11:13, we can replace F in  the Rayleigh-Schrodinger scheme 

and obtain the components of the intermolecular potential in expansions of inverse powers 

OÏR, as:

U = Y ,C „X „,R -  (11:14)

Cm depend on the properties of the monomers and Xm on the relative orientation of the 

molecules. The values of m will depend on the symmetry of the system, and, of course, on 

which component of the total energy is evaluated. As an example we can consider the 

simple case of the interaction between two dipoles. The expectation value of the multipole 

operator g /  is simply the multipole moment Q^t, so that the electrostatic energy will be

proportional to the product of f / f l  and inversely proportional to as /;+/2+l=3 here. If 

we assume for simplicity that the intermolecular vector R lies along the z-axis, and the 

origin 6f the system is molecule A, then the interaction tensor for the two dipoles 

becomes:

0̂,10 = ;) + z" z") (n;15)

where P is the unit vector along R, and - r  is the projection of the local z-axis of 

molecule A on R.

Note that, as the electrostatic energy can be either positive or negative, the 

property of the T tensors to average zero over all space means that this interaction will 

show the greatest angular variation, and thus it will be the most important term in 

determining the geometry of the complex, irrespective of its magnitude.

We have thus expressed the electrostatic energy in terms of the permanent 

multipole moments on the two monomers. Similarly, the induction energy can be 

expressed in terms of multipole moments and polarisabilities of the monomers thus 

reflecting the interaction between permanent and induced multipole moments. The
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induction energy on molecule A will be a sum of terms including the polarisability of A and 

two multipole moments of B, and so, if more than one molecules are interacting with A, 

the two multipole moments will not necessarily belong to the same molecule, giving rise to 

three body terms. The non-additivity of the induction energy introduces some severe 

problems in the commonly used pairwise additive potentials.

The multipolar expansion for the dispersion energy is more complicated. Equation 

II; 11 transforms to:

u , . . ,  = - Z  E  E C C

('I' X \Qf IM'" )(v  0 \Q!I \Qt IVX )('!'« |ô f  I ' I ' a )

Now we need to separate this sum into a product of two terms, one containing A only, and 

the other B  only. However, the denominator is a sum of terms depending on A and terms 

depending on B, so such a separation is by no means trivial. One possible solution is the 

use of the Casimir - Polder identity:”

' (n:17)
a + b 71 •’0 (<7̂  + œ  ̂){b  ̂ + co  ̂)

This is valid for a,b>0, so the identity is valid for the ground states of A and B. This leads 

to an expression of the dispersion energy in terms of the polarisabilities of molecules A and 

B  at the imaginary frequency ioy.

u,,, = (n:18)

where a sum is implied over t,u,v, and w.

Another possibility is the use of the Unsold”  or average-energy approximation. 

Setting the denominator of equation II: 16 to:

where Ua and Ub are mean excitation energies, we can now write an expression for the 

leading term in the dispersion energy by replacing the sum over states in equation 11:16
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with a product of polarisabilities:

Equation 11:19 reduces in the case of atoms to the London formula for the dispersion 

energy.

It is worth noting that both the multipolar electrostatic and induction energies of 

two spherical charge distributions are zero, and so the only interaction present at long 

range in this case is the dispersion energy.

The use of an expansion series for the description of the intermolecular potential 

naturally leads to the question of whether this series converges. Unfortunately for model 

potentials, the series at second or higher order diverges for any finite However, it

converges asymptotically,^^ i.e. when R  tends to infinity. In the case of the electrostatic 

interaction, the multipole expansion converges within a region, but it is slowly convergent 

for short separations. The convergence problems of the multipole expansion seriously limit 

its application to intermolecular potentials.

II. 3.2.3''2. Perturbation theory at short range

Perturbation theory as described in the previous paragraph fails at short 

separations of the interacting molecules. One reason is that, as we saw, the multipole 

expansion formalism fails to converge, although such an expansion is not really essential to 

the perturbation treatment. More importantly, the theory fails because it ignores the 

overlap of the wavefunctions at short separations, and thus it cannot account for 

intermolecular repulsion arising from the Pauli exclusion principle.

We can identify two problems of the RSPT theory at short range. If the electrons

are formally assigned to one or the other molecule, as they are in the polarisation

approximation, the Hamiltonian for the total system is symmetric with respect to

permutations of electrons between the molecules, but the unperturbed Hamiltonian i f  and

the perturbation V are both non-symmetric. As a consequence the order of terms in the

perturbation expansion is not uniquely defined. To overcome the problem of exchange of

electrons at short range, the wavefunction must be antisymmetrised. This is where the

second problem arises. Although the simple wavefunction products form an orthogonal
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set, their antisymmetrised products do not. This has the serious implication that these 

antisymmetrised products cannot be the eigenstates of any zeroth-order Hermitian 

Hamiltonian.

The problems of antisymmetrised wavefunction products lead naturally to the idea 

that it might still be possible to use the Rayleigh-Schrodinger formalism, if no 

antisymmetrisation takes place. The idea is that the unsymmetrised product functions can 

be used as starting points and the results should converge to the antisymmetrised function. 

In practise however, this is impossible, as it has been shown both analytically^* and 

numerically^^ that even for the simple case of H- H the perturbation expansion converges 

extremely slowly and is of no practical use. Moreover, as it was pointed out by Claverie,^” 

if the products of the antisymmetrised wavefunctions are not themselves antisymmetrised, 

then the Rayleigh-Schrodinger expansion will converge (if it converges at all) to what he 

calls the “mathematical ground state” (rather than the physical ground state), which is an 

unphysical lowest energy state that violates the Pauli principle.

It is then clear that some new approach to perturbation theory is needed for the 

short range interactions of molecules. The so called exchange perturbation theories 

attempt to overcome the aforementioned problems. Comprehensive accounts of these 

methods and references to the numerous attempts have been given by Claverie,^’ Chipman 

et Jeziorski and Kolos,^^ Jeziorski et and recently by S t o n e . I n  general, 

exchange perturbation methods use either the orthogonal unsymmetrised product 

functions and they have to overcome the problem of the total wavefunctions not being 

antisymmetric (these are known as symmetry-adapted perturbation methods), or they use 

the non-orthogonal antisymmetrised product functions and must abandon the natural 

partitioning of the Hamiltonian (known as symmetric methods). Outlines of some of these 

methods will be given in brief. We will expand only on the Hayes-Stone perturbation 

theory (the one used in this work), which was the most accurate and computationally 

feasible method at the time that the calculations were performed.

Symmetry-adapted perturbation methods go back to Eisenschitz and London^ who 

first formulated this approach almost eighty years ago. Carr^  ̂gave an early account of the 

theory, followed by van der Avoird,^^’̂ ’̂̂ * Hirschfelder and Silbey^ ,̂ Murrell and Shaw,^°
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Musher and Amos/^ Hirschfelder/^ and Kirtman/^ An important contribution to 

symmetry-adapted methods was from Jeziorski and Kolos^^ who proposed an iterative 

scheme for the derivation of an antisymmetrised wavefunction for the system. The speed 

of convergence of the iterative procedure was improved by introducing symmetry-forcing. 

Electron correlation has also been included in this treatment, and a full program is now 

available that uses the symmetry-adapted perturbation approach.^'^’̂ '̂  Details on these 

methods are beyond the scope of the dissertation, and the reader is referred to the original 

work for a complete description.

Symmetric methods deal in many different ways with the problem of the non

orthogonality of the antisymmetrised product functions. Some of them^^’̂ ’̂̂ ’̂̂ * neglect the 

problem by considering that the off-diagonal terms in the overlap matrix (which are non

zero for overlapping monomer wavefunctions) are small. A double expansion is then 

made, both on the intermolecular interaction and the intermolecular overlap. Many 

methods have been proposed but they all suffer from the poor convergence of the overlap 

expansion, a problem that is even more accentuated when large basis sets increased with 

difhise functions are used. A different approach was suggested by Jansen,^^ who 

developed a formalism in which the total Hamiltonian is Hermitian, but neither the zeroth 

order nor the perturbation Hamiltonian is. Orthogonalisation of the antisymmetrised basis 

functions,*® and the use of “bi-orthogonal” functions*^’*̂ ’*̂  have also been proposed but 

they both suffer from contamination of the orbitals of one molecule from those of the 

other. Alternatively, it has been suggested that the theory can be simplified, if only single 

exchanges of electrons are considered.*'* This is on the basis that exchange of electrons is 

still rather small at short range, and so multiple exchanges are almost negligible. Naturally 

such a procedure can only be valid if the overlap is small, which is less and less true as the 

molecules approach each other. Finally a different approach is to simply accept the non- 

orthogonal set of functions, at an extra cost in computational complexity. Hayes and 

Stone,*^ and later Magnasco and Figari*  ̂developed perturbation theories to second order 

based on this approach, and the latter also extended the formalism*^ to higher orders. The 

following is a brief description of the Hayes and Stone InterMolecular Perturbation 

Theory approach (which will be referred to as IMPT throughout the thesis).
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Hayes and Stone^* suggested that a replacement of the eigenvalue equation 

Hy/=Ey/hy the secular equation:

d e t(H -£ S ) = 0 (U:20 )

would overcome the problem of defining a zeroth order Hamiltonian. The procedure 

involves matrix elements between determinantal wavefunctions of non-orthogonal orbitals. 

Hayes and Stone** have provided the required expressions, the complex form of which has 

been a deterrent to the use of non-orthogonal spin-orbitals in perturbation theory. The 

secular determinant can be expanded about the leading diagonal yielding a perturbation 

expansion of the energy:

/>0

^ 2  y  ~^OO^Oj)(^jk -  ^OO^jkX^kO -^ oo^ko) ^
k>j>0 jj- ~ ^oo)i^kk -  ^ 0 0)

In this expression the first term Hqq is simply the energy at first order, i.e. the sum 

!  ̂ _  (Y" W Y ' )
of the zeroth and first order energies and it is an abbreviation for — -i—, where 'F

('F h r  )

is the ground state Slater determinant of all occupied molecular orbitals on both 

molecules. The denominator is not generally 1 due to the non-orthogonality of the 

molecular orbitals. The separation into zeroth and first order energies is not a problem, as 

the zeroth order energy is simply the sum of the monomer energies, so the first order 

energy can be defined by difference.

Hayes and Stone chose to partition the energy at first order into three additive and 

one non-additive term. The additive terms are the zeroth order energy, the electrostatic 

energy between electrons and nuclei on the two molecules and the exchange energy from 

interactions of electrons with parallel spin. The non-additive term is the repulsion arising 

from the overlap of the monomer charge distributions.

As in this formalism there is no mixing of the orbitals of the monomers, it is 

possible to assign each molecular orbital to one of the two molecules. This means that 

there can only be two possibilities for single excitation of electrons and five for double,
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according to whether the electrons are excited to virtual orbitals in the same, or in 

different molecules. Single excitations within the same molecule result in polarisation 

energy (equivalent to induction at long range), and from one molecule to the other in 

charge transfer energy (which vanishes at long range). The distinction between the two is 

somehow arbitrary, as the use of a complete basis set on one molecule would suffice to 

describe the electrons on the second molecule, and in this case, the meaning of charge 

transfer energy would be lost. From the double excitation terms the most important ones 

are the dispersion (mixing of single excitations in each fragment) and the charge transfer 

correlation. The latter arises from the correlation of one electron, transferred from the 

orbital of one molecule to the orbital of the other, with an electron in the acceptor 

molecule. This last term would be included in the dispersion at the basis set limit, but it is 

advisable to include it separately*^ when small basis sets are used. The other three terms 

are known to be spurious and so they will not be considered here.

The use of SCF monomer wavefunctions, which neglect electron correlation within 

the same molecule, is introducing an additional small error. Part of this contribution is 

recovered in the “intramolecular correlation” second order double excitation term. ThisI
term would actually represent the intramolecular correlation, if intermolecular overlap was 

neglected, which is not the case in this method.

Just like supermolecule calculations perturbation theory calculations are generally 

affected by basis set extension errors. The intermolecular perturbation theory of Hayes and 

Stone contains, in principle, a basis extension error in the charge transfer term. However, 

Stone'*  ̂ has suggested a way for a reliable calculation of the charge transfer energy 

avoiding BSSE contamination. This involves the use of the basis functions for both 

monomers A and B  in the calculation of the SCF orbitals of/4. The sum of the polarisation 

and charge transfer energies is then completely BSSE-free, although the distinction 

between the two terms remains basis set dependant and arbitrary. Software^® now 

available to perform IMPT calculations (and used in this study) is BSSE-free.
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II. 3.3. Intermolecular forces in model potentials

II. 3.3.1. The need fo r  model potentials

The need for accurate intermolecular model potentials cannot be overestimated. 

Ideally we would like to know the exact value of the potential on any point in the 

intermolecular potential energy surface. This means either a complete, known analytical 

function of the potential which is clearly not available, or the possibility of very accurate 

(preferably exact) calculations at every single point on the surface. The previous 

paragraphs have shown that exact treatments are possible (in theory) only for some of the 

components, and only within a range of intermolecular separation. In practise, it is for very 

few systems that almost exact calculations are feasible. The size of the problem is probably 

better understood with the use of an example. Mok et al.^^ used no less than 20480 points 

to characterise the intermolecular potential energy surface of the water dimer. This was 

possible using density functional theory calculations, but it can be easily understood that a 

more elaborate ab initio method and a larger system would have made such a calculation 

impossible. Symmetry-adapted perturbation treatments, for example, have been performed 

to our knowledge for nothing larger than uracil-water.^^

II. 3.3.2. Types o f model potentials

There is no unique way of categorising model potentials. One obvious way would 

be perhaps to make a distinction between empirical potentials fitted to experimental data 

or ab initio calculations, and those that are derived from theory. In the first case, an 

assumption is made of the functional form of the potential, and the parameters in the 

model are fitted to the available data. In the latter case, theory is employed to derive an 

analytical form, although some approximations are often necessary for simplicity. 

Potentials from first principles have the very obvious advantage that they can be improved, 

if the theory they are based on is improved. Such an improvement is not generally possible 

for models based on empirical observations, which normally lack any rigorous justification.

Alternatively models can be viewed as being specifically developed to describe one 

system, in which case rather complicated forms with many parameters are common, or a
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set of like-molecules, or even models that are supposed to be valid for many different 

systems. The latter are likely to be very simple in form, and not very accurate.

Another way of looking at model potentials is to categorise them according to 

whether they treat the interacting molecules as whole entities or as assemblies of sites, 

thus distributing the interaction into contributions between pairs of sites. This thesis is 

concerned more with the latter type, which we will refer to as distributed or atom-atom 

potentials, although it will be clear that the distribution sites need not be atoms at all. The 

identification of interaction sites in each molecule is often related to the idea of 

transferability, i.e. that potential parameters that are developed for a type of atom in one 

molecule should work for the same type of atom in a different molecule. This could lead to 

an over-simplification of the potential, if the transferability concept is taken too far. For 

example, it is not uncommon to assume the same set of parameters for a carbon in an 

alkane chain and a carbon of a carboxylic group, despite the fact that chemical intuition 

tells us that these two atoms must be very different due to their different environments. 

Similarly, pairwise additivity is often assumed for atom-atom potentials. This is an 

extension of the same concept referred to earlier on for a distinction between additive and 

non-additive interaction energy terms. Here, we consider pairwise additivity as the idea of 

treating interactions between molecules as a sum of interactions between every pair of 

atoms (on different molecules). Such an approximation, although accurate enough for 

many applications, inevitably neglects non-additive effects (like the charge transfer and the 

induction energy). The neglect of the many body terms will impose an error to the true 

pair potential, the importance of which will be determined by the relative importance of 

many body terms to pair terms. However, if the pair potential is derived using the pairwise 

additive approximation, then it can partially absorb part of the many body terms. This in 

turn means, that properties depending only on the two-body terms and calculated with 

such an effective pair potential will also be in error. Even properties depending on many 

body terms will be slightly in error, if the effective pair potential absorbed the effect of 

such terms at certain orientations of the molecules in the assembly, but the calculation of 

the property refers to different orientations.^^
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A final distinction between potential forms is based on whether they are isotropic, 

i.e. the energy has a dependence on the intermolecular separation only, or anisotropic, 

where the relative orientation of the molecules affects the energy of the system. Isotropic 

atom-atom potentials may be a fair approximation to the general shape of a molecule but 

their basic assumption of treating molecules as superpositions of spherical charge 

distributions contradicts the modern theories of bonding. According to the latter, the 

valence electrons of atoms rearrange on bonding, and the redistribution of charge leads to 

non-spherical features such as 7t-density or lone pairs. Isotropic potentials will fail to 

describe the anisotropic effect of such features, and hence, more accurate potentials are 

needed to account for the anisotropy in the charge distribution around atoms. For small 

polyatomics it is now possible to use potentials that incorporate anisotropy for every 

contribution. One of the earliest examples was the potential for chlorine, constructed by 

Wheatley and Price^  ̂ which included anisotropy in all three contributions considered 

(electrostatic, repulsion and dispersion), and which needed only four fitted parameters to 

account for many of the solid and liquid properties of chlorine. A more recent and 

probably better known example is the water potential of Millot and S t o n e . T h e  level of 

complexity of these potentials indicates that in most cases including anisotropy in every 

term is still a question of the level of accuracy required, a total anisotropic potential 

remaining a luxury in terms of computational cost for polyatomics. A potential with some 

anisotropic and some isotropic terms could well be adequate for many cases. The inclusion 

of anisotropy in the electrostatic and exchange-repulsion contributions is at the heart of 

this study and hence they will be more extensively reviewed.

II. 3.3.3. Potentials fo r  atoms

We start the discussion of intermolecular potentials with a brief review of 

potentials used for the interaction of atoms, because these have been the basis for the 

development of potentials for molecules. It is not difficult to imagine that atom-atom 

potentials are naturally derived from our knowledge of the interaction between atoms.

Probably the simplest potential possible is considering the atoms as hard spheres, 

that have zero interaction, if the atoms do not overlap, and infinite if they do.
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Consequently it is known as the hard sphere potential. This very simplistic potential cannot 

alone account for attractive forces, and hence cannot even justify the existence of 

condensed phases. An alternative dates back to the beginning of the century, and it is 

essentially one of the best known and most widely used potentials. First Mie and later 

Lennard-Jones^® suggested a potential of the form:

(n:22)

with n>m. The first term in this equation represents the repulsive and the second the 

attractive forces between molecules. Under the influence of London’s work on dispersion 

forces, the exponent m has been commonly set to 6, and this definitely added some 

theoretical rigour to an otherwise empirical potential. The repulsion part has been assigned 

a variety of exponents (with no theoretical justification), amongst which a common one is 

9 and probably the most common is 12. The latter satisfies the need for a steep repulsive 

wall, and it has the computational advantage of being the second power of R^. This 

potential turned out to be rather successful for properties of the rare gases, such as 

viscosity and the second virial coefficient, and probably reached its peak with the Monte 

Carlo calculation of properties of Ar at high densities.^^ In fact, the success of the 

Lennard-Jones potential was such, that through the following 70 years it became the 

standard in intermolecular potentials, often inhibiting further progress in the field. Some of 

the early successes of this simple potential turned out to be fortuitous and the results of 

cancellation of errors. However, the lack of accurate experimental data and a lack of 

computational algorithms meant that the Lennard-Jones potential remained the most 

popular potential amongst chemists, even when its replacement with a more accurate form 

was long overdue.

An alternative to the form used for the description of the repulsion potential 

was soon suggested by Born and M a y e r . T h e y  proposed an exponential decay in 

accordance with the relationship between the repulsive forces and the overlap of the 

wavefunctions. This was combined with the London dispersion term to give the 

potential:
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U = A e - ° ^ - ^  (11:23)r 6

The replacement of the term with an exponential seems to be essential even in the 

simple case of an argon-argon interaction/^ as the is too crude to adequately 

approximate the repulsive wall. The 6-exp potential enjoys now much more popularity 

than it did when it was first introduced, mainly because the exponential term presented 

problems to the early calculating machines.

It is worth noting at this point an obvious deficiency of the 6-exp potential. The 

exponential function increases as R  decreases, but it remains finite for R=0. However the 

dispersion term will tend to increase to infinity as R tends to zero, thereby dominating the 

interaction and giving an unphysical picture for very small R. A simple way to remove the 

singularity at R=0 is to add a small parameter S to the denominator of the dispersion term 

C
(i.e. exp(-o/^) -  - —^  ) but this only solves the mathematical problem. The actual

physical problem is only really solved with the use of damping functions. These are 

designed to suppress the dispersion term at really short separations, adding however to the 

complexity of the potential. The treatment of damping functions will be discussed along 

with the modelling of dispersion in a following paragraph.

The above discussion suggests that even the simplest of interactions, that between 

two free atoms is not easily quantified. Although simple models can often be good first 

approximations, the accuracy required from today’s potentials is only achieved by a 

corresponding increase in the complexity of a model. For example, the milestone of 

accurate potentials, the Barker-Pompe model potentia/^ used in the very successful Monte 

Carlo simulations of liquid argon by Barker et a l .^  in addition to an exponential form for 

the repulsion includes a total of 9 independent empirical parameters, and has the rather 

complex form:

j=0

where r=RJRm, Rm being the separation at the minimum of the potential function, and s  is

the depth of the potential well. The complexity of this potential indicates that any effort to
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describe the interaction of two polyatomics would have to include a very large number of 

parameters, before it was able to come any close to the accuracy of the argon potential.

The increase in complexity on going from atoms to molecules is not a mere size 

problem, related to the increased number of interacting particles in the case of molecules. 

The distribution of the charge density in free atoms is spherical, allowing for an isotropic 

treatment of their interaction potential, which is strictly not valid for molecules. For the 

same reason the multipole moments vanish for atoms, but they are nonzero for molecules 

with non-spherical charge distributions. Hence, electrostatic interactions must be taken 

into account in intermolecular potentials.

We will now briefly review some practical models of intermolecular forces most 

commonly included in current simulations.

IL 3.3.4. Modelling the electrostatic interactions

The dominant role of electrostatic forces in van der Waals hydrogen-bonded 

dimers suggests that a good representation of the electrostatics should lead to useful 

approxiipations to the total interaction, even in the absence of an accurate description of 

the remaining contributions.

The calculation of the electrostatic energy needs good quality ground state 

wavefunctions of the isolated molecules. As the necessary computing power and software 

have become readily available, the calculation of wavefunctions and the use of better 

quality basis sets is now possible even for rather large systems. However an integration 

over the charge density of any system (eq. 11:3) in any useful length of time is still an 

unrealistic task for modern computers. Hence, current methods need to use parameterised 

representations of the charge densities, that yield the electrostatic energy as a function of 

the relative orientation of the molecules involved. A brief description of two of the 

traditional methods for the calculation of the electrostatic potential followed by the 

method used in this thesis is given below.

11.3.3.4.1. The central multipole expansion

It has already been mentioned that it is possible to obtain the electrostatic 

interaction of two molecules as an expansion of molecular multipole moments (dipole.
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quadrupole, octupole, etc.). The mathematical expression for the electrostatic energy takes 

the form:̂ ®®

\  t\ J

(n:25)

where
r/ ,  + / 2 ,

I is a binomial coefficient and Rab is the distance between the centre of

molecule A and the centre of molecule B. are the components of the multipole

moments of A (referred to local axes), where / refers to the rank of the multipole and k to 

its components, for example Qio is the z-component of the dipole moment. The orientation 

of the molecules is included in the expansion in the form of the functions*®* S  that are 

computationally easy to evaluate. These functions depend on the orientations of the 

molecules as well as the direction of the intermolecular vector Rab- Calculations using this 

potential are further simplified by the fact that the multipole moments are often zero due 

to symnjietry.

The central multipole expansion is valid as long as the separation of the molecules 

is large enough not to allow the spheres containing the charge distribution around each 

molecule to intersect. This last criterion can be relaxed, if the penetration effect is 

considered separately (e.g. as part of the short-range interaction), and then only the nuclei 

of the atoms in the molecule must be contained in this sphere.*®  ̂ In condensed phases 

however, orientations where the spheres intersect are common, and the multipole 

expansion of RT̂  is often not valid. Even when validity is assured, short separations, 

commonly occurring in the condensed phase, will cause the expansion of RT̂  to converge 

poorly. In this case again, the central multipole expansion will be unsuitable for modelling 

the electrostatic energy, as it will be necessary to include very high order terms for an 

adequate description of the charge distribution. Hence, although the central multipole 

expansion may have been successful in the description of small symmetrical polyatomics, it 

is certainly not suitable for a considerable number of cases of organic molecules (e.g. less 

spherical molecules, or molecules at short separations).
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II. 3.3.4.2. The point charge model

In the most common representation of molecular charge density (the atomic point 

charge model), it is assumed that the charge density of the molecule can be described by 

superimposing spherical atomic charge densities. This is an assumption that comes 

naturally from our picture of molecules being made up of atoms, the nuclei of which are 

the natural choice for placing point charges. The reliability of the model depends, of 

course, heavily on the values of the atomic charges used. The assignment of the molecular 

density into atomic charge contributions is less straightforward than it might be imagined 

at first. One of the main reasons is the fact that atomic orbitals overlap (in a simplistic 

picture of a molecule), and so the assignment of charge to one atom or the other is highly 

arbitrary. Values for the charges can be empirically fitted using experimental data. X-ray 

diffraction is particularly suited for this purpose as it produces an electron density map of 

the molecule, integration of which can yield values for the atomic charges. An alternative 

approach, suggested by Brobjer and Mu rr e l l , f i t s  both the magnitude and position of 

charges to experimental moments of the molecule, but often off-nuclei sites are needed for 

a successful representation of the ab initio electrostatic energy. It should be mentioned 

that the same study concluded that, at least, in the case of small polar molecules, the use 

of multipole-fitted point charges is superior to the conventional central multipole 

expansion.

As with most fitting procedures, there is often not enough information in the 

experimental data to fit an adequate number of parameters without the use of assumptions, 

which are often of no physical significance. Theoretical methods were then called upon for 

the calculation of atomic charges, as it became obvious that charges derived from the 

wavefunction could be a solution to the problem. Mulliken population analysis, which 

makes use of the density matrix, was one of the first methods to substitute the 

experimental information in the derivation of atomic charges, although it should be noted 

that Mulliken's original intention was not the description of intermolecular forces. The 

strong basis set dependence of the Mulliken charges was soon recognised and it led to 

improved procedures such as the Natural Population Analysis (NPA).^®^
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One of the criteria commonly accepted for the judgement of the usefulness of a set 

of atomic charges is that it should reproduce as faithfully as possible the electrostatic 

potential outside the van der Waals region of the molecule. This naturally led to the idea 

of obtaining the charges by fitting to ab initio electrostatic potentials. Such a

procedure has the advantage that the derived charges have partially absorbed some of the 

error in omitting higher multipoles that are often non-zero for atoms in molecules. The 

accurate calculation of the electrostatic potential on a grid of points is computationally 

relatively demanding. Moreover the ab initio electrostatic energy includes the penetration 

energy, which is the part arising from the overlap of molecular wavefunctions, and which 

can be important unless the points are at a sufficient distance from the van der Waals 

surface of the molecule. Both these problems can be overcome with the calculation of a 

multipolar electrostatic surface^(using distributed multipole analysis, as we shall see in 

the next paragraph).

Finally it is possible to obtain atomic charges using the molecular charge density, if 

this can be converted into an atomic population. Such methods (which will be discussed in 

the next; paragraph) generally yield higher multipoles on the atoms, that must be discarded. 

Hence, the error in this procedure is directly related to the relative size of the higher 

moments, and it is easy to imagine that this error cannot be negligible, as distortions from 

sphericity of the atomic charge density are natural for a basis set made up of s and p  

orbitals.

However, as Wiberg and Rablen concluded,^in their comparison of procedures 

used in deriving atomic charges, atomic point charge models can never exactly reproduce 

the charge distribution around a number of different molecules. This deficiency of the 

model can be traced back to the fact that the presence of the electrostatic forces is itself 

due to the rearrangement of the spherical density when an atom is involved in a bond. 

Neutral spherical atoms would not result in electrostatic potential around the molecule, 

hence the original assumption of this model is wrong. The model itself can at best give a 

good approximation to the molecular shape, but it can never account for anisotropic 

features (such as rr-bonding or lone-pair density) that are often important in determining 

the electrostatic interactions of molecules.
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II. 3.3.4.3. The distributed multipole model

The obvious alternative to using the atomic charge model or the central multipole 

expansion is to use a combination of the two. The use of multipoles -instead of atomic 

charges- would make sure that non-spherical features of the electron density are well 

represented. In addition, the distribution of multipoles on sites around the molecule should 

give a much better model for the overall molecular shape, as compared with the central 

multipole expansion. The distributed multipole model is then a problem of finding a way to 

divide the charge density of the molecule down to a number of separate sites.

One of the earliest efforts was Hirshfeld’s “stockholder” m e t h o d , w h e r e  the 

molecular charge density at each point is divided amongst the atoms, in proportion to the 

contribution these atoms would make to this point (in a hypothetical “promolecule”), with 

their spherical non-interacting atomic charge densities. An extension of Mulliken’s 

population analysis, the so called cumulative atomic multipole moment representation 

(CAMM), was later proposed by Sokalski and Poirier. Methods where the division of 

the molecular charge density is dependant of the basis set used have been proposed by 

Pullmanj and Perahia"'* and Vigné-Maeder and Claverie.*^  ̂ One of the most rigorous 

approaches is Bader’s Atoms in M o l e c u l e s . I n  Bader’s partitioning the division of 

molecules into atoms is using the “zero-flux” surface, as determined from the molecular 

charge density. This is leading to a satisfactory description of bonding that is in accord 

with chemical intuition. Distributed multipoles can be derived from Bader 

p a r t i t i o n i n g ^ b u t  at some computational expense. However, the highly non-spherical 

atoms as defined by this method lead to multipole expansions that are only slowly 

convergent. A similar problem of slow convergence is encountered, if the distributed 

multipoles are calculated from integration of the molecular charge density over the 

Voronoi polyhedron of each site (the latter used to associate a region of space with a 

particular site). Remembering that it was convergence problems that first led us to the 

consideration of distributed multipoles, it seems fair to say that poorly convergent 

multipole expansions are not useful models for the discussion of intermolecular forces.

The method used in this thesis. Stone’s Distributed Multipole Analysis 

(DMA),“ ’̂*̂ ° not only has been shown to converge relatively fast for the type of
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molecules we will be concerned with, but it has been tested on a variety of systems by 

Price and co-workers^^i, 122,123,124,125,126 found to be appropriate for the discussion of 

magnitude and orientational dependence of the electrostatic forces between molecules.

DMA starts from the one-electron density matrix of any ab initio wavefunction 

expressed as a set of Gaussian functions, then it uses the properties of these Gaussian 

orbitals to calculate efficiently the multipole moments at a number of sites. In fact, the use 

of Gaussian functions is not fundamental to the method, and Slater type orbitals can be 

used in an analysis similar to Stone’s, but the properties of the Gaussian functions are used 

to make the method more efficient. Briefly, the total electron density in a molecule is a 

sum of overlap densities between the primitive functions that make up the total 

wavefunction. These overlap densities are given by the product of two gaussians and the 

element of the density matrix corresponding to this product. But the product of two 

gaussians is itself a gaussian function centred at a point P, such that;

( a  +  P )

where A  and B are the centres of the two gaussians with corresponding exponents a  and 

p. The overlap density centred at P can be expressed in terms of a series of multipole 

moments which will terminate at h+h, h and I2 being the angulat momenta of the two 

original primitives. The multipole expansion at P can now be moved to a new site S using:

Qim ( S )  -  X  S
k=Q q = -k

l + n i \ n - m  

.k + q j \ k - q .
(n:27)

In equation 11:27, q and m refer to the components of the multipole moment and k  and / to 

its rank.

It is worth pointing out that the series Q/m(S) is infinite but local moments of rank 

higher than quadrupole are expected to be small. This is due to the fact that the 

contribution from orbitals higher than 5 or /? is normally very small, so the quadrupole (as 

a result of two p  functions) should be the highest moment of significant magnitude. 

However, if |S-P| is large, i.e. we move the multipoles very far from the centre P, then 

higher order moments will still be large, as the expression for Q ^ S ) depends on |S-Pf“̂ .
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It is also obvious that, the choice of sites S being arbitrary, it gives the opportunity 

to choose these sites that are more suitable each time. The electrostatic potential due to a 

multipole series at a site S will be:

K(r) = X  k  -  S | - C,„ ( r  -  S)0,„ (S) (n :2 8 )
Im

Now by comparison with the previous equation one can see that |r-S| should be much 

greater than |S-P|, if convergence of the series is to be achieved. In other words, the 

points at which the potential is to be evaluated must all be further away from each site S 

than any of the centres P, which contribute charge density to S. This means that when 

choosing the sites, one should take care not to shift any multipoles very far from their 

original centre P. Choosing for example the nuclei as the DMA sites satisfies the previous 

criterion, since nuclei carry charge that needs to be included in the expansion, and in most 

ab initio calculations basis functions are centred on the nuclei anyway. The centre of a 

bond would also be a sensible choice as an additional DMA site, because it is situated 

along the line of accumulated charge density. It is worth commenting here that whatever 

the choice of sites. Stone and Alderton’s approach is to move each multipole to the 

nearest site, and only divide it up when it is centred exactly between two sites. Hence a 

large multipole that is almost, but not quite, equidistant from two sites could end up on 

either site depending on the basis set used. A more logical approach is to divide such 

multipoles into fractions inversely proportional to the distance of the original multipole 

from the two sites. Wheatley*^  ̂ suggested this optimised procedure for linear molecules, 

and showed that this way more of the molecular multipole moments are conserved than 

when DMA is used. However, his method has never been extended to non-linear 

molecules, and so it is of limited practical use.

Since DMA has been extensively used in this thesis, it is worth considering at this 

point some of its benefits and limitations. DMA is a computationally efficient way of 

calculating electrostatic interactions adding a negligible cost to the ah initio calculation of 

a monomer wavefunction. Moreover, it has the additional advantage of fast convergence 

that characterises the distributed multipole expansion. As opposed to conventional 

expansions that are only valid at longer distances, DMA is valid and accurate at distances
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that are of great importance in organic systems, such as hydrogen bonds. An exceptional 

advantage of distributed multipole analysis is probably the fact that it is consistent with our 

ideas of bonding in molecules. For example, a dipole on an atom can give us an idea of the 

presence of a lone pair, or a quadrupole can be associated with tt bonding electrons. In 

general, since the moments of neutral spherical atoms vanish, the values derived from 

DMA must describe the distortion of the charge distribution that occurs on bonding. This 

is a significant progress in the process of modelling the intermolecular forces, given the 

fact that the atomic point charge model contradicts the established theories of bonding, 

and the central multipole expansion suffers too often from validity and convergence 

problems to be regarded as an alternative in the description of organic systems.

DMA, like every other model, has limitations. An obvious one is that it ignores 

interpenetration of molecular charge distributions, and thus, it should only be used for the 

calculation of the electrostatic potential outside the charge distribution itself. The 

penetration energy could be of significance around the potential well,^^ ’̂̂ ^̂  and 

consequently in important interactions such as hydrogen bonds. Wheatley and Mitchell*^® 

estimate that the penetration energy in the formamide - formaldehyde complex constitutes 

25% of the total electrostatic energy. However, it is still a short-range effect, and as such, 

it decays exponentially with distance. In addition, its contribution seems to add primarily 

to the magnitude of the total electrostatic energy, often leaving the angular variation 

unaltered, as can be deducted from the fact that the multipolar energy closely parallels the 

accurate term.^^* Where the accuracy of the calculations demands the inclusion of 

penetration energy, Wheatley’s gaussian multipoles^^^ can be used in the place of point 

multipoles, in a distributed model that is very similar to DMA, but that includes in addition 

to the multipolar energy the penetration electrostatic energy.

Another limitation of the DMA is that its quality will inevitably depend on the 

quality of the wavefunction. It is encouraging, however, that a study, using N- 

acetylalanine N'-methylamide as a model, has shown that a split valence (or better) basis 

set will mostly affect the magnitude of the interaction, without altering the orientation 

dependence. A similar problem arises due to the neglect of electron correlation in SCF 

calculations. As this also seems to be affecting more the magnitude of the interaction, in
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principle, a simple scaling factor can be used to correct for the omission of electron 

correlation. These limitations are not intrinsic to the nature of DMA and so they are likely 

to be overcome in the future, as high quality waveflinctions are becoming a routine in ab 

initio calculations, and even large molecules can now be treated with reasonable size basis 

sets and post Hartree-Fock methods.

The distributed multipole analysis model has already been used successfully in the 

study of electrostatic interactions between molecules, as well as the description of the 

charge densities on individual molecules. In one of the best known examples, Buckingham 

and Fowler*^^’*̂** proposed a simple model for the prediction of the structures of van der 

Waals complexes. The model included electrostatic interactions between point multipoles 

(as derived by DMA) on each monomer, and a rough approximation to the shape and size 

of the molecules, as described by hard spheres on the atoms. This very basic model was 

still adequate for a qualitative description of a number of hydrogen bonded monomers, and 

it even predicted correctly the relative stabilities in some cases (e.g. H2O HF was 

predicted as more stable than HF - H2O), or the geometry of a number of dimers (e.g. 

HsN-'-ipC). The authors suggested that the success of this model was limited by the 

crudeness of the hard-sphere model and the successful choice of the sum of the van der 

Walls radii that represent the limit of approach between the two monomers. Later on, the 

work of Hurst et demonstrated that the DMA electrostatic energy closely parallels 

(both in orientation dependence and in magnitude) accurate IMPT electrostatic energies 

for a range of van der Waals dimers. To mention but a few more examples in the 

literature. Price and Stone^^  ̂used DMA for a description of the charge distribution of the 

azabenzene molecules that revealed the importance of the nature of the adjacent atoms in 

the ring in determining the electron density around carbon and nitrogen atoms in these 

molecules. The same authors^^  ̂ included a set of distributed multipoles in their atom-atom 

anisotropic potential for CI2-CI2 interactions, that accurately modelled the lone pairs on 

this molecule. Mitchell and Price^^  ̂ used DMA for an accurate representation of 

electrostatic forces in the interaction between N—H and 0=C groups of model 

compounds. Price et a l employed DMA in order to predict the most stable base pairs in 

DNA; their results were in excellent agreement with experimental data, and in addition
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they predicted some new structures that were energetically favourable. Coombes et a l

proved the sensitivity of the crystal structures to an adequate representation of the

electrostatic forces; their work showing that the prediction of crystal structures of polar

organic molecules is poor, if anisotropic multipole moments are omitted from the model

potential. The need for accurate model potentials and in particular for a more realistic

description of the electrostatics has been highlighted in many reviews by 
Price 92,102,138,139,140,141

In conclusion, DMA is good enough for quick, efficient and accurate scanning of 

the electrostatic potential around organic molecules, and thus, it would be appropriate in 

giving a general picture of the orientation dependence of the total intermolecular potential, 

without too much computational effort. If higher accuracy is required, and short-range 

effects need to be included, then single point calculations should be performed using a 

more accurate and inevitably more expensive method.

II. 3.3.4.4. Penetration electrostatic energy

The penetration electrostatic energy is defined as the difference between the true 

electrostatic and the multipolar energy. As a short range term arising from the overlap of 

the molecular wavefunctions, it has an approximately exponential behaviour. It is 

commonly ignored in simple empirical model potentials, and expected to be partially 

absorbed in the repulsion model. Stone^° has shown that an alternative method would be 

to treat the penetration term as a damping function, i.e. a function that multiplies the 

multipolar part, so as to cancel out all singularities arising as R tends to zero.

I I 3.3.5. Modelling the induction energy

The non-additivity of induction energy, reinforced by its relatively small 

magnitude, makes it an unpopular term for inclusion in model potentials. Completely 

neglecting induction is common amongst most of the simple models, although its effects 

can be partly incorporated in the electrostatic model, for example by proper scaling of the 

dipole moment.

In the simplest of all models, induction energy is explicitly included using the shell 

model. This is describing the valence electrons of an atom as a negatively charged
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shell, attached via a harmonic spring to the positively charged core. It is easy to see then 

that, in a uniform electric field, both core and shell would be displaced from their 

positions, creating a dipole, and that the spring constant of this system is chosen so as to 

reflect the polarisability of the atom or ion.

The shell model has found a wide application in ionic solids but not in molecules. 

An alternative approach has been suggested by Sprik and Klein̂ '*'* in their polarisable 

model for water. They used four charges placed at the corners of a tetrahedron, 

approximating the hydrogen and lone pair positions. On application of an electric field the 

charges do not move but their magnitude changes to reflect the induction effects.

The idea of a distributed model for the induction based on distributed 

polarisabilities is supported by the same convergence arguments presented in the 

distributed multipole approach to the electrostatics. In addition, induction energy arises 

from the effects of an external field on the molecular charge distribution, so it is easy to 

imagine than non-uniform fields (and most fields due to molecules will be non-uniform) 

will have different strength at different positions around the molecule. A distributed model 

uses thej actual value of the field at each site, thus taking into account the variation of the 

field’s strength. Models for the induction based on distributed polarisabilities are slightly 

more complex than the corresponding models for the electrostatic energy, and, as they are 

not used in this dissertation, they will not be considered further. A comprehensive 

discussion of such models is given by Stone.

II. 3.3.6. Modelling the dispersion energy

The most widely known and understood treatment of dispersion energy is due to 

London.'*^ In this simple description, atoms (or molecules) can be visualised as harmonic 

oscillators, the coupling of which results in a lowering of the energy of the system, as 

compared to the sum of the energies of the uncoupled oscillators (this sum is non-zero 

only because of the zero-point energy for quantum mechanical systems). This additional 

energy is the dispersion energy, which depends on the square of the coupling constant. For 

two dipoles the coupling constant is proportional to iT^, so the dispersion energy is 

proportional to IT^. Following Mason and Monchick,^^ we re-write the leading term for
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the dispersion energy from second order perturbation theory (eq. 11-1 1 ) in a slightly 

different form:

U  - .   ̂ y __________________ f u f i j __________________  (11*29)

In equation 11:29 Eki is the energy of atom k  in the /th electronic state, and fki is the dipole 

oscillator strength of the transition of atom k from the ground to the /th state. Obviously, 

if the energies of transition and the oscillator strengths are known, then dispersion energy 

could be calculated directly from 11:29. However, in model potentials, E  and /  are often 

approximated by expressions involving such experimental quantities as the ionisation 

potential, or the number of valence electrons of the atoms. All such semi-empirical 

approaches give the dispersion energy as where the C<$ coefficients are estimated

from various formulae. London, for example, used polarisabilities and assumed that the 

frequency of the oscillator corresponded to the ionisation energy for each atom to yield 

the following expression for the dispersion between two atoms with ionisation energies Ej

and E 2: '
!

Slater and K i rk wo od u se d  a variation method to obtain an expression of the i f  

in terms of atomic polarisabilities and the number of effective valence electrons:

The choice of N  as the number of valence electrons is clearly not rigorous and larger 

values (like the total number of electrons in the atom) should also be considered. Mtiller*'*  ̂

suggested a different expression involving the atomic diamagnetic susceptibilities %:

2 ,
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All these semi-empirical approaches give reasonable estimates for the leading coefficient 

Ce, and according to Mason and Monchick/^ the Slater-Kirkwood coefficients come 

closest to accurate values obtained from perturbation theory expressions. The same 

authors point out that, even if the coefficients are not very accurate, equations like the 

above are useful in that they suggest relationships that may be more accurate. For example 

equation 11:30 suggests the widely used combining rule for obtaining the coefficient for 

the dispersion between two different atoms from a knowledge of the coefficients of 

interaction between the same atoms:

C°" = ( C r C ) ^  (11:33)

This is of course assuming that the energies Ei and E2 have similar magnitude.

The term -C ô/Rô is actually only the leading term in a series of dispersion terms 

arising from the correlation of instantaneous higher multipoles, such as quadrupoles, 

octupoles etc:

R'+ + I (11=34)

Non-spherical charge distributions will also have odd-power terms such as R~  ̂ arising 

from products of different order perturbations V in equation 11:11. The first few higher 

terms are not negligible near the potential well, and so strictly they should be included in 

model potentials. A simple way of calculating the higher order terms, if the three first 

terms are available, is given by the recursion formula of Tang and Toennies: '̂*^

C
' ^ 2 /1+6

^ c'^2m+4
•^2«+2 '

(11:35)

Alternatively, empirical fitting of the first dispersion coefficient can absorb some of the 

error of omitting higher terms.

The coefficients themselves should be functions of the orientation of the molecules, 

if anisotropy is to be included in the potential. Stone and Tough '̂** derived orientation- 

dependant formulae for the dispersion energy.
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Having considered distributed models for the electrostatic and induction energies, 

it is appropriate to mention that distributed polarisabilities can be used to derive a 

distributed model for the dispersion. Stone and Tong*^  ̂ used localised polarisabilities to 

derive a site-site dispersion model, which in addition includes anisotropy in the spherical 

tensors, T\

C/Z""" = -  -  Z  Z  ^  C  W  ) « !  ('« (11:36)
^  /ic. A AcT)aÇiA b̂ B

(a summation over /, w, v and w is implied). It is worth noting here that the polarisation of 

one molecule from another requires strictly the use of non-local distributed polarisabilities. 

This is easy to understand if one imagines that, for example, the change in the charge of an 

atom (which is a local effect) induced by a change in the potential, causes a change of 

charges on the other atoms (a non-local effect) so that the conservation of charge principle 

is obeyed. However, in the simple models of atom-atom dispersion, such non-local effects 

are totally ignored. Stone and Tong showed that following a shifting procedure for the 

polarisabilities, non-local dispersion terms can be transformed into local ones, although for 

large molecules, where charge flow effects may be large, this may not be sufficient. A 

similar transformation of non-local polarisabilities into local ones, suggested by Le Sueur 

and S t o n e , l e d  to relatively transferable polarisabilities for alkanes, and less transferable, 

but still reasonable, values for conjugated polyenes.

We have mentioned before that models of the dispersion of the form -  

{CôlR^^CsIRs'^- ) need to be damped to correct their behaviour as R  tends to 0. The 

damped potential has generally the form: J{R)CnR” . Early models such as the Hartree- 

Fock-dispersion (HTD) model^^^’̂ ^̂  used one damping function for all dispersion terms, 

but they were later corrected to include different functions for the different terms in the 

iT” expansion. Various other damping functions have been proposed. It is worth 

mentioning here the one due to Tang and Toennies^ '̂* who suggested that the damping 

function is an incomplete gamma function:

/„ (R) = \- eKv{.-bR)jf^ (n:37)
it=0 ^ ■
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The great advantage of this function is that, if b is taken to be the same as the exponent a, 

in the repulsion model exp(-(z/^), then the potential can be damped with no need for extra 

parameters.

77.3.5.7. Modelling the exchange-repulsion

In contrast to long range forces, models for the forces arising at short-range are 

fewer and generally less accurate. This stems of course from the fact that we do not have 

yet a rigorous theory applicable to short range, from which simplified models can be 

derived. The simplest representation of exchange-repulsion is the hard-sphere model, 

where the interaction between atoms in molecules is either zero or infinite, according to a 

chosen cut-off radius around each atom. The radii of the atoms are commonly the van der 

Waals radii quoted by Pauling*^  ̂ or Bondi , a l though  hydrogens involved in hydrogen 

bonds are often treated as lying inside the hard sphere of heavier atoms, thus having a 

radius of zero. This one-parameter model despite being very crude in form, gives a good 

first approximation to the molecular shape. When used in combination with an accurate 

electrostatic model the angular features of a variety of van der Waals complexes are 

qualitatively reproduced. A similar combination of accurate electrostatics with hard- 

sphere repulsion for all non-hydrogen atoms yielded in a recent study*^  ̂ all major minima 

on the potential energy surface of the uracil-water complex. The model has of course 

severe limitations which are more likely to affect the total potential, if the electrostatic 

term shows little angular dependence, as in this case the interaction energy is relatively 

isotropic, so that the geometry of complexes must be influenced by other terms. An 

account of the strengths and weaknesses of this model in the description of van der Waals 

dimers, as brought out by a comparison to ab initio perturbation theory calculations, has 

been given by Hurst et

We have seen in the discussion of potentials for atoms that a common 

representation of the repulsion follows the Lennard-Jones potential and varies as or 

iT^. These functions are still in use in modern force fields, although a more common 

representation nowadays is an exponential decay, of the type proposed by Born and Mayer 

for atoms (c.f. equation 11:23). The Born-Mayer potential is also the basis for the
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repulsion as included in the simple Hartree-Fock-dispersion model (HFD), where the 

exponential form is fitted together with a dispersion model to SCF calculations. A slightly 

different form was used by Aziz and Chen*^* in their potential for Ar and it includes a third 

parameter /? in the exponential: Atx^{-ccR-pI^).

A very different approach by Meath and coworkers^^^ involves the calculation of 

exchange-repulsion from the penetration electrostatic energy based on the empirical 

relationship between the two: Eer~y(\+aR)Epen. This is exploiting the fact that the 

penetration energy is easier and computationally cheaper to calculate than the exchange- 

repulsion.

In a more accurate approach, anisotropy must be included in the representation of 

the exchange-repulsion. The Born-Mayer exponential potential Ee/Eo=Aexp(~aR) can be 

readily adapted to represent anisotropic repulsion by using the form Ee/Eo=exp(-a(f2)(R- 

p(Q)) where Eo is a fixed energy unit, and a  and p  are expanded in orientation dependent 

functions appropriate for the (approximate) symmetry of the atom’s bonding 

environment*^* .̂ Stone has now adapted his program ORIENT*^* so that anisotropic 

repulsion potentials of the above form can be fitted to potential energy surfaces calculated 

using IMPT, or other ab itiitio methods. Stone and Tong*^  ̂ have also used Bohm and 

Ahlrichs’*̂  ̂ test particle approach, whereby a test particle is used to probe the anisotropy 

of the repulsion wall for each interacting molecule, and then the test particle is eliminated 

by the assumption of combining rules. The method was applied successfully to model the 

repulsion in dimers of N% and CI2, as well as acetylene and hydrogen sulphide. However 

the success of the model ultimately depends on the choice of combining rules, and it 

cannot include terms related to the orientation of the sites relative to each other which 

inevitably leads to errors for highly anisotropic sites. The test particle approach, like the 

use of penetration electrostatic energy, still requires the fitting of a functional form of the 

repulsion to a set of data points, although this set can be obtained far more readily than an 

ab initio potential energy surface. Recently this model was used to derive an anisotropic 

repulsion potential for the methane dimer, using neon as a probe. This study showed 

that the fit to the true dimer potential can be improved, if a few calculations on the actual
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methane dimer are performed to refine the parameters obtained from the methane-neon 

surface.

A more promising approach for an accurate representation of the atom-atom 

repulsion in intermolecular interactions is the use of the overlap model. An extensive 

discussion of this model can be found in the introduction of chapter VI, as this is the 

model extensively used and tested in this work. Here, we simply mention that this 

approach is based on the empirical observation that the intermolecular repulsion is related 

to the overlap of the molecular charge densities. We would also like to emphasise at this 

point that the overlap model can take advantage of a distributed representation of the 

molecular charge densities, to express the intermolecular repulsion as a sum of anisotropic 

site-site contributions. The possibility of splitting-up the repulsion, and the fact that using 

the overlap model, the number of types of atoms for which parameters are derived are not 

restricted by the availability of experimental data for fitting, is particularly advantageous 

for organic polyatomics, where the transferability assumptions that need to be made during 

empirical fitting are often not very realistic.

i
II.4. Summary

The problem that most researchers in the area are faced with is that the selection of 

the method is inevitably restricted by the size of the system under consideration, and the 

amount of time one is prepared to put into it. This needs to be a compromise between 

simplicity and accuracy, or number of calculations one can perform and level of theory 

that is affordable. Chapters IV to VII describe and test such compromises in the 

description of organic hydrogen bonds.
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Fig. n i .  The intermolecular potential as a function of the intermolecular separation R.
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Chapter 111.

The nature and modelling of the hydrogen bond

It is not an exaggeration to say that hydrogen bonds have been an object of 

fascination to chemists for nearly a century. Their direct role in determining the properties 

of water/ the functioning of enzymes^ and the structure of proteins and nucleic acids '̂'* has 

associated hydrogen bonds with life itself They are responsible for a variety of properties 

of organic compounds (such as the difference between the boiling points of alcohols as 

compared with those of similar alkanes), as well as chemical reactivities. More recently, 

hydrogen bonds have become a powerful tool in the hands of crystal engineers, and they 

are widely used in the design of technologically useful solid state materials,^’̂  

supramolecular chemistry,^ and drug design.* It seems that this relatively weak interaction 

is at the centre of supramolecular chemistry, evolving fast with it, and becoming 

associated with many of today's “hot” topics.

In this chapter the history and nature of the hydrogen bond are briefly reviewed, 

followed by a discussion on past and present theoretical models, and the requirements
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such models have to fulfil to ensure reliability of results. This chapter concludes with a 

discussion on the directionality of hydrogen bonds, as observed in crystal structures and 

predicted by theoretical methods, aimed at providing a background for the work described 

in chapter IV.

ni.l. A brief history of the hydrogen bond

There is no agreement in the literature on the date of discovery of the hydrogen 

bond. One of the earliest references though - the first one according to Lippert^ - must 

have been Werner's'^ study on the interaction of ammonia and water in 1902. Hantzsch** 

in 1910 and Pfeiffer*^ in 1914 followed with descriptions of what today would have been 

called intra- and intermolecular bonds. Similarly Moore and Winmill^  ̂ in 1912 referred to 

the “weak union” of amines to water in solution. It seems now that the hydrogen bond 

was already developed as a concept in the chemists’ mind, despite the fact that it was not 

recognised as a unique type of interaction until the early twenties. Huggins claimed later 

on̂ "̂  to have been the first one to introduce the hydrogen bond concept in 1919. However, 

it is Larimer and Rodebush^^ who are most often quoted as being the first ones to have 

published a paper (in 1920) suggesting that the interaction between a free pair of electrons 

on one molecule and a hydrogen on the other results in binding of the two molecules. It 

should be noted that Latimer and Rodebush actually acknowledged the contribution of 

Huggins to the development of their ideas. Around the same time, Huggins contributed to 

the development of the new concept with a series of papers, and later on he was one 

of the first to publish a review on hydrogen bonding. However the term hydrogen bond 

itself should probably be attributed to Pauling^® who mentioned it as early as 1931, and 

helped establishing it as an important interaction by including it in his book on “The nature 

of the chemical bond”.' The first conference on hydrogen bonding took place as early as 

1957 in Ljubljana. The first book dedicated to the hydrogen bond was published shortly 

afterwards by Pimentel and McClellan.^' An overwhelming number of publications since 

then have proved that the interest of chemists in hydrogen bonding is ever growing. 

Additional texts include three volumes edited by Schuster, Zundel and Sandorfy,^^ and 

more recently, Jeffrey and Saenger’s book on biological molecules,^^ Schemer’s book on
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theoretical aspects of hydrogen bonding/'* Hadzi’s collection of theoretical approaches to 

the hydrogen bond/^ and Jeffrey’s concise introduction to the subject/^

ni.2. Definition of the hydrogen bond

There is no unique definition of the hydrogen bond in the literature. The most 

simplistic view describes the hydrogen bond as the binding of two electronegative atoms A 

and B through a hydrogen atom attached to one of them (the donor), and attracted by a 

lone pair of electrons on the other (the acceptor):

A—H -B

We call here (and throughout this thesis) A the donor, and B the acceptor by analogy to 

the proton donor and acceptor in Bronsted-Lewis acid / bases. However, it is not 

uncommon to find literature referring to A as the acceptor, meaning the acceptor of the 

lone pair of electrons, and D the donor.

The atoms A and B do not necessarily belong to different molecules. The 

recognition of the intramolecular hydrogen bond goes back to the first references of 

hydrogen bonding interactions. It is also recognised now that more than one acceptor may 

be involved in a hydrogen bond, leading to bifurcated (three-centre) or trifurcated (four- 

centre) hydrogen bonds. In any case, the definition as given above cannot adequately 

describe today the variety of interactions that could be classified as hydrogen bonds. First 

of all, the idea that A and B must be electronegative atoms is rather restrictive, as there 

are hydrogen bonds where A and B are not typically classified as electronegative, and even 

cases where B is not even an atom. For example C—H—B interactions have been 

recognised as weak hydrogen bonds since 1947, and the suggestion that aromatic rings 

can be acceptors of hydrogen bonds goes back to 1954.^  ̂ It could be argued that even the 

hydrogen atom may not be essential to a hydrogen bond, as it has been found that lithium 

involved in multi-centred bonds could be considered, in a broader definition of the term, 

emphasising the strength of the interaction, as forming “hydrogen” bonds.^^

A phenomenological definition of the hydrogen bond may be more adequate for 

the description of the wide variety of interactions that could be considered as hydrogen 

bonds. Thus geometrical definitions are very common, the most important parameters
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being the distances A--H, H—B and A--B which define the A—H - B  angle. In general, a 

hydrogen bond is characterised by an A—B distance that is less than the sum of the van 

der Waals radii of A and B. The restrictions on the angle A—H—B are less clear. A 

common belief is that most hydrogen bonds are near-linear, but this appears to be true 

more for strong hydrogen bonds, and it is obviously not so for intramolecular hydrogen 

bonds, where the molecular geometry imposes restrictions on the geometry of the 

hydrogen bond. In addition, the probability of observing an A--H—B angle equal to 180° 

is proportional to the sine of this angle, and so statistical studies must be corrected for this 

factor (often referred to as the conic correction) or they will show a misleading preference 

of hydrogen bonds for angles smaller than 180° (approximately 155°).

Hydrogen bonds manifest themselves experimentally by a shift to lower frequency 

of the A—H stretching vibration in the infrared (IR) spectrum of a complex. The band 

corresponding to this stretch is, additionally, intensified and broadened compared to the 

free A—H vibration. These changes in the IR spectrum are so striking that they have 

become a method of identifying the formation of hydrogen bonds. In fact, the red shift in 

the spqctrum has been correlated to the strength of the hydrogen bond.^^ The NMR 

spectrum also bears the signature of a hydrogen bond. The hydrogen atom is deshielded as 

the electron density of the A—H bond shifts towards the A atom, thus perturbing the 

chemical shifts observed during nuclear magnetic resonance experiments.

A question that may be asked is what makes the hydrogen bond so unique? This 

was one of the questions posed by Umeyama and Morokuma in their energy 

decomposition study of some typical hydrogen bonded complexes.^* They compared the 

complexes C1F--HF and FC1---FH and found no significant differences for the energy 

components (calculated at the SCF level). However a further comparison of (HF)% and the 

lithium bonded complexes (LiF)2 and (LiH)2 yielded, according to the authors, very 

different total interaction energies, energy components and preferred geometries. 

Umeyama and Morokuma concluded that “the uniqueness of normal hydrogen bonding 

lies in the basic fact that it always involves a moderately polar, short, and strong H—Y 

bond as the proton donor”. Very recently, and twenty years after Umeyama and 

Morokuma, Jeffrey^^ has moved the emphasis on the word “polar”, suggesting that the
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deshielding of the hydrogen, as its electron density shifts towards A, is in no covalent bond 

as strong as it is during the hydrogen bond formation, and so this is one of the unique 

characteristics of hydrogen bonds.

Another characteristic of hydrogen bonds is the formation of patterns. Every 

chemist is familiar with the carboxylic acid dimer picture;

 H O 

0  H - - -O

Such patterns are normally suggested based on our intuition of what hydrogen bonds 

should look like, but they are confirmed by spectroscopic and crystallographic 

experiments. As the systems get more complicated and the possibilities of association 

increase, it is obvious that a more systematic way of recognising hydrogen bond patterns is 

needed. In the solid state, where such patterns can be built up to infinite order, the need 

for a method of encoding hydrogen bonds is even more pronounced. One of the most 

promising approaches was developed by Etter^^ who used graph theory for a 

straightforward representation of hydrogen bond patterns. Etter also highlighted the fact 

that decoding hydrogen bonds, i.e. developing empirical rules based on the frequency of 

specific graph sets for given functional groups, is as useful as encoding them. Hydrogen 

bonds, however complicated, can be reduced to one or a combination of four possible 

patterns (for example the carboxylic dimer is a case of a ring, R 2 (8 ))  with the number of

donors, acceptors, and total number of atoms added on to them. Etter’s work has been 

developed and expanded during the last decade^®’̂ *’̂ ’̂̂  ̂ leading to a consistent and 

relatively simple formalism that is becoming increasingly popular in discussions of 

hydrogen bond patterns in crystals.

n i.3 . The strength of the hydrogen bond

Although the hydrogen bond is commonly referred to as a strong intermolecular

interaction, it is normally much weaker than a covalent bond. However the variation in

strength is striking. Hydrogen bonds vary from about 1 kcal/mol in strength to about 40

kcal/mol. The strongest hydrogen bonds exceed 15 kcal/mol in energy and they normally
_
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involve ionic species (hence they are normally referred to as ionic hydrogen bonds). Such 

hydrogen bonds are formed by donors with a deficiency of electron density, or acceptors 

with an excess of electrons, and they are often symmetric, i.e. the position of the hydrogen 

is at the mid-point of the bond. The hydrogen bifluoride ion (FHF)“  ̂ or intramolecular 

^ —H—N interactions observed in the crystal structures of “proton sponges” are 

examples of strong hydrogen bonds. Recently Gonzalez et studied the structures and 

energies of the phosphinic acid dimers, and reported an estimated dimerization enthalpy of 

23.2 kcal/mol, the highest so far for neutral homodimers in the gas phase. It is appropriate 

to note here that very strong hydrogen bonds, where the two monomers have lost their 

integrity by participating in the bond, cannot be described in terms of perturbation of one 

monomer from the presence of the other. Consequently, the language of intermolecular 

perturbation theory is completely inappropriate for such “hydrogen bonds”, which should 

be described using methods developed for covalent bonds.

The energy of weak hydrogen bonds is typically less than 4 kcal/mol, involving 

donors that are only slightly more electronegative than hydrogen (such as C or Si), and 

acceptors with normally no lone pairs, but with some concentration of electron density, 

such as 7T electrons. Since weak hydrogen bonds are of comparative strength to van der 

Waals interactions, they are often surrounded by controversy over their nature. Hydrogen 

bonds of the C—H—N /0 type, for example, were rejected by Donohue^^ as early as 1968, 

and are still considered by some as nothing more than van der Waals interactions.^^ Steiner 

and Desiraju^* have argued that C—H—O contacts show directionality characteristic of 

hydrogen bonds. This directionality decreases on going from ethynyl to vinyl to ethyl 

donors, but it is still recognisable for the latter, thus distinguishing them from van der 

Waals contacts, which typically show isotropic angular distributions in histograms derived 

form crystal structure data. Steiner and Desiraju also pointed out that not every C—H " 0  

contact of a methyl group is necessarily a hydrogen bond. Indeed such contacts have been 

found to have near-zero e n e r g i e s . I t  is worth mentioning at this point, that criteria for 

defining an interaction as a hydrogen bond are often too arbitrary to be taken literally, and 

this problem is accentuated for the case of weak hydrogen bonds. For example Steiner and 

Desiraju^* argue that distance criteria are not enough to disqualify a contact from being a
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hydrogen bond. Similarly, energetic criteria are unsuitable, since the weaker hydrogen 

bond strengths overlap with energies of van der Waals complexes.

Hydrogen bonds of moderate strength are by far the most common ones. They 

involve neutral acceptors and donors, the donors being commonly thought of as 

electronegative, and having free electron pairs on the acceptors. Common examples are 

combinations of O—H and N—H donors with O and N acceptors, but phosphorus and 

sulphur are also involved in moderate hydrogen bonds. This thesis deals almost exclusively 

with moderate strength hydrogen bonds involving 0  donors and O and N acceptors, so 

most of the following discussion is centred around this type of hydrogen bonds.

It is appropriate to mention at this point that the strength of a hydrogen bond is 

influenced, in addition, by what is known as the cooperativity effect. The formation of a 

hydrogen bond increases the basicity of the acceptor and the polarity of the donor- 

hydrogen group, hence influencing further formation of hydrogen bonds. Typical examples 

are the hydrogen bonded dimers of HCN and HF. In both cases, the two monomers are 

better donors and acceptors after the formation of the hydrogen bond, so the formation of 

a trimer by addition of an extra HCN (or HF) is favoured. The strength of the 

cooperativity effect for these molecules is reflected in the difference between the 

intermolecular distance D- A in the isolated dimer and in the crystal, where infinite 

hydrogen bonded chains are the dominating patterns. This difference (and hence the 

cooperativity) is relatively small (about 0.1 Â) for HCN, but considerably larger for HF 

(about 0.3 A)."*̂  It is easy to see that a hydrogen bond of the type A—H -B—H makes B 

a better proton donor, but it also makes it a worse acceptor to additional potential donors. 

Thus, if a third molecule, C—H, was to act as a hydrogen bond donor to B—H, then this 

hydrogen bond would be weaker than in the isolated dimer C—H "B—H. However, the 

sum of the energies of A—H -B—H and C—H -B—H in the trimer would generally be 

larger than any of the isolated dimers, and so the effect of “negative” cooperativity is not 

larger than the gain in energy on the formation of a second hydrogen bond.̂ "* The 

cooperativity effect is by definition a non-additive effect. This is evidently a serious 

problem for potentials that assume pairwise additivity. Cooperativity effects can be taken
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into account by introducing polarisation terms into the potential. Such terms are in fact 

indispensable in hydrogen bonded networks of molecules.'*^

IU.4. The nature of the hydrogen bond

A first idea of the nature of the hydrogen bond is revealed in electron density 

deformation maps obtained from X-ray and neutron diffraction experiments. The 

deformation density is measured as the difference between the experimentally observed 

density and that obtained by placing nonbonded isolated atoms at the nuclear positions. 

This difference reflects changes in the electron distribution induced by chemical bonding. 

In the case of hydrogen bonds, deformation electron density maps^  ̂ reveal a deficiency of 

electron density at the hydrogen atom (and a concentration of electron density along the 

A—H direction due to the covalent bond), which results in a dipole in the A—H direction. 

A similar dipole is observed for the acceptor, arising from a concentration of density at the 

lone pairs and a deficiency at the position of the nucleus. There is no bonding density 

observed between the hydrogen atom and the acceptor lone pairs. Hence the hydrogen 

bond must involve an electrostatic interaction between the two dipoles on the donor and 

the acceptor molecules.

Experimental data can thus yield some insight on the nature of the hydrogen bond, 

but the overwhelming part of our present knowledge comes from theory and calculations. 

A first suggestion by Pauling* was that the hydrogen bond must be ionic (and hence 

electrostatic) in nature, as the hydrogen atom cannot be covalently bonded to two other 

atoms. Coulson"*  ̂ on the other hand was apparently amongst the first to suggest that the 

hydrogen bond cannot be a purely electrostatic interaction, and he identified'*'* -in the 

context of valence bond theory- contributions to the hydrogen bond from four distinct 

concepts; electrostatic interaction, delocalisation effects, repulsive and dispersion forces. 

Furthermore, he identified covalent, ionic and charge transfer terms as part of the 

delocalisation effects. Coulson pointed out that one must be careful in assigning any one 

effect as the dominant one, as cancellation of two terms will inevitably result in another 

term being dominant, even if all terms were of similar magnitude. He also recognised that 

at long range the electrostatic contributions should be dominant, but at smaller
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acceptor-'donor separations, overlap dependant effects should become more important. 

This idea is in agreement with today’s much more accurate calculations. Umeyama and 

Morokuma^* used the energy decomposition analysis proposed earlier by Morokuma'^^ and 

Kitaura and Morokuma,'*^ to study the origin of the hydrogen bond, this time in the frame 

of molecular orbital theory, at the Hartree-Fock level. They identified five contributions to 

the interaction energy, namely the electrostatic (ES), polarisation (PL), exchange repulsion 

(EX), charge transfer (CT) and the coupling term (MIX) that accounts for higher order 

interactions between the other components (see also chapter II for a discussion on the 

contributions to the intermolecular energy). Their study of a few small hydrogen bonded 

systems led them to a conclusion in line with Coulson’s ideas, i.e. that at short range ES, 

PL and CT are all important and counteracted by a large EX, but at longer distances, the 

electrostatic is the only major contribution. The authors also recognised that the 

importance of individual components of the energy of a complex is directly related to the 

systems involved, but moderately strong hydrogen bonds “are strongly ES in nature, with 

a small but significant contribution of CT”. It should be mentioned here that the Kitaura 

and Mprokuma (KM) scheme, despite being probably the most popular way of 

decomposing the energy into its contributions, is limited to SCF calculations and thus 

gives no account of the dispersion energy. In addition, the decomposition itself is very 

basis set dependant and prone to basis set superposition errors, with the CT and PL terms 

being particularly affected. An additional problem as pointed out by Scheiner, '̂  ̂ is that the 

polarisation contribution in this scheme is not obeying the Pauli exclusion principle, and 

thus this term becomes unreasonably large in magnitude as the donor--acceptor distance is 

reduced. Similarly the coupling term is also becoming large (but positive) to compensate 

for the unphysical increase in the polarisation term.

In any case, the major conclusions of Umeyama and Morokuma are not likely to be 

affected by the pitfalls of their method, and they have been generally supported by various 

other studies. For example, Kollman’s study'^  ̂ which included small hydrogen bonded 

dimers confirmed the importance of the electrostatic interactions in a qualitative account 

of their energies and geometries. Different conclusions have been claimed by Weinhold et 

^^ 48,49,50 partitioning scheme (the Natural Bond Orbital analysis, or NBO) is
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radically different from KM and it identifies two main contributions to the interaction 

energy. One is the sum of electrostatic and exchange interactions, and for the water dimer, 

it is positive in this scheme (in stark contrast to other decomposition methods), and the 

other includes intermolecular charge transfer, as well as intramolecular polarisation effects. 

The latter is responsible for the stabilisation of the water dimer, with most of the charge 

transfer occurring from the lone pairs of the acceptor to the O—H antibonding orbital. 

Reed et suggested that the obvious differences between their conclusions and those 

from a KM scheme arise from a different definition of the charge transfer term (and of 

course all others) between the two methods. If we agree with Scheiner '̂  ̂ that the 

distinction is really a semantic one, we arrive to the conclusion that the arbitrary nature of 

any method of decomposing the supermolecule interaction energy into terms is inhibiting 

our understanding of the origin of intermolecular interactions, and in this case, of 

hydrogen bonding. Alternatively, perturbation schemes are particularly suited to the study 

of the nature of hydrogen bonding, as the interaction energy is partitioned into physically 

meaningful terms, each term being evaluated explicitly. An advantage of the perturbational 

approach is that the treatment of electron correlation can be incorporated by treating the 

correlation interaction operator as a second perturbation in the way suggested by 

Chalasinksi and Szczesniak.^' An additional advantage is that a rigorous definition of non

additive terms in clusters is also possible through perturbation theory. Some examples of 

the application of perturbation theory to the study of hydrogen bonds are discussed in a 

later paragraph in the context of the hydrogen bond directionality.

Finally it should be emphasised that the balance of contributions to the hydrogen 

bond energy is not only dependant on the method used, but also on the strength of the 

interaction. Weaker interactions will generally have smaller overlap of the two monomer 

charge densities, and so long range interactions will be dominant. Very strong hydrogen 

bonds of slightly covalent nature will be stabilised by charge transfer.

in.5. Ab initio calculations of hydrogen bonds

There has been a tremendous progress in ab initio quantum methods since the first 

calculation on hydrogen bonded molecules, some 30 years ago. In fact the majority, if not

75



III. The nature and modelling o f  the hydrogen bond

all, of calculations dating before the eighties are considered completely inappropriate for 

today’s accuracy standards. Still, even the very first calculations offered some insight into 

the nature of the hydrogen bond, and provided a basic description of this unique 

interaction.^^ Information of quantitative quality was, of course, not accessible to such 

calculations which were based on the Hartree Fock approximation using only minimal 

basis sets, and which were swamped by the basis set superposition errors (see further 

discussion in chapter II). Recently the dramatic improvements in computing machines, in 

combination with the advent of more rigorous theoretical methods, and the availability of 

algorithms have provided us with the possibility of very high quality calculations for small 

systems that yield results of experimental accuracy (for example Rybak et calculated 

the association energy of the water dimer within the experimental error bars, using 

symmetry-adapted perturbation theory). However we have still not reached the era when 

near-exact calculations are possible for medium to large size molecules. Indeed, for 

molecules of biochemical interest, this time is nowhere in the near future.

This leaves us with the problem of how much we can compromise on the quality of 

our methods and basis sets, before we sacrifice the reliability of the results. This problem 

has been addressed recently, amongst others, by Del Bene and Shavitt.^^ They emphasized 

that three key properties should be satisfactorily described in a supermolecule calculation 

of a hydrogen bond: the A—B intermolecular distance, the binding enthalpy of the 

complex, and the IR frequency shift in the A—H stretching vibration. From a comparison 

of methods applied to the water dimer, as well as a series of nine other small hydrogen 

bonded complexes, they concluded that reliable results can be expected from nothing 

smaller than a split valence double zeta basis set, augmented with polarisation functions on 

both hydrogen and heavier atoms, and with diffuse s and p  functions added to non 

hydrogen atoms. The same authors argued that inclusion of electron correlation is 

essential for the accurate description of hydrogen bonds (without it there can be no 

account of dispersion energy) and that a Hartree-Fock (H-F) model can even be 

qualitatively wrong, as in the case of the double minimum in the H-F potential energy 

curve often encountered in models for proton transfer (see, for example, Ceulemans^^) that 

reduces to a single minimum for an MP2 calculation.^^ Del Bene and Shavitt suggested
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coupled cluster theory with single, double and noniterative inclusion of triple excitations, 

CCSD(T), as the method of choice for inclusion of correlation, but they added that 

Moller-Plesset many-body perturbation theory truncated at second order would be a good 

compromise for neutral hydrogen bonded complexes in terms of computational expense. 

Del Bene and Shavitt additionally emphasized the need for including diffuse functions in 

the basis set, for the description of hydrogen bonds. This is based on their comparison of 

6-31G(d) and 6-31+G(d,p) basis sets for the nine complexes examined, although 

comparisons for water (from Frisch et a l)  showed that equilibrium distances at the MP2 

level are much less sensitive to basis sets, that are split valence and augmented. It is worth 

noting here that the differences in the A - B distances for the 6-31G(d) and 6-31+G(d,p) 

basis sets are, for most cases, in the order of a few hundredths of an Â. Model potentials 

with simple isotropic repulsion terms (which are today’s standard) can rarely claim such an 

accuracy, so the discussion of the reliability of augmented split valence basis sets with or 

without diffuse functions although important for ab initio calculations, is not always 

relevant in the context of fitting today’s model potentials.

Before we move on from ab initio calculations to the description of model 

potentials for hydrogen bonded systems, it is worth remembering that there are two basic 

approaches to ab initio calculations: supermolecule and perturbation theory calculations. 

These have already been discussed in chapter II. A third hybrid method exists, where the 

interaction energy becomes a sum of one term comprising all contributions taken into 

account in the Hartree-Fock theory, and a series of terms that are neglected in SCF 

calculations, such as the dispersion energy. This hybrid method has been used, for 

example, in the calculation of the energies of hydrogen bonded systems such as the H2O 

and the HF dimers. '̂* Finally, an interesting approach summarised by Gordon and Jensen,^^ 

is the transformation of the delocalised molecular orbitals in the monomer, into orbitals 

which are maximally localised, and hence known as localised molecular orbitals. This 

transformation leaves the total electronic probability density and the molecular energy 

unaffected, but it allows quantum mechanical results to be described using the concepts of 

lone pairs, inner shell orbitals and bonds, which are more familiar to chemists.
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in.6. Modelling the hydrogen bond

The need for computationally tractable models of intermolecular forces in 

simulations where ab initio calculations are still not a realistic solution has been 

highlighted in the previous chapter. However, the crude approximations often assumed in 

such potentials are brought up to light in the case of hydrogen bonding. It is widely 

accepted today that there are no magic forces acting during the formation of a hydrogen 

bond,^^’̂® and, in this sense, there should be no need of invoking special potentials for its 

treatment. The fact that commonly used model potentials normally contain nothing more 

than simplified expressions for the electrostatic, repulsion and dispersion forces, with no 

charge transfer or polarisation terms, is obviously the reason why extra functions are often 

required. Complete and accurate intermolecular potentials would be able to describe 

hydrogen bonds, alongside with any normal van der Waals interactions.

Model potentials for hydrogen bonds can thus be categorised into those that 

describe the hydrogen bond with the use of a special function and those that rely on the 

general force field for the description of all interactions, including the hydrogen bond. 

Special functions developed in the context of molecular mechanics force fields vary in the 

form, being of the Lennard-Jones,^^’̂  ̂ or Morse type,^  ̂ or even switching functions, '̂* to 

mention but a few. One well known potential developed early to account for hydrogen 

bonds was Lippincott and Schroeder’ŝ  ̂ potential, which needed two extra functions, in 

addition to an electrostatic and a repulsion term, to describe a hydrogen bond. The 

additional functions introduced corresponded to a picture describing the slightly stretched 

covalent bond A—H, and the highly stretched weak bond H—B.

The second approach includes attempts to parameterise a force field, so that 

hydrogen bonds can be adequately described without the addition of extra terms. 

Damewood et developed parameters for the AMBER and MM2 force fields, 

employing atom-centred charges (from fit to a calculated electrostatic potential) and using 

ab initio and experimental binding energies and geometries for the parametrisation. They 

concluded that their satisfactory results confirmed that there is no need for additional 

functional forms. Similarly, Hagler et al.^^ in the derivation of a force field for systems 

containing N—H - 0=C hydrogen bonds, came to the conclusion that their initial
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consideration of a Morse type term to account for hydrogen bonding, did nothing but add 

extra parameters to the potential. Consequently, they omitted the extra term noting that a 

different model of the charge transfer might have done better, but the Morse potential was 

certainly not adequate for this purpose.

A common assumption in potentials that do not use extra functions is to treat the 

hydrogen atom as having a zero van der Waals radius (the Bondi^^ radius for H is 1 .2  Â) 

justified on the grounds that, in a hydrogen bond, the donor-acceptor distance is normally 

less than the sum of their van der Waals radii. Buckingham and Fowler’s models^*’̂  ̂

adopted this approach by assuming that the hydrogen atom lies inside the van der Waals 

sphere of the acceptor. Spackman^® set the repulsion energy between the hydrogen and the 

acceptor to zero, thus achieving the same effect. This approach has also become very 

popular with empirical force fields. Although this method seems to work very well for 

hydrogen bonds, one should remember that there is no theoretical justification for ignoring 

the hydrogen atom in the calculation of repulsion, and it is thus a purely empirical 

observation, which may well reflect other inadequacies in the potential, better results then 

being solely due to fortuitous cancellation of errors.

The poor representation of the electrostatic forces in model potentials is partially 

to blame for the long debate on the nature of the hydrogen bond. The case of (HF)2 is a 

good example, where the non linearity of the dimer was initially assumed to be due to the 

charge transfer component^^ but it was later shown'*  ̂ to be a result of electrostatic 

directionality, as the angular dependence of charge transfer and exchange-repulsion were 

found to cancel each other. As Kollman^^ pointed out the simple dipole-dipole picture 

would fail to predict the actual directionality, but a more complete representation of the 

electrostatic term can give the correct prediction. Similarly, early models which used only 

point charges centred on the atoms oAen failed to predict the experimentally observed 

geometries, and this led to the incorrect belief that there must be other additional forces 

which are responsible for the geometrical preferences found in hydrogen bonds. However 

it is now becoming more widely accepted that higher multipoles, at least up to quadrupole, 

are required for a correct representation of the electrostatic potential. An early 

compromise to using multipoles on atoms was suggested by Brobjer and Murrel l , and it
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involves using point charges which have been fitted to mainly experimental (but also a few 

calculated) molecular multipole moments. This model worked reasonably well in 

predicting the geometries of complexes of small polar molecules, some of which were 

hydrogen bonded, but it is obviously limited by a knowledge of experimental moments, 

and the number of charges that can be fitted versus the choice of sites they must be placed 

on. More recently electrostatic potential derived charges are being used (see chapter II), 

as these retain the simplicity of using charges only, with the advantages of a more accurate 

representation of the actual electrostatic potential outside the van der Waals region of the 

molecule. It is encouraging that, finally, developers of force fieldŝ '*’̂  ̂ admit the need for 

taking into account lone pair directionality, which, can be easily and cheaply achieved by 

inclusion of off-centre charges at approximately the sites of lone pairs.

One reason behind many of the failures in modelling the hydrogen bond is that this 

is a directional interaction, and hence potentials developed to treat van der Waals 

interactions would normally behave poorly for hydrogen bonded complexes. Molecular 

mechanics programs often attempt to overcome this trouble by using hydrogen bond 

potential functions which include terms depending on the linearity and angles of approach 

of the hydrogen atom to the acceptor (see, for example, the force fields incorporated in 

the programs CHARMM^^ and YETI^^). Clearly, such approaches need to make 

assumptions on the best geometry for each type of donor and acceptor, and introduce 

extra parameters in the force field. Again it is logical to think that, if the potential is 

improved, such additional assumptions will become redundant. The next paragraph 

concentrates on the subject of hydrogen bond directionality, which is essential for an 

understanding of the successes and failures of various model potentials.

in .7 .  Directionality of the hydrogen bond

As geometry is measurable, whereas energy is much more difficult, if at all 

possible, to quantify, the hydrogen bond has traditionally been discussed in terms of its 

geometry. Hagler et al.^^ suggested that “the most general and useful definitions of 

hydrogen bonds are geometric”. Similarly Umeyama and Morokuma^* emphasised that 

“the normal hydrogen bond is always an intermediate to weak interaction with linear
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bonding and appropriate directionality\ The validity of their statement has been mirrored 

in a wealth of publications, where the geometry of the hydrogen bond is extensively 

discussed. These undoubtedly significant statements, call for the questions: What evidence 

is there that linearity and directionality are the principal features in the description of 

hydrogen bonds, and given such evidence, can we satisfactorily explain the origin of such 

observations?

III. 7.1. The Legon-MUlen rules

Before attempting to answer these questions it is useful to become familiar with 

what became widely known and accepted as the Legon-Millen rules. Legon and 

Millen,^*’̂  ̂ in an effort to summarise the observed geometrical characteristics of the 

hydrogen bonded gas-phase dimers, stated two rules for the prediction of angular 

geometries, both of which were empirically derived from investigations of hydrogen- 

bonded dimers using rotational spectroscopy. These empirical rules were slowly 

established before the publication of Legon and Millen, as most of the experimental data 

that followed the very first observations added to their reliability. In summary, the rules 

state that the hydrogen bond will form at areas of high electron density in the acceptor 

atom, such as nonbonding electron pairs, or in their absence, ti-bonding density, and that 

in the latter case the donor molecule will approach the Tt-bond in an axis perpendicular to 

the plane of symmetry of this bond. In the same paper, Legon and Millen went on to 

review hydrogen-bonded dimers of known geometries, which proved that the rules gave 

predictions that agreed well with reality. It should however, be noted that the examples 

used by the authors were mainly small isolated dimers (like HCN--HF, OC-HBr, N2'"HF, 

(CH3)2 0 —HF etc), a fact that is partly responsible for the satisfactory results they 

obtained. When other systems, affected by size or the presence of secondary contacts are 

examined, it is found that the Legon-Millen rules are not necessarily obeyed (for example, 

in the formaldehyde/acetylene complex*® the additional interaction between a hydrogen 

atom of the CH2 group of formaldehyde and the n bond of the acetylene molecule has a 

marked effect on the geometry of the complex).
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It should be noted that Legon and Millen suggested that these rules are “essentially 

electrostatic in nature” and that they “embody a qualitative electrostatic model”. A 

quantitative electrostatic model, according to the same authors, is the one proposed by 

Buckingham and F o w l e r . T h e i r  model consists of point multipoles derived directly 

from the monomer wavefunction, and embedded in hard spheres, which determine the 

distance of approach. The success of this model in predicting the geometry of many 

hydrogen bonded dimers can be attributed to the accurate description of the nonbonding 

and 7C-bonding electron density using distributed multipoles, a description that parallels the 

more qualitative approach of Legon and Millen. In a similar approach, Spackman*^’̂  ̂ has 

used a 6-exp potential combined with electrostatics, derived from the partitioned multipole 

moments of the monomers, to study successfully a large number of hydrogen bonded 

dimers between small size molecules.

As some of the studies on hydrogen bond directionality are reviewed in the 

following paragraphs, we will come across cases where the rules are not obeyed. In the 

light of modern research, this should be expected; the rules are correct but incomplete, 

mainly because they were established taking into account only small molecules, and they 

ignore additional interactions due to the environment of the hydrogen bond. In a later 

paper, Millen®  ̂suggested that distortions from the lone pair directions are to be expected, 

when the barrier height for the double minimum potential energy function is low enough to 

allow them. The idea is that, in such a case, the molecule may rapidly flip from one 

minimum to the other, leaving us observing a vibrational average of the two. Moreover, 

such distortions are, according to Millen, much more likely to happen (if the environment 

requires so) than distortions from linearity, as experimental results s u g g e s t . I n  addition, 

he points out that the final geometry can be the result of a compromise between different 

interactions, the number of which is expected to increase on going from a gas phase dimer 

to a crystal. With this in mind, we shall then see that Legon and Millen’s review was 

significant because it summarised important aspects in the prediction of hydrogen bond 

geometry, but its simplicity could not possibly account for the broad range of features 

associated with this complicated interaction.
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The discussion of the directionality of hydrogen bonds is a very broad subject and 

cannot be adequately presented in the limited space of this chapter. After a short general 

discussion, we will concentrate on the directional character of hydrogen bonds involving N 

and O acceptors only, and emphasise the cases where the acceptor is a heteroatom in an 

aromatic ring. This is, of course, chosen to provide the reader with a background for the 

results presented in chapter IV.

III. 7.2. The geometry o f the hydrogen bond in the literature

III. 7.2.1. Statistical studies

One of the early efforts in understanding the geometry of the hydrogen bond was 

by Taylor, Kennard and Versichel, who described in a series of papers*^’̂ ’̂*̂  the geometry 

of the N—H 0=C hydrogen bond, after examining a large number of such intermolecular 

and intramolecular cases stored in the Cambridge Structural Database (CSD). The data 

was obtained using both X-ray and neutron diffraction methods. In their papers, they 

conclude that there is a distinct preference for the hydrogen bond to form “in, or near to, 

the directions of the conventionally viewed oxygen sp^ lone pairs’’.*̂  According to the 

same authors, this preferred directionality may be partly due to steric effects inside the 

crystals, and partly attributed to electrostatic effects in the isolated N—H 0=C bond. 

However, as they suggest, a simple search of the database does not allow them to 

distinguish between the two effects. In addition, their statistical study shows that the 

hydrogen bond distance is very sensitive to the environment of the donor and the acceptor 

groups, and that it correlates with the linearity of the bond (the angle N—H O), more 

specifically that short hydrogen bonds tend to be more linear than long ones. This last 

observation again cannot be explained in terms of a statistical study, but Taylor et al. 

believe*^ that it must be due to a complex superposition of many effects (such as changes 

in the charge transfer, repulsion and electrostatic energy with changes in the N—H O 

angle). A few years later Mitchell and Price** offered a theoretical justification for the 

geometrical preferences observed in N—H 0=C bonds based on minimisation of the 

intermolecular energy with a realistic electrostatic potential. Using a Buckingham-Fowler- 

type model (i.e. distributed multipoles for the representation of the electrostatic potential,
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and a hard-sphere model for the repulsion) they found the most electrostatically stable 

geometries for a series of common van der Waals complexes, and they compared these 

minima with statistical results from crystal structures/^ Their conclusion was that 

hydrogen bonds of this type tend to be near-linear and planar, and that this effect can be 

well reproduced by a good anisotropic electrostatic potential. Strong lone pair 

directionality is observed, wherever there are more than one contacts between the two 

molecules, but it is much less pronounced where there is a single contact. The authors 

concluded that the in-plane directionality is not so much an electrostatic effect as a steric 

one. It is often the possibility for the neighbouring groups to form a second contact, thus, 

lowering the total energy, that forces the hydrogen bonds to show a strong directionality 

towards the sp^ lone pairs of the oxygen acceptor. In this sense, the Legon-Millen rules 

may not be broken, but they are only accidentally obeyed, as far as lone pair directionality 

is concerned. All these results were later confirmed by a highly accurate ab initio study of 

the formamide/formaldehyde complex.^^ Using intermolecular perturbation theory, 

Mitchell and Price were able to show that the electrostatic term dominates indeed the 

geometry of such hydrogen bonds, as the remaining terms (charge-transfer, polarisation 

and dispersion) tend to cancel each other out. Furthermore, they demonstrated that there 

is an energetic preference for the bond to form in the plane of the acceptor’s lone pairs, 

but that similar tendency is not observed for the conventional direction of the lone pairs, as 

the potential is rather flat for a wide range of in-plane angles. The flatness of the potential 

allows other factors (such as steric effects in a crystal) to dominate the preferred 

orientation.

Studies of the O—H --0 bond in molecular crystals have also revealed some 

interesting facts. Kroon et reported that the absence of hydrogen bond linearity in 

crystal data (a maximum around 160° was observed in the histogram of the O—H—0  

angle) was mainly due to a “geometrical factor” involved, i.e. to the fact that the number 

of possible hydrogen bonds at a given A—H—B angle is not dependant on that angle, but 

on the sine of it. The authors pointed out that, although sometimes non-linearity can be 

attributed to an energetical preference (as their additional quantum mechanical calculations 

showed), in most cases, it is simply a matter of correcting for this geometrical factor.
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before preference for linearity is established. Ceccarelli el al.^  ̂ reported similar results on 

the statistical analysis of O—H - O bonds from crystals that have been determined from 

neutron diffraction only (and thus, are expected to be far more accurate). The mean value 

for the O—H—0  angle was 167.1(8)°, but when this was corrected, the linear 

arrangement was shown to be the preferred one. Further statistical tests indicated that 

short hydrogen bonds tend to be more linear than long ones, in agreement with the 

previous results on N—H—0=C bonds. As far as lone pair directionality is concerned. 

Kroon ei al!^ concluded that no distinct preference was observed (or calculated) for the 

hydrogen bond to form in the direction of either of the two oxygen lone pairs. The whole 

area in between the lone pairs seems to be equally accessible to the donor. However, there 

is much less flexibility in the direction perpendicular to the plane of the lone pairs, and in 

this sense, the term “lone-pair directionality” may be used. Moreover, as Taylor and 

Kennard^^ pointed out in their comprehensive review of studies on hydrogen bond 

geometry in organic crystals, the energetic preference for the bond to form in the direction 

of an sp^ hybridised lone pair might well be there, but it is obscured by steric effects in the 

actual crystal. In the same paper, they suggested that lone pair directionality may be more 

pronounced in relation to sp^ than sp^ hybridised lone pairs, an idea already expressed in 

the work described previously.*^

The subject of the directionality of hydrogen bonds to sp^ and sp^ oxygen atoms 

has also been studied by Murray-Rust and Glusker.^^ A statistical analysis of hydrogen 

bonds to ethers, esters, enones, epoxides, and ketones retrieved from the Cambridge 

Structural Database showed a general preference for the bonds to form in specific 

directions. This analysis also revealed that the clusters of hydrogen bonds to sp^ hybridised 

lone pairs in ketones are much better resolved than the equivalent in esters, and that 

similar clusters to sp^ hybridised atoms (such as in ethers) do not correspond to any clear 

lone pair directions, but they have more a continuous “banana-shape” density. This is in 

agreement with later results from Vedani and Dunitz^^ who studied hydroxyl oxygen 

atoms as acceptors, and found no strong preference for the hydrogen bond to form in the 

direction of an sp^ lone pair. In a more recent study of hydrogen bonding between alkanol 

hydroxyl groups and oxygen acceptors in ketones, ethers and esters, Lommerse et
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showed that a lone pair preference exists for sp^ but not for sp^ oxygens. Using 

intermolecular perturbation theory calculations they were able to show that, in the case of 

sp^ oxygens, lone pair directionality is not observed because the electrostatic preference 

for the lone pair is very weak, and it is the balance between the other terms that favours 

positions between the lone pairs. However, the directionality to the sp^ atoms is still 

debated. Gavezzotti and Filippini^  ̂ reported only a “slight aggregation” around 120° for 

the H--0=C angle in amide crystals retrieved from the CSD, and they concluded that the 

donor atom does not show a preference for approaching the carbonyl group in the 

direction of the sp^ lone pair.

Even between atoms of similar hybridisation, there is a difference in the width of 

the spatial distribution of donor and acceptor sites. This difference can be important in 

drug design. As Klebe* points out, this is a key subject, because it relates to the 

geometrical restraints that can be set, when replacing a functional group in a ligand. An 

interesting example we find in the study of Murray-Rust and Glusker,^^ where it is noted 

that ethers have a tighter distribution around the oxygen atom than the epoxides do, which 

was used to support the hypothesis that the non-bonded electron density on ethers is 

spread over a smaller angle than the one on epoxides.^^

Similarly to oxygen acceptors, there is a number of studies referring to the 

directionality of hydrogen bonds to nitrogen atoms. The work of Vedani and Dunitz^^ 

(based on crystal structure data from the CSD) revealed a clustering of the hydrogen 

donors around the bisector of the C—N—C angle in aromatic five- and six-membered 

rings, containing at least one nitrogen atom. This agrees well with the conventionally 

accepted direction of the lone pair on an sp^ hybridised nitrogen atom. The majority of 

structures also showed near-linear arrangements for the A—H--B interaction. Similar 

results were reported by Llamas-Saiz and Foces-Foces,^^ Llamas-Saiz et al.^^ and Klebe.^ 

In all these studies crystallographic data retrieved from the CSD was examined for the 

presence of hydrogen bonds to sp^ hybridised nitrogen atoms, and the directionality of 

these bonds was studied with the use of histograms and scatter plots of the angles defining 

the geometry of the interaction. The results showed a clear preference for linear or near- 

linear hydrogen bonds, and a rather strong preference for the donor atom to approach in
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the plane and the direction of the idealised lone pair on the nitrogen. It is also worth 

noting that the diagrams of donor distribution around the nitrogen acceptor in the study of 

Vedani and Dunitz^^ show some asymmetry, with a larger number of donors lying near the 

side of the ring where a second substituent (for example, a second nitrogen atom at 

position 3) is found. Although the authors attributed this to the presence of the additional 

ring substituents, they did not attempt a further investigation of the matter. Since a 

substantial part of chapter IV deals with this subject, it is worth remembering that it has 

been observed before.

III. 7.2.2. TJieoreiical calculations

The subject of orientational preference of the hydrogen bond to nitrogen atoms has 

also been studied from a theoretical point of view. Llamas-Saiz et aÜ^ performed a series 

of single point calculations using a 6-3IG* basis set on the structures of pyridine and 

water optimised at the 3-21G level. Their results suggested that the pyridine/water 

complex is much more stable when the hydrogen bond is formed in the plane of the 

pyridine; ring, and in the direction of the C—N—C bisector. However, the difference in 

energy between an idealised in-plane approach and a slightly out-of-plane or away from 

the bisector one is less than 0.5 kcal/mol. This is in agreement with the spread of possible 

angles observed in the database. The authors went on further, attempting to analyse the 

origin of the directional preferences, both observed and calculated. Based on a topological 

analysis of the Laplacian of the charge density, they observed a good correlation between 

the hydrogen-bond dissociation energies of pyridine-water complexes and the overlap 

population of the corresponding hydrogen bond. They consequently concluded that the 

charge density of the acceptor lone pair is primarily responsible for the non-random 

angular distribution of hydrogen bonds, although they pointed out that the situation in a 

crystal may well be governed by other interactions such as steric effects.

In a recent paper Martoprawiro and Bacskay^ have also performed theoretical 

calculations on the pyridine-water complex (as well as on pyrrole-water). Their 

supermolecule study at the MP2/DZP level confirmed the flatness of the potential around 

the global minimum for this complex, showing additionally that the counterpoise corrected
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minimum has a different symmetry (C,) than the uncorrected one (Ci). However the 

authors did not report correcting the individual energy terms for BSSE and hence their 

conclusions on the relative importance of the various terms (i.e. that polarisation and 

charge transfer are more important than the electrostatic+repulsion terms) should be 

treated with caution.

ni.8. Summary

In the previous paragraphs we attempted a short review on studies of the 

directionality of hydrogen bonded systems, emphasising on complexes similar to the ones 

dealt with in this thesis. We looked at examples from both experimental/statistical as well 

as theoretical work, and it is encouraging that such different approaches still yield results 

that are qualitatively and often quantitatively in agreement. The two approaches are of 

course complementary, the first normally revealing information on the systems and the 

latter attempting to confirm the observations and explain their origin. We outline here the 

most important directionality trends observed in the above studies;

• Hydrogen bonds to nitrogens and oxygens tend to be linear or near-linear;

• Hydrogen bonds to sp^ hybridised nitrogens and oxygens tend to form in the plane of 

the acceptor’s lone pairs;

• Hydrogen bonds to sp^ nitrogens tend to form in the direction of the acceptor’s lone 

pair. Hydrogen bonds to sp^ and sp^ oxygens show less directionality towards the lone 

pairs.

As a final note in this chapter, we would like to emphasise that the discussion on 

the geometry of the hydrogen bond, with all the controversy and uncertainty that follows 

it, is not a question of mere academic interest. Hydrogen bonds can hold together crystal 

structures, and are responsible for the higher structure of nucleic acids, proteins, and 

polysaccharides. Understanding the rules that govern the geometry of hydrogen bonds is 

the first step to predicting structures for important biomolecules, including ligands in 

protein binding sites.

In chapter IV we examine the geometry of the hydrogen bond between a series of 

aromatic heterocycles and H—O—C (where C is a tetrahedral carbon) donors, as found in
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crystal structures from the Cambridge Structural Database, and present theoretical 

calculations on similar model systems. The aim of the study is to achieve a better 

understanding of the potential energy surface around the acceptor, and of the importance 

of the various contributions to the total interaction. In what concerns the geometry of the 

hydrogen bond, we will be mainly looking at linearity, lone pair directionality, and the 

effect of hybridisation and neighbouring atoms in the ring.
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Chapter IV.

Hydrogen bonding properties of oxygen and nitrogen acceptors in 

aromatic heterocycles

IV .l. Summary

Surveys of the Cambridge Structural Database, a model potential comprising 

an accurate representation of the electrostatic forces and Intermolecular Perturbation 

Theory calculations are all employed in this study of hydrogen bonds between 

C{sp^)—O—H and aromatic fragments containing one or more nitrogen and/or 

oxygen heteroatoms. Emphasis is given on the relative strengths and geometric 

features of these hydrogen bonds. The importance of the individual contributions to 

the intermolecular energy in determining the directionality of these hydrogen bonds is 

investigated, and the predominance of electrostatic forces is confirmed. Implications 

for the construction of force fields are discussed in the light of these results. A 

shortened version of this chapter has been published.*
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IV.2. Introduction

An understanding of the relative strengths and geometries of intermolecular 

contacts, such as hydrogen bonds, is required for the design of new supramolecular 

materials, including the engineering of crystal structures, or for selecting functional 

group replacements in protein ligands to enhance binding affinity. In biological 

systems, the prevalence of N and O suggests that replacing an oxygen with a nitrogen 

acceptor in a ligand could retain the hydrogen bond to the protein, and yet produce a 

chemically distinct ligand. This requires a knowledge of relative strengths and 

directional requirements of the hydrogen bond acceptors.

Aromatic heterocycles containing nitrogen and oxygen are common organic 

compounds, which often form part of protein ligands. The effect on binding of 

substitution of one heterocycle for another in a ligand will depend crucially on the 

relative acceptor strengths of the heteroatoms. Recent studies^ of the hydrogen 

bonding capabilities of oxygen atoms covalently bonded to an sp^ hybridised atom 

showed that these were often considerably weaker acceptors than equivalent nitrogen 

^toms. This is in contrast to the common expectation, based solely on 

electronegativity, that both are good acceptors. Since some oxygen heterocycles were 

shown to be weak acceptors in that study, we have undertaken a study of the relative 

hydrogen bonding strengths for the 5/6 - membered heterocyclic rings furan, pyridine, 

1,2-oxazole (isoxazole), 1,3-oxazole (oxazole), pyrimidine, pyrazine, pyridazine, and

1,2,4-oxadiazole (fig. IV-1).

A good source of experimental information on the geometries of hydrogen 

bonds is the Cambridge Structural Database.^ Where there are a statistically 

significant number of hydrogen bonds to a heterocycle in the database, then any 

commonly observed geometry is likely to correspond to a relatively strong interaction, 

with the scatter of geometries indicating the variation caused by the steric limitations 

of the crystal packing of the wide range of bonded functional groups. Conversely, if 

hydrogen bonds are rarely found in crystal structures containing both the heterocycle 

and a hydrogen bond donor, then this suggests that the hydrogen bond is weak, at 

least relative to the other interactions that stabilise the crystal structures.

Whereas experimental crystal structure determinations provide statistical 

probabilities of hydrogen bond geometries over a wide range of molecular 

environments, such analyses do not quantify the strength of the interaction, nor
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explain it. Therefore, we have also performed theoretical studies on the interaction of 

methanol with each heterocycle, to determine how the strength of the hydrogen bond 

varies with the acceptor and other heteroatoms in the ring. Methanol was chosen as 

the simplest single hydrogen bond donor, and so the results complement previous 

SCF-MP2 supermolecule calculations on water hydrogen bonded to oxazole, 

isoxazole, and furan,^ as water is a very different, possibly bidentate, O—H donor. 

The aim was to determine the range of favourable hydrogen bonding geometries, and 

understand the reason for the variation in hydrogen bond strength, rather than to 

determine a precise minimum energy structure for a given molecular pair. Hence, we 

used an approximate model intermolecular pair potential for surveying the potential 

energy surface, supplemented by Intermolecular Perturbation T h eo ry ca lcu la tio n s  

of each of the major contributions to the interaction energy at a limited range of 

geometries. This approach of combining crystal structure analysis with intermolecular 

energy calculations on model systems has been successful in a number of cases, as 

discussed in chapter III.

IV.3. Methods

Information on crystal structure data was retrieved from the Cambridge 

Structural Database^ (version 5.11, April 1996, 152,464 entries). Both X-ray and 

neutron diffraction studies were included in the study, with the poorly determined 

hydrogen positions from X-ray experiments, being normalised so that the X—H 

distance would equal 1.083 Â, 1.009 Â and 0.983 Â for X=C, N, and O respectively 

(these are taken from average bond lengths^ from neutron diffraction experiments). 

Normalisation of the X—H distances removes systematic errors and renders X-ray 

data suitable for statistical surveys of hydrogen bond geometries.^ The QUEST 3D 

software^ was used to search the CSD for intermolecular hydrogen bonds between the 

H—O—Ĉ"̂  (where we use the superscript T4 to indicate a tetrahedral sp^ hybridised 

carbon) atom fragment and aromatic fragments representing the heterocyclic 

molecules in this study. The length of the hydrogen bond was accepted as anything up 

to the sum of the van der Waals radii for the hydrogen and the acceptor atom, using 

the radii 1.52 Â for oxygen, 1.55 Â for n itrogen ,and  1.09 Â for hydrogen. An 

interaction was rejected when the angle a  (O—H - B, where B is the acceptor) was
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smaller than 90°, following conventional geometric definitions of hydrogen bonds. In 

order to improve the quality of the CSD searches some secondary criteria were used. 

Only crystal structures with R factors smaller than 0.1, with no errors in the 

coordinates, and no disorder were accepted, and polymeric structures were excluded. 

Both organic and organometallic compounds were included in the search. The results 

for the various geometric descriptors of the hydrogen bond (see fig. IV-2) were 

graphically analysed using VISTA.

For the theoretical calculations, the geometry of each model molecule was 

optimised at the MP2 level of theory with a 6-31G** basis set, using the program 

CADPAC^^

As a thorough scanning of the potential surface around each heterocycle was 

needed, the model potential had to be computationally inexpensive, but it still had to 

give a reasonably accurate description of the most important interactions, and reflect 

as well as possible the directionality of the hydrogen bond. We calculated the 

electrostatic interactions from the sets of atomic multipoles obtained by a Distributed 

Multipole Analysis (DMA) '̂*’*̂ of the MP2/6-31G** monomer wavefunction, 

including all terms in the multipole expansion up to The model potential, % , also 

included 6-exp dispersion and repulsion terms, i.e.

^ik = &  ) - &  + ^ik (DMA. R -;, « ^ 5)
i k

where the atoms i and k are of type i and x; and the parameters a, A and C are those 

of Williams and Cox^  ̂ for C, He (hydrogens bonded to a carbon atom), and N, and 

Cox et al.^^ for O. For hydrogen atoms directly bonded to nitrogen or oxygen, Hp, the 

repulsion-dispersion parameters were fitted to hydrogen-bonded crystal structures.^* 

This model potential was used to scan the methanol-heterocycle potential energy 

surface, by starting minimisations at a sufficient variety (20-40) of orientations (using 

the ORIENTprogram ), so that it seemed highly probable that all significant minima 

were found.

The single point ab initio calculations of the total interaction energy were 

performed using the IMPT'*’̂ ’̂  code of CAD?AC, at the 6-31G** level. This method 

has been discussed extensively in chapter II, so it is only worth reminding here that 

IMPT calculations yield at first order the electrostatic (Ecs) and exchange-repulsion
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(Eer) terms, and at second order the charge-transfer (Ed), polarisation (Epd) and a 

series of double excitation terms, from which only the dispersion energy (Ejisp) has 

been considered in this study, as the other terms are spurious/^

IV.4. Results

IV.4.1. Results from the CSD searches

Table IV-1 summarises the number of hydrogen bonds found in our surveys of 

the Cambridge Structural Database. Since the number of hydrogen bonds involving 

—O—H donors is large for only pyridine and pyrimidine, searches have also been 

performed with a less restrictive definition of the donor, i.e. using any C—O—H or 

O—H fragments. A search for N—H donors to 1,2,4-oxadiazole is also included in 

table IV-1, as no hydrogen bonds were found involving oxygen donors to this 

heterocycle. The non-aromatic heterocycle tetrahydrofuran has been included in the 

table for comparison with furan.

IV. 4.1.1. Nitrogen versus oxygen acceptors in the CSD

As table IV-1 reveals, there are relatively more hydrogen bonds to nitrogen 

than to oxygen atoms in aromatic heterocycles. For example, there are 126 crystal 

structures containing both a pyridine ring and the H—O— fragment, and in 64 of 

these there is a hydrogen bond to the nitrogen atom. In the case of a furan ring the 

corresponding numbers are 71 and 1. The three dimensional plot of hydrogen donors 

around the nitrogen and oxygen atoms in isoxazole (represented in fig. IV-3) shows 

that nitrogen is clearly the preferred acceptor, when there is direct competition in the 

crystal. These results are in agreement with the recent study of Bohm et a l^  They 

found dramatically more hydrogen bonds to nitrogen acceptors than to oxygen, when 

the N or O atom is bonded to at least one sp^ hybridised atom.

IV.4.1.2. The geometry o f the hydrogen bond in the CSD

There is a strong preference for near-linear hydrogen bonds to the nitrogen 

atoms of pyridine and pyrimidine, with the vast majority of hydrogens bonds having a  

values greater than 155° (47 out of 64 for pyridine and 66 out of 84 for pyrimidine). 

A statistically corrected histogram of the cosine of the angle a  for these two
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heterocycles is plotted in fig. IV-4. A similar preference for near-linearity was seen in 

the hydrogen bonds to the other nitrogens (all a  values for nitrogen acceptors in table 

IV-2 are greater than 140°). However, the few hydrogen bonds to aromatic oxygens 

in heterocyclic systems are significantly less linear, with all the hydrogen bonds having 

a  values lower than 155°, and the majority of them having a  values lower than 140° 

(table IV-2).

Fig. IV-5 shows that the distribution of H -N  intermolecular distances for the 

hydrogen bonds between pyridine and an H—O— fragment shows its largest 

concentration at 1.8 to 1.85 Â. The corresponding plot for the pyrimidine complex 

shows a larger scatter, with values between 1.75 and 2.0 Â being the prevalent ones in 

the distribution. Table IV-2 confirms these observations. Contacts of H—O—C 

with nitrogen acceptors are varying between 1.73 Â and 2.14 Â. The exceptionally 

long contact to pyrazine (2.60 Â, JUBVOR) is due to the fact that there is a different 

hydrogen bond present to a neighbouring oxygen atom, the hydrogen bond to the 

pyrazine nitrogen being only a secondary contact. Similar results were reported in the 

past by Llamas-Saiz et In their study of hydrogen bonds between R—0 —H 

donors and N(5/?^) acceptors, they found an average H--N distance of 1.87 Â, with 

minimum and maximum values 1.59 Â and 2.18 Â respectively. The hydrogen bonds 

retrieved between the nitrogens of 1,2,4-oxadiazole fragments and H—N fragments 

are also longer (between 2.1 and 2.58 Â) but the fact that a different donor is involved 

in this case does not really allow for direct comparisons. There are very few cases of 

hydrogen bonds to oxygens in the aromatic rings, but in all instances the hydrogen 

bond length is longer than the previously mentioned contacts to nitrogen acceptors, 

with values ranging from 2.10 to 2.52 Â.

Wherever there is a significant number of hits, we use statistically corrected 

two-dimensional plots of the angles phi (ç?), and theta {G), similar to those used by 

Lommerse et al.^^ as these provide an easy way of recognising trends in the hydrogen 

bond directionality. The two CSD searches for which there are enough data for a O-cp 

scattergram (Fig. IV-6a and b) show a distinct preference for the hydrogen bond to 

form in the plane and direction of the nitrogen lone pair. For both the cases of 

pyridine and pyrimidine fragments the majority of the hits lie within 20° of the plane 

of the ring (|6| < 20°) and within 20° (|^| < 20°) from the direction of the x-axis^^
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(which coincides with the idealised lone pair direction). The hydrogen bond 

geometries for pyrazine (fig. IV-6c) and the N acceptor of isoxazole (fig. IV-6d) 

follow similar trends although the data is much more limited. In the majority of other 

cases of nitrogen acceptors, the value of 0 does not exceed 20°. Similarly, the angle <p 

is generally limited to values less than 20°. There is significant <p asymmetry in the 

distributions for pyrimidine and isoxazole, reflecting the asymmetrical environment of 

the acceptors.

The number of hydrogen bonds to oxygen acceptors is so small that the results 

are not statistically meaningful. However, the 6 and ç  angles are similar to the ones 

observed for nitrogen acceptors (table IV-2). Only in the case of the only hydrogen 

bond involving an H-O-C '̂* donor, ^is much larger (43°).

All these trends agree with past research on similar hydrogen bonded 

complexes, where strong directionality preferences have been observed for hydrogen 

bonds to sp^ nitrogens. '̂*’̂ ’̂̂ ^

IV.4.2. Results from theoretical calculations

IV. 4.2.1. Geometry optimisation o f the monomers

Geometry optimisation of the monomers was performed at the MP2/6-31G** 

level using as starting point structures minimised with molecular mechanics 

(INSIGHTII),^^ or constructed from conventional bond lengths and angles. Results 

for the energies and dipole moments are listed in table IV-3. Experimental dipole 

moments are also included in the table for comparison. The satisfactory quality of the 

basis set is reflected in the reasonable agreement between theoretical and experimental 

values for the dipole moment.

Using the DMA of the wavefunctions for the geometry optimised monomers, 

we calculated the electrostatic potential around each heterocycle at a distance of the 

van der Waals radii + 0.5 Â (i.e. at approximately the distance where the electrostatic 

potential would be sampled by a polar hydrogen). Figures IV-7a to IV-7h show the 

variation of the electrostatic potential around each ring, and they are directly 

comparable as the same scale is used throughout. As the example of isoxazole (fig. 

IV-3) shows, there is a good correlation between the larger number of bonds to 

nitrogen, found in the database, and the depth of the electrostatic potential around this
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atom (as compared with oxygen of the same molecule). This is a clear indication of 

the importance of electrostatic forces in determining the preferred hydrogen bonds, 

where there is direct competition between two acceptors. A variation of the potential 

depth amongst nitrogen acceptors is also observed, indicating the influence of the 

environment on the acceptor atom.

IV. 4.2.2. Scan o f the potential energy surface using a model potential

The most important hydrogen bonded minima in the DMA+6-ejc/? potential 

energy surface are depicted in fig. IV-8. The estimates of the interaction energy using 

this potential are given in parentheses, whereas the numbers outside parentheses are 

the more accurate IMPT energies at the same geometries. The energies of the 

complexes confirm that, in general, hydrogen bonds to aromatic nitrogens are more 

stable than those to aromatic oxygens with the possible exception of N2 and 0  of

1,2,4-oxadiazole.

The minimum energy methanol-heterocycle structures correspond qualitatively 

to the most common hydrogen bond geometries in the CSD searches. The geometric 

parameters of the DMA+d-ex/? hydrogen bonded minima are listed in table IV-4, and 

they can be compared to the histograms in fig. IV.4 and IV.5 and to isolated cases of 

hydrogen bonds observed in the CSD (table IV-2). In general agreement with the 

CSD results, hydrogen bonds to nitrogen atoms vary between 1.83 and 1.95 Â for the 

different nitrogens, and they are all shorter than the bonds to oxygens (which vary 

from 2.05 to 2.34 A ). Closer inspection of the results reveals that in all rings 

containing only nitrogen atoms, the range of the H---N distances is limited to 1.83- 

1.85 A , and that the longer contacts correspond to rings that include oxygen atoms. 

All distances reported can be expected to be slightly in error, mostly due to the 

empirical repulsion potential, but the trends observed should not be too much affected 

by the approximations in the potential.

The hydrogen bonds to nitrogen are much more linear than the ones to oxygen 

acceptors. In all but one (1,2,4-oxadiazole N4) cases, the bonds to the nitrogen atoms 

have a  >170°, whereas the corresponding values for the bonds to oxygen atoms vary 

from 115° to 151°. The ^ angle is very small (in all cases smaller than 5°), with again 

the largest deviations from the plane of the ring being in the case of oxygen acceptors.

101



IV. Hydrogen bonding properties o f  O and N  acceptors

In all cases of asymmetrical environments around the acceptors, the in-plane 

deviations (in (p) are larger than the out-of-plane deviations in 6. In the case of 

nitrogen acceptors in symmetrical environments (pyridine and pyrazine), (p is zero, as 

expected, i.e. the donor proton is approaching in the direction traditionally assigned to 

an sp^ nitrogen lone pair. For the asymmetrical nitrogen acceptors, (p deviates from 

zero, generally, by a few degrees. These small deviations from the idealised lone pair 

direction are away from a second nitrogen, but towards an oxygen in the same ring. 

Deviations from ç  = Of are much larger and less predictable for oxygen acceptors. 

Even in the symmetric case of furan, where the oxygen is the only heteroatom in the 

ring, the hydrogen bond is at \(p\ = 16°, with the methanol O even further displaced 

from the —O—C bisector towards the hydrogen on the alpha carbon.

The potential energy surfaces of methanol with pyrimidine and isoxazole (N) 

were contoured as a function of 0 and cp for fixed separation and optimised methanol 

orientation (where only the CH3O— fragment was allowed to move, with the polar 

hydrogen being kept fixed at a point on the grid). The plot for isoxazole (fig. IV-9) is 

ih agreement with the experimental distributions (fig. IV-6d), with the low energy 

regions corresponding to the largest population of hydrogen bond geometries (in all 

cases, over 95% of the total CSD hydrogen bonded structures are within 10 kJ/mol of 

the minimum). Both the energy contours and the database scatter plots show a mild 

preference for positive (p angles, i.e. a preference for hydrogen bonding on the side of 

the oxygen. The plot for pyrimidine is an exception with fig. IV-9a having the lowest 

energy contour slightly displaced towards negative (p angles, whereas the 

experimental distribution (fig. IV-6b) is skewed to positive (p. The discrepancy seems 

to be related to the fact that the most common form of hydrogen-bonded pyrimidine 

in the database has a five-membered ring fused with the pyrimidine ring at the 5 and 6 

position, and an NHR substituent at the 4 carbon, which will sterically hinder 

hydrogen bonds at negative (p. This is borne out by the percentage of pyrimidine rings 

fused to five or six-membered rings and hydrogen bonded to H—O— Only 66% 

of the hydrogen bonds with negative <p correspond to fused rings, but between ^  = 0° 

and Ç = 20°, 92% are fused. All hydrogen bonds with (p greater than 20° correspond 

to fused pyrimidine rings. This is additionally confirmed by the unfused pyrimidine
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rings showing the trend predicted by the T>MA+6-exp calculations (9 out of 12 have 

negative cp).

Some less stable minima were found in the DMA+d-ex/? potential energy 

surface and these are pictured in fig. IV-10. The complexes (a) to (d) can be viewed 

as hydrogen bonds to n  aromatic systems of the rings. Complexes (e) to (g) are 

interactions between the hydrogens of the ring and the methanol oxygen acting as an 

acceptor in a C—H—0  type of hydrogen bond. Both these types of interactions have 

attracted a lot of interest in the past, and whether they should be termed hydrogen 

bonds is a subject of controversy. Thus they will be discussed separately in section 

IV. 5.

IV. 4.2,3. Intermolecular Perturbation Theory calculations 

IV  4.2.3.1. IMPT at DMA + 6-exp mitiima

In order to obtain a better estimate of the energies calculated with the model 

potential, we initially performed IMPT calculations on all hydrogen-bonded minima, 

ysing the DMA + 6-exp minimum energy geometries. The results are reported in table 

IV-5, where the total energy is broken up to its most important contributions, and can 

be compared to the total and electrostatic energy calculated with the 6-exp potential. 

From a comparison of the total energies we observe that the stability of hydrogen 

bonds to nitrogen has been consistently overestimated (by -1.5 to 6 kJ/mol), whereas 

that of the bonds to oxygen has been underestimated (by ~ 1 to 4 kJ/mol), probably 

due to the inaccuracies of the isotropic empirical parameters in the model potential. 

Large discrepancies (>5 kJ/mol) are also evident in some cases of hydrogen bonds to 

the TC systems of the aromatic rings. This merely reflects the fact that the empirical 

parameters used in the repulsion potential were not optimised for dealing with 

hydrogen bonds to n density. However, the overall result, that most of the aromatic 

oxygens are significantly weaker acceptors than the nitrogens, is confirmed.

IV.4.2.3.2. IMPT at comparable geometries

IMPT calculations were subsequently performed for all methanol-heterocycle 

combinations at comparable geometries, based on the idealised values: 0=0°, ç  = 0°, 

and d=  1.85 Â. Each time, one of the three was varied: the distance, d, between the 

proton and the acceptor, the angle (p, or the angle 0. Distances were varied from 1.75
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to 2.15 À in intervals of 0.05 Â and angles were varied from 0 to 90° for 6 (±60° for 

ç) in intervals of 10 degrees. In all cases, the angle a  was fixed at 180°. Table A-IV-a 

in the appendix contains the results ïox 9= (p = 0° and 1.75 to 2.15 Â, table A-IV- 

b ÏOÏ d=  1.85 A , 9= 0°, and <p -  -60° to +60°, and table A-IV-c ïox d=  1.85 A , ç  = 

0°, and 0° to 90°.

To facilitate the visualisation of the most important results in these tables 

selected data is represented graphically by plots (fig. IV-11), where all contributions 

to the intermolecular interaction are plotted against the varying geometrical 

parameter. The striking feature in these plots is the flatness of the potential with 

variation in the separation d. The variation in the total energy is in all cases less than 

3.4 kJ/mol for a change of 0.25 Â (from d=  1.85 to 2.10 Â) in the H--N/0 distance, 

and, in most cases, it is actually no more than 2.0 kJ/mol (a larger variation in energy 

being for N2 and O of 1,2,4 -oxadiazole). In the case of 0°; ç? = 0°, the minimum 

energy orientation for the interaction between pyridine and methanol is at a distance d  

(from the proton to the nitrogen acceptor) of 1.95 Â, whereas the minimum for the 

furan case is at c? = 2.0 Â. For the remaining heterocycles the optimum values for d  

vary between 1.95 Â  and 2.10 A , with the contacts involving oxygen acceptors having 

the same or slightly higher optimum d  values as compared with the contacts to 

nitrogen acceptors.

IMPT calculations performed at <7= 1.85 A  and 9= 0° for the in-plane angle ç  

varying in steps of 10°, show that in the majority of cases the minimum in the 

interaction is at ^  = 0°, i.e. in the direction traditionally assigned to the nitrogen lone 

pair. The exceptions are contacts to N and O of isoxazole and N2 and O of 1,2,4- 

oxadiazole, where the minimum is at ^  = +10°. Thus, this result agrees in sign with 

the observed trend in the CSD. The variation of the energy of interaction on either 

side of the minimum is dependent on the environment of the acceptor atom. For a 

change of 20°, the largest change in energy observed is for the N2 acceptor of 1,2,4- 

oxadiazole (4.7 kJ/mol), but the majority of cases show a change in energy of less 

than 2.5 kJ/mol. Comparing nitrogen and oxygen acceptors in the same ring, the 

potential seems to be flatter around oxygen than around nitrogen atoms. For example, 

in oxazole, the energy of the H--N contact changes by 2.5 kJ/mol on moving the
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donor proton from ç? = 0° to ç? = 20°, whereas the corresponding change for the 

oxygen acceptor in the same molecule is 1.9 kJ/mol.

Finally, IMPT calculations performed at constant d  and (p and varying the out- 

of-plane angle 6 show (in all cases) a minimum for the energy of interaction with 

methanol dX 6=  0°. The area of minimum interaction energy corresponds then to the 

area of the nitrogen lone pair, i.e. in or near the plane of the ring. However, the 

energy of interaction is reduced by 10 kJ/mol only for ^ values greater than 40°, and 

changes in energy corresponding to a deviation of 20° from ^ = 0 °  are not larger than 

3.1 kJ/mol. If only oxygen acceptors are considered, this number is smaller than 0.7 

kJ/mol, which shows that the potential around these oxygen atoms (in the plane 

perpendicular to the plane of the aromatic ring) is flatter than the potential around the 

nitrogen acceptors.

IV. 4.2.3.3. Hydrogen bond length V5. strength

The theoretical calculations predict that hydrogen bonds to pyridine or 

tetrahydrofliran are over 10 kJ/mol more stable than the corresponding ones to furan. 

The relative strengths of the hydrogen bonds of these heterocycles are reflected in the 

distances between the hydrogen and the heteroatom in the CSD. Examining the 

hydrogen bonds between furan rings and H—O fragments (as there is only one hit for 

H—O—Ĉ "̂ ), one finds that there is no distance reported less than 2.1 Â (from a total 

of 7 hits). For pyridine*“H—O interactions, there are 154 hits (out of 174) with 

hydrogen bond lengths shorter than 2.1 Â (88% of the total hits). For 

tetrahydrofliran***H—O interactions, there are 153 hits (out of 202) with distances 

shorter than 2.10 Â (76%). Hence, the expected correlation between strength and 

length of hydrogen bonds is confirmed.

IV.5. Discussion

IV. 5.1. Nitrogen versus Oxygen: Competition for hydrogen bonds

The database searches indicate that the hydrogen bonds to nitrogens largely 

outnumber those to oxygens, a surprising result considering that these two atoms 

have been long thought to have similar abilities for accepting protons. However, a 

recent study of the CSD by Bohm et al.^ agrees well with our observations, and thus, 

it seems that the old view^  ̂ that correlates the electronegativity of an atom with its
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ability to form hydrogen bonds must be treated with considerable caution. In this case 

then, we are left with the question of what determines the relative abilities of atoms to 

accept hydrogen bonds? We note here that the electrostatic potential around the 

pyridine nitrogen is a factor greater than two negative than that around the furan 

oxygen (-171.4 kJ/mol and -74.3 kJ/mol respectively at a distance 1.90 Â from the 

acceptor) and thus, it correlates well with the proton accepting abilities of these two 

atoms.

Theoretical calculations support the conclusions drawn from the CSD 

searches, and allow generalisations, where the data is sparse. IMPT calculations at the 

ORIENT minimised geometries confirmed that differences of 5-10 kJ/mol are 

common between hydrogen bonds to nitrogen and those to oxygen. However, the 

minimum energy geometries for the heterocyclic oxygen-methanol complexes deviate 

significantly from the idealised hydrogen bond geometries, as will be discussed later. 

IMPT calculations at comparable geometries further emphasised these conclusions. In 

all oxazole, isoxazole, and 1,2,4-oxadiazole, hydrogen bonds to nitrogen are typically 

rnore stable than the ones to oxygen, by over 6 kl/mol, over a range of H--A 

distances (1.75 Â to 2.15 Â, for 6=0°  and q) = 0°). Very similar results are obtained 

when the hydrogen bond length is kept constant and the angles <p oï 6 are changed 

over a range of values. This is in agreement with the high quality supermolecule 

calculations performed on selected hydrogen-bonded complexes involving water by 

Bohm et al.^  that showed a difference of approximately 10 kJ/mol between 

geometrically optimised dimers involving sp^ nitrogens and those involving sp^ oxygen 

atoms. In addition, it became evident from our study that neighbouring atoms in the 

ring could significantly affect the stability of the bond. For example, in 1,2,4- 

oxadiazole, there is only a marginal difference between the energy of the hydrogen 

bonds to N4 (-20.1 kJ/mol) and O (-19.2 kJ/mol), with the latter being actually 

slightly lower than that of the bond to N2 (-18.4 kJ/mol).

It is evident that, in most cases, there is good correlation between the 

theoretically calculated energy of a hydrogen bond and the probability for it to appear 

in the database, when there is a significant number of observations. The only 

exception is 1,2,4-oxadiazole, which has five N—H hydrogen bonds to N2, one to 

N4, and none to oxygen, although the minimum energy calculations for methanol
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suggest that the three heteroatoms are equally good acceptors. A possible explanation 

is that the majority of 1,2,4-oxadiazole rings in our search are 3,5 substituted. This 

makes N4 less sterically accessible, and also destabilises hydrogen bonds to 0  by 

removing the attractive interaction with the 5-hydrogen (see fig. IV-8k and later 

discussion).

A comparison of the IMPT calculations for the pyridine-methanol and furan- 

methanol complexes offers an insight to the origin of the difference between the 

stabilities of the two. The pyridine-methanol complex is over 11 kJ/mol more stable 

than the furan-methanol one, over a broad range of H --0  distances (1.75 - 2.15 Â). 

Comparing the contributions to the total energy (Table IV-6) at <7 = 1.95 Â (the 

minimum energy separation for pyridine) and d =  2 .0 0  A  (for furan), it is clear that, 

although the total difference in stabilities remains more or less the same, the balance 

of contributions changes. The stronger attractive forces in pyridine produce more 

overlap at its minimum energy separation (1.95 A ), and hence stronger repulsion, so 

the sum of the first order terms only favours pyridine by 4.2 kJ/mol. The dispersion 

and the sum of charge transfer and polarisation also favour pyridine by comparable 

amounts. At the larger separation found in furan, pyridine is still favoured, with the 

first order terms making a larger contribution. Again all terms (apart from exchange- 

repulsion) significantly favour pyridine. Thus the stronger electrostatic forces in 

pyridine lead to shorter optimum hydrogen bond distances, with greater overlap of the 

charge distributions and hence larger magnitude for all terms.

To confirm that these results are not just an artefact of comparing N and 0, 

we note that the IMPT total energy for the tetrahydrofuran-methanol dimer is -25.3 

kJ/mol (i.e. comparable with pyridine), at 1.95 A , and 0  =  0°, (p = 0°. There are 

also a large number of tetrahydrofliran rings hydrogen bonded to H—O— 

fragments in the CSD (149 out of 823). The reduced electrostatic contribution in the 

furan case, as compared with phenol, anisole and tetrahydrofliran is the subject of 

investigation in the following chapter.
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IV. 5.2. Effect o f other heteroatoms in the ring

Theoretical calculations, using both the model T>MA+6-exp potential and 

intermolecular perturbation theory, show that the energy of a hydrogen bond to an sp^ 

nitrogen or oxygen is significantly affected by the neighbouring atoms in the ring.

Amongst the six-membered rings, pyridine undoubtedly forms the strongest 

hydrogen bonds for a range of H—N distances and 6 and cp angles. Similarly, the 

pyrazine nitrogens are the poorest hydrogen bond N acceptors, forming complexes 

which are approximately 5 kJ/mol less stable than the pyridine ones. The relatively 

stronger hydrogen bond accepting abilities of pyridazine, as compared with pyrazine, 

could be explained on similar grounds to those discussed by Taff et in order to 

explain the stronger Bronsted basicity of the pyridazine compared with pyrimidine. 

The argument is that, upon protonation, the electrostatic repulsion between 

neighbouring nitrogen lone pairs is relieved. Berthelot et suggested that the same 

explanation should hold for proton sharing such as hydrogen bonding. Pyrimidine and 

pyridazine are involved in hydrogen bonds of intermediate stability. The difference 

between the pyrimidine and the pyridazine dimers is typically less than 1 kJ/mol, with 

pyridazine complexes being marginally more stable at longer d  (>1.95 A ). The 

differences observed are mainly due to the electrostatic term which shows the most 

significant variation amongst the six-membered heterocycles.

Looking now at the five-membered rings with at least one nitrogen acceptor, 

we see that the oxazole nitrogen is affected by the presence of the oxygen at the beta 

position, and that compared to the pyridine nitrogen, it forms hydrogen bonds to 

methanol that are approximately 3 kJ/mol less stable, over a range of d  values. All 

contributions to the total energy are smaller in magnitude than those of the pyridine 

complex. Moreover, an oxygen at the alpha position (as in the isoxazole case) has an 

even bigger effect. The total intermolecular energy of the isoxazole nitrogen 

interacting with the methanol oxygen at 1.95 A  (^  = 6=  0°) is only -21.0 kJ/mol (cf. 

the corresponding energy for pyridine: -28.2 kJ/mol, and for oxazole: -25.1 kJ/mol). 

In the case of 1,2,4-oxadiazole, the results are as expected for a combination of 

nitrogen and oxygen neighbours. N2 is the weakest hydrogen bond acceptor of all 

nitrogens we studied (-16.8 kJ/mol at 1.95 A ), as it has both an oxygen at the alpha 

position and a nitrogen at the beta. N4 is slightly better (-19.9 kJ/mol at the same
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geometry), but it is still very much affected by the presence of the two other 

heteroatoms at the beta positions.

Turning our attention to oxygen acceptors, the stability of hydrogen bonds to 

methanol (for d -  2.0 Â and ç? = 0 = 0 ° )  decreases as we go from furan (-15.4 

kJ/mol) to isoxazole (-14.2 kJ/mol), to oxazole (-11.6 kJ/mol) and finally to 1,2,4- 

oxadiazole (-10.0 kJ/mol). This order remains generally the same for a range of 

distances d, and angles 9 and q>. Thus, in this case again, the presence of a nitrogen in 

the ring is destabilising the bond, primarily through worse electrostatic interactions. 

Furthermore, a nitrogen at the beta position has a bigger effect on the acceptor 

oxygen than one at the alpha position. The relative stability of these complexes differs 

slightly from that obtained with IMPT at the DMA+d-ex/? minima. All such minima 

involving oxygen acceptors have more favourable IMPT energies than any of the 

idealised geometries. For furan this difference is marginal, but for the other 

heterocycles it is significant. Figure IV-8 reveals that in all cases the oxygen of 

methanol is displaced towards the ring, probably to maximise interactions with the 

alpha hydrogens. These a  hydrogens (Haipha) are in near van der Waals contact with 

the oxygen of methanol (Omeih). The Haipha*•'Omeih distances are: for oxazole (fig. IV- 

8f) 2.75 Â, isoxazole (fig. IV-8h) 2.74 Â, 1,2,4-oxadiazole (fig. IV-8k) 2.61 Â, and 

furan (fig. IV-81) 3.07 Â. This results in the angle of the hydrogen bond a  showing 

significant deviations from linearity (varying between 115° for 1,2,4-oxadiazole and 

147° for furan). Hence, the geometry of the hydrogen bond is significantly affected by 

the interactions between the hydrogen atom donor and the functional groups around 

the acceptor. We conclude that the weaker hydrogen bonds to O show greater 

variation in geometry and strength, because the additional interactions of the part of 

the model molecules, not directly involved in the hydrogen bond, are relatively more 

significant.

To assess relative energies we can rank the acceptors according to IMPT 

energies at 6^= 1.95 À and 0 = ^ = 0 ° :

pyridine (N, -28.2 kJ/mol)

> oxazole (N, -25.1 kJ/mol), pyridazine(N, -25.1 kJ/mol), 

pyrimidine (N, -25.0 kJ/mol), pyrazine (N, -23.5 kJ/mol )

> isoxazole (N, -21.0 kJ/mol), oxadiazole (N4, -19.9 kJ/mol)
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> oxadiazole (N2, -16.8 kJ/mol), fliran (O, -15.3 kJ/mol)

> isoxazole (O, -13.9 kJ/mol) > oxazole (O, -11.3 kJ/mol), 

oxadiazole (O, -9.5 kJ/mol).

This ranking is similar over a range of distances d  (1.95 Â to 2.05 A ). However the 

ranking of the weaker acceptors will be affected by the orientation and structure of 

the probe molecule, as these acceptors tend to distort more from the idealised 

geometry to optimise the interactions between other groups.

It is worth mentioning here that our ranking of six-membered rings agrees 

reasonably well with the recently published basicity scale^° of 65 N-heteroaromatics 

using 4-fluorophenol as a reference donor. In this scale, the relative hydrogen bond 

basicity is: pyridazine > pyridine > pyrimidine > pyrazine. If a statistically corrected 

value is used for pyridazine (to take into account the fact that pyridazine has two 

nitrogen acceptors but pyridine only one) then the order of pyridine and pyridazine is 

reversed, resulting in a scaling identical to this study. Given the different donors, and 

the fact that our IMPT scaling is based on comparable and not minimum geometries, 

the agreement with our results is noteworthy. The same study of N-containing 

aromatic rings reported the IR O—H spectral shifts for the hydrogen bonds between 

each heterocycle and methanol. Scaling of these shifts is again in excellent agreement 

with our results (pyridine (286) > pyridazine (218) > pyrimidine (213) > pyrazine 

(205), all in cm'  ̂ and with an estimated error of about 2-5 cm'\

IV. 5.3. Directionality o f the hydrogen bond

The potential around an aromatic oxygen atom is flatter than the potential 

around an aromatic nitrogen (Fig. 11 (i)b and ll(ii)b). For example, the H—N 

interaction in the pyridine - methanol dimer is destabilised by 7.0 kJ/mol on going 

from Ç7 = 0° to q)= 30°, compared with a destabilisation of 4.6 kJ/mol for the H --0 

interaction in the furan - methanol dimer (for d  = 1.85 A, but the trend is the same for 

d  = 2.0 A ). In a crystal, where more interactions compete with the hydrogen bond, 

absolute values for the differences in energy with in- and out-of- plane deviations 

from the direction of the ideal lone pair are important. Hence, in a crystal, contacts to 

oxygen acceptors will be more flexible in their geometry than those to nitrogens, and
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a bigger scatter of 0 and (p values can be expected for oxygen acceptors in the 

database.

Our observation that the potential around aromatic nitrogen acceptors is 

flatter than that around oxygen acceptors agrees with previous studies on different 

types of oxygens. Vedani and Dunitz '̂  ̂reported a stronger directionality for hydrogen 

bonds to aromatic nitrogens than to hydroxyl oxygens. IMPT calculations on the 

interaction of methanol with the oxygen acceptors in (Z)-methylacetate, 

methoxymethane, and propanone/^ showed that in the plane of the oxygen lone pairs 

the potential does not change significantly for a wide range of angles. Mitchell and 

Price^* have used IMPT calculations on the formamide-formaldehyde complex to 

show the variation of the contributions to the energy with changes in the plane of the 

lone pairs angle; their plots showed a very flat profile for the total energy, which 

changed no more than 1 kJ/mol over a range of approximately 110° (corresponding to 

the region in space in-between the two oxygen lone pairs). Apaya et have 

compared the DMA electrostatic potential around the formaldehyde oxygen and the 

histidine imidazole NDl atoms, and concluded that the potential around the oxygen is 

much more flat, compared with the much sharper potential around nitrogen. For 

example, for moving 30° from the idealised lone pair direction, there was a change of 

7.7 kJ/mol in the electrostatic potential around the nitrogen atom, but only 0.2 kJ/mol 

in the potential around the oxygen.

In addition, IMPT calculations predict the distribution of the out-of-plane 

angles. The results show that if the energy is allowed to increase from its value at 0 = 

0° to any other value with a maximum increase of 5 kJ/mol, then, in the vast majority 

of nitrogen acceptors the limit for the out-of-plane deviations (0) would be 25°-35°. 

For oxygen acceptors, a limit of over 50° is observed.

It should be mentioned here that the importance of directionality of hydrogen 

bonds in molecular simulations is now so well established that additional terms are 

being added^^’̂"* to isotropic force fields, designed to reflect the directional character 

of hydrogen bonds. This is done for example by employing penalty functions for 

deviations form ideal geometries. Such additional and often unphysical terms 

inevitably become redundant for potentials that accurately represent the anisotropy of 

the intermolecular interactions.
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IV. 5.4, Hydrogen bonds to the aromatic ring

The ORIENT minimisations using the \yMA+6-exp model potential resulted in 

a series of minima that described complexes with the donor hydrogen pointing at an 

area above the aromatic ring, where the % density of the heterocycle would be 

expected to be located (fig. IV-10). Such minima were only found in the cases of 

furan, pyridine, oxazole, and isoxazole, hence it is assumed that for the other rings the 

neighbouring potential wells must have attracted the hydrogen, not allowing us to 

locate any areas of high electron density above the ring. The area at which the donor 

hydrogen is pointing, is away from the heteroatom in the ring, and close to the beta 

carbons (with respect to the heteroatom). These carbons have been shown to carry 

negative charge as indicated by the DMA charges, in contrast with the a-carbons that 

are positively charged. The presence of such minima were not surprising in the light of 

previous research^^’̂ ’̂̂  ̂that has theoretically and experimentally shown that hydrogen 

bonds can be formed with the tc ring of aromatic compounds acting as the proton 

acceptor. Perhaps more surprising was the fact that our model potential predicted that 

stich a hydrogen bond to furan had a comparable strength to the conventional 

hydrogen bond to the oxygen (-14.8 as compared with -14.7 kJ/mol for the 0  "H— 

O hydrogen bond). However, IMPT calculations at the same geometry resulted in a 

much higher energy (-9.8 kJ/mol). The remaining minima discovered, describing 

hydrogen bonds to the other aromatic rings, were all found to be less stable, with 

IMPT energies ranging from -5.5 to -9.2 kJ/mol.

It should be noted here that we did not optimise the hydrogen bond using 

IMPT, and so it is likely that increasing the distance between the hydrogen and the tc 

density of the ring could result in a lower total energy. At the present distances the 

repulsion seems to be very high, probably because the minimum was located using the 

empirical repulsion potential which was not fitted to reproduce hydrogen bonds to 7t 

systems. We can conclude in general, that such interactions between hydrogen donors 

and the tt density of heterocyclic aromatic rings being weak, they are not likely to 

dominate the orientation of molecules in a crystal.
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IV. 5.5. C—H '"0 hydrogen bonds

Table IV-5 shows that all three minima found with the DMA+6-exp potential 

involving C—H—0  interactions have respectable energies. The two hydrogen bonds 

to pyrimidine and pyrazine, have similar energies (-11.8 kJ/mol for pyrazine and -  

12.2 kJ/mol for pyrimidine), and they show the same pattern. The oxygen donor 

points in the area in-between two of the ring hydrogens. Visual inspection of these 

minima suggests that defining these interactions as hydrogen bonds might be 

stretching the geometric criteria of near-linearity for hydrogen bonds, but a 

distribution of the a  angles for C=C—H "0=C interactions in the CSD̂ ® extends well 

into the 120° region. The third minimum involving the 1,2,4-oxadiazole ring is 

energetically more stable, with an IMPT total energy of -18.7 kJ/mol. This case is 

interesting in that this hydrogen bond is marginally stronger than the conventional one 

between the methanol and the N2 nitrogen, the difference arising primarily from the 

reduced exchange-repulsion in the case of the C—H --0  bond. The strength of this 

interaction is not difficult to explain examining figure IV-lOg. The C—H—0  

hydrogen bond is assisted by the neighbouring interaction of the N4 atom with one of 

the methyl group hydrogens (the distance of N4 from this hydrogen is 2.9 A ). It is 

worth noting at this point that similar C—H - 0  interactions may be possible for any 

of the other heterocycles, but they were not found mainly for two reasons. First of all, 

because they may not be deep enough to locate them, and second, because this work 

concentrated on finding the N/O -H—O hydrogen bonds, and so it is possible that 

any other minima may have been missed by our search.

IV.6. Conclusions

This study of hydrogen bonds to nitrogen and oxygen atoms in aromatic 

heterocyclic rings has shown that nitrogen is a significantly better proton acceptor 

than oxygen, and that oxygens in aromatic heterocyclic environments are much 

weaker acceptors than any of the oxygens in tetrahydrofliran, ester, ether and 

carbonyl groups from other studies (with the exception of the “ether-like” oxygen in 

Z-methylacetate).^^ This fact is reflected in the much larger number of structures 

(retrieved from the Cambridge Structural Database) having hydrogen bonds to 

aromatic heterocyclic nitrogen atoms, as compared with the corresponding number
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for hydrogen bonds to aromatic heterocyclic oxygens, especially when the two atoms 

are in a competitive situation (i.e. in the same ring).

The relative ordering of the total energies at comparable geometries roughly 

follows that of the electrostatic contribution. Stronger long-range attractive forces 

(which are predominantly electrostatic in hydrogen bonds) will displace the potential 

minimum slightly inwards and be balanced by stronger repulsive forces, so all 

contributions tend to be larger in magnitude for the overall stronger interactions. The 

observation, that the weakness of the oxygen acceptors can be correlated with their 

weaker electrostatic interactions, has significant implications for molecular modelling. 

The variation in strength of the hydrogen bonds to oxygen can only be represented by 

a force-field whose electrostatic model reflects the charge distribution in the fragment, 

and not where the atomic charges are derived from electronegativities.

The study of the effect of neighbouring atoms on the hydrogen bond acceptor 

revealed that the stability of the hydrogen bond to aromatic heterocycles is directly 

related to the environment of the acceptor. The energy of interaction of an H—O— 

fragment with an aromatic nitrogen, is less favourable when a second nitrogen is 

introduced in the six-membered ring, the destabilisation being more dramatic in the 

case of a nitrogen at the para position, than the ortho, or meta. If the second 

heteroatom is oxygen (in a five-membered ring), then the energy is again less 

negative, and the effect is more pronounced for oxygens at the alpha position than for 

those at the beta. For oxygen acceptors the situation is reversed: a nitrogen at the beta 

position lowers the stability of the hydrogen bond to the oxygen more than a nitrogen 

at the alpha position does. All these observations seem to be stemming primarily from 

reduced electrostatic interactions.

The CSD searches suggest that hydrogen bonds to nitrogen and oxygen are 

formed primarily in the direction traditionally assigned to the nitrogen lone pair {9 = 

0°; (p = 0°), although there is some scatter of the 6!(p values. They also show a strong 

preference for linear or near-linear hydrogen bonds to nitrogen acceptors, and less 

linear contacts to oxygen acceptors, where the donor molecule bends to form 

secondary contacts with atoms from the ring. These observations are confirmed by the 

minima in energy obtained after a thorough scanning of the potential surface around 

each heterocycle with the use of a model \yM\+6-exp potential. Both theoretical and
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statistical results indicate that the sign of the ç  angle is directly related to the presence 

of a second heteroatom in the ring. The IMPT calculations at comparable geometries 

show that the interaction between methanol and the various heterocycles has in all 

cases a rather flat minimum around ç? = 0°; ^ = 0°, which explains the scatter 

observed in the database. The potential seems to be slightly more flat for out-of-plane 

than for in-plane deviations from the position of the minimum.

We conclude that the combination of CSD surveys and theoretical studies of 

model compounds is a promising approach to the study of the interactions of organic 

molecules. In the following chapter we employ this method to study hydrogen bonds 

to phenols and anisoles. Our aim is an understanding of the reasons behind the poor 

hydrogen bond accepting abilities of furan, and the extension of the conclusions from 

this chapter to some other oxygen acceptors, where not only a difference in the 

environment, but also in the molecular conformation, may affect the strength of the 

hydrogen bond.
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Table IV-1. Results from CSD searches

Donor Fragment

1 H—0 —C'^ 1
1 H—0 —C 1

1 H—0

Heterocycle [~ HBOND TOT 1 HBOND TOT 1 HBOND TOT j

pyridine j 64 126 j 116 246 1 174 322 j

pyrimidine ! 84 115 j 100 135 j 128 159 j

pyrazine j 4 8 1 7 20 1 13 24 1

pyridazine ] 1 2 \ 1 3 \ 5 6 j

oxazole (N) ! 2 4 j 5 8 j 6 8 !

oxazole (O) j 0 4 j 0 8 j 0 8 \

isoxazole (N) j 2 4 j 5 15 1 11 20 1

isoxazole (0) j r 4 1 1 * 15 1 3* 20 1

1,2,4-oxadiazole (N2) j 0 0 1 0 0 j 0 2 \
1,2,4-oxadiazole (0) j 0 0 1 0 0 j 0 2 j

1,2,4-oxadiazole (N4) [ 0 0 1 0 0 1 0 2 1

furan j 1 71 J 2 98 1 7 119 \

tetrahydrofuran [ 149 823 1 161 851 1 202 878 \

1.2.4-oxadiazole (N2)

1.2.4-oxadiazole (O)
i

1.2.4-oxadiazole (N4)

N-H donors

HBOND TOT

12

12

12

Table IV-1. Results of CSD searches for hydrogen bonds between the specified donor and 

heterocyclic fragments. TOT = Number of unique REFCODES containing both the donor and 

heterocyclic fragments; HBOND = Number of these TOT structures which contain at least one 

donor-heterocycle hydrogen bond. T4 implies tetrahedral carbon.

* These hydrogen bonds satisfy the criteria for being hydrogen bonded to both the nitrogen and the 

oxygen atom, but are closer to the nitrogen.
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Table FV-2. Geometrical parameters from selected CSD searches

Donor Fragment: H—O—C

Heterocycle REFCODE d a 9 0

Pyrazine FAVGOU 1.969 141.867 9.331 -30.677

JUBVIL 2.142 142.091 -1.991 -14.789

JUBVOR 2.603 147.100 15.326 24.397

SACSUK 1.855 170.504 -2.281 -1.491

Pyridazine GEYSEI 1.818 171.033 5.061 -3.998

Oxazole (N) CEDBAO 1.733 175.037 20.995 -12.948

LAFGUU 2.029 159.568 -1.772 19.789

Oxazole (0) — — — — —

Isoxazole (N) PARDER 1.883 166.601 28.168 -7.193

PARDIV 1.965 147.928 23.848 2.020

Isoxazole (0) PARDER* 2.516 134.037 77.612 22.719

Furan (0) FUNWAM 2.107 153.039 -21.068 43.318

Donor Fragment: H—O

Furan (0) FUNWAM 2.107 153.039 -21.068 43.318

FURDCB01 2.481 99.815 4.559 13.426

HAXBUD 2.257 150.201 -6.196 -2.979

HEBVUF 2.516 123.893 22.588 14.356

JAWXAG 2.219 137.765 -6.774 -12.416

SEFBEK 2.346 139.686 -6.821 2.655

VIZKIY 2.320 135.969 -10.077 -4.888

Donor Fragment: H—N

Oxadiazole (N2) APPXDZ 2.100 170.882 10.191 5.695

FEFPUB 2.254 172.940 9.511 14.049

LACBEW 2.132 163.888 5.711 1.027

PODCBD 2.218 163.229 0.381 -28.113

VOBGEY 2.118 168.555 12.135 -1.365

Oxadiazole (N4) FEFPOV 2.584 162.409 -1.587 -21.278

Oxadiazole (0) — — — — —

Table IV-2. All crystal structures with a hydrogen bond between an H— O— fragment and a 

pyrazine/ pyridazine/ oxazole (N or 0)1 isoxazole (N or 0)1 furan fragment are tabulated. The results 

from searches involving pyridine and pyrimidine are not shown due to the large number of crystal 

structures retrieved. These results are graphically represented in fig. IV-4, IV-5 and IV-6 . The only 

results shown from surveys involving H— O donors are those involving furan (all hydrogen bonds 

found are tabulated). Finally, all crystal structures with hydrogen bonds between N— H donor 

fragments and the heteroatoms of 1,2,4-oxadiazole are shown.

^The primary contact is to the nitrogen of the ring, but the oxygen is also in van der Waals contact 

with the proton.
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Table IV-3. Results of ab initio geometry optimisation

Molecule SCF energy / 

Hartree

MP2 correlation 

energy / Hartree

MP2 total energy 

/ Hartree

Dipole moment / 

Debye

Experimental dipole 

moment* / Debye

pyridine -246.7026 -0.8477 -247.5503 2.303 2.215+0.01

pyrimidine -262.6976 -0.8701 -263.5679 2.390 2.334±-0.01

pyrazine -262.6870 -0.8751 -263.5621 N/A N/A

pyridazine -262.6528 -0.8798 -263.5327 4.252 4.22±0.01

oxazole -244.6350 -0.7597 -245.3948 1.616 1.503±0.02

isoxazole -244.5893 -0.7688 -245.3581 2.937 2.90±0.02

1,2,4-

oxadiazole

-260.5994 -0.7900 -261.3895 1.050 1.210.3”

furan -228.6305 -0.7348 -229.3653 0.639 0.66+0.01

methanol -115.0453 -0.3438 -115.3891 1.797 1.70±0.01

“ Experimental dipole moments refer to the gas phase, and they are taken from: CRC Handbook o f  

Chemistry and Physics, ed. D. R. Lide, 78tli edition, 1997-1998.

 ̂From Tables o f  Experimental Dipole Moments, vol. 2, A. L. McClellan, 1974.

Table IV-4. Geometric parameters for the DMA+6 -exp hydrogen-bonded minima

Energy / kJm of’ d/  A a r <pr er
pyridine -31.3 1.83 174.4 0.0 2.2

pyrimidine -28.0 1.85 172.6 ^ . 5 0.6

pyrazine -28.4 1.84 175.3 0.0 1.7

pyridazine -31.7 1.83 171.8 -2 .0 0.0

oxazole (N...H) -28.4 1.86 172.8 3.7 1.4

oxazole (0...H) -12.8 2.17 132.0 22.2 3.3

isoxazole (N...H) -24.0 1.91 175.1 8.9 0.5

isoxazole (0...H) -15.9 2.17 127.5 -17.4 4.2

isoxazole (0...H) -11.9 2.18 151.3 17.6 0.0

1,2,4-oxadiazole (N2...H) -20.0 1.95 172.4 8.2 1.3

1,2,4-oxadiazole (0...H) -15.1 2.34 114.9 -21.3 1.7

1,2,4-oxadiazole (N4...H) -23.7 1.90 164.1 -12.0 0.6

furan -14.7 2.05 147.3 ±16.2 3.3
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Table IV-5. IMPT calculations at the DMA+6-exp minima

DMA •►6-exp energies / kJmof^ IMPT energies / kJmof’

Hetrocycle Atoms

involved

Total Electrostatic Total Total at first 

order

Exchange - 

repulsion

Electrostatic Polarisation Charge transfer Dispersion

pyridine H -N -31.3 -40.8 -27.3 2.9 61.0 -58.1 -7.1 -8 .4 -14.8

H--7C -12.7 -6.0 -9.2 3.0 13.1 -10.1 -1.2 -1 .6 -9.4

pyrimidine H -N -28.0 -36.5 -24.6 3.0 56.2 -53.2 -6.1 -7 .7 -13.8

0 - H C -11.1 -8 .4 -12.2 -5.9 4.8 -10.7 -1.1 -0 .6 -A.7

pyrazine H -N -28.4 -37.5 -22.1 6.1 58.7 -52.7 -6.1 -7.8 -14.3

0 - H C -10.4 -7.8 -11.8 -5.4 5.0 -10.4 -1.1 -0.6 -4.7

pyridazine H-N -31.7 -41.8 -26.2 2.2 59.0 -56.8 -€.5 -8.0 -13.9

oxazole H -N -28.4 -36.5 -24.4 1.3 52.9 -51.6 -6.0 -7 .2 -12.5

H O -12.8 -12.1 -14.3 -AA 14.2 -18.6 -1.4 -1.5 -7.0

H---7t -10.8 -6.6 -5.5 5.9 17.2 -11.4 -1.2 -2 .0 -8.2

isoxazole H-N -24.0 -29.8 -22.3 -1.1 41.4 -42.5 ^ . 8 -5.6 -10.7

H -0 -15.9 -15.6 -19.4 -9.1 14.4 -23.5 -1.7 -1.6 -7.1

H O -11.9 -9.8 -13.8 -AA 10.0 -14.4 -1.8 -1.3 -6.3

H---JI -11.0 -6.3 -7.0 4.5 15.6 -11.1 -1.2 -1.9 -6.4

oxadiazole H--N2 -20.0 -24.5 -18.4 -0.2 36.0 -36.3 -3.9 -A.7 -9.7

H -0 -15.1 -14.8 -19.2 -10.3 11.7 -21.9 -1.4 -1.3 -6.3

H -N 4 -23.7 -30.3 -20.1 1.2 45.0 -43.8 -4.5 -5.7 -11.0

0--HC -13.4 -13.1 -18.7 -11.5 6.3 -17.8 -1.4 -1.0 -4.8

furan H O -14.7 -14.2 -16.0 -4.4 17.3 -21.7 -1.9 -2.0 -7.6

H---TC -14.8 -10.3 -9.8 3.9 20.0 -16.1 -1.6 -2.5 -9.6

VO

I
O'

I
1

§
CL

I
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Table IV-6 . Comparison of IMPT energies for pyridine and furan

Pyridine-Methanol Furan-Methanol Difference 

(Furan -  Pyridine)

Energy terms / kJ/mof’ d=  ̂.95 A d=2.0A d=1.95A d=2.0A d=1.95 A d=2.0 A

Ees -45.6 -41.4 -24.8 -22.3 20.8 19.1

Eer 39.2 32.5 22.5 18.4 -16.6 -14.1

Epoi (total) -5.2 -4.6 -2.7 -2.3 2.5 2.3

ring -2.3 -2.1 -1.6 -1 .4 0.8 0.7

methanol -2.8 -2.5 -1.1 -0.9 1.7 1.6

Ect (total) -5.7 -4.9 -2.9 -2 .4 2.8 2.5

ring->methanol -4.0 -3 .4 -1.9 -1.6 2.1 1.8

methanol-» ring -1.7 -1.5 -0.9 -0.8 0.8 0.7

Edisp -10.9 -9.7 -7.6 -6.8 3.3 2.9

E (first order) -6.4 -8.9 -2.2 -3.9 4.2 5.0

Etotal -28.2 -28.1 -15.3 -15.4 12.9 12.7

Table IV-6 . The total energy of interaction and the various contributions as calculated using IMPT, 

for the pyridine-methanol and furan-methanol dimers, at intermolecular distances = 1.95 A and d  = 

2.0 K  Both calculations at ^ = 0°; ^ = 0°, a  = 180°, and with the CH3 group in the plane 

perpendicular to the heterocycle.
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u
u

Figure IV-1. Schematic diagrams of the aromatic heterocycles used in this study. From left to right, 
top row: pyridine, pyrimidine, pyrazine, pyridazine; bottom row: furan, oxazole, isoxazole, 1,2,4- 
oxadiazole.

"H

Figure IV-2. Definition of the hydrogen bond geometrical parameters: the hydrogen bond length 
(N /0 —H), d\ the angle at the proton (N /0--H — O), a; the in-plane deviation from the ideal nitrogen 
lone pair direction, qr, and the out-of-plane deviation from tlie ideal nitrogen lone pair direction, 6. 
The angle (p is positive in the direction of a second heteroatom in the ring.
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Figure IV-3. The scatter of O— H and N— H groups around the isoxazole fragment, as retrieved 
from the Cambridge Structural Database. The plot shows all contacts of polar hydrogens with the O 
(light grey) or N (dark grey), which are less than 2.42 and 2.45 Â respectively.
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Pyridine - H-0-C(T4)

30

27

24

18 ■ ■

12 -

9 -

6 •

0.0 0.1 0.2 0.3 0.4 0.5 0.6 0.7 0.8 0.9 1.0

-cos(aipha)

Pyrimidine - H-0-C(T4)

No. of hits

28 -

24

16 - -

12

0.0 0.1 0.2 0.3 0.4 0.5 0.6 0.7 0.8 0.0 1.0

-cos(alpha)

Figure IV-4. The distributions of the angle at the proton (N- H— O), a, for the hydrogen bonds of: 
(top) pyridine, and (bottom) pyrimidine fragments with an H—O— fragment in the Cambridge 
Structural Database.
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Pyridine - H-0-C(T4)

1.6 1.8 2 0 2.2 2.4 2.6 2.8

Pyrimidine - H-0-C(T4)

Figure IV-5. Histograms of the distribution of hydrogen bond length d  (N -H, in Angstroms), for the 
hydrogen bonds of: (top) pyridine and (bottom) pyrimidine fragments with H— O— fragments in 
the Cambridge Structural Database.
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(a) Pyridine - H-0-C(T4)

sin(ithetal)

1.0

0.8

0.7

0.6

0.5

. a a .0.4

0.2

0.1

0.0
25 35 4010 20 30

iphii

(b) Pyrimidine - H-0-C(T4)

sin(lthelai)
1.0

0.9

0.8

0.7

0.6

0.5

0.4

0.3

OQ
0.2

0.1

0.0
-45-40-35 -30 -25 -20 -15 -10 -5 0 5 10 15 20 25 30 35 40 45

Figure IV-6 . Scatter plots of sin^ vs. ç? values (see fig. IV-2 for the definition of these angles) for (a) 
the pyridine "H— O— (b) pyrimidine--H— O— (c) pyrazine—H— O, and (d) isoxazole 
(N)—H— O) hydrogen bonded complexes retrieved from the Cambridge Structural Database. The sine 
of 6  is used so that equal areas on the diagram correspond to equal volumes of space.
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Fig. IV-6 . (continued)

(c) Pyrazine - H O
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(d) Isoxazole (N) - H-O
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Figure IV-7a&b. The DMA electrostatic potential around each of the heterocycles in this study (all 
at the same scale: minimum 4  50 kJ/mol -white- with an increase of 30 kJ/mol per colour), a) 
pyridine (top), b) furan (bottom).
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«

Figure IV-7c&d, The DMA electrostatic potential around c) pyridazine (top) and d) pyrazine 
(bottom).
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Figure fV-7e&f. The DMA electrostatic potential around e) pyrimidine (top) and 0  1,2,4- 
oxadiazole (bottom)
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Figure rV-7g&h. The DMA electrostatic potential around g) oxazole (top) and h) isoxazole 
(bottom)
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f

>

Figure IV-8 . The hydrogen bonded minima in the V>Mk+6-exp potential energy surface. Two 
different views are shown for each ease (except for the O— H- 0  to isoxazole, where one view is 
given). IMPT energies (in bold), and V)Mk^6-cxp estimates (in brackets) are given. All in kJ/mol.
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I I

(M

Figure IV- 8  (continued).
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CM

Figure IV- 8  (continued).
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Pyrimidine - Methanol
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Figure IV-9. Contour diagrams for the variation of the energy of interaction between (top) 
pyrimidine with a methanol molecule (minimum at -27.3 kJ/mol, innermost contour line at -25  
kJ/mol, further contours at increasing energy by 5 kJ/mol, for d=\.95 A and a series of (p and d 
angles, and (bottom) isoxazole (N), (minimum at -24  kJ/mol, innennost contour at line at -20  
kJ/mol, further contours at increasing energy by 5 kJ/mol). The DMA+6-exp calculations were 
performed using the constrained minimisation code of ORIENT. The aromatic ring had its position 
and orientation fixed, and the methanol molecule was free to change its orientation, with only the 
position of the proton being constrained to a point. The points chosen were tlie grid points of the 
VISTA s\n{6)-(p scattergrams, with values for the sin {6) varying from 0.0 to 1.0, in steps of 0.1 and 
values for the (p varying from -60° to 60°, in steps of 10°. The results of these calculations are 
plotted in 2  dimensions, and the contour lines showing the depth of the potential are directly 
comparable with the experimental distributions (fig. lV-6 ).
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OHD

o

o

Fig. IV-10. Local minima in the V>Mk+6-exp potential energy surface. These four complexes are all 
hydrogen bonds involving the polar hydrogen of methanol and the 7t system of an aromatic ring.
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Q
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O

Fig. rV-10 (continued). Local minima in the DMA+6-exp  potential energy surface. These three 
complexes are all interactions involving the oxygen of methanol and at least one o f the hydrogens of 
the aromatic ring.
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IV. Appendix

IV.7. Appendix for chapter IV

Table A-IV-a. IM P T  results for variation o f the H  -acceptor distance

d 1.75 1.80 1.85 1.90 1.95 2.00 2.05 2.10 2.15

Pyridine
Eer 81.4 67.9 56.6 47.1 39.2 32.5 27.0 22.4 18.5
Ees -68.2 61.5 -55.5 -50.3 -45.6 -41.4 -37.8 -34.5 431.6
Epol -8.8 -7.7 -6.7 -5.9 -5.2 ^ .6 ^ .0 -3.6 -3.2
Ect -10.9 -9.3 -7.8 -6.7 -5.7 -4.9 -4.3 -3.7 -3.2
Edisp -18.0 -15.8 -13.9 -12.3 -10.9 -9.7 -8.7 -7.8 -7.0
Eer+Ees 13.1 6.4 1.0 -3.2 -6.4 -8.9 -10.8 -12.1 -13.1
Etotal -24.6 -26.3 -27.4 -28.0 -28.2 -28.1 -27.8 -27.3 -26.6
Pyrimidine
Eer 81.0 67.6 56.3 46.9 39.0 32.4 26.9 22.3 18.4
Ees -65.4 -58.8 -52.9 -47.7 -43.1 -39.1 -35.5 -32.3 -29.5
Epol -8.1 -7.1 -6.1 -5.4 -4.7 -4.1 -3.6 -3.2 -2.9
Ect -10.7 -9.0 -7.6 -6.4 -5.5 -A .7 ^ .0 -3.4 -3.0
Edisp -17.8 -15.6 -13.7 -12.1 -10.7 -9.6 -8.6 -7.7 -6.9
Eer+Ees 15.7 8.8 3.4 -0.8 -4.1 -6.7 -8.6 -10.0 -11.1
Etotal -20.9 -22.8 -24.0 -24.7 -25.0 -25.1 -24.8 -24.4 -23.8
Pyrazine
Eer 80.7 67.3 56.1 46.7 38.8 32.2 26.7 22.1 18.3
Ees -63.4 -57.0 -51.2 -^ .1 -41.6 -37.7 -34.2 -31.1 -28.3
Epol -7.8 -6.8 -5.9 -5.2 -4.5 -4.0 -3.5 -3.1 -2.7
Ect -10.5 -8.8 -7.5 -6.3 -5.4 -4.6 -3.9 -3.4 -2.9
Edisp -17.7 -15.5 -13.7 -12.1 -10.8 -9.6 -8.6 -7.7 -6.9
Eer+Ees 17.3 10.4 4.9 0.6 -2.8 -5.5 -7.4 -8.9 -10.0
Etotal -18.8 -20.8 -22.2 -23.0 -23.5 -23.6 -23.4 -23.1 -22.6
Pyridazine
Eer 79.6 66.3 55.2 45.9 38.1 31.6 26.2 21.7 18.0
Ees -63.4 -57.1 -51.5 -46.6 -42.2 -38.4 -35.0 -32.0 -29.4
Epol -6.2 -7.2 -6.3 -5.5 -4.9 -4.3 -3.9 -3.4 -3.1
Ect -10.8 -9.1 -7.6 -6.5 -5.5 -4.7 -4.1 -3.5 -3.0
Edisp -17.5 -15.3 -13.5 -11.9 -10.6 -9.4 -8.4 -7.6 -6.8
Eer+Ees 16.2 9.2 3.7 -0.7 -4.1 -6.8 -8.8 -10.3 -11.4
Etotal -20.3 -22.3 -23.7 -24.6 -25.1 -25.3 -25.2 -24.8 -24.4
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Table A-IV-a. (con tinued )

d 1.76 1.80 1.85 1.90 1.95 2.00 2.05 2.10 2.15
Oxazole (N) 
Eer 79.1 65.9 54.9 45.7 38.0 31.6 26.2 21.7 17.9
Ees -64.3 -58.0 -52.4 -47.5 -43.1 -39.2 -35.7 -32.7 -29.9
Epol -8.1 -7.0 -6.1 -5.4 -4.7 -4 .2 -3 .7 -3 .3 -2 .9
Ect -10.6 -8.9 -7.5 -6 .4 -5 .4 -4.6 -4.0 -3.5 -3 .0
Edisp -16.5 -14.4 -12.7 -11.2 -9.9 -8 .8 -7 .9 -7.1 -6 .4
Eer+Ees 14.6 7.9 2.5 -1.7 -5.1 -7 .6 -9.6 -11.0 -12.0

Etotal -20.4 -22.4 -23.8 -24.7 -25.1 -25.3 -25.1 -24.8 -24.3

Oxazole (0)
Eer 49.9 40.9 33.6 27.5 22.5 18.4 15.0 12.3 10.0
Ees -34.8 -30.7 -27.2 -24.1 -21.5 -19.2 -17.2 -15.4 -13.9
Epol ^ . 4 -3.7 -3.1 -2.7 -2.3 -2.0 -1.7 -1.5 -1.3
Ect -5.4 -4.5 -3.7 -3.1 -2.6 -2.2 -1.8 -1.5 -1.3

Edisp -11.8 -10.4 -9.3 -8.3 -7.4 -6.6 -6.0 -5 .4 -4.9
Eer+Ees 15.1 10.2 6.4 3.4 1.0 -0.8 -2.1 -3.2 -3.9
Etotal -6.4 -8.4 -9 .7 -10.7 -11.3 -11.6 -11.7 -11.6 -11.4

Isoxazole (N) 
Eer 74.5 62.0 51.5 42.8 35.5 29.4 24.3 20.1 16.6
Ees -56.0 -50.4 ^ . 5 -41.2 -37.4 -34.0 -31.0 -28.4 -26.1
Epol -7.3 -6 .4 -5.6 -4.9 -4.3 -3.8 -3 .4 -3 .0 -2.7
Ect -9.9 -8.3 -7.0 -5.9 -5.0 ^ . 3 -3.7 -3.2 -2.7
^dlsp -16.3 -14.2 -12.5 -11.0 -9.7 -8.7 -7.7 -6.9 -6.2
Eer+Ees 18.5 11.6 6.0 1.6 -1.9 ^ . 6 -6.7 -8.3 -9.5
Etotal -15.0 -17.3 -19.0 -20.2 -21.0 -21.4 -21.5 -21.4 -21.1

Isoxazole (0) 
Eer 49.0 40.2 32.9 26.9 22.0 18.0 14.7 12.0 9.8
Ees -35.9 -31.9 -28.5 -25.5 -23.0 -20.7 -18.8 -17.1 -15.6

Epol -4.8 -4.1 -3.6 -3.1 -2.7 -2 .4 -2.1 -1 .8 -1.6
Ect -5.6 -4.7 -3.9 -3.3 -2.8 -2.3 -2.0 -1 .7 -1 .4
Edisp -11.9 -10.5 -9 .4 -8.4 -7.5 -6.7 -6.1 -5.5 -5.0

Eer+Ees 13.1 8.2 4.4 1.4 -0.9 -2.7 -4.1 -5.1 -5.9
Etotal -9.3 -11.1 -12.5 -13.3 -13.9 -14.2 -14.2 -14.1 -13.9
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Table A-IV-a. (continued)

d 1.75 1.80 1.85 1.90 1.95 2.00 2.05 2.10 2.15

1,2,4-Oxadiazole (N2) 
Eer 73.7 61.3 50.9 42.3 35.1 29.0 24.0 19.9 16.4

Ees -51.7 -46.4 -41.7 -37.6 -33.9 430.7 -27.9 -25.4 -23.2
Epol -6.6 -5 .7 -5 .0 -4.3 -3.8 -3.3 -2 .9 -2 .6 -2 .3

Ect -9.3 -7.8 -6 .5 -5.5 ^ . 6 -3.9 43.3 -2 .9 -2.5

Edisp -16.0 -14.0 -12.3 -10.8 -9.6 -8.5 -7.6 -6.8 -6.1
Eer+Ees 22.0 14.9 9.3 4.7 1.1 -1.7 -3 .9 -5 .6 -6.8

Etotal -9 .9 -12.5 -14.5 -15.9 -16.8 -17.4 -17.7 -17.8 -17.7

1,2,4-Oxadiazole (O)
Eer 48.9 40.1 32.8 26.9 22.0 18.0 14.7 12.0 9.8
Ees -31.5 -27.8 -24.6 -21.8 -19.4 -17.3 -15.5 -13.9 -12.6
Epol ^ . 3 -3.6 -3.1 -2.7 -2.3 -2.0 -1.8 -1.6 -1.4
Ect -5.2 -4.3 -3.6 -3.0 -2.5 -2.1 -1.8 -1.5 -1.3
Edisp -11.7 -10.3 -9.2 -8.2 -7.3 -6.6 -5.9 -5 .4 -4.8
Eer+Ees 17.3 12.3 8.3 5.1 2.6 0.7 -0.8 -2 .0 -2.8
Etotal -3.8 -6.0 -7.6 -8.8 -9.5 -10.0 -10.3 -10.4 -10.3

1,2,4-Oxadiazole (N4)
Eer 78.0 65.0 54.1 45.0 37.4 31.0 25.7 21.3 17.6
Ees -58.9 -52.9 -47.6 -A2.8 -38.6 -34.9 431.7 -28.8 -26.2
Epol -7.1 -6.1 -5 .3 -A.6 -4 .0 -3.5 -3.1 -2 .7 -2 .4
Ect -9.7 -8 .2 -6.9 -5.8 -4.9 -4.2 43.6 -3.1 -2.7
Èdisp -16.2 -14.1 -12.4 -10.9 -9.7 -8.6 -7.7 -6.9 -6.2
Eer+Ees 19.0 12.1 6.6 2.2 -1.2 -3.9 -5.9 -7 .5 -8.6
Etotal -13.9 -16.3 -18.0 -19.2 -19.9 -20.3 -20.4 -20.2 -19.9

Furan
Eer 49.9 41.0 33.6 27.5 22.5 18.4 15.1 12.3 10.0

Ees -38.8 ^ 4 .5 -30.8 -27.6 -24.8 -22.3 -20.2 -18.3 -16.7
Epol -^ .9 -4.2 -3 .6 -3.1 -2.7 -2.3 -2.0 -1 .8 -1.6
Ect -5.9 -4.9 -4.1 -3.4 -2.9 -2 .4 -2.1 -1 .8 -1.5

Edisp -12.1 -10.7 -9.5 -8.5 -7.6 -6.8 -6.1 -5 .5 -5.0

Eer+Ees 11.2 6.5 2.8 0.0 -2.2 -3.9 -5.1 -6.1 -6.7

Etotal -11.6 -13.2 -14.3 -15.0 -15.3 -15.4 -15.3 -15.1 -14.8
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Table A-IV-b. IMPT results for variation of the in-plane angle <p

<p -60 —50 -40 -30 -20 -10 0 10 20 30 40 50 60

Pyridine
Eer 56.6 55.8 54.3 54.8 67.2 122.5 312.4
Ees -55.5 -54.2 -50.5 -45.5 ^ 2 .3 -50.8 -97.7
Epol -6.7 -6.6 -6.4 -6.1 -6.3 -8.3 -18.6
Ect -7.8 -7.7 -7.4 -7.0 -7.6 -12.1 -32.2
Edisp -13.9 -14.1 -14.8 -16.5 -20.5 -31.8 -72.5
Eer+Ees 1.0 1.6 3.7 9.3 24.9 71.7 214.7
Etotal -27.4 -26.8 -24.8 -20.4 -9.5 19.6 91.3
Pyrimidine
Eer 303.7 119.6 66.0 54.2 53.8 55.5 56.3 55.8 54.5 55.2 67.3 121.2 305.9
Ees -90.1 -46.8 -39.3 ^ 2 .7 -47.8 -51.5 -52.9 -51.7 -48.0 -42.9 -39.2 -46.3 -88.9
Epol -18.3 -8 .0 -6.0 -5.7 -5.9 -6.1 -6.1 -6.1 -5.8 -5.6 -5.8 -7.8 -18.1
Ect -31.9 -12.1 -7.3 -6.7 -7.1 -7.5 -7.6 -7.5 -7.1 -6.8 -7.5 -12.2 -31.8
Edisp -71.9 -31.4 -20.3 -16.3 -14.6 -13.9 -13.7 -13.9 -15.3 -16.4 -20.4 -31.8 -73.6
Eer+Ees 213.6 72.8 26.7 11.4 6.0 3.9 3.4 4.2 6.5 12.3 28.1 74.9 217.1
Etotal 91.5 21.2 -6.8 -17.2 -21.6 -23.5 -24.0 -23.3 -21.8 -16.5 -5.6 23.1 93.5

Pyrazine
Eer 56.1 55.4 53.7 54.0 65.4 117.3 296.2
Ees -51.2 ^ . 9 -46.3 -41.3 -38.0 -45.5 -88.4
Epol -5.9 -5.8 -5.6 -5.5 -5.8 -7.8 -17.5
Ect -7.5 -7.3 -6.9 -€.5 -7.1 -11.6 -30.9
Edisp -13.7 -13.9 -14.6 -16.2 -20.0 -30.8 -69.4
Eer+Ees 4.9 5.4 7.4 12.7 27.4 71.8 207.7
Etotal -22.2 -21.6 -19.7 -15.6 -5.5 21.6 90.0
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Table A-IV-b. (continued)

9 -60 -50 -40 -30 -20 -10 0 10 20 30 40 50 60

Pyridazine
Eer 381.8 144.9 72.6 54.9 53.0 54.4 55.2 54.3 52.0 49.7 52.1 71.0 135.4
Ees -106.5 -50.6 -37.8 ^ . 0 -45.2 -49.6 -51.5 -50.7 -47.3 -42.2 -37.3 -37.5 -53.9
Epol -24.1 -9 .3 -6.3 -5.9 -6.0 -6 .2 -6.3 -6.3 -6.2 -6.2 -6.4 -7.4 -10.7
Ect -41.9 -14.5 -7.9 -6.8 -7.0 -7 .4 -7.6 -7.5 -7.0 -6.4 -6.1 -7.1 -12.6
Edisp -92.6 -36.7 -22.0 -17.0 -14.9 -13.9 -13.5 -13.4 -13.6 -14.3 -15.9 -19.6 -28.7
Eer+Ees 275.4 94.3 34.8 14.9 7.8 4.9 3.7 3.6 4.6 7.5 14.8 33.5 81.5
Etotal 116.9 33.8 -1.5 -14.7 -20.1 -22.6 -23.7 -23.6 -22.2 -19.4 -13.5 -0.6 29.4

Oxazole (N) 
Eer 137.5 69.4 52.5 50.5 52.2 54.0 54.9 54.7 53.4 52.1 53.6 67.2 122.7
Ees -49.2 -36.1 -37.8 ^ 2 .8 -47.7 -51.0 -52.4 -51.6 ^ . 7 ^ . 0 -38.5 -34.8 -41.7

Epol -8.9 -6 .0 -5.5 -5.6 -5.9 -6.1 -6.1 -6.1 -5.8 -5.5 -5.3 -5.6 -7.8

Ect -13.0 -7 .2 -6.2 -6.4 -6.9 -7 .3 -7.5 -7.4 -7.1 -6.8 -6.6 -7.5 -12.5
Edisp -34.4 -20.7 -16.1 -14.1 -13.2 -12.8 -12.7 -12.7 -13.1 -13.8 -15.6 -19.8 -31.3

Eer+Ees 88.3 33.3 14.7 7.7 4.6 3.0 2.5 3.0 4.7 8.1 15.1 32.4 81.0

Etotal 32.0 -0 .7 -13.1 -18.5 -21.4 -23.2 -23.8 -23.2 -21.3 -18.1 -12.5 -0.6 29.4

Oxazole (0) 
Eer 155.1 65.8 39.9 33.6 32.8 33.3 33.6 33.5 33.2 34.0 40.3 66.3 156.3
Ees ^ 2 .6 -22.3 -19.6 -21.8 -24.5 -26.5 -27.2 -26.5 -24.5 -21.5 -18.9 -20.8 -39.9

Epol -8 .4 -4 .4 -3 .4 -3.1 -3.1 -3.1 -3.1 -3.1 -3.0 -3.0 -3.3 -4.3 -8.3

Ect -14.8 -5 .9 <3.9 -3.5 -3.5 -3 .6 -3.7 -3.7 -3.6 -3.6 -4.0 -6.1 -15.1

Edisp -35.5 -18.7 -13.2 -11.0 -9.9 -9 .4 -9.3 -9.4 -9.9 -11.0 -13.2 -18.7 -35.5

Eer+Ees 112.5 43.5 20.3 11.8 8.3 6.8 6.4 7.0 8.7 12.5 21.4 45.5 116.4

Etotal 53.8 14.5 -0.2 -5.7 -8.2 -9 .4 -9.7 -9.2 -7.9 -5.1 0.9 16.3 57.4
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Table A-IV-b. (con tinued )

9 -60 —50 -40 -30 -20 -10 0 10 20 30 40 50 60

Isoxazole (N)
Eer 169.3 75.4 49.5 45.0 46.7 49.5 51.5 52.2 51.4 49.4 47.4 49.0 64.6

Ees -47.4 -26.6 -25.6 -30.6 -36.7 -42.0 -45.5 ^ . 8 ^ . 6 -42.1 -37.0 -31.7 -30.2

Epol -9.8 -5.6 -4.8 -4.7 -5 .0 -5.3 -5.6 -5.7 -5.6 -5.5 -5.4 -5.4 -6.2
Ect -16.6 -7.6 -5.7 -5.7 -6 .2 -6.7 -7.0 -7.1 -6.9 -6.5 -5.9 -5.5 -6.1
Edisp ^ . 1 -22.2 -16.5 -14.2 -13.2 -12.7 -12.5 -12.4 -12.5 -12.8 -13.5 -14.9 -17.9
Eer+Ees 121.9 48.8 23.8 14.4 10.0 7.5 6.0 5.4 5.8 7.3 10.4 17.3 34.3

Etotal 55.4 13.4 -3.1 -10.2 -14.4 -17.2 -19.0 -19.7 -19.2 -17.5 -14.3 -8.5 4.1

Isoxazole (0)
Eer 210.2 82.7 44.4 34.4 32.6 32.8 32.9 32.5 31.7 31.2 33.6 45.5 84.5

Ees -53.9 -24.7 -19.5 -21.5 -24.8 -27.3 -28.5 -28.2 -26.6 -24.0 -21.6 -21.6 -30.5
Epol -11.9 -5 .5 -3.9 -3.5 -3 .4 -3.5 ^ .6 -3.6 -3.6 -3.7 -3.9 ^ . 6 -6.5
Ect -21.3 -7.8 -4.5 -3.8 -3 .8 -3.9 -3.9 <3.9 -3.7 -3.5 -3.5 -4.3 -7.7

Edisp ^ 7 .5 -22.3 -14.7 -11.7 -10.4 -9.7 -9.4 -9.4 -9.6 -10.3 -11.6 -14.2 -20.2

Eer+Ees 156.4 58.0 24.8 12.8 7.8 5.5 4.4 4.3 5.1 7.2 12.0 23.8 53.9

Etotal 75.6 22.3 1.7 -6.2 -9 .7 -11.5 -12.5 -12.6 -11.9 -10.3 -7.0 0.6 19.6

1,2,4-Oxadiazole (N2) 
Eer 141.5 67.0 47.2 44.4 46.3 49.0 50.9 51.6 50.9 49.0 47.1 48.2 61.5

Ees -34.3 -19.9 -21.1 -26.7 -32.9 -38.2 -41.7 -43.0 -41.9 -38.6 -33.6 -28.3 -26.0

Epol -8.3 -5.0 -4.3 -4.2 -4 .5 -A.7 -4.9 -5.0 -5.0 ^ . 9 -4.8 -4.8 -5.5

Ect -14.0 -7.0 -5.4 -5 .4 -5 .8 -6 .2 -6.5 -6.6 -6.4 -6.0 -5.5 -5.1 -5.6

Edisp -35.0 -20.6 -15.8 -13.8 -12.9 -12.5 -12.3 -12.2 -12.3 -12.6 -13.2 -14.4 -17.2

Eer+Ees 107.2 47.1 26.1 17.7 13.4 10.8 9.3 8.6 8.9 10.4 13.5 19.9 35.5

Etotal 49.9 14.5 0.6 -5.8 -9.8 -12.6 -14.5 -15.2 -14.7 -13.1 -10.0 -4.5 7.3



Table A-IV-b. (continued)

<p -60 —50 -40 -30 -20 -10 0 10 20 30 40 50 60

1,2,4-Oxadiazole (O)
Eer 174.1 71.8 41.6 33.9 32.6 32.8 32.8 32.4 31.5 31.0 32.8 42.6 75.5

Ees -38.4 -17.1 -14.7 -17.5 -20.9 -23.4 -24.6 -24.3 -22.7 -20.2 -17.6 -17.1 -23.8

Epol -10.2 -5 .0 -3.6 -3.2 -3.1 -3.1 -3.1 -3.1 -3.2 -3.2 -3.4 -4.0 -5.5

Ect -17.5 -6 .9 -A 2 -3.6 -3 .5 -3.6 -3.6 -3.5 -3.4 -3.2 -3.2 -3.8 -6.3

Edisp -40.3 -20.1 -13.8 -11.3 -10.0 -9 .4 -9.2 -9.2 -9.4 -10.0 -11.2 -13.5 -18.6

Eer+Ees 135.8 54.7 26.9 16.4 11.7 9.4 8.3 8.1 8.8 10.8 15.1 25.5 51.7

Etotal 67.8 22.7 5.3 -1.6 ^ . 9 -6 .7 -7.6 -7.8 -7.2 -5.7 -2.7 4.2 21.3

1,2,4-Oxadiazole (N4)
Eer 109.9 63.3 52.1 51.1 52.4 53.7 54.1 53.5 51.9 50.3 51.5 64.3 117.9

Ees -33.5 -29.3 -33.5 ^ 9 .1 ^ . 7 ^ . 7 ^ 7 .6 -46.3 -43.1 -38.3 -<32.8 -29.4 -36.8

Epol -7.2 -5 .2 -4.8 -4.9 -5.1 -5 .2 -5.3 -5.2 -5.1 -4.9 ^ . 8 -5.3 -7.6

Ect -11.2 -6 .9 -6.1 -6.2 -6 .6 -6.8 -6.9 -6.8 -6.5 -6.1 -6.0 -6.9 -11.6

Edisp -28.8 -18.8 -15.1 -13.5 -12.8 -12.5 -12.4 -12.5 -12.9 -13.8 -15.6 -19.6 -30.7

Eer+Ees 76.3 34.1 18.6 12.0 8.7 7.1 6.6 7.1 8.8 12.1 18.7 34.9 81.1

Etotal 29.1 3.2 -7 .4 -12.6 -15.7 -17.5 -18.0 -17.4 -15.7 -12.7 -7.7 3.1 31.1

Furan
Eer 33.6 33.4 33.1 34.3 42.3 74.6 184.3

Ees -30.8 -^0.1 -28.0 -25.3 -23.4 -27.6 -53.3

Epol -3.6 -3.5 -3.5 -3.4 -3.7 -4.9 -9.8

Ect -4.1 ^ . 0 -3.9 -3.8 -4.3 -6.8 -18.0

Edisp -9.5 -9.6 -10.2 -11.4 -14.0 -20.5 -41.4

Eer+Ees 2.8 3.3 5.0 9.0 19.0 47.0 131.0

Etotal -14.3 -13.9 -12.5 -9.7 -3.0 14.8 61.9



Table A-IV-c. IMPT results for variation o f the out-of-plane angle d

e 0 10 20 30 40 50 60 70 80 90

Pyridine
Eer 56.6 56.3 55.4 54.2 53.0 52.3 52.7 55.2 61.5 77.7
Ees -55.5 -54.3 -51.6 -46.3 -44.1 -39.7 -35.6 -32.3 -30.3 -31.2
Epol -6.7 -6.6 -6.4 -6.1 -5.6 -5.5 -5.3 -5.1 -5.0 -5 6
Ect -7.6 -7.8 -7.6 -7.7 -7.5 -7.2 -6.6 -6.6 -6.6 -7.3
Edisp -13.9 -14.0 -14.1 -14.2 -14.5 -15.1 -16.1 -17.7 -20.6 -25.6

Eer+Ees 1.0 1.9 3.6 5.9 8.9 12.6 17.1 22.9 31.3 46.5
Etotal -27.4 -26.4 -24.7 -22.1 -16.9 -15.2 -11.1 -6.5 -0.9 6.3

Pyrimidine
Eer 56.3 56.1 55.3 54.2 53.2 52.6 53.2 55.6 61.6 76.4

Ees -52.9 -51.7 -49.3 -45.9 -41.9 -37.6 -33.4 -29.9 -27.4 -27.4

Epol -6.1 -6.1 -5.9 -5.6 -5.3 -5.1 -4.9 -4.7 -4.6 -4.7

Ect -7.6 -7.5 -7.5 -7.4 -7.1 -6.9 -6.6 -6.4 -6.4 -7.1

Edisp -13.7 -13.6 -13.9 -14.0 -14.3 -14.9 -15.6 -17.4 -20.1 -25.2

Eer+Ees 3.4 4.3 6.0 6.3 11.3 15.1 19.7 25.7 34.2 49.1

Etotal -24.0 -23.0 -21.3 -16.7 -15.5 -11.6 -7.6 -2.7 3.1 12.2

Pyrazine
Eer 56.1 55.7 54.7 53.3 51.6 50.6 51.1 53.5 59.7 74.6

Ees -51.2 -49.9 ^ 7 .2 ^ . 4 -36.6 -34.1 -29.6 -26.3 -24.3 -25.0

Epol -5.9 -5.6 -5.6 -5.4 -5.1 -4.6 -4.6 -4.5 ^ .5 -4.6

Ect -7.5 -7.4 -7.3 -7.1 -6.6 -6.4 -6.1 -5.9 -6.0 -6.6

Edisp -13.7 -13.8 -13.9 -14.0 -14.4 -15.0 -15.9 -17.6 -20.4 -25.6

Eer+Ees 4.9 5.6 7.5 9.9 13.0 16.7 21.3 27.2 35.4 49.6

Etotal -22.2 -21.2 -19.3 -16.6 -13.3 -9.5 -5.4 -0.6 4.6 12.7
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Table A-IV-c. (continued)

e 0 10 20 30 40 50 60 70 80 90

Pyridazine
Eer 55.2 54.9 53.8 52.4 50.9 49.7 49.6 51.4 56.8 71.6
Ees -51.5 -50.1 ^ 7 .3 -43.4 -38.7 -33.7 -28.9 -24.8 -21.9 -21.8
Epol -6 .3 -6.2 -6.0 -5.8 -5.5 -5.2 -5.0 -4.9 -4.9 -4.9
Ect -7 .6 -7.6 -7 .4 -7.2 -7.0 -6.7 -6.4 -6.1 -6 .0 -6.6
Edisp -13.5 -13.6 -13.7 -13.9 -14.2 -14.8 -15.7 -17.2 -19.9 -24.8
Eer+Ees 3.7 4.7 6.5 9.0 12.2 16.1 20.7 26.6 34.9 49.8
Etotal -23.7 -22.6 -20.6 -17.9 -14.4 -10.6 -6.4 -1.6 4.2 13.5

Oxazole (N)
Eer 54.9 54.7 54.0 53.0 52.0 51.4 51.9 54.2 60.0 73.2
Ees -52.4 -51.3 -49.2 -46.2 ^ 2 .6 -38.9 -35.3 -32.3 -30.3 -30.3
Epol -6.1 -6.1 -5.9 -5.6 -5.4 -5.1 ^ . 9 -4.7 -4.7 -4.7
Ect -7.5 -7.5 -7 .4 -7.3 -7.1 -6.9 -6.6 -6.5 -6.5 -7.1
Edisp -12.7 -12.7 -12.8 -13.0 -13.3 -13.8 -14.6 -16.0 -18.4 -22.9
Eer+Ees 2.5 3.4 4.8 6.8 9.4 12.6 16.6 22.0 29.7 42.9
Etotal -23.8 -23.0 -21.4 -19.2 -16.4 -13.2 -9.5 -5.3 0.2 8.3

Oxazole (0)
Eer 33.6 33.6 33.8 34.1 34.6 35.4 36.7 39.0 43.9 56.4
Ees -27.2 -27.0 -26.7 -26.2 -25.6 -24.7 -23.6 -22.3 -21.2 -21.5

Epol -3.1 -3.1 -3.1 -3.1 -3.0 -3.0 -3.0 -3.0 -3.0 -3.2
Ect -3.7 -3.7 -3 .8 -3.8 -3.9 ^ . 0 -4.1 ^ .1 -4.2 ^ . 9
Edisp -9.3 -9.3 -9.5 -9.8 -10.2 -10.8 -11.8 -13.3 -15.9 -20.5
Eer+Ees 6.4 6.6 7.1 7.9 9.1 10.7 13.1 16.7 22.8 34.9

Etotal -9 .7 -9.6 -9.2 -8.7 -8.1 -7.1 -5.7 -3.7 -0 .4 6.2
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Table A-IV-c. (continued)

0 0 10 20 30 40 50 60 70 80 90
Isoxazole (N)
Eer 51.5 51.5 51.2 50.9 50.6 50.6 51.2 53.1 57.9 71.0
Ees ^ . 5 ^ . 8 -43.4 -41.5 -39.1 -36.5 -33.7 -31.0 -28.8 -28.6
Epol -5 .6 -5.5 -5 .4 -5.3 -5.1 -5.0 -4.9 ^ . 8 -4.8 ^ . 8
Ect -7 .0 -7.0 -7.1 -7.1 -7.0 -6.9 -6.8 -6.6 -6.5 -6.9
Edisp -12.5 -12.5 -12.6 -12.8 -13.1 -13.6 -14.5 -15.8 -18.2 -22.6
Eer+Ees 6.0 6.7 7.8 9.4 11.5 14.1 17.5 22.1 29.0 42.5
Etotal -19.0 -18.4 -17.3 -15.7 -13.8 -11.4 -8.6 -5.2 -0.4 8.1

Isoxazole (O)
Eer 32.9 33.0 33.2 33.5 34.0 34.7 35.8 38.0 42.8 55.7
Ees -28.5 -28.3 -27.9 -27.3 -26.6 -25.6 -24.3 -22.8 -21.5 -21.7
Epol -3 .6 -3.6 -3.5 -3.5 -3.5 -3.5 -3.5 -3.5 -3.5 -3.6
Ect -3.9 -3.9 -4.0 -4.0 -4.1 -A.2 -A.2 -4.2 ^ . 3 -4.9
Edisp -9 .4 -9.5 -9.6 -9.9 -10.3 -10.9 -11.8 -13.3 -15.7 -20.3
Eer+Ees 4.4 4.7 5.3 6.1 7.4 9.1 11.5 15.1 21.4 34.1
Etotal -12.5 -12.2 -11.9 -11.3 -10.5 -9.4 -7.9 -5.7 -2.1 5.3

1,2,4-Oxadiazole (N2)
Eer 50.9 50.9 50.7 50.5 50.3 50.4 51.2 53.0 57.2 67.8
Ees -41.7 ^ 1 .0 -39.7 -37.8 -35.6 -33.0 -30.3 -27.5 -24.8 -23.3
Epol -4 .9 ^ . 9 -4.8 -4.7 -4.6 -4.4 -4.4 -4.3 -4.3 -4.4
Ect -6 .5 -6.5 -6.5 -6.6 -6.5 -6.4 -6.3 -6.2 -6.2 -6 .4
Edisp -12.3 -12.3 -12.4 -12.6 -12.8 -13.3 -14.1 -15.3 -17.5 -21.7
Eer+Ees 9.3 9.9 11.0 12.6 14.7 17.4 20.9 25.5 32.4 44.5
Etotal -14.5 -13.8 -12.7 -11.2 -9.2 -6.7 ^ . 8 -0.3 4.4 12.0



Table A-IV-c. (continued)

e 0 10 20 30 40 50 60 70 80 90
1,2,4-Oxadiazole (O)
Eer 32.8 32.9 33.1 33.4 33.9 34.7 35.8 37.8 42.0 52.6
Ees -24.6 -24.3 -23.9 -23.3 -22.4 -21.3 -19.9 -18.1 -16.1 -15.2
Epol -3.1 -3.1 -3.1 -3.1 -3.0 . -3.0 -3.0 -3.0 -3 .0 -3.1
Ect -3 .6 -3.6 -3.7 -3.7 -3.8 -3.8 -3.8 -3.8 -3 .9 ^ . 5
Edisp -9 .2 -9.3 -9 .4 -9.6 -10.0 -10.6 -11.4 -12.8 -15.1 -19.3
Eer+Ees 8.3 8.6 9.2 10.2 1.1.5 13.3 15.9 19.7 25.8 37.5
Etotal -7 .6 -7.4 -6.9 -6.3 -5.3 -4,1 -2,3 0.1 3.7 10.5

1,2,4-Oxadiazole (N4)
Eer 54.1 53.9 53.4 52.6 51.9 51.6 52,3 54.6 59.9 71.5
Ees -47.6 ^ . 5 -44.5 ^ 1 .7 -38.4 -34.8 -31,3 -28.0 -25.5 -24.4
Epol -5 .3 -5.2 -5.1 -4.9 -4.7 ^ . 5 -4,3 -4.2 -4.1 -4.1
Ect -6 .9 -6.8 -6.7 -6.6 -6.4 -6.3 -6,1 -6.1 -6.1 -6.5
Edisp -12.4 -12.5 -12.6 -12.7 -13.0 -13.5 -14.3 -15.6 -17.9 -22.0
Eer+Ees 6.6 7.4 8.9 10.9 13.5 16.8 21.0 26.6 34.4 47.1
Etotal -18.0 -17.1 -15.5 -13.4 -10.7 -7.5 -3.7 0.7 6.3 14.4

Furan
Eer 33.6 33.7 33.9 34.2 34.7 35.5 36.8 39.2 44.7 59.1
Ees -30.8 -30.7 -30.4 -30.0 -29.5 -28.7 -27.8 -26.8 -26.1 -27.5
Epol -3 .6 -3.6 -3.5 -3.5 -3.5 -3.4 -3 .4 -3.4 -3 .5 -3.7
Ect -4.1 -4.1 -4.1 -AA -4.2 ^ . 3 -4.3 -4.3 -4 .6 -5.4
Edisp -9 .5 -9.6 -9.8 -10.0 -10.4 -11.1 -12.1 -13.7 -16.4 -21.2
Eer+Ees 2.8 3.0 3.5 4.2 5.2 6.7 8.9 12.4 18.6 31.6
Etotal -14.3 -14.2 -13.9 -13.5 -12.9 -12.1 -10.9 -9.1 -5 .8 1.3
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Chapter V
On the hydrogen bonding abilities of furans, phenols and anisoles

V.l. Summary

The methods used in chapter IV are employed in this chapter to study the 

difference in the hydrogen bond acceptor strengths of furan, tetrahydrofuran, phenol 

and anisole, the last two in their planar and perpendicular conformations. An 

assessment of the effect of conjugation with a % system on the acceptor strength of an 

oxygen atom is made using distributed multipole and intermolecular perturbation 

theory calculations. The main conclusions from this work have been published in a 

shortened version of this chapter. ̂

V.2. Introduction

Molecular design requires a more detailed knowledge of hydrogen bond 

strengths than just the knowledge of the polar atoms involved in the bond. For 

example, although oxygen is usually regarded as a major hydrogen bond acceptor, in 

furan it is clearly a weak acceptor, as shown from both searches of the Cambridge 

Structural Database (CSD)^ and InterMolecular Perturbation Theory (IMPT) ah
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initio calculations*  ̂ (see also chapter IV). This is in stark contrast to tetrahydroluran/ 

the non-aromatic analogue of furan, the oxygen of which is a reasonably good 

hydrogen bond acceptor. These results agree with a hydrogen bond basicity scale^ for 

ethers, derived from FTIR spectrometry on their 1:1 complexes with 4-fluorophenol 

as the reference donor. Furan is the third worst acceptor in a ranking of 39 ethers of 

widely different structures. In the same scale, tetrahydrofuran is above average. More 

generally, oxygen atoms covalently bonded to two non-hydrogen atoms, of which at 

least one is formally assigned to an 5/?^-type hybridisation, were classified* as rather 

weak hydrogen bond acceptors, on the basis of ab initio calculations of their 

complexes with water environments (such oxygens will be denoted 0=). An obvious 

explanation of the weak hydrogen bond accepting ability of furan is that one of the 

oxygen’s lone pairs is delocalised in the 7t-system of the ring, leaving only the lone 

pair in the sp^ orbital available for hydrogen bonding. Thus, delocalisation effects 

render aromatic oxygens electron deficient compared to their counterparts in non- 

aromatic environments. The hydrogen bond accepting abilities of other 0= atoms 

would be affected to differing degrees, depending on the degree of delocalisation.

The oxygen atoms in phenols and anisoles are potential hydrogen bond 

acceptors. The degree of delocalisation of the oxygen lone pair electrons into the tc 

system of the ring depends on the conformation. A planar structure (fig. V-la) would 

allow a partial rearrangement of the charge density on the oxygen atom to facilitate 

delocalisation of one of the lone pairs into the n system of the ring. This can be 

visualised as a partial re-hybridisation from sp^ to sp^, with one lone pair in an sp^ 

orbital free for hydrogen bonding, and the other in a /? orbital perpendicular to the 

plane of the ring, and partially delocalised into the ring n cloud. Such a rehybridisation 

is less favoured in a perpendicular conformation (fig. V-lb). Thus, a comparison of 

the hydrogen bonding accepting ability of planar and perpendicular structures 

contrasts two oxygens with different degrees of delocalisation, without changing the 

bonded functional groups. The planar structure is significantly more stable than the 

perpendicular one for both anisole and phenol. The barrier height is 14.5 kJ/mol for 

phenol from a recent spectroscopic study^ and 9 kJ/mol for anisole from a theoretical 

study, with the loss of delocalisation of the oxygen electron density being believed 

to be a dominant contribution.
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This study combines IMPT calculations on the complexes of methanol/phenol 

and methanol/anisole, with statistics on the intermolecular contacts in crystal 

structures retrieved from the Cambridge Structural Database, to examine the 

conformational dependence of the hydrogen bonds. Bohm et al^  recently suggested 

that delocalisation arguments alone cannot explain the weak accepting abilities of 

aromatic oxygens, as their calculations on phenol -water complexes showed that there 

was only 0.7 kJ/mol difference in the intermolecular energy, and 0.01 Â in the 

hydrogen bond length between the planar and perpendicular conformation. However, 

these were geometry optimised supermolecule calculations with a special oxygen 

donor (water) bonded to two hydrogens, which is a poor model” for more general 

organic C—O—H donors. In this study, we use methanol as a model donor, consider 

comparable hydrogen bonding geometries to furan and tetrahydrofuran, and use an ab 

initio method, which provides a decomposition of the interaction energy into its 

components. This provides an understanding of the origin of the differences in 

hydrogen bonding acceptor abilities, which is essential, if we are to incorporate the 

variations in modelling force fields, and thereby into ligand design.

V.3. Method

Crystal structure data was retrieved from the Cambridge Structural Database^ 

(version 5.13, 167797 entries). Searches were performed following the procedure 

described in chapter IV. The CSD was searched for intermolecular hydrogen bonds 

between the H—O—Ĉ '̂  atom fragment and Ce^O—H for phenols, Ce"̂ —O—Ĉ"̂  for 

alkoxy phenols, C4^ —O for furan and C/"*—O for tetrahydrofuran fragments (where 

Ĉ "̂  is a tetrahedral carbon, and Ce^ is a an aromatic six-membered-ring).

For the theoretical calculations, the geometry of each of the model molecules, 

phenol, anisole and methanol, was optimised at the MP2 level of theory and with a 6- 

31G** basis set, using the program CADPAC.^^ The single point ah initio 

calculations of the total interaction energy were performed using the IMPT^’"*’̂  code of 

CAD? AC, at the 6-3IG** level of basis set.

For the scanning of the potential energy surface of the ring-methanol complex, 

the same DMA+d-ear/? potential as described in chapter IV was used. IMPT 

calculations were performed at the minima found with the model potential, and at 

selected comparable geometries for phenol and anisole.
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V.4. Results

V.4A, Results from  CSD surveys

Table V-1 summarises the number of crystal structures found in the CSD 

where an H—O— fragment interacts through the hydrogen to form a hydrogen 

bond to a phenolic or alkoxyphenyl fragment, in contrast to the total number of 

crystal structures in which both fragments are found. There is only one furan fragment 

hydrogen bonded to an H—O— which corresponds to the surprising low 

percentage of 1.4%. The corresponding number for tetrahydrofuran is 18.1%. The 

numbers for anisole and phenol are 11.4% and 29.1% respectively. Thus, anisole 

shows an intermediate tendency for accepting hydrogen bonds relative to furan and 

tetrahydrofuran, but phenol accepts a surprisingly high proportion of O—H donors. 

An explanation for the very different results between phenol and anisole is that phenol 

can potentially act as a hydrogen bond donor as well as an acceptor. In 25 of the 87 

hydrogen bonds accepted by the phenol oxygen, phenol was simultaneously acting as 

a donor to an oxygen atom, though in only 7 of these was the other acceptor the O— 

H donor. Thus, the multiple hydrogen bonding effects increase the proportion of 

hydrogen bonds found, and the results for phenol are inconclusive. The survey of 

Mills and Dean,^^ which considered a much broader range of hydrogen bond 

acceptors, reports a rather low “group-probability value” for the phenol oxygen to act 

as an acceptor to O and N donors (this value is 0.13 for phenol as compared with 

0.65 for water, and 0.27 for a cis ester oxygen).

Despite the rotational energy barrier, there are still some nearly perpendicular 

anisole and phenol conformations in the database. Indeed, the number of nearly 

perpendicular anisole structures is higher than the number of intermediate ones. A 

closer inspection shows that in all perpendicular cases the ring is sterically crowded, 

so that a planar or intermediate conformation is unlikely. The proportion of hydrogen 

bonds in planar and non-planar phenols and anisoles does not vary sufficiently to 

suggest a difference in hydrogen bond accepting abilities, given the small number of 

non-planar structures.
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V.4.2. Results from theoretical calculations

IMPT calculations were performed at idealised geometries for the methanol- 

phenol/anisole complex with a constant hydrogen bond length (O -H) of 1.95 Â 

(figure V-1). For a direct comparison with idealised hydrogen bonds to furan and 

tetrahydrofiiran, calculations were performed with the O—H group of methanol in the 

plane of the —O— fragment, with the H and O placed on the external

bisector of the —O— valence angle. The results in table V-2 show that the

total interaction energy of methanol with phenol or anisole is approximately midway 

between that to fliran and tetrahydrofuran. The energy differences between hydrogen 

bonds to phenol and anisole, and between the different conformations, are only a few 

kJ/mol. This is much smaller than the 10 kJ/mol range from furan, phenol/anisole to 

tetrahydrofuran. The differences in the relative energies of these complexes are similar 

to the change in the electrostatic energy contribution (9 kJ/mol over the series), 

whereas the other contributions differ by at most 3 kJ/mol. Thus, the chemical 

changes between C{sp^)—O—C{sp^), C{sp^)—O—C{sp^)fH and C{sp^)—O—C{sp^) 

have a greater effect on the hydrogen bond acceptor strength, than the 

conformationally induced change in conjugation of the O atom, and the former is 

predominantly an electrostatic effect.

In the external bisector geometry, the hydrogen bonds to the perpendicular 

conformation are approximately 2 kJ/mol more stable than those to the planar 

conformation, for both phenol and anisole. This is considerably smaller than the 6 

kJ/mol difference found for the other idealised hydrogen bond geometry that was 

considered, a linear hydrogen bond in the idealised sp^ lone pair direction (table V-3). 

This geometry produces only slightly more stable complexes than the external bisector 

geometry for the perpendicular conformation of phenol and anisole. This agrees with 

the general observation that hydrogen bonds to hydroxyl or sp^ hybridised oxygens 

show a tendency to lie in the plane of the lone pairs but no real preference for the 

tetrahedral lone pair directions within that plane. Furthermore, the sp^ lone

pair direction for the planar conformation not only is not preferred, but gives 

markedly less stable hydrogen bonds, by about 3 kJ/mol. This could be an indication 

that, in the planar conformations, the oxygen has more sp^ character than sp^, as 

directionality to sp^ lone pairs is known to be more pronounced than to sp^. A further 

confirmation of the transition from sp^ to sp^ as the hydroxyl rotates out of the phenyl
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ring plane is, of course, the elongation of the —O bond length. This bond length

changes from 1.37 to 1.39 Â in phenol, and from 1.37 to 1.38 À in anisole, as the 

conformation changes from planar to perpendicular. There is also a change in the 

intramolecular H/C—O—C" angle, which is reduced from 116.4° to 111.5° for 

anisole from the planar to the perpendicular conformation. For phenol, this change is 

very small, (less than one degree), with the H—O—C" angle being approximately 

108° for both conformations.

Thus, the rotation with respect to the phenyl ring has a marked effect on the 

qualitative shape of the potential energy surface for hydrogen bonding around the 

oxygen atom. Although this roughly mirrors the change in the electrostatic 

contribution, there are significant changes in the other contributions. Some of these 

changes undoubtedly reflect variations in the more distant atom-atom interactions 

whose separations are changing with conformation.

The complexes with methanol found with the DMA+6-ex/? model potential 

(table V-4) are significantly stronger for perpendicular conformations than for planar 

(the difference being approximately 4 kJ/mol). There is clearly an effect from the 

other atom-atom interactions, as the model potential predicts that the perpendicular 

conformation forms slightly shorter, more linear hydrogen bonds than the planar one, 

with more favourable interactions between the a  hydrogens of the ring and the 

oxygen of methanol, particularly for anisole.

V.5. Discussion

For two hydrogen bonding geometries which are identical in the relative 

orientation of the methanol, the acceptor oxygen and its intramolecular bonds, the 

perpendicular conformation of phenol or anisole has a stronger interaction than the 

planar, conjugated conformation. However, this cannot be simply attributed to the 

loss of conjugation, since it is physically impossible to lose the conjugation with the 

phenyl ring, without altering the relative orientation of the phenyl ring to the C—O— 

C/H"-methanol hydrogen bond, and without elongating the O— distance.

The exchange repulsion is smaller for the perpendicular conformation, and this 

is sufficiently short range that it will mainly reflect the change in the acceptor oxygen 

charge density, which we would expect with the loss of conjugation to the aromatic
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ring. However, the long range electrostatic and dispersion terms also make significant 

contributions, of opposing signs, to the energy difference. Since the longer range 

terms are so important in determining the energy differences, it is necessary to 

separate out the effects of the phenyl ring on the charge density of the oxygen 

acceptor through conjugation, from the long range phenyl/ methanol interactions.

The effects of the change in the charge distribution around the oxygen, and the 

change in the interaction with the phenyl ring, cannot be separated rigorously in 

theory or experiment. However, we can gain some insight into the relative effects on 

the electrostatic contribution (excluding the penetration component), by assuming that 

the atomic charge distribution is transferable between the conformations. The 

electrostatic contribution calculated from the DMAs of methanol and planar phenol in 

the “lone pair” hydrogen bond geometry is -18.0 kJ/mol. If it is estimated using the 

atomic multipoles of the perpendicular conformation wavefunction, transformed by 

analytical tensor rotation to represent the planar geometry, it is -20.7 kJ/mol. A 

similar calculation on the perpendicular phenol-methanol complex gives an 

electrostatic energy of -23.6 kJ/mol, which is destabilised (-22.4 kJ/mol) when the 

DMAs of the planar conformation transformed into perpendicular are used. The 

conclusions are very similar for the anisole case, with the electrostatic energy 

calculated from the perpendicular wavefunction charge distribution being 1-3 kJ/mol 

more favourable than those from a conjugated oxygen system. Thus, we can say that 

the physical change in the charge density of the oxygen with conjugation is important 

in determining the hydrogen bond acceptor strengths.

In conclusion, the energy of a hydrogen bond to methanol depends 

significantly on the bonded functional groups, with strengths furan < phenol < anisole 

< tetrahydrofuran. The perpendicular conformations of anisole and phenol form more 

stable hydrogen bonds than the planar ones and the difference, which depends on 

orientation, is partly due to the change in the oxygen atom charge density caused by 

delocalisation of the lone pair charge density into the n system of the ring. However, 

the effects of changes in conformation are no more dramatic for phenol/anisole than 

for an ester 0= in the Z and E conformations,** which can be qualitatively attributed to 

the differing orientation of the neighbouring carbonyl group dipole. Thus, although 

conjugation generally weakens the hydrogen bonding acceptor ability of an oxygen.
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this effect is inseparable from the short and long range effects of the bonded 

functional groups.

The variation of the hydrogen bond accepting ability of an oxygen atom in 

different bonding environments is well represented by changes in the multipolar 

electrostatic energy. However the variation in the atomic charge density with changes 

in the intramolecular environment will also clearly affect the other terms. Thus, there 

is a need for developing methods that can take into account the effect of neighbouring 

atoms and bonds on each site, and can be easily incorporated in more accurate model 

potentials. Chapter VI is testing such a method for estimating the intermolecular 

repulsion, based on the distributed monomer charge densities.
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Table V-1. Results from CSD searches: Number of hydrogen bonds to O acceptors found in molecular crystal structures.

Molecular ring 

fragment

Number of structures S Number of structures with H-bonds H Percentage of structures with H-bonds 100 H/S

furan 74 1 1.4

tetrahydrofuran 874 158 18.1

anisole Total I Planar Twisted In-between Total i Planar j Twisted j In-between total Planar tw is t^  j In-between

536 1 478 43 15 61 I 56 1 4  11 11.4 11.7 9.3 : 6.7

phenol Total I Planar Twisted In-between Total j Planar j Twisted ! In-between total "2871............ "27 .3 .............1 'sg is .................

299 1 260 11 28 87 I 73 j 3 I 11 29.1

S: Number of crystal structures containing both the acceptor molecular fragment and a H—O— donor. 

H: Number of these S in which there was an intermolecular hydrogen bond.
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§
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Table V-2. IMPT calculations for methanol hydrogen bonded along the external bisector of C- 

C/H valence angle.

Energies kJ/mol Furan Phenol planar Phenol

perpendicular

Anisole planar Anisole

perpendicular

Tetrahydrofuran

E„ 22.5 23.4 22.0 25.2 22.3 22.8

Ee, -24.8 -28.6 -29.8 -29.7 -30.5 -33.5

Epo. -2.7 -2.9 -3 .0 -3.1 -3 .2 -3.6

Ea -2.9 ^ . 3 -3 .4 -3 .6 -3 .6 -3.6

E(*sp -7.6 -8.2 -7.3 -10.3 -8 .5 -7.4

Eer+Ee, -2.2 -5.2 -7.8 -4 .6 -8.1 -10.7

Eioial -15.3 -19.6 -21.6 -21.6 -23.4 -25.3

Table V-3. IMPT calculations for methanol hydrogen bonded in lone pair direction.

Energies kJ/mol Phenol planar Phenol perpendicular Anisole planar Anisole perpendicular

Eer 24.5 24.0 25.3 24.6

Ee, -26.2 -32.0 -26.1 -32.2

Epo. -2.8 -3.0 -3.0 -3.2

Ec -3 .4 -3.7 -3 .4 -3.7

Edsp -8.7 -7.9 -10.9 -9.5

Eer+Ee, -1.7 -8.0 -0.8 -7.6

Etcal -16.6 -22.6 -18.1 -24.0

Eer exchange repulsion energy, Eg, electrostatic energy, Epoi polarisation energy, E^ charge transfer 
energy Eŷ p dispersion energy. Eiotai is total intermolecular energy estimate.
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Table V-4. Hydrogen bonded complexes with methanol, found by minimising the DMA+ 6-exp 

potential, and the corresponding contributions to the intermolecular energy (kJ/mol) calculated by 

IMPT.

Phenol planar Phenol perpendicular Anisole planar Anisole perpendicular

DMA + 6-exp energy -19.9* -24.1 -21.0 -24.8

(CH3O)—H 0  /A 1.96 1.90 1.96 1.90

(CH3)—0  - H—C " / A 2.94 2.81 3.47 2.84

a  (0n*t'’*"o'_H - 0 ) / 0 166 167 160 168

E„ 25.3 32.7 25.6 32.9

E „ -29.2 -37.3 -28.3 -37.2

Epo, -2.9 -3.6 -2.9 -3.8

Ec -3.4 ^ . 6 -3 .4 -4.5

Edsp -10.1 -11.0 -11.5 -12.4

Eer+Ees -3.9 -4.7 -2.7 ^ . 3

E|cal -20.2 -23.8 -20.5 -25.0

♦ An alternative minimum was found with a slightly lower energy (-20.1 kJ/mol) for the model 

potential, but less favourable (-17.6 kJ/mol) IMPT total energy, which was stabilised by close 

CH3—HC contacts. This shallowness in the hydrogen bonding potential, combined with the 

approximations in the 6-exp model probably also accounts for this planar anisole complex being 

slightly less stable than the idealised geometry.
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a. b.

w .H/CH 3  / -------- \o>
*̂• 1.95 Â

external bisector 

'Hlllll""0,„ ( . y

\ H

external bisector ^
b  o

\
Fig. V-1. a) Phenol/anisole in the planar conformation, with methanol hydrogen bonded in the 
external bisector geometry. The idealised lone pair geometry has O H— O— C in the same plane, 
perpendicular to the ring plane, similarly to the extended bisector geometry, but with the 0  0  axis 
raised out of the plane by 54.7°. b) Phenol/anisole in the perpendicular conformation, with the 
methanol hydrogen bonded in the idealised lone pair geometry and the external bisector geometry. 
The latter has the methanol in the plane perpendicular to the ring tlnough COH, and below the plane 
of the paper.
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Chapter VI

Use of molecular overlap to predict intermolecular repulsion in 

N H— O hydrogen bonds

VI.l. Summary

This chapter is an attempt to go beyond the Dy\A+6-exp potential, and 

include repulsion anisotropy in model potentials used to describe hydrogen bonds. 

The overlap of the monomer charge distributions is used to derive atom-atom 

intermolecular repulsion potentials for the interactions N--H and N --0, to model the 

hydrogen bonds formed between methylcyanide, or pyridine, and methanol. The 

resulting models are tested against intermolecular perturbation theory calculations of 

the exchange-repulsion surface, in the regions sampled by these N---H—O hydrogen 

bonds in molecular crystal structures. The anisotropy of the atom-atom repulsion in 

these hydrogen bonds is small and the expansion converges slowly. However, the 

methodology shows, that considering the overlap is a useful method of assigning the 

repulsion between organic molecules into atomic contributions, and estimating the 

isotropic and anisotropic parameters, which can be applied to larger systems, where
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accurate ab initio calculation of the potential energy surface is not feasible. The 

results from this chapter have been published in a slightly shortened form. ̂

VI.2. Introduction

One major problem in the construction of model potentials is the 

representation at short range, as when the overlap of the molecular wavefunctions 

cannot be neglected, there is no rigorous analytical theory for the energy of 

interaction. The short range intermolecular repulsion has traditionally been treated 

isotropically, either with the use of an atom-atom term, or more accurately an 

exponential term. However, such an isotropic representation is only an approximation 

that may not always be adequate. The work of Nyburg and Faerman^ contains 

convincing evidence that atoms in crystal structures can approach each other closer at 

some orientations than at others. The crystal structures of CI2 and chlorinated 

hydrocarbons, for example, can only be accounted for using an anisotropic repulsion 

model. A b  initio surfaces for the small polyatomic dimers and (HF):^ are

accurately represented by a simple anisotropic atom-atom repulsion model, where an 

isotropic model is inadequate.

Recently, intermolecular perturbation theory calculations on the minimum 

energy structures of hydrogen bonded complexes involving a variety of organic 

nitrogen containing compounds* were performed to supplement the experimental 

distributions of H—O groups around various N acceptors found in crystal structures, 

as part of the ISOSTAR^ project. It was found that the hydrogen bond lengths in 

these complexes could differ by up to ± 0.3 Â from the separations predicted using a 

transferable isotropic 6-exp repulsion-dispersion potential in conjunction with a 

realistic distributed multipole electrostatic model. Given the range of hybridisation 

states and charge of the nitrogen atoms involved, it seemed plausible that the 

differences between the N—H separation given by the model potential and that 

optimised by intermolecular perturbation theory (IMPT)^®’̂ '’̂  ̂ calculations could be 

due to differences in the repulsive wall around the different nitrogen atoms. Hence, it 

is clear that there is a need for a method of estimating the form and magnitude of the 

anisotropic repulsive wall in hydrogen bonds (and other interactions) between organic 

molecules.
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A review of potentials for modelling the repulsion has been given in chapter II 

and so these will not be discussed in this chapter. Instead we will concentrate here on 

the use of the overlap model for the repulsion between polyatomic molecules. The 

basis of the model is the observation '̂* that the intermolecular repulsion is related to 

the overlap of unperturbed charge densities of the interacting molecules. Thus, the 

fundamental assumption of the overlap model is that the repulsion is approximately 

proportional to the overlap of charge densities;

(VI: 1)

where Sp is the overlap of the unperturbed molecular charge densities, defined as:*'*’*̂

S,=lpA( . r )Pe(r )d^r  (VI:2)

This relationship has no rigorous theoretical justification but it is easily understood in 

terms of the Pauli principle. The region of intermolecular overlap is a region in space 

richer in electron population than the corresponding region of the separated 

monomers. As the monomer wavefunctions overlap each other, there is less and less 

volume available for the electronic population of either to be accomodated, and thus 

repulsion will increase as the overlap increases. Such an overlap model is also 

consistent with the general*^’*̂’**’*̂  approximation that the repulsion between two 

atoms is proportional to S^/R  where Sy, is the overlap integral of their wavefunctions 

and R  is their separation. The square of the overlap of the wavefunctions is obviously 

related to the overlap of the charge densities, so this model is very similar to the one 

for intermolecular repulsion, with the only problem being, of course, that the 

definition of R  in the case of molecules would not be straight forward, and so the 

alternative assumption (equation VI:1) is used.

This model is an over-simplification in that it does not take into account the 

perturbation of the electron clouds, that takes place when the two wavefunctions start 

to overlap. This leads to reduced electron density between the nuclei, and thus less 

exchange energy of the electrons and increased repulsion of the nuclei. This error 

should increase with increasing overlap, so if it can be assumed proportional to the 

overlap, then equation VI: I still holds, as the error will be absorbed in the 

proportionality constant K.
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Equation VI: 1 is an excellent first approximation, but it is not exact. Hence, 

there have been attempts to use instead the potentially more accurate:

E„ = a s;  (VI:3)

with the additional variable x. Studies testing this relationship for interactions 

involving rare gas atoms, rare gas atoms with a halide anion, and the dimers (Fi)! 

(012)2 and (N2)2^̂  resulted in values of x between 0.8 and 0.99. However the basis set 

dependence of x means that its exact value may not be important after all. More 

specifically, x seems to approach 1 as the basis set improves. Wheatley and Price^  ̂

also noted that a value of x  less than 1 is equivalent to multiplying the exponent in a 

model potential of exponential form by %, thus making the repulsive wall less steep. 

They argued that this was a more physical way of incorporating x, as raising the 

overlap to a power would mean that atom-atom contributions would be added and 

then raised to the power of x, which is not in line with the general form of an atom- 

atom potential. In any case, as the values of x have been found to be so close to unity, 

this chapter will assume that x=l and only models of the form of equation VI: 1 will be 

considered.

Starting from a molecular wavefunction comprising Gaussian-type functions, 

the molecular charge density can be expressed in terms of the atomic orbital basis and 

the elements of the density matrix M as:

where My is the element of the density matrix M corresponding to the atomic orbitals 

<Pi and <Pj centred at r, and ry. Each atomic orbital (p is in turn a linear combination of 

gaussians, so that the product of a pair of atomic orbitals (pi and Çj in equation VI:4 

will contain products of gaussians of the general form:

(x -  (x -  X jŸ-  o  - (z -  Z,)'■■ (z -  z^y -

exp - » v ( r - n y l e x p  - a „ ( r - r ^ )

A product of two gaussians can be re-expressed as a new gaussian centred at a point 

r„ on the line joining r, and Vj. Thus, the molecular charge density can be expressed 

exactly as a finite series of gaussians centred at a number of overlap sites r„. 

Unfortunately calculating the intermolecular overlap using the monomer charge
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densities expressed in this form would be very inefficient, as the number of sites r„ on 

each molecule (which depends on the basis set) will be huge. Wheatley^® tested two 

solutions to this problem. The first one (which he called the “atomic charge density 

model”) involves leaving out all contributions to the charge density where r„ is not a 

nucleus. This essentially ignores all bonding density and it is adequate for cases where 

the bonding charge density is small enough to be ignored. For example this model 

successfully describes the fluorine and chlorine dimers, but fails in the case of the 

nitrogen dimer, where most of the valence electrons are involved in intramolecular 

bonding. The second more general solution follows the distributed Gaussian multipole 

expansion, whereby the charge density is redistributed to a relatively small number of 

selected sites around the molecule. The choice of sites is crucial. The nuclei are of 

course a recommended choice, since then the atomic charge density which contributes 

the major part of the total density^® does not need to be moved. The mid-points of 

bonds are also a good choice, since it can be expected that most of the bonding 

density will be somewhere near the middle of the bond. The original overlap sites r„ 

dp not change, if they coincide with the new set of expansion sites. If they don’t, they 

are shifted to the nearest of the new sites (in a procedure similar to DMA, as 

described in chapter II). If they are equidistant from two sites, they are divided into 

equal contributions among the sites. This results (like DMA) in an infinite series that 

must be truncated to be useful. Thus the rate of convergence of this series, which is 

directly related to the number of expansion sites, is an important issue in the 

distributed charge density model. For example, the charge densities of fluorine and 

chlorine^^ were better represented by a simple model where bonding density had been 

neglected, than using a distributed model with only two sites (on the nuclei). This 

means that convergence of the distributed model was too slow in these cases, and 

additional expansion sites were needed to make it superior to the simpler atomic 

charge density model. It is worth noting, however, that, when considering organic 

systems, the truncation errors involved in using only the nuclei for the expansion of 

the molecular charge density are likely to be small, compared with the errors due to 

the other assumptions in the potentials, and balanced by the convenience of being 

consistent with the generally preferred atom-atom form for the total potential. An 

additional observation in the comparison between the two models is that neglecting
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the bonding density may affect the representation of the molecular charge density, but 

it might have a smaller effect in the intermolecular region, which is of interest in the 

calculation of the exchange-repulsion. In this sense, it would be worth testing the 

behaviour of the atomic charge density model, even for cases of organic molecules, 

where we expect the bonding density to be important.

Thus the monomer charge density can be expressed in terms of a sum of 

gaussians centred at sites around the molecule as:

PA'^) = 'Z 'Z k ^ ( x  -  x ^ y - ( y  -  y ^ Y "  (z -  Z,)*'- ex p [-a„ (r -  r , )"] (VI:5)
rp w

where we use pd to distinguish the distributed charge density from the exact molecular 

charge density p. The sums are over the gaussians w and the overlap sites Vp. 

Combining equations VI:2 and VI: 5 the overlap of charge densities of molecules A 

and B  will be of the general form:

rp SA r ^s B w p .W g

;

where is the overlap between the gaussian Wp centred at Vp on molecule A and

the gaussian Wq centred at on B. This overlap is a function of the separation of Vp 

and r ,̂ and for non-spherical gaussians also of their relative orientations. The 

calculation of this overlap involves re-expressing the gaussian on one site in terms of 

the local axes of the other, then multiplying the two gaussians to yield a new gaussian 

centred at a point P=%R/(c(4+%). R is the vector from A to B, and Ua and % are the 

exponents of the gaussians on the A and B  molecules correspondingly. The overlap s 

is re-expressed in the coordinate system centred at P, and it is finally brought into a 

form where all the anisotropy is included in direction cosines between the local axes 

on the atoms and the vector R. The non-trivial mathematics involved are beyond the 

scope of this thesis, but a detailed account of the calculation of the overlap between 

two distributed molecular charge densities has been given by Wheatley.

This way, the overlap (and from equation VI: 1 also the exchange-repulsion) 

between two molecular wavefunctions is split into atom-atom overlaps (repulsions). 

In this work we represent each molecular charge distribution as a set of atom centred 

Gaussian multipoles,^^ using the GMUL^* program. Furthermore, the analytical
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expressions for the overlap of Gaussian multipoles can be used within GMUL to give 

the coefficients of an anisotropic expansion of the orientation dependence of each 

atom-atom overlap.

The advantage of making the overlap-repulsion proportionality assumption is 

that it is cheaper to calculate the overlap for a given relative geometry of two 

molecules than to perform an ab initio supermolecule calculation. Thus, this 

assumption can be used to calculate and fit a model repulsion surface. This advantage 

of the overlap assumption is particularly marked for correlated wavefunctions, the use 

of which adds very little extra cost for the overlap calculations, in contrast with the 

huge increase in computational requirements of both supermolecule and symmetry- 

adapted perturbation calculations. This means that high quality, correlated monomer 

wavefunctions can be used to evaluate the overlap, when they cannot be used to 

evaluate intermolecular interactions. Examples of the applications of this method are 

the model potential for the Lf-HzO complex^^, where the charge density overlap 

integral was calculated at a number of geometries and subsequently fitted to various 

functional forms (both isotropic and anisotropic), as well as model potentials for Na"̂ - 

H2O and H2 0 -H2 0 ,̂  ̂ where a similar fit of the charge density overlap integral to an 

anisotropic atom-atom function, as part of a systematic potential, correctly 

reproduced thermodynamic properties of the solvation of sodium ions in water 

clusters. The overlap method was applied recently with success to produce the 

repulsive component of a potential which accounted for the structure and 

spectroscopy of the hydrazine '̂  ̂and methanof^ clusters.

Another important advantage of the overlap model is that the orientation 

dependence of the overlap can be calculated analytically from the wavefunction, 

unlike the exchange-repulsion. Thus, a full anisotropic atom-atom model repulsion 

potential can be obtained from few overlap calculations, in contrast to the vast 

number of ab initio points required to sample the 6-dimensional potential energy 

surface of a pair of general organic molecules. This use of the overlap model to 

predict the analytical form of the anisotropic repulsive potential has been tested for 

(p2)2, (N2)2, and (012)2^̂  and used by Wheatley and Price^^ to develop an 

intermolecular potential for chlorine, which accounted for a wide range of properties 

of the solid and liquid.
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The analytical nature of the overlap method has a further advantage when 

applied to organic molecules, with many different types of atoms, which is 

investigated in this chapter. When parameters for model repulsion potentials are 

derived from fitting to experimental data, such as organic crystal structures, often 

there is considerable correlation between the fitted atom-atom parameters for the 

different atom types. The overlap model constitutes a promising solution to this 

problem, as it allows a partitioning of the repulsion into atom-atom contributions. 

This is particularly important in hydrogen bonds, X—H—Y, where a division of the 

short-range repulsion between the proton H and the donor atom Y is so difficult, that 

some models just assume that the (acceptor) X—H repulsion is negligible.^^

We chose to study the hydrogen bonds formed between methanol and pyridine 

or methylcyanide, as two model systems for organic N -H—O hydrogen bonds where 

the N atoms have very different bonding environments. Pyridine and methylcyanide 

have nitrogens that are relatively exposed to hydrogen bond acceptors, so that it is 

expected to be possible to model a reasonable section of the surface, without having 

other atom-atom repulsions contributing significantly to the short range repulsion. 

The aim of the work is to test the methodology for determining isotropic / anisotropic 

atom-atom repulsion potentials for organic molecules, to within a proportionality 

constant, through the overlap approximation, i.e. to answer the following questions:

1) is the exchange-repulsion energy proportional to the overlap?

2) does GMUL analysis provide a sensible subdivision of the overlap, and hence 

exchange-repulsion energies into atom-atom contributions?

and 3) do the analytical expressions for the anisotropy of the overlap, derived from 

the GMUL analysis, provide a satisfactory model for the anisotropy of the atom-atom 

interactions?

To answer these questions, it is necessary to construct a large test potential 

energy surface, and therefore, to use a moderate but consistent level of theory 

throughout (SCF/6-31G** wavefunctions), expecting some cancellation in the basis 

set errors between the evaluation of the exchange-repulsion and the overlap. 

However, this is done in the knowledge that, once the methodology has been tested, 

the potential model parameters could be estimated more accurately from a higher 

quality, correlated charge distribution for each monomer, with experimental data 

required to fix the minimal number of remaining parameters.
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VI.3. Method

VI. 3.1. Construction o f the potential energy surfaces for testing the overlap model

The monomer geometries were optimised at the SCF/6-31G** level using 

CADPAC.^* The optimised energies for the monomers are; -246.7046 Eh for pyridine, 

-131.9325 Eh for methylcyanide and -115.0461 Eh for methanol. These monomer 

wavefunctions were used in the evaluation of the exchange-repulsion for each 

geometry of the methanol / N-donor using the IMPT code of the CADPAC program. 

The definition of the axes for the three molecules is shown in fig. VI-1.

493 pyridine-methanol and 562 methylcyanide-methanol complex geometries 

were initially chosen using a systematic plus a random choice of the N—Hmethanoi 

intermolecular vector and the methanol Euler angles in the coordinate system of 

pyridine / methylcyanide. These geometries included a large number of cases showing 

the preferred distance (N -H  = 1.95 Â) and N—H—O linearity of this hydrogen bond. 

In addition, the surface included N -H  hydrogen bond lengths of 1.70 A  to 2.15 A , 

and a range of combinations of values of the three Euler angles, which determine the 

orientation of the methanol, and the two angles (the in- (())) and out-of-plane (0) 

deviation from the “ideal” nitrogen lone pair direction (fig. VI-1)), which determine 

the direction of the N—H vector. Some of these geometries gave extremely large 

exchange-repulsion energies, which would be unlikely to be sampled in any 

simulation. The intermolecular overlap, subdivided into atom-atom contributions was 

calculated, as described later, for each geometry, for comparison with the exchange- 

repulsion energy.

The construction of an exchange-repulsion potential energy surface (PES) for 

these N - H—O hydrogen bonds was facilitated by considering the ISOSTAR plots of 

such hydrogen bonding contacts found in crystal structures retrieved by the 

Cambridge Structural Database^^, as a rough guide to the areas in the PES that are 

most likely to be important in simulations. The model potential should represent at 

least the range of hydrogen bonding geometries that are found in organic crystal 

structures, as shown by the relevant ISOSTAR plot of experimental N -H —O 

contacts in crystal structures in fig. VI-2. Examination of the overlaps calculated for 

the range of geometries shown in the dominant cluster on the ISOSTAR plot revealed
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that the N - H plus N --0  overlap could be expected to dominate the total overlap in 

the region of interest. Thus, we simplified the study by considering only the N--H and 

N O repulsion, and only kept complexes where the sum 5'p(nh)+ 6^o) was equal to 

or greater than 85% of the total overlap, Sp. The ISOSTAR plot also suggested that 

the N—O overlap would not be greater than the N - H overlap. This additional 

constraint excluded highly repulsive unobserved geometries, where the proton was so 

far from being “between” the donor and acceptor atom, that it would not be 

considered a hydrogen bond. These two constraints left 323 pyridine-methanol 

complexes and 320 methylcyanide-methanol complexes (fig. VI-2). We will refer to 

these sets of points on the PES as the “85% set”. The “95%” set is a subset 

containing only these complex geometries for which Spçm)+Spçt̂ o) is greater than or 

equal to 95% of the total overlap. The 95% set contains 220 pyridine-methanol points 

and 301 methylcyanide-methanol points. Such a subset is useful for evaluating the 

error arising from non-negligible contributions to the overlap (and hence the 

repulsion) from atom-atom pairs which are not directly involved in the hydrogen 

bond, for example, the a-carbon - oxygen interactions in pyridine. Even the 95% set 

covers the bulk of H-bonds found in ISOSTAR, and so it reflects the majority of 

hydrogen bonding geometries. Considering only two types of repulsive interactions 

greatly simplifies the model and its testing, and so, at this stage, we considered it 

worth neglecting contributions from other interactions, for the sake of simplicity. 

However, it would be straightforward to apply the model to obtain parameters for the 

repulsive interactions of the hydrocarbon fragments, and, hence, construct a complete 

model repulsion potential.

VI. 3,2, Calculation o f the overlap and overlap models

Starting from the overlap assumption (equation VI: 1), and further assuming 

that the only non-negligible overlap in an N - H—O hydrogen bond is between N and 

H and N and O, then the total overlap for the interaction between a test molecule and 

methanol will be just the sum of the two interactions, i.e.:

-  p̂(NH) + p̂(NO) (VI: 7)
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Each atom-atom overlap can be re-expressed in an analytical way as the sum of the 

isotropic term plus a series of anisotropic terms, which vary with the relative 

orientation Q of the local axis system of each atom:

where the coefficients depend on the a-'-b separation R, and are the non

normalised orientation functions developed by Stone and coworkers,^®’̂ ' with 

*̂ oœ -  f • (Explicit formulae for the S  functions used, in terms of scalar products 

between the local axis vectors and the unit atom-atom vector, are included in the 

appendix at the end of this chapter). To evaluate the , the charge density of each

molecule was re-expressed in terms of Gaussian multipoles using the program OMUL 

2.0.^  ̂These Gaussian multipoles were used in GMUL to calculate the ^'-function 

coefficients for the overlap of the charge densities. The interaction between two 

molecules was restricted to two sites: the N atom of the acceptor molecule (atom 1) 

and the H (or O) of methanol (atom 2). The isotropic and the anisotropic coefficients 

were calculated for seven atom-atom separations to cover a typical hydrogen bonded 

separation ± 0.25 Â, namely 1.7, 1.8, 1.9, 1.95, 2.0, 2.1, and 2.2 Â for the N—H 

interaction, and these values plus the H --0  bond length in methanol (0.9419 A ), for 

the N---0 interaction. Finally calculations of the overlap integral (equation VT:2), and 

the atom-atom overlap contributions were performed with GMUL 3, for all 493 

pyridine-methanol and 562 methylcyanide-methanol complexes. For these 

calculations, the number of Gaussian multipoles exponents was reduced using as 

minimum and maximum exponents: am,» =1.0 and Omax = 3000.

We use the calculated C coefficients of equation VI: 8 to test the following 

two assumptions:

a) The isotropic coefficient falls exponentially with distance A, so that:

C o  = A exp(-aR ) (VI:9)

( R )
b) Each fraction Q 'y  " = —̂ -----  is ̂ ^-independent, and thus, can be replaced by its

(-000 (A)

value at a typical van der Waals contact separation, which we assume here to be a 

linear hydrogen bond distance of 1.95 A  for N---H and 2.89 A  for N --0.
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Making these assumptions, we can re-write equation VI;8 as:

Sp^,i,^(R,n) = A exp(-cdi)(X C ;^fsfj^J) (VI: 10)

where = 1 and the parameters A and a  are obtained from the slope and intercept

of linear regression on the negative natural logarithm of versus the interatomic 

distance R.

A further approximation, implicit in the practical use of this model, is that the 

number of ̂ '-functions has to be restricted, by setting small coefficients to zero.

For a reasonably convergent iS'-flinction series, the error introduced by this 

approximation should be small.

VI. 2.3 Evaluation o f  the overlap model fo r  the exchange-repulsion

The model is finally evaluated by comparison of its predictions with an IMPT 

exchange-repulsion surface, using least-squares fitting of the parameter K  within the 

spreadsheet program E X C E L .A n unweighted fit, within our chosen surface, seemed 

most appropriate for this general survey. The basic overlap assumption requires one 

constant of proportionality between the overlap and the exchange repulsion to be 

fitted, which for these surfaces is

^er -  ^ ^p{NO)) (VT:11)

However, to allow for the possibility that the proportionality constant could depend 

on the type of atoms, we also investigated fitting two constants, one for each type of 

interaction:

^ e r  =  K \  ^ ^ p { N H )  +-^2  ^  ^ p { N O )  (VI: 12)

As a criterion of how well the model reproduces the exchange-repulsion values, we 

calculate the rms and percentage rms errors for the whole surface used in the fitting.
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VT.4. Results and Discussion

VI. 4.1 The proportionality o f intermolecular overlap and IMPT exchange- 

repulsion

The overlap model is based on the assumption that the overlap of the 

molecular charge densities is proportional to the exchange-repulsion {Ee^ between the 

molecules. Figure VI-3 confirms that this assumption is a generally valid one, even 

extending to extreme repulsion energies which are unlikely to be sampled. The 

analysis of this assumption for the 85% and 95% sets in table VI-1 shows that this 

assumption introduces an rms % error of about 5% into the repulsion surfaces, with 

typical errors of around 2-4 kJ/mol in about 30-40 kJ/mol around the van der Waals 

minimum, and a maximum error of 7 kJ/mol for the methylcyanide complex and 11 

kJ/mol for the pyridine one. The same analysis for the total overlap in the complete 

sets results in rms errors that are -not surprisingly- over 25% since this was an 

unweighted fit to minimise absolute (not percentage) errors, and geometries with 

exchange-repulsions of over 1000 kJ/mol were fitted together with typical hydrogen 

bonds with Eer energies over a factor of 10 less repulsive.

It is common in model potentials to absorb in the exchange-repulsion model 

the penetration electrostatic energy (£pe„), which also arises from the overlap of the 

molecular charge densities and hence, can be expected to show a similar exponential 

behaviour as the repulsion. If the sum of exchange-repulsion and penetration 

electrostatic energy {Epen can be calculated using GMUL 3 s) are considered, the 

correlation oïEer + Epen with the total intermolecular overlap is 0.9988, for the whole 

pyridine-methanol surface (493 complexes), and the absolute rms error in predicting 

this sum from the proportionality to the overlap is of similar magnitude to the error 

predicted when using just the exchange-repulsion. Hence, it can be assumed that it is 

possible to absorb both short range terms in a model potential that uses the overlap 

model, although the discussion in this chapter will be restricted to modelling the 

exchange-repulsion only.

VI. 4.2 Testing the assumption: Sp(totai)>̂ p(NH)-̂ Sp(NO)

In the experimentally interesting region the overlap of molecular charge 

densities will be dominated by the overlap between the N and Hmeihanoi and N and
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Omethanoi atoiTis, which IS ail obvious assumption for a traditional near-linear hydrogen 

bond. Figure VI-2 compares these potential energy surfaces with the experimental 

plots of the interactions observed in ISOSTAR. The exclusive use of N—H and N --0  

terms in the overlap model is introducing an additional error to the model, due to the 

neglect of other terms. This is tested by considering the prediction of Eer values from 

the sum of calculated N—H and N O overlaps, in table VI-1, where the error is 

shown to be very small. For the pyridine 95% set, the error is actually marginally 

reduced, if the sum Spç^+Spç^o) is used instead of the total overlap, which indicates 

that the errors of the two assumptions are not necessarily additive. Thus, the results 

confirm that the restriction to the sum of i5p(NH)+5'p(NO) and the use of the 85% and 95% 

sets is not introducing a significant error in the analysis, relative to the basic overlap 

assumption, and yet is covering the experimentally important range of the exchange- 

repulsion surface for hydrogen bonding.

VI. 4.3 Results from the GMUL analysis 

VI.4.3.1. Isotropic repulsion parameters

The overlap model allows one to determine the exponential repulsion 

parameter a  and pre-exponential A separately for N —H and N---0, without the 

problem of the correlation of parameters which often necessitates the assumption of 

combining rules in empirical fits. The parameters a  and A are determined directly 

from linear regression of the negative natural logarithm of the isotropic coefficient 

C^o on the interatomic distance, as summarised in table VI-2. Although these fits are 

excellent, they are not exact, as expected from the limited accuracy of the tail of the 

wavefunction. As the basis set gets better, the behaviour of the isotropic coefficient is 

more closely approximated by an exponential {e~^), and so the slope-derived a  

should be more accurate. The different wavefunctions used for methylcyanide show 

that both «NO and values are sensitive to basis set, and the slightly larger DZP 

basis set gives a  values in better agreement with those used in an empirical repulsion- 

dispersion potential '̂* that successfully predicts the crystal structures of a range of 

polar and hydrogen bonded molecular crystals 2.233 ao~\ «no = 2.048 ao~'). It

is important to note that the N—O parameters are more sensitive both to the basis set
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used and to the environment of the nitrogen atom, so that these can be expected to be 

less transferable than the N - H parameters.

Overall the overlap model gives reasonable estimates for the coefficient a, 

which often is ill-determined in fits to experimental data because of correlation with 

the pre-exponential factor, but it is clear that it will be necessary to use high quality 

wavefunctions. In this comparison with a potential energy surface, the errors due to 

basis set will not cancel completely, and the exponent for the pyridine N---Q is 

probably too large because of the limited quality of the basis set.

VI. 4.3.2. Anisotropic repulsion parameters

The anisotropy (^'-function) coefficients for the N--H and N---0 interactions 

for both complexes are shown in figure VI-4. As the symmetry of the environment 

around the interacting atoms dictates the number of non zero coefficients, it was 

expected that there would be fewer important coefficients for the N —H than the N—0  

interaction, and for the methylcyanide-methanol than the pyridine-methanol case. In 

the methylcyanide case it is rather clear that three coefficients (Cioi^ ,̂ Con°°)

dominate the N--H anisotropy. In the pyridine case, there is less of a natural break in 

the series, so it is debatable whether we need 3 (Con®̂ , € 303°°, Cioî ®), or six 

C40/®, € 404"'*̂  in addition) coefficients to describe the N--H anisotropy. For the N --0  

the cutoff is even less obvious, with five (Coii®"\ € 303^̂ , CioiT Cq2 2 ~̂ ), ten

(C404''" , C404' ' ,  C,2i \  CoiiT C202* ''in  addition) or thirteen (C022'" ', C404""", C033' '  in 

addition) coefficients being above different cutoff thresholds for pyridine, and only a 

small gap between the top four (CioiT € 202^̂ , Con^"\ € 022^̂ )̂ and other anisotropy 

coefficients for methylcyanide. It is clear that in the N—0  case there is a problem of 

convergence, most particularly in the h  values, which is associated with the 

asymmetrical bonding environment around the oxygen atom in methanol. It is worth 

noting that for the description of the N--H anisotropy the same Co/^ term (referring 

to the anisotropy on the H atom) is important in the description of the N—H 

interaction between methanol and two very different molecules, methylcyanide and 

pyridine, confirming our expectation, that the difference in the anisotropies would 

stem primarily from the terms involving the nitrogen atoms. There are significant 

differences in the dominant Cjoj”° terms (anisotropy on the N atom) for the N - H
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interaction in methylcyanide-methanol and pyridine-methanol, reflecting their different 

charge distributions. In both systems the Cioi^  ̂is large, a fact obviously related to the 

extend of the charge density in the z-direction due to the lone pair on the nitrogen 

atom. However, the other dominant Cjoj®° coefficient is the for the

methylcyanide complex and the € 303°” for the pyridine one, clearly reflecting the 

different bonding environments of the nitrogen atom in the two complexes.

VI. 4.3.3. Omission o f small coefficients and its effect on the model

The effects of omitting ^-functions with smaller coefficients can be tested by 

comparing how well the various analytical models predict the individual N - H and

N —0  overlaps. For the N—H interaction in the pyridine-methanol complex, the

correlation between the expansion model (equation VI: 10) and calculated N -H 

overlap increases from 0.9862, when only the isotropic term is used to 0.9966, when 

six anisotropic terms are added. The correlation is actually worse (0.9734), if only the 

first three largest anisotropic terms are used than if they are left out, indicating that an 

anisotropic model will only do better than the isotropic, if enough terms are added to 

model the anisotropy correctly. As expected, the addition of more terms results in

better correlation of the model with the calculated N --0  overlap, with a 13-term

expansion (0.9929) being better than a 10-term (0.9699), and a 5-term (0.9359) being 

fairly poor in contrast with the correlation for the isotropic prediction (0.9894). Once 

again the isotropic prediction is better than an anisotropic, where a lot of terms have 

been neglected, though this may be because the anisotropy in this system is fairly 

small. These correlations were evaluated using the pre-exponential coefficient A 

obtained from the intercept of the plot of isotropic coefficient versus interatomic 

distance. As we shall see, some of the error of neglecting ^'-functions may be absorbed 

by fitting the pre-exponential coefficient to the calculated atom-atom overlaps, as this 

leads to a better agreement between the calculated and the analytical model overlap. 

This improvement is possible because only a limited part of the region around each 

atom is sampled in the intermolecular potential energy surface, and so many omitted S  

functions may have the same sign in the intermolecular region, although they are, of 

course, orthogonal for integration over all orientations in space.
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VI. 4.3.4. The neglect o f variation o f with interatomic separation

A further approximation in the analytic model, the neglect of the variation of 

the relative anisotropic coefficients with separation, is also seen from figure VI-4 to

be a significant approximation at short separations. For example the C/q, for the 

N—H overlap, and for both methylcyanide and pyridine, almost doubles in the range 

of interatomic distances examined. If we define Cooô ° to be unit (since we are not 

interested in the absolute value of the overlap), this is equivalent to a change of the 

fraction Cioî VCooô ” from the 1.95 Â separation of up to approximately 10% of the 

isotropic coefficient. It is worth noting that a much smaller ^-dependence was 

observed in the early work of Wheatley and Price^  ̂ on ( ^ 2)2, (€ 12)2 and (p2)2. Hence, 

the use of the coefficients at the normal hydrogen bond length will introduce errors 

into the model repulsive wall, which will be larger at shorter separations.

VI. 4.4. Comparison o f the overlap models

The various variants of the overlap analytical model for the exchange- 

repulsion have been tested against the exchange-repulsion surfaces, with some 

representative results being given in table VI-3. The variations considered are the 

number of anisotropic terms in the expansion (from isotropic through different 

truncations of the series), the use of the pre-exponential parameter A of the overlap 

being fitted to the atom-atom overlaps instead of being derived from the isotropic 

overlap coefficients, and also whether the model total overlap is scaled to fit the 

exchange-repulsion (equation VI; 11), or whether the N - H and N - O contributions 

are scaled separately (equation VI: 12).

The main conclusion to come from these fits (table VI-3) is that even the 

simplest model, just using the isotropic coefficients and fitting the scaling factor 

between overlap and exchange-repulsion, does remarkably well, with only a small 

increase in the error from that inherent in the overlap approximation (table VI-1) for 

methylcyanide, and less than doubling the error for pyridine as acceptor. Thus, there is 

a worthwhile increase in accuracy only when a large number of anisotropic terms are 

included (as expected from the poor convergence of the series). Similarly, the 

improvements in fitting further parameters are also fairly marginal. Indeed, since one 

of the most improved fits comes from using the DZP derived isotropic methylcyanide
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parameters for either system, it seems likely that a major source of error in the model 

potentials comes from the radial dependence (i.e. the a  parameters).

The coefficients v4nh and ^ no do not change much when they are fitted to the 

individual atom-atom overlaps in an anisotropic analytical model with a large number 

of terms (with the exception of the 95% set of pyridine), but /Inc does increase 

considerably (a factor of almost two for pyridine) when only an isotropic model for 

the N—0  interaction is used. The quality of fits does generally increase with more 

complete anisotropic expansions, but the fitting of the pre-exponential term can 

compensate quite effectively for missing terms, even being preferable to expansions 

for the N---0 interaction that are too short. This however, would be very dependent 

on the actual anisotropy and convergence of the expansion for an individual atom. 

Figure VI-4 shows that the anisotropy is likely to be smaller and poorly convergent 

for N "O in these particular examples.

Fitting separately the N—H {Kf) and N—0  (A3) overlaps to model the 

repulsion (equation VI: 12) obviously results in a better fit than if only one scaling 

cpefficient {K) were assumed (equation VI: 11), but often the improvement is fairly 

small. However the error has more than halved for methylcyanide potentials with 

anisotropic N -H  terms, when two constants are fitted. This is not encouraging at first 

as the use of a unique fitted parameter is the major advantage of this model. However, 

more careful examination shows that this consistently increases the weighting of the 

N "H overlap to the N - O, and may just reflect the errors in the N---0 model, which 

are worse because of the poor convergence of the anisotropic series, and also because 

of stronger basis set dependence of the a  parameter in the N -O  than in the N - H 

model. In chapter VII it will be shown that one proportionality constant is enough, if 

the exponential parameters have been derived from a more accurate basis set. Thus, 

overall the results suggest that using just one scaling factor between the overlap and 

the repulsion will be a reasonable approximation, that can be made when necessary.

The errors in reproducing the pyridine-methanol surface for the more accurate 

anisotropic overlap models for the repulsion are not much larger than the errors 

intrinsic to the overlap assumption (table VI-1). Their general improvement with 

going to the 95% set suggests that some of the additional error does indeed come 

from neglected repulsions. Some of the fits to the methylcyanide-methanol surface are
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actually better than the basic overlap assumption, showing cancellation of errors in 

this case, where very few hydrogen bonded geometries are affected by other atom- 

atom repulsions.

Table VI-3 also includes isotropic models where the repulsion parameters 

have been transferred from the “FIT” potential of Coombes et with the K  

parameters fitted to our repulsion surfaces. These parameters are generally successful 

in modelling both the methylcyanide and the pyridine-methanol hydrogen bond (with 

rms% erros of 5.6 and 6.8 correspondingly), which should not come as a surprise, 

given the fact that they were elaborately fitted to hydrogen bonds involving N and O 

atoms. Indeed, the only potentials for pyridine that do better than the FIT are the ones 

where parameters from methylcyanide have been transferred to pyridine. This clearly 

reflects both the problems of convergence for the anisotropic potentials and the 

inadequacy of the basis set for the derivation of accurate isotropic parameters for the 

pyridine-methanol interaction. The comparison of FIT with the cyanide potentials is 

more encouraging: 5 out of the 10 potentials listed in table VI-3 do better than FIT.

A more physical picture of these potential models can be derived by 

considering the anisotropy of the repulsion for a fixed length (N--H=1.95 Â), N - H— 

O linear hydrogen bond. Our anisotropic models do very well (compared with the 

fully isotropic) in predicting the correct form of orientation dependence of the IMPT 

Eer, for $ angles up to 30° and for <p up to 20°. For larger angular deviations, it is 

obvious that all our models including only the N—H and N --0  repulsions will be 

increasingly less accurate, as contributions to repulsion from neighbouring atoms will 

increase. For example, the IMPT Eer for the pyridine-methanol hydrogen bond falls by 

7.9% in going from a straight-on hydrogen bond to one at 60° out of the plane of the 

ring (figure VI-5). The total intermolecular overlap falls by 6.0% but the calculated 

NH+NO overlap falls by 12.8% for the same change in geometry of the complex, 

reflecting the error in omitting the other atom-atom overlaps. Our best anisotropic 

model (A6IN1 in table VI-3) overestimates this change in Eer by 25%, due to the 

effects of additional errors in the analytical model, such as the omission of many N - H 

anisotropic terms. The smaller error of the isotropic model for larger angular 

variations is, of course, fortuitous and the result of cancellation of errors. Thus, an
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isotropic model repulsion potential is unlikely to do better than the anisotropic one in 

a complete model with all the atom-atom repulsion terms.

Figure VI-5 shows clearly that the anisotropy of the interaction as a fimction 

of orientation around both the N atoms is small: Eer changes by less than 3 kJ/mol, in 

going from a straight-on hydrogen bond to one at 60° off the methylcyanide N atom, 

with only a slightly larger change as the N—H vector is moved from 0 to 60° out of 

the plane of the pyridine ring. This is smaller than the 7 kJ/mol difference between the 

repulsion in comparable {6= ç  = 0°) geometries, showing that the variation in the 

repulsion between the two hybridisation states of nitrogen is more important than the 

individual anisotropy. The small magnitude of anisotropic effects in these particular 

systems also accounts for the fact that variations in the isotropic coefficients proved 

comparably more important than the introduction of anisotropic terms.

VI.5. Conclusions

In this chapter we have developed and assessed the use of the molecular 

Qverlap model for the prediction of exchange-repulsion in N - H—O hydrogen bonds, 

as an example of its use in organic systems, where more than one atom-atom contacts 

contribute to the repulsion. The molecular overlap can be used in various ways to help 

parameterise a model potential, and our results suggest that all aspects may be useful, 

depending on the amount of more rigorous data that is available for developing the 

potential.

The first aspect is that it is cheaper to calculate an overlap surface than an ah 

initio supermolecule, or IMPT potential energy surface, especially for correlated 

monomer wavefunctions, and so a cheap model for the repulsion potential can be 

obtained by fitting the overlap points, and then deriving the proportionality constant 

by fitting to experimental data. We wish to emphasise that the basis set used 

throughout this work is small, (to allow comparison with an IMPT exchange- 

repulsion surface), and that the use of larger basis sets and correlated wavefunctions 

will produce more accurate values for the molecular overlap, and hence an 

intermolecular exchange-repulsion surface whose accuracy is only limited by the error 

inherent in the overlap assumption.
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A second use of the overlap assumption is to split the repulsion into atom- 

atom contributions. Although there are arbitrary aspects (basis set dependence) to this 

method of division (like all other except Atoms-in-Molecules)/^ it is practicable, and 

this work shows that it gives a useful subdivision, even in the case of hydrogen 

bonding. The ability to consider the individual atom-atom overlaps (and by 

assumption, repulsions) for fitting prevents the problems of correlation of non-linear 

parameters between different types, which plagues the fitting of potential surfaces to 

crystal structures of organic molecules.

The overlap model can also be used to derive estimates of the range of 

parameters a  and the relative pre-exponential factors A for each atom-atom type of 

repulsion, from the variation of the isotropic overlap coefficient with separation. The 

values of these coefficients can be sensitive to basis set, but nevertheless provide a 

useful starting estimate of the repulsion potential surface. Such parameters are easily 

derived for the different atoms in organic molecules, and hence allow the validity of 

transferability assumptions to be checked. In this case, it was clear that the repulsive 

potential around a cyanide nitrogen differed from that around a pyridine nitrogen.

A major benefit is that the overlap model can be used to give the anisotropy 

coefficients for each atom-atom repulsive term. This is very useful, given the problems 

of determining the form of the anisotropy by empirical fitting to experimental 

properties, or ah initio calculations, for even the CI2 potential.^^ In this case, the 

model correctly predicted that the anisotropy was small, particularly for N—0 , and 

the series poorly convergent, so that adjusting the isotropic coefficients was more 

effective, than including the N—0  anisotropy. Part of the problem in predicting the 

intermolecular anisotropy effectively may be that GMUL predicts the anisotropy of 

the atomic charge distribution from an expansion that is also modelling the 

intramolecular bonding density.

In a full model potential, the penetration part of the electrostatic energy and 

other minor exponentially decaying contributions are often assumed to be absorbed 

empirically by fitting the repulsion potential to experimental data, when they are not 

represented separately. Some preliminary calculations fitting the overlap model to the 

sum of the exchange-repulsion and electrostatic penetration energies, suggested that

185



VI. Use o f  molecular overlap to predict repulsion in N - H —O

the fitting of the K  parameter would be reasonably effective at absorbing the 

penetration contribution.

We conclude that the overlap model is successful in obtaining quantitative 

predictions for the intermolecular repulsion in N —H—O hydrogen bonds, and it 

constitutes a promising way for investigation of the anisotropy in short-range 

intermolecular interactions between organic molecules, where more rigourous 

investigations are not practical.

The success of the overlap model in providing a split-up of the intermolecular 

repulsion into atom-atom contributions, and in deriving reasonable estimates of the 

radial dependence for each atom-atom term, forms the basis for the study in the next 

chapter, where the applicability of the overlap model in the derivation of repulsion 

parameters in crystal structure modelling is tested.
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Table VI-1. Analysis of the correlation between calculated overlap and IMPT exchange-repulsion for 

subsets of potential energy surfaces of N -H —O hydrogen-bonded configurations of methanol with 

pyridine or methylcyanide.

Molecule / surface (no. of 

complexes)

Overlap Correlation

coefficient*

Proportionality constant / 

a.u.^

rm s/kJm oi ’ %rms

pyrdn / all (493) total 0.9997 5.958 23.94 29.88

pyrdn / 85% (323) total 0.9963 8.604 2.88 6.44

pyrdn / 95% (220) total 0.9981 8.786 2.39 5.66

cyan / all (562) total 0.9993 6.082 54.23 25.2

c y a n /85% (320) total 0.9985 8.509 1.67 4.76

cyan / 95% (301 ) total 0.9987 8.540 1.49 4.41

pyrdn / all (493) NH + NO 0.9959 6.542 66.83 34.47

pyrdn / 85% (323) NH + NO 0.9958 9.065 2.63 5.68

pyrdn / 95% (220) NH + NO 0.9986 8.965 2.23 5.33

cyan / all (562) NH + NO 0.9982 6.552 81.28 23.6

cyan / 85% ( 320) NH + NO 0.9978 8.709 1.72 5.02

cyan / 95% (301) NH + NO 0.9982 8.684 1.61 4.71

On these surfaces the largest exchange-repulsion energy was 7743 kJ/mol for the pyridine-methanol 

surface ( 139 kJ/mol for the 85%, and 105 kJ/mol for the 95% NO/NH sets) and 9339 kJ/mol for tlie 

methylcyanide - methanol (100 kJ/mol for the 85%, and 95 kJ/mol for the 95% sets).

* as defined in tlie program EXCEL: p ^ y  — ~ —  ̂ where the covariance between x and y  is:

1 ”
Cov(x,y) = -  My)

t ( l / 4 7 i 8 o )  a o ^

Table VI-2. Comparison of exponents (a) and pre-exponential parameters (A) derived from the 

slope of -  InC^o versus R.

Pyrdn N -H Cyan N -H Pyrdn N O Cyan N - 0

6-31G**

a  / ao“^ 2.154 1.9674 3.039 2.539

A /a.u . 3.5859 2.0861 2400.00 322.57

d  of fit 0.9998 0.9999 0.9987 0.9995

DZP

a 1 ao“’ 2.0145 2.0964

A / a.u. 2.0940 50.1121

d  of fit 1 0.9999
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Tabic VI-3. Performance of the various overlap models in predicting the exchange-repulsion for 

pyridine-methanol and methylcyanide-methanol complexes.

repulsion surface fit Anh Ano K K, K2 rm s/ rms%

/a.u. /a.u. /a.u. /a.u. /a.u. kJm of’

pyrdn 85% (323) ÜN1 3.5859 2400.00 9.756 - - 5.206 9.63

pyrdn 85% (323) ÜF1 3.2166 4422.36 9.206 - - 5.278 11.13

ÜF2 3.2166 4422.36 - 10.112 7.111 4.995 9.88

pyrdn 85% (323) IIN1_cyan . 2.0861 322.57 8.056 - - 3.208 5.47

pyrdn 85% (323) liN1_cyanDZP 2.0940 50.11 7.996 - - 2.558 4.42

pyrdn 85% (323) ii_1_FIT 13.628 92.168 2.852 - - 3.824 6.81

ll_2_FiT 13.628 92.168 - 2.403 3.895 3.264 6.52

pyrdn 85% (323) A3iF1 3.0443 4422.36 9.209 - - 5.843 12.74

A3iF2 3.0443 4422.36 - 9.948 7.503 5.673 11.99

pyrdn 85% (323) A6iN1 3.5859 2400.00 9.529 - - 4.402 8.74

pyrdn 85% (323) A6IF1 3.1324 4422.36 9.183 - - 4.967 11.03

A6iF2 3.1324 4422.36 - 10.511 6.116 4.339 8.95

pyrdn 85% (323) A6A5F1 3.1324 2663.76 9.334 - - 6.174 13.04

A6A5F2 3.1324 2663.76 11.156 4.919 4.596 8.99

pyrdn 85% (323) A6A10F1 3.1324 1987.99 9.242 - - 5.511 11.75

A6A10F2 3.1324 1987.99 - 10.833 5.497 4.494 8.93

pyrdn 85% (323) A6A13N1 3.5859 2400.00 7.900 5.051 11.01
pyrdn 85% (323) A6A13F1 3.1324 2020.56 9.149 - - 4.975 10.81

A6A13F2 3.1324 2020.56 - 10.388 6.309 4.514 9.17

pyrdn 95% (220) I1N1 3.5859 2400.00 9.749 - - 4.651 9.1

pyrdn 95% (220) ilF1 3.2735 4498.46 9.098 - - 4.818 10.57

pyrdn 95% (220) A6IF1 3.0904 4498.46 9.083 - - 4.444 10.08

A6IF2 3.0904 4498.46 - 10.406 5.865 3.754 7.86

pyrdn 95% (220) A6A13F1 3.0904 4518.20 6.696 - - 6.648 15.55

A6A13F2 3.0904 4518.20 - 10.154 2.95 3.915 8.17

cyan 85% (320) IIN1 2.0861 322.57 6.579 - - 2.158 4.46

cyan 85% (320) IIN1_cyanDZP 2.0940 50.11 6.507 - - 1.955 4.00

cyan 85% (320) ll_1_FIT 13.628 92.168 2.328 - - 2.493 5.66

ll_2_FiT 13.628 92.168 - 2.129 2.750 2.275 5.61

cyan 85% (320) ÜF1 1.3775 314.67 8.823 - - 2.557 5.56

liF2 1.3775 314.67 - 9.768 7.106 2.138 4.45

cyan 85% (320) A3IN1 2.0861 322.57 9.072 - - 3.591 8.26

cyan 85% (320) A3IF1 2.2335 314.67 8.772 - - 3.238 7.44

A3iF2 2.2335 314.67 - 10.990 4.765 1.398 2.8
cyan 85% (320) A3A4N 2.0861 322.57 9.945 - - 4.795 10.23

cyan 85% (320) A3A4F1 2.2335 393.08 8.884 - - 5.394 11.61

A3A4F2 2.2335 393.08 - 11.821 3.399 2.162 3.95

The least squares fits to the pyridine-methanol (pyrdn) and methylcyanide-methanol (cyan) 

surfaces, are denoted by a three letter code in wliich:

• the first letter corresponds to the representation of the N -H overlap (A=anisotropic, I=isotropic),
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•  the second to that of the N O overlap, (A or I as above),

•  and the third indicates whether the pre-exponential parameters and A f̂o were derived from

the intercept of -InCooo^  ̂vs. R, (N), or fitted to atom-atom overlaps of the specified surface, (F).

There is no such symbol for II FIT because the pre-exponential parameters A have been

obtained directly from Coombes et al^^ and so they do not fall in either category.

Where an anisotropic model has been used for the overlap, the letter A is followed by the 

number of anisotropic terms in that analytical model. The last digit in the code indicates the type of 

fit, 1 for fitting one proportionality constant (equation VI: 11) and 2 for fitting two separate 

proportionality constants (equation VI: 12).

For example, the code A3 INI indicates a model comprising an overlap model for N H with

3 anisotropic terms, and an isotropic overlap model for N O, both of which have pre-exponential

parameters v4 that were not fitted. Only one proportionality constant K  was fitted in this case.

“cyan” and “cyanDZP” denote pre-exponential 4̂ and exponents a  derived from a 6-3IG**, 

and a DZP wavefunction ,for methylcyanide.

Atomic units for the pre-exponential constants yf are: ê . ao“̂ , and for K, K j and K 2 : (IMtico 

) aô ; ao= 5.29177249 . 10‘" m; Eh = 4.3597482 . 10"’* J
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H  melhnl

H m elhn l
X

\

Figure VI-1. Definition of the local axes for the N atoms in methylcyanide and pyridine, and the O 
and H atoms in methanol. The in- and out-of-plane deviation of the hydrogen bond from tlie 
“idealised” lone pair direction is described by the angles ^ and 6  respectively.
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a.

b.

Figure VI-2a&b. Views of the 85% datasets of a) pyridine - methanol and c) methylcyanide - 
methanol. These are contrasted with plots of all alcoholic C—O— H groups within van der Waals 
contact of b) an uncharged pyridine group, and d) a cyanide group bonded to an sp^ carbon, found in 
the molecular cry stal structures of the Cambridge Structural Database taken from version 1 . 0  of 
ISOSTAR. The 85% datasets sample the low energy region for O— H bonds to N atoms. One 
artefact of these particular views of 3-D scattergrams is than in (a) some methyl carbons, which are 
well above the plane of the ring, appear in close contact to the N atom.
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c.

Figure Vl-2c&d. (continued)
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Methylcyanide - methanol, 
562 complexes
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Figure VI-3. Correlation of exchange-repulsion with calculated total overlap for the total number of 
complexes considered in this study (493 for pyridine-methanol, and 562 for methylcyanide- 
methanol), plus enlarged subselection (right), for methylcyanide with methanol (top), and pyridine 
with methanol (bottom).
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Methylcyanide - methanol (N...H)
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Figure VI-4. The variation of S'-function coefficients with interatomic distance for tlie N —H and 
N —0  interactions in the methylcyanide-methanol (VI-4a and VI-4b) and pyridine-metlianol 
complexes (VI-4c and VI-4d). Coefficients that were not included in any of our models, are 
represented by a dotted line, whereas coefficients that appear in at least one of the models are 
represented by solid lines and symbols consistent for the four plots. On the y-axis we plot the

jk.k.cabsolute values of the coefficient ratios /  multiplied by the 3-j symbolroo
'-'000

so that the/l l2j 
. 0  0  OJ

plotted values are comparable, as the maximum value of the orientation dependent function that they 
multiply is unity in all cases. Only coefficients greater than 10"̂  at the largest o f the distances 
examined, are plotted here.
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Figure VI-4, (continued)
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a. b.
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Figure VI-5. Variation of tlie exchange-repulsion (IMPT and our best models) with deviation from a 
straight-on hydrogen bond (N—H=1.95 Â). a) pyridine-methanol Eer vs. 0, b) pyridine-methanol Eer 
vs. <f), c) methylcyanide-methanol E,r vs. 0.

The energy - ^ plot for cyanide-methanol is indistinguishable from fig. VI-5c, as in the absence of 
the cyanide methyl group, (j) and would be identical for the cyanide-methanol complex.

For the pyridine-methanol complex, the points with 0  = 60° and that with ^ = 30° are outside the 
95% set. For the cyanide-methanol complex all displayed geometries are in the 95% set.

For explanation of the symbols used for the models see Table VI-3.

196



VI. Use o f  molecular overlap to predict repulsion in N - H —O

VI.6. Appendix

The following iS-flinctions were used in at least one of the anisotropic 

repulsion models developed in this chapter;

■̂011 = ^ 4

■̂101 = R
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VII. A systematic model potential fo r  oxalic acid

Chapter VII
A systematic potential for the modelling of the oxalic acid crystal 

structures

Vn.l. Summary

This chapter builds on the success of the method of deriving isotropic 

repulsion parameters from the overlap model, to use such parameters in a non- 

empirical potential for the modelling of crystal structures. The new systematic 

approach to the development of this potential is tested on the two polymorphs of 

oxalic acid and it is relatively successful. The basis set dependence of the method is 

reviewed, and variations in the derivation of parameters are tested, leading to lessons 

on the use of the overlap model for obtaining atom-atom repulsion parameters.

VII.2. Introduction

VII. 2.1. The modelling and prediction o f  crystal structures

Despite an enormous amount of effort from theoreticians and experimentalists 

alike, we cannot claim today a full understanding of the solid state. There is probably 

a paradox in the fact that although we can talk with confidence about the symmetry
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observed in crystals (and the rigorous mathematics behind it) and we also have a fairly 

good understanding of the intermolecular forces that hold molecules together in the 

solid state, still we lack a comprehensive theory of the crystalline state. Maddox^'s 

much quoted exclamation about the “scandal” of modern science being unable to 

predict crystal structures from a knowledge of their chemical composition, does 

indeed reflect this paradox. This is not to say that we completely lack knowledge of 

how to make crystals with desirable properties. Some empirical rules have been 

obtained from the experience of the experimentalists^ and tailor-made impurities are 

introduced to control crystallisation.^ Crystal structures which “disappeared” in the 

past, have been reproduced after considerable effort.^ However, the complexity of the 

problem may have been underestimated in Maddox's statement. The crystal structures 

of the most simple organic molecules are not necessarily simple themselves.'*

Inorganic and organometallic solids are often technologically important but 

this chapter in accordance with the rest of this thesis will only deal with organic 

crystals. The design of molecular crystals is definitely a challenging exercise for 

theoreticians but it is at the same time a hot topic to many industrial companies with 

very different interests. The design of molecular solids with specific physical 

properties is still elusive yet very much desirable by the industries of pharmaceuticals,^ 

pigments,^ non-linear optics,^ electrically conducting organic materials,* to mention 

but a few. The very invention and spread of the term crystal engineering bears witness 

to the fact that the science of designing and making crystals is becoming a big 

business for the new millennium.

The main problem in an a priori crystal structure prediction is of course 

complexity. A first approach to the problem is certainly the “bumps in hollows” idea 

of Kitaigorodsky,^: nature abhorring a vacuum and filling up space using the shape of 

the molecules. But molecules due to their charge densities experience, in addition, a 

delicate balance of attractive and repulsive forces. Indeed the force field in which the 

molecules move prior to crystallisation is far more complex than the simplistic 

representations described in chapter II and commonly used in computer simulations. 

Because the large number of atoms involved renders simulations of the solid state 

computationally intensive, force fields for these simulations are still very much 

primitive, compared to the far more accurate potentials now available for gas phase 

calculations. Hence the development of theoretically sound, yet still affordable model
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potentials for the crystalline state is still at a very early stage, and it should be 

advanced, if progress in the accuracy and reliability of predictions is to be made.

Solving the force field problem is perhaps necessary (and this is debatable) 

but certainly not sufficient in crystal structure prediction. The kinetic factors for 

example are crucial during the first steps of formation of the crystals, and their neglect 

is an oversimplification that hinders theoretical prediction. Conformational flexibility 

of molecules is another common hindrance, as non-rigidity introduces many more 

dimensions to the problem. In addition, most existing methods predict structures at 0 

K, ignoring lattice vibrations and not taking into account entropy. These static lattice 

energy minimisation results are most often compared to room temperature structures 

where thermal vibrations have affected the cell dimensions. A direct result of all the 

above approximations is that “crystal structure prediction” programs often generate a 

large number of possibilities for the arrangement of the molecules, within a small 

energy range. Yet in the words of Desiraju,'* “molecules seem to know exactly how to 

crystallise”, and they do so in very few known arrangements indeed.

The problem of polymorphism i.e. the existence of more than one crystal 

structures of the same chemical compound is certainly adding to the complexity of the 

problem. Although inorganic chemists are accustomed to many different forms of 

iron, sulphur, silicates etc., it is to the very day a debate whether the number of 

polymorphs of organic compounds really depends on the time and money spent on 

looking for them.*  ̂Despite the fact that we know the existence of many polymorphic 

compounds from their physical properties (and what used to be a curiosity is 

becoming a fairly widespread phenomenon), the number of reported polymorphic 

systems in the Cambridge Structural Database^^ is still a suspiciously low percentage 

of the total number. In addition, the pharmaceutical industry's interest in the possible 

polymorphs of drug candidates has helped to highlight the importance of 

polymorphism, as exemplified by the legal battles concerning the polymorphs of the 

best seller ulcer drug Zantac.

Any computational attempt of crystal structure prediction is faced with two 

separate problems. One is the calculation of the energy of the system and it is a 

physical problem. The second is the mathematical problem of searching a multi

dimensional surface of all possible packing arrangements for likely solutions. The first 

problem is the subject of this chapter and it will be discussed in more detail. Solutions
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to the second problem include the generation of small favourable clusters of molecules 

(like in the Promets and FlexCryst^^ codes), the construction of one-dimensional 

units that are put together to form higher dimension structures, or the use of crystal 

symmetry in the direct construction of 3-D structures (e.g. MOLPAK^* or MSI's 

Polymorph Predictor).H aving constructed a large number of crystal candidates, 

these programs use either a systematic search for low energy minima or a random 

search such as Monte Carlo simulated annealing. The removal of similar structures 

(“clustering”)̂ ® before the final lattice minimisation is often applied to increase the 

efficiency of the program. Finally, lattice energy minimisation is performed either with 

respect to all degrees of freedom, i.e. allowing for molecular flexibility, or using the 

rigid body approximation to simplify the problem.

Lately an additional step in the long process for understanding and prediction 

of crystal structures has been added. This is in recognition of the role of liquid 

precursors in the solution in determining the results of crystallisation. Computer 

simulations of 2-pyridone^‘ and tetrolic acid^  ̂have been performed to determine how 

the behaviour of the preceding pure liquid or solution states affects the solid state. 

Molecular dynamics or Monte Carlo methods seem to be the most appropriate for this 

computationally demanding task.

A question that is -understandably- repeated often these days is in fact whether 

crystal structure prediction is at all possible. Every possible answer has been given in 

the literature. From GavezzottP's definite “no”, to “not in the near fiiture”,̂ '̂  to yes 

“for some cases”,̂  ̂ and even some (over?) optimistic “yes”.̂  ̂The first papers^^’̂  ̂that 

claimed some success in the prediction of molecular crystal structures date in fact as 

early as the beginning of the nineties, but it seems that the right answer very much 

depends on how strictly does one define the success. If all that is needed is a program 

that finds the experimental structure of the most common molecules amongst its 

highest ranking solutions (and there could be hundreds or more of these), then many 

solutions to the problem exist. But if the program has to accurately predict which is 

(are) the experimental structure(s), and it has to do so for every possible molecule one 

can think of, then Gavezzotti's “no” seems the only fair answer at present, and it is 

likely to be so for quite some time.
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VII. 2.2. The role o f intermolecular forces in crystal structures

The study of kinetic factors or lattice vibrations is beyond the scope of this 

chapter. Here, we can only deal with a very small fraction of a notorious problem; 

developing model potentials that can be successful in the modelling of crystal 

structures. The development of such intermolecular potentials has found a challenge 

in the prediction of crystal structures. So much so, that alternative approaches to 

considering a potential energy surface are being tested. For example scoring functions 

are being developed based on statistical data from databases, such as probabilities of 

intermolecular atom-atom distances in crystal structures.^* Still the most popular -and 

theoretically sound- approach, is to develop a force field that can be either 

transferable between similar types of molecules or perhaps specific (and hence of 

optimum accuracy) to a particular organic molecule or class of molecules.

These potentials traditionally assume the atom-atom approach,^^ whereby the 

energy of intermolecular interactions in the crystal is a sum of pairwise contributions 

from all possible pairs of atoms on different molecules (within a certain cut-off 

radius). Isotropic atom-atom potentials are still the standard in energy functions, 

especially because of the computational expense and lack of algorithms of anisotropic 

models. The most common form of potentials comprises a term for the electrostatic 

forces (normally an atomic charge representation), and some form for the dispersion 

and exchange-repulsion between atoms. The last two are oAen represented by a 

Lennard-Jones or a Buckingham potential. Some of the older potentials explicitly used 

a hydrogen bond term̂ ® but this added an unjustified part in the potential, and resulted 

in an undesirable increase of parameters to be fitted. The development of such 

potentials has traditionally involved the use of experimental data to fit an often large 

number of parameters, but theoretical calculations have also been used for fitting.^' A 

common worry with model potentials is their transferability. Parameters are normally 

developed for a certain type of molecules, for example carboxylic acids, or amides, 

and they are not expected to be transferable amongst different groups. A set of 

parameters is generally accepted, if it can be used to successfully model the crystals it 

was fitted to, and hopefully intrapolate to a set of similar molecules.

The lack of sound theoretical background in the treatment of intermolecular 

interactions, and especially of the electrostatic interactions of polar molecules in 

empirically fitted “transferable” potentials cannot be overlooked. In fact, such
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potentials have probably reached their limit of accuracy^^ (and success) with 

Gavezzotti and Filippini 's empirical 6-exp potentials/^ where a large number and 

variety of crystal structures were used in the fitting process. A totally different 

approach is deriving the potential systematically from the molecular wavefunction. 

Such approaches have been very successful for example in the description of water 

clusters/'^’̂  ̂ for solid and liquid and for the structure and spectroscopy of

hydrazine^^ and methanoP* clusters, with varying degrees of complexity of the 

functions involved. The success of electrostatic and exchange-repulsion potentials 

derived from the wavefunction has also been highlighted in chapters IV and V, and in 

chapter VI respectively. The modelling of crystal structures imposes severe limitations 

on the current computational power available, and so systematic potentials are forced 

compromises between accuracy and simplicity of the form. A compromise, where an 

elaborate anisotropic electrostatic potential is used in conjunction with a much cruder 

isotropic and empirically parameterised 6-exp dispersion-repulsion, is justified on the 

grounds that electrostatics dominate the orientational dependence of the 

intermolecular potential (see also chapter IV). Such a potential has been found to give 

reasonable estimates for the structure and energies of a series of -rigid- organics with 

N—H and O—H functional groups,^^ and lately of a series of carboxylic acids.'*® The 

unusual crystal structure of alloxan has also been rationalised using a similar 

potential.'** The same approach has been used in the static minimisation crystal 

structure prediction studies of the polymorphs of indigo,'*  ̂ and some of its limitations 

have been seen in an attempted prediction of the three polymorphs of 2-amino-5- 

nitropyrimidine.'*^ The successes of this model are by no means a guarantee to its 

extension to every organic molecule. The crystal structure of s-tetrazine, for example, 

displays a rare case of N---N repulsion anisotropy and so it is not adequately 

represented by any isotropic repulsion model.^®’'*'* Hence, the anisotropy of the 

repulsion can be important in some organic crystal structures, but it is often 

overlooked because of the difficulties in deriving and / or parameterising such a 

potential.

We present here an approach new to the modelling of crystal structures (but

already used for small clusters), attempting to develop a model potential from first

principles, and without the use of any experimental data, or empirical fitting of

parameters. Our goal is not a transferable potential, but one that is developed for a
_
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specific molecule, based on the charge distribution of the molecule alone. Moreover, 

this study focuses on the development of the method that can be used to derive a 

similar potential from the wavefimction of any other organic molecule.

Oxalic acid has been chosen as a case study. It has two known polymorphs 

and it is an interesting case, as existing potentials for carboxylic acids give amongst 

their worst predictions for at least one of these two polymorphs. In the following 

paragraph the best known existing potentials for carboxylic acids are reviewed, and 

their problems in modelling the oxalic acid polymorphs are highlighted.

VII.2.3. Intermolecular force fields for carboxylic acids

The development of intermolecular force fields for carboxylic acids goes a 

long way back. Although some success had been achieved in developing potentials for 

hydrocarbons'*^ '*̂ as far back as in the mid-seventies, the carboxylic acids remained - 

and still do- a challenge. Some of the early potentials were simply not good enough 

because of the crude semi-empirical calculations they were based on,'*̂ ’'** whereas an 

attempt to derive empirically fitted potentials'*^ was criticised^® for their large number 

of parameters derived from too few experimental data. A later attempt by Derissen 

and Smit̂ ® to empirically derive an interatomic potential function for carboxylic acids, 

using 14 parameters fitted to a number of observed energies and structural data, 

resulted in reasonable energies (within 5 to 10% of the observed value) and errors in 

structures dependant “on the steepness of the potential near equilibrium” according to 

the authors. This was an undeniable success for its time, with errors in the oxalic acid 

cell vectors of typically 0.1 to 0.3 Â, but the potential had to contain extra terms for 

the description of the hydrogen bond, as well as an energy deformation term which 

obviously had no clear physical interpretation. Parallel to this work, Smit, Derissen 

and van Duijneveldt^* were developing a non-empirical potential by fitting atom- 

centred functions to ah initio calculated interaction energies. This potential, although 

derived from a not very large, and uncorrelated basis set, gave predictions of the 

structures of the crystals that were comparable to those of empirical potentials. 

However the calculated energies were in error by approximately 30%, rendering a 

quantitative interpretation of the results impossible. The authors specifically reported
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minimisation problems (oscillating energies) encountered in the optimisation of P 

oxalic acid, and the energy ordering of the polymorphs was incorrect.

A significant step forward was probably Lifson, Hagler and Dauber's^^ 

consistent force field derived by fitting the parameters of the force field to a fairly 

large number of experimental properties, including the crystal structure parameters of 

14 carboxylic acids. This model had no explicit functions to represent the hydrogen 

bond and despite the fact that a lot of its parameters were simply transferred from 

alkanes and amides consistent force fields,^^’̂ '* it gave lattice energies that were at 

worst a few kcal/mol in error, and structural parameters with an rms error in the unit 

cell vectors of around 0.1 Â, with the largest error being (for p  oxalic acid) 0.6 A. 

Once again, p  oxalic acid gave larger shifts in the unit cell vectors than all other acids 

studied (though glutaric acid in this case was also very poor), and the authors had to 

use reduced weights for these two acids, during data fitting.

An alternative approach by Gavezzotti and Filippini^  ̂ was to leave out the 

Coulombic part of the potential, which is not transferable, and fit just the 6-exp 

potential to geometrical parameters and heats of sublimation for a large number of 

carboxylic acids, amides, alcohols and N—H---N systems. Calculated lattice energies 

using these parameters were in general within less than 10% of the experimental heats 

of sublimation and equilibrium crystal structures were satisfactorily reproduced. 

However, the authors reported that for oxalic acid the change in the lattice parameters 

was significant and in their own words their “C—0  potentials are inadequate to 

describe the crystal structures of oxalic acid”. In addition, the lattice energies for the 

two polymorphs were reversed in order of stability.

In a study concentrating on the crystal structure of acetic acid alone,^^ a 

variety of crystal packing methods and force fields were tested, including a DMA 

based force field with a 6-exp empirical potential. One of the conclusions in this study 

was that all force fields found the experimental structure amongst the low-lying 

solutions, but the DMA based force field minimum closest to the experimental 

structure deviated only little from that structure, in contrast to the large deviations 

observed with the AMBER^^ and GROMOS^^ potentials.

Recently Beyer and Price'*  ̂have used a T>M.K+6-exp potential in the modelling 

of a wide range of carboxylic acids. The pre-exponential repulsion parameters for
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interactions involving polar hydrogens were scaled to reproduce the crystal structures 

of these acids. This has proved successful in improving the description of the 

hydrogen bond in all cases, and in general the modelling of the crystals, with the only 

exception being the p  polymorph of oxalic acid. Scaling down the repulsion between 

polar hydrogens and oxygens improved the description of the a  polymorph (the 

percentage rms error was reduced from 4.1 to 1.4% with a scaling factor of 0.4) but 

had the opposite effect with the p  form (rms increased to 11.6% from 9.9%, with the 

main error being in the non-hydrogen bonded direction).

Before we move on to a detailed analysis of the new method developed in this 

chapter, it is necessary to have an understanding of the structures of the two 

polymorphs of oxalic acid. These will be discussed in the following paragraph.

V1L2.4. The case o f oxalic acid

Anhydrous oxalic acid crystallises in two different crystalline forms. The block 

shaped crystals of a  oxalic acid belong to the space group Pcab with four 

centrosymmetric molecules per unit cell. The needle-like crystals of P  oxalic acid 

belong to P21/c with two centrosymmetric molecules per unit cell. Both modifications 

can be seen (fig. VII-1) as close-packed layers of trigonal nets between the centres of 

masses of the molecules, the difference between them arising from the different 

orientation of the oxalates to the nets and from their differing hydrogen bonding 

netw orks.T he two polymorphs have the same (calculated) cell density, 1.91 g/cm^.

As can be seen in fig. VII-1 the two polymorphs differ in their hydrogen bond 

patterns, a  Oxalic acid exhibits the rarer catemer motif of hydrogen bonded layers in 

the be plane, connected by rather short (2.88 Â) C---Q contacts. The p  phase is made 

up of dimers of shorter hydrogen bonds parallel to the a axis, held together by similar 

short C O contacts between the chains. Nearest neighbour chains are related by a c- 

glide plane and they form a “T” structure. The P angle is the one that determines the 

offset between the neighbouring chains. According to Berkovitch-Yellin and 

Leiserowitz^^ this offset is determined by van der Waals forces rather than 

electrostatics which remain constant as a function of this offset. This would help 

explain the fact that the DMA+d-ex/? potential'^  ̂ is not sufficient to model P  oxalic 

acid.
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It is perhaps surprising that although the 0 —0  hydrogen bond distances and in 

general the geometry of the hydrogen bonded network in the two crystalline forms 

indicate the existence of stronger hydrogen bonds in the P  form (the hydrogen bond is 

shorter and more linear in the p  form), the heats of sublimation for the two forms 

suggest otherwise. Derissen and Smit̂ ® reported this paradox, and claimed that 

calculations on the non-bonding contributions to the lattice energy support the theory 

that the a  form has a stronger hydrogen bonded network than the p  form. This 

contradicts the earlier results of Bellamy and Pace*  ̂ who, studying the IR spectra of 

the two forms of oxalic acid, had concluded that the hydrogen bonds of the a  form 

are weaker than those in the p. Indeed, the calculations on the non-bonding 

contributions claimed by Derissen and Smit may well be out of date now, and thus, its 

is more likely that short contacts, other than hydrogen bonds, in the crystals may be 

responsible for the higher sublimation energy of the a  polymorph. Leiserowitz^^ 

suggested that the positioning of the H—O hydrogen in between the carbonyl and the 

hydroxyl oxygen in the a  form could be partly responsible for the extra stabilisation, 

/m alternative answer^^ might be in the fact that the catemer motif allows for a 

“chickenwire” structure that could be intuitively visualised as more stable than a series 

of chains with no hydrogen bonds between them (which is the case of the p  form).

In conclusion, oxalic acid is a good case for the application of a systematic 

potential. The inadequacy of the various existing potentials in describing both 

polymorphs of oxalic acid point to the need for an altogether different approach. In 

addition, it can be expected that, not only are the two types of oxygens different 

enough to suggest the use of distinct parameters for each type, but, perhaps more 

importantly, the carbon atoms are rather unique compared to other carbons in larger 

carboxylic acid molecules. The non-transferability of atom-atom parameters in this 

case calls for the development of a systematic potential that takes into account the 

unique environment of the adjacent carboxylic groups in this molecule.

VIL2.5. The potential used in this study

The novel part of the potential is the use of the overlap model, discussed in 

chapter VI, in the derivation of the exponential repulsion parameters. The repulsion 

potential is assumed to be isotropic, and the effect of the anisotropy is tested by
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comparison of the difference of fitting the total overlap to the IMPT repulsion or 

fitting the model overlap to the same values. Some of the effect of omitting the 

anisotropic terms may be absorbed by fitting each pre-exponential coefficient to the 

corresponding total atom-atom overlap.

This exponential repulsion is combined with an isotropic, Slater-Kirkwood 

type, atom-atom dispersion model using coefficients derived from atomic 

polarisabilities. The accurate representation of the electrostatics is necessary for the 

correct directional behaviour of the electrostatic forces, so we use an anisotropic 

electrostatic potential based on distributed multipoles. The final form of the potential 

is:

u  = UoMAi,., + K,KA„ exp (-a ,,&  ) + AT, (VII:1)

where K  is the proportionality constant between overlap and IMPT exchange- 

repulsion, and Kj and K2 are initially 1, and may need fitting to the experimental 

structures and energies, according to how well the potential is performing. We expect 

that K2 is likely to be larger than 1 to compensate for the fact that we have omitted all 

terms higher than Q .

Vn.3. Method

VII. 3.1. Distributed Multipole Analysis o f the oxalic acid molecules from the t̂ vo 

polymorphs

The geometries for the two forms of oxalic acid were taken directly from the 

Cambridge Structural Database^^ entries OXALAC03 (a  form) and OXALAC04 (J3 

form). Hydrogen atom positions were normalised to the value 1.02 Â, a neutron 

diffraction average observed for carboxylic acids. '̂* The cartesian coordinates were 

obtained by a “trial” run of the program DMAREL^\ that produces at the beginning 

of the output the coordinates of each molecule in the unit cell, in terms of their local 

axes.

The CSD geometries (with the H—O distances normalised at 1.02 Â) were 

input to CADPAC^^ and a distributed multipole analysis was performed for both 

structures and for the following basis sets: 6 - 3 6 - 3 1 1 cc-pVDZ,^^ and
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aug-cc-pVDZ.^^ All waveflinctions were calculated at the MP2 level, so that electron 

correlation was taken into account.

It should be noted here that an ah initio optimised geometry could be used for 

the calculation of the distributed multipoles and earlier research^^ shows that this 

might not affect the results very much. Indeed, in the absence of experimental data, 

this is the only possible approach. However, it is certain that using the actual observed 

geometries will increase the accuracy of the potential.

VII. 3.2. Derivation o f the repulsion parameters

The geometry of oxalic acid varies slightly between the two known crystal 

structures and so it was thought best to use an ah initio geometry for the monomer. 

This is also in accord with the attempt to derive the repulsion potential from first 

principles using only the molecular formula. Hence, we derive the parameters from the 

ah initio geometry and transfer them to the distinct nuclear sites observed for each 

polymorph.

The geometry of the oxalic acid monomer was initially optimised (using 

CADPAC) at the MP2 level and with a 6-3IG** basis set. The starting geometry was 

taken from OXALAC03, and the molecule was constrained to be planar with a centre 

of inversion in the middle of the C—C bond. SCF and correlated waveflinctions of the 

optimised oxalic acid were then calculated followed by a DMA analysis of the 

waveflinctions. The same four basis sets as the ones used for the DMA on the 

experimental structures were used (6-3IG**, 6-3IIG**, cc-pVDZ, aug-cc-pVDZ). 

An additional basis set containing diffuse polarisation functions (6-3IGE from the 

CADPAC library) was employed when the aug-cc-pVDZ gave some unexpected 

DMA results.

The charge density of the geometry optimised oxalic acid was re-expressed in 

terms of atom-centred gaussian multipoles using the program GMUL 3.̂  ̂The GMUL 

analysis was performed on all four correlated waveflinctions, yielding four sets of 

gaussian multipoles, one for each basis set. The standard GMUL simplification of 

exponents procedure was used.

An analytical expression for the atom-atom overlap of charge densities in the

oxalic acid dimer was obtained using GMUL 3s.̂ * The overlap was calculated

between all atom-atom pairs at five interatomic separations centred around the sum of
_



VII. A systematic model potential fo r  oxalic acid

the van der Waals radii (1.52 A for O, 1.70 À for C and 1.09 Â for H) for the atoms ± 

0.25 Â. For H --0  and 0 —0  contacts seven interatomic separations were calculated, 

to cover the short hydrogen bonded contacts observed in the crystals. For the H—O 

contacts the separations were centred around 3.7 Bohr (~ 1.95 Â), this taken as a 

typical hydrogen bond separation.

The anisotropic contributions to the overlap were assumed to be negligible, 

and so only the isotropic ^'-function coefficients C% were considered. These were 

further assumed to be decaying exponentially with interatomic separation R, and so 

the parameters A and a  of the model overlap y4iKexp(-OiK̂ ik) were obtained from 

linear regression on the negative logarithm of over the interatomic separation R.

VII. 3.3. Fitting o f the overlap-repulsion proportionality constant

Eight oxalic acid dimer geometries were selected for the fitting of K  in the 

equation;

= KS (Vn:2)

Four of these geometries were taken from dimers observed in the CSD, two in 

OXALAC03 {a  form) and two in OXALAC04 {J3 form). Of these four geometries, 

two had hydrogen bonds. The other four geometries were minima in the potential 

energy surface of the dimer, as scanned using the program ORIENT^^, an empirically 

fitted 6-exp potential (FIT)^^ and DMAs from two basis sets (6-3IG** and aug-cc- 

pVDZ, as these were expected to be very different). Three of them were hydrogen 

bonded, and two out of the three were similar to the CSD hydrogen bonded 

geometries. Pictures of the eight dimers used in the fitting are shown in fig. VII-2.

IMPT calculations were performed at all eight geometries using the 6-3IG** 

basis set to yield eight values for the intermolecular exchange-repulsion, Eer. These 

values together with all other terms up to first order single excitation are tabulated in 

table VII-1. It was not possible to run second order double excitation calculations (i.e. 

to include the dispersion) with the available computational facilities.

The atom-atom separations for each dimer geometry were calculated and used 

to get an estimate of the total overlap for each geometry (and for each of the four 

basis sets) from:
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SZÎ' = Z A„ exp(-a ) (Vn:3)
i,k

where and a,K were derived from C%. Linear regression, using the EXCEL^^ 

program, of the IMPT Eer values on the model total overlaps, , gave 4 

proportionality constants, K, for the four different basis sets. They will be referred to 

as K  631G**, K  6311G**, K  ccpVDZ and K  augccpVDZ. Each set of A,^ 

parameters (corresponding to one of the basis sets) was multiplied with the 

corresponding constant K  to form a set of new parameters KA,^, which were used as 

the pre-exponential repulsion parameters in the crystal structure minimisation program 

DMAREL.

VIL3.4. Fitting the pre-exponential parameters to atom-atom overlaps

Deriving both the^,*: and or,*: parameters from the isotropic overlap coefficient 

leaves no possibility for the neglected anisotropic terms to be absorbed into the model 

potential. In addition, the isotropic coefficients for the different atom-atom pairs are 

not fitted equally well to exponential functions (as the quality of the representation of 

the charge density of the atoms varies with the type of atom, for these incomplete 

basis sets) and so the ratio of the A,k values is almost certain to contain an error (cf. 

results from chapter VI). An alternative to the above method of obtaining the A ik 

parameters is to fit them to a range of atom-atom overlaps, which can be calculated 

using the program GMUL. This would involve, ideally, a large number of dimer 

geometries, but here we assumed that the exponents for the model isotropic overlap 

were accurately obtained from the isotropic coefficient and only the pre-exponential 

factor needed fitting. So we restricted the calculations of the overlap integral to a 

small number of geometries (17 in total), eight of which resembled the geometries 

used for the IMPT calculations and the rest were all based on these eight with the two 

monomers simply brought closer or pushed further apart. This guaranteed a minimum 

of five atom-atom overlap values at distances within the limits of the distances used in 

the isotropic coefficient calculations. (Note however that in some cases all overlap 

values came from the same orientation of the two molecules). We performed overlap 

calculations using again all four basis sets. Strictly the proportionality constants 

between the new model overlaps (using the newly fitted A ik parameters) and the
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IMPT repulsions should have been recalculated, but for simplicity we used the old 

constants, since even new constants would have been in error by having been fitted to 

SCF calculations using the smallest basis set. It is worth pointing out that this method 

requires that each atom-atom overlap is reasonably approximated by an isotropic 

function (the overlap integral calculations are performed for different orientations of 

the monomers and consequently of the atoms involved). It will be shown that this is 

not true for all basis sets and thus it is not an option for highly anisotropic cases.

VII, 3.5. Derivation o f the dispersion parameters

Dispersion parameters are traditionally fitted in conjunction with the repulsion 

parameters. This was not possible here, since the repulsion parameters were derived 

directly from the wavefunction, and an alternative had to be found. Most existing 

parameters could not be transferred to this potential, as they were fitted together with 

the repulsion and electrostatic terms. This means that such parameters are often 

contaminated by having absorbed errors from omission or inaccurate description of 

other terms. For example Gavezzotti’s Q  coefficients^^ are probably too large, as they 

have to compensate for the complete lack of an electrostatic term in his potential. 

Alternatively, there are ways of partitioning the total intermolecular dispersion into 

atom-atom contributions. The Slater-Kirkwood approximation was used here. This 

relates the dispersion contribution from two atoms in different molecules to their 

polarisabilities and the number of their valence electrons, as:

3
^ - 27—

“ ' W '  + N f ,

where Cy is the dispersion coefficient for the interaction of atoms / and j  of 

polarisabilities a, and aj, and with and number of “effective” valence 

electrons correspondingly. This number was taken here to equal the number of 

valence electrons for each atom, with the knowledge that, this being an approximate 

formula, alternative values of (probably larger than the number of valence 

electrons)^'^ would have to be tested to improve the dispersion potential. Atomic 

polarisabilities were taken from Ketelaar^^ and they are listed together with values 

in table VII-2.
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It must be noted here that the neglect of terms higher than Q  in the dispersion 

potentials means that the model dispersion will be smaller than the accurate term, 

unless all C<j coefficients are scaled to compensate for this. In addition, no damping 

was included in our potential. This means that the potential would become excessively 

negative for values of R-^0. However energy minimisations in the method used here 

start from the experimental crystal structures, where such interatomic distances are 

not sampled, and thus the uncorrected behaviour of our potential for very small R 

cannot affect the results in this study. Moreover, the omission of higher order 

dispersion coefficients, makes the potential well less deep, thus partially cancelling the 

effect of neglecting damping functions.

VII.4. Results

VII. 4.1. The geometry o f the oxalic acid monomer

Table VII-3 summarises the geometric parameters for the oxalic acid 

monomer as observed in the two CSD polymorphs as well as the ab initio optimised 

at the 6-3IG** MP2 and SCF levels.

Comparing just the two experimental structures, we see that the distances C— 

Ok are longer and the C—O , are shorter for O X A L A C 04  than for O X A L A C 0 3 . This 

indicates a greater delocalisation of charge in the molecules of the f  polymorph, also 

reflected in the differences in the GaCC and OkCC angles. This could be important, as 

greater delocalisation would make oxalic acid molecules in the p  polymorph worse 

hydrogen bond acceptors and donors (the Ok would be less basic and the Oa less 

acidic). However, it is also possible that the difference in the two geometries simply 

reflects experimental errors. In any case, the different geometries of the two 

polymorphs are reflected in our electrostatic potential, which is derived individually 

for the molecules of each polymorph, but the differences in the charge density 

distributions for the two cases are not taken into account by our repulsion potential, 

possibly resulting in a non-negligible error.

The bond lengths and bond angles vary by less than 5% in the four geometries 

with the most pronounced variation in the Oa—C bond length (4%). A not so large 

but more worrying variation might be the 0.049 Â difference between the ab initio 

optimised (MP2) and the neutron standard for acids value for the Oa—H bond length.

215



VII. A systematic model potential fo r oxalic acid

As the parameters of any ab initio potential can be heavily dependant on the geometry 

of the monomer, an error can be expected from the difference between the geometry 

used to obtain the potential parameters and that used in the minimisation. The ab 

initio optimised geometries were constrained to planarity, but there is some variation 

in the torsion angles of OXALAC03 and OXALAC04, which is much more 

pronounced for the angles involving the hydrogen atoms. This is expected since the 

positions of the hydrogens are generally ill-determined by X-rays, and the 

normalisation procedure changes only the length of the Oa—H vector but not its 

direction.

VII.4.2. Ah initio calculations o f the energy o f the oxalic acid monomer

Ab initio calculations of the energy of the oxalic acid monomer have been 

performed for the two geometries observed in the database at the MP2 level using 

four different basis sets. The calculated monomer energies are summarised in table 

VII-4a and the predicted molecular quadrupole moments are given in VII-4b.

As table VII-4a shows all basis sets predict the geometry of the a  form 

(OXALAC03) to be more stable than that of the p  (OXALAC04) by about 8 kJ/mol 

at the MP2 level (around 10 kJ/mol at the SCF level). The difference between the 

energies of the two CSD polymorphs is less than half that between each polymorph 

and the ab initio optimised geometry at the 6-31G**/MP2 level (which is 

approximately 18 kJ/mol lower than that of the OXALAC03 geometry, and 26 kJ/mol 

lower than that of the OXALAC04 irrespective of basis set). Hence, the differences 

between the two experimental structures, or any of these two with the ab initio 

optimised structure are for any given basis set not more than 30% of the smallest 

sublimation enthalpy. The experimental sublimation energies for the two polymorphs 

are 97.9 kJ/mol for the a, and 93.3 kJ/mol for the p  polymorph from the study of 

Bradley and Cotson,^^ in good agreement with the results of De Wit and Bowstra^^ 

(98.5 and 92.5 kJ/mol for the a  and p  polymorphs respectively). However, a more 

recent study by Stephenson and Malanowski^* estimates a difference of only 0.1 

kJ/mol between the sublimation energies of the two polymorphs, with a sublimation 

enthalpy of 93.4 kJ/mol for the a  form and 93.3 kJ/mol for the p. The uncertainty and 

errors in the experimental values are thus comparable to the ab initio calculated
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difference in the stabilities of the two CSD monomers. Furthermore, it is important to 

note that our calculations of the energy of the crystals refer to intermolecular energy 

only, but the experimental values for sublimation energy include the energetic gain for 

a change in the geometry to the most stable conformer in the gas phase. In this sense, 

our estimates for the energy of the p  polymorph (i.e. the least stable form in the gas 

phase) can be expected to be above the reported heat of sublimation.

The lowest SCF energy for the ab initio optimised as well as the CSD 

geometries are given by the split valence triple zeta (6-3IIG**) basis set, about 255 

kJ/mol more negative than the corresponding energy of the 6-3 IG** basis set. The 

largest split valence double zeta basis set of the same series (6-3 IGE) gives an SCF 

energy that is still 180 kJ/mol less stable than the triple zeta without diffuse functions 

for the ab initio optimised geometry. However, extra care should be taken when 

deriving conclusions on the quality of these basis sets from the energies they yield for 

the monomer. Although 6-31 IG** is a triple zeta basis set, it has less polarisation 

functions than the aug-cc-pVDZ and no diffuse functions at all and so it is in fact a 

smaller basis set. One of the main reasons why it actually gives a lower SCF energy is 

more associated with the fact that the monomer geometry was optimised using a 6- 

31G** basis set (of the same family as 6-31 IG**) and so the optimum geometry for 

6-31 IG** must have been closer to the one used than the optimum geometry for aug- 

cc-pVDZ.

VIL4.3. DMA analysis o f ab initio and experimental geometries

A DMA analysis of the charge density for the oxalic acid monomer was 

performed for both CSD geometries with four basis sets at the MP2 level and for the 

ab initio optimised geometry both at the MP2 and SCF levels. The distribution of the 

charge density of the ab initio optimised monomer resembles more the a  form of 

oxalic acid (this is expected because optimisation started using geometrical 

parameters of the a  form), but the differences between the multipoles on the a  and on 

the p  form are very small for a given basis set.

The basis set dependence of the individual multipoles is vast but expected 

from the arbitrary nature of the charge distribution method. Table VII-5 shows the 

charges on all atoms of the ab initio optimised geometry for five different basis sets
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(at the MP2 level). It is striking that the addition of diffuse functions to the basis set 

has a dramatic effect on the individual multipoles of most atoms. These additional 

polarisation functions result in much smaller charges on each atom, but larger values 

for the higher multipoles. For example, the charge on the carbon atom is predicted to 

be almost zero by the 6-3IGE basis but +0.8 e by the 6-310**. One must keep in 

mind that the individual components of the DMA analysis have no impact on the 

accuracy with which the electrostatic potential is represented by each basis set. Two 

apparently different charge distributions may yield very similar electrostatic potentials. 

Indeed, a comparison of the DMA electrostatic potential at a distance of van der 

Waals radii + 0.5 Â around oxalic acid for three of the basis sets (6-310**, cc-pVDZ 

and aug-cc-pDZ, all MP2), reveals that the basic features of the potential surface are 

the same amongst the different basis sets, with differences mainly in the potential 

depth. The largest absolute difference noticed is 28.6 kJ/mol between the cc-pVDZ 

and the corresponding augmented basis and it is localised near the Oa—H bond (the 

depth of the potential there is around 300 kJ/mol). There is also a marked difference 

in the depth of the potential near one of the lone pairs of the Ok atom, namely 14.7 

kJ/mol in an area where the potential is -10 and -25 kJ/mol respectively for the cc- 

cpVDZ and aug-ccpVDZ basis sets. In conclusion, the basis set dependence is not 

negligible for the electrostatic terms, especially if basis sets augmented with diffuse 

polarisation functions are considered.

VIL4.4, Results from GMUL analysis

The assumption that the isotropic coefficient of the interatomic overlap falls 

exponentially with interatomic distance is tested in table VII-6, where the quality of a 

least squares fit of the negative logarithm of over the interatomic distance R for 

all atom-atom pairs and for different basis sets is reported.

This table shows that such an assumption is generally valid with small 

variations in the quality of the fit for all but the augmented correlation consistent basis 

set. For the aug-cc-pVDZ, the fit is only acceptable for the carbon-carbon, carbon- 

oxygen and carbon-hydrogen pairs. This is not very surprising considering that this 

basis set also gives negative isotropic coefficients for many of the common van der 

Waals interatomic distances (in most cases the analytical expansion of the overlap had
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to be calculated for much smaller distances than the ones used for the other basis 

sets).

The least squares fit of -lnC %  over R  yielded the parameters summarised in 

table VII-7. In this table the pre-exponential A is already multiplied by the overlap- 

repulsion proportionality constant K. The variation in the KA parameters for the 

different basis sets is large, but it is matched by a large variation in the values of the 

exponents a. The quality of the fit of model overlap to IMPT repulsion (from which 

the K  values were obtained) is acceptable for all basis sets with no diffuse polarisation 

functions (table VII-8), for the purpose of obtaining a first estimate of the relationship 

between overlap and repulsion, considering that anisotropy has been neglected in the 

model and correlation energy is not accounted for by IMPT. Table VII-8 also shows 

that it is not possible to obtain a good overlap model for the repulsion using the aug- 

cc-pVDZ, in agreement with the poor fit of an exponential decay to the isotropic 

coefficient.

As IMPT calculations using the CADPAC software are (at present) not 

possible with more than 255 basis functions, there is an additional error introduced 

when fitting a proportionality constant between a model overlap and the IMPT Eer, 

as the two cannot be always calculated at the same level. This is not a major concern 

in this case, as only a first estimate of the proportionality constant was needed and 

fiirther fitting of this constant was anticipated. Moreover, as table VII-8 shows, the 

lack of consistency between the levels of theory used may not have after all such a 

dramatic effect on the proportionality constant. IMPT calculations performed with a 

cc-pVDZ basis, result in a value of K  for overlaps calculated with cc-pVDZ that is 

only about 1% different from the value obtained with IMPT at 6-3 IG**. Considering 

all other assumptions in the model, this is likely to be a negligible difference.

VIL4.5. Atom-atom dispersion coefficients

Using the Slater-Kirkwood formula, the atom-atom dispersion coefficients 

were obtained from the number of valence electrons and polarisability of each atom 

and they are tabulated in table VII-9. This table also summarises some other literature 

values for comparison. Perhaps the most striking observation is that -due to their 

different polarisabilities- carbonyl and hydroxyl oxygens have rather different
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dispersion coefFicients, yet in most empirically fitted potentials these are considered to 

be identical.

One additional observation is that the Slater-Kirkwood formula predicts the 

dispersion between the two carbon atoms to be of similar magnitude to that between 

two carbonyl type oxygens (based of course on the polarisabilities and values used 

in this study). This appears not to be true for the empirically fitted (FIT) values. The 

same observation is made in the case of Buck el al.^^ where the large value of the 

C C coefficient obviously comes from the need to absorb the Ce for H -H and H---C 

which have been forced to zero. Hence, overall these dispersion values could be 

deemed to be very close to ours indeed. It should be noted however that the carbons 

in oxalic acid are rather unusual in that they are not connected to any hydrogen atoms. 

Thus, absorbing in the carbon atoms dispersion that should have been assigned to 

interactions involving hydrogen atoms would not be a good policy for oxalic acid, 

even if it is successful with most other carboxylic acids.

VII. 4.6. Results from crystal structure minimisation

Table VII-10 summarises the results of the minimisation of the two oxalic acid 

polymorphs using the four basic model potentials that comprise DMA for the 

representation of the electrostatics and isotropic 6-exp dispersion-repulsion potentials. 

The repulsion parameters have been derived at the same level of theory as the DMA 

and the dispersion coefficients have been obtained from the Slater-Kirkwood formula. 

In these minimisations, there has been no scaling of either the repulsion or the 

dispersion parameters (so Kj=K2=\ in equation VII: 1). The table includes the 

percentage errors in the cell vectors, angles, and volume, as well as the final predicted 

energy of the lattice and the overall rms% error. The error in the prediction for the 

H—O length of the shortest hydrogen bond is also given. For comparison, the results 

of minimisations using the FIT dispersion-repulsion potential and the DMAs of four 

different basis sets are also included.

Examining first the results from the DMA+FIT potentials we make two 

important observations. One is that the error for the a  polymorph is small but for the 

p  it is unacceptably large. The second point is that improvement of the basis set used 

to derive the DMA generally improves the description of the a  polymorph, and this
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improvement is not necessarily reflected in the hydrogen bond length. A considerable 

improvement (a drop of 3% in the total rms error) is noticed for the p  polymorph 

when difflise functions are used for the electrostatics, and this reflects an overall 

reduction of the error in the cell vectors. However, the shortest hydrogen bond in this 

structure is not benefited by this basis set. In general, we notice that the 

intermolecular structure is sensitive to the basis set used for deriving the DMAs, but 

the major error stems from inadequate repulsion-dispersion parameters, particularly in 

the non-hydrogen bonded direction (c vector) of the p  polymorph.

Turning our attention to the results from the repulsion-dispersion potential 

developed in this study, we observe that it performs remarkably well without any 

fitting to experimental data. Total rms% errors are generally respectable, varying from 

4.8 to 5.6 for the Of modification and 3.8 to 9.2 for the /?. Two out of three potentials 

give smaller errors for the p  than for the a  oxalic acid, but differences are probably 

too small to be significant. However the difference in the quality of predictions 

between the two polymorphs is small compared with that using a FIT potential. In 

general, the major error of these potentials is in the direction of the hydrogen bonds in 

the crystal, i.e. the b cell vector for OXALAC03 and the a vector for OXALAC04. 

The percentage error is positive, hence the hydrogen bond length is overestimated in 

all cases (by 7 to 20% or up to 0.34 A ). The empirical potentials also overestimate the 

hydrogen bond distance (not surprisingly as the parameters were transferred from 

N —H type hydrogens) but by a smaller amount (at most 0.28 A  and in general by 4.0 

to 17 %).

An improvement of the results from the theoretically derived potentials with 

the use of larger basis sets for the derivation of the electrostatics is not noticed, but it 

may be masked by the possibly increasing errors in the repulsion potential. As all 

repulsion parameters were fitted to the same low quality IMPT energies (6-3IG**), a 

scaling of Ki in eq. VII; 1 might be more beneficial for the other basis sets, the 

parameters of which were more poorly fitted to 6-3 IG** IMPT results. Then errors 

in the repulsion potential without any scaling, are likely to increase on going from the 

6-3 IG** to any other basis set.

Another observation is that two of the potentials in this study model both 

polymorphs of oxalic acid equally well, but this is not true for the potential based on
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the cc-pVDZ basis set. This could be either the result of a fundamental difference 

between this basis set and the Pople ones leading to generally poorer parameters when 

using the overlap model, or the fact that cc-pVDZ is too different from 6-3IG** and 

thus IMPT performed with the latter is not suitable for fitting the proportionality 

constant for the former. This last explanation must be ruled out, as calculations 

performed with A parameters that had been scaled using a proportionality constant 

fitted to cc-pVDZ IMPT calculations, resulted in approximately the same errors in all 

cell vectors, as the ones obtained for parameters derived from fitting to 6-3IG** 

IMPT repulsion values. It is interesting to point out here that the Dunning basis set 

(cc-pVDZ) is predicting a c vector for OXALAC04 that is far too short (by approx. 

15%) but an angle P  that is only off by a degree, whereas the 6-3 IG** prediction is 

off by four degrees. The other Pople basis set (6-311G**) also predicts P  to be four 

degrees larger than in the experimental structure.

In a fiirther attempt to understand why the error in the c vector of p  oxalic 

acid was so large for cc-pVDZ, we also performed calculations using the DMA from 

this basis set but repulsion parameters derived from the 6-3IG** basis. This resulted 

in a much smaller error for OXALAC04 (an error of 1.8% in the c vector) indicating 

that it is the intermolecular repulsion and not the electrostatics that were inadequately 

represented by cc-pVDZ. The overall rms% error was 3.7 for p  and 2.6 for a  oxalic 

acid, with the largest error being in the hydrogen bond direction.

Finally, looking at the minimised lattice energies, the most striking observation 

is that none of the potentials predicts the right order of energies, i.e. they all predict 

the p  form to be more stable than the a. This result should be seen in the light of the 

difference in intramolecular energies, that is not taken into account in our calculations 

of the lattice energies (as argued in an earlier paragraph), as well as the uncertainty in 

the experimental values. In addition, the calculated lattice energy was not corrected 

for entropie effects for two reasons. First of all, the errors involved in the model as 

well as in the experimental determination of the heat of sublimation are likely to be 

large in comparison with the value of entropy. Second, differences in entropy will be 

significant only at larger temperatures. The relative stability among polymorphs at 

room temperature has been shown to exhibit an excellent correlation to their relative 

enthalpies,^^ so that it can be discussed in terms of enthalpy alone. In general, the FIT
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potentials overestimate the stability of the p  form more than the theoretically derived 

ones, predicting a gap between the energies of the two polymorphs of 7 to 10 kJ/mol 

(cf. 3 to 11 kJ/mol for our potentials). Separately examining the two polymorphs, the 

experimental heat of sublimation is 98 kJ/mol for the a  form (taken from Bradley and 

Cotson),^^ and our lattice energies are in error by 0 to 7 kJ/mol, and 93 kJ/mol for the 

P  form, so the error is 10 to 23 kJ/mol for the latter. Taking into account both the 

assumptions in the theoretical work and those in the experimental determination of the 

heats of sublimation, it is wise to consider that the error in the absolute magnitudes is 

not really worrying. Even the reversed order of stability might turn out to be of little 

significance, in the light of the small difference in the sublimation enthalpies of the two 

polymorphs (less than the “significance threshold” of 2 kcal/mol argued by 

Gavezzotti).*®

Minimisations using the parameters from the aug-cc-pVDZ basis set could not 

be completed. The crystal structure was too far from a minimum confirming the very 

poor fitting of many of the overlap isotropic coefficients to an exponential function 

dpring the derivation of the repulsion parameters.

VII. 4,7. Fitting the pre-exponential A to the atom-atom overlaps

The new repulsion parameters, KA, for 6-3IG** , cc-pVDZ and 6-31 IG** 

(all MP2), their percentage difference from the original values and the of fitting of 

the exp(-aR) to the atom-atom overlap values are summarised in Table VII-11.

A striking observation is that although there is some similarity between the 

change in the pre-exponential for 6-3IG** and cc-pVDZ, the 6-31 IG** basis set 

shows a very different trend. For example a dramatic reduction of the A//c and Af/ok 

parameters for both double-zeta basis sets is observed (they are reduced by over 30 

and 20% respectively), and it is easy to imagine that this will improve the description 

of the hydrogen bond, which has been too long using the original parameters. 

However, the results from 6-3IIG** are radically different. There is a very large 

increase in A m  and this is likely to affect the modelling of OXALAC04, where the 

H--H contacts are the second shortest in the experimental structure (after the 

hydrogen bond H -Ok contacts). The A m  and Amk parameters have also increased
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and there is a remarkable (around 36%) increase in the Acc parameter, which is not 

observed with the other basis sets.

VIL4.8. DMAREL results from new A parameters

The results from the DMAREL minimisations using the new A parameters 

fitted to atom-atom overlaps are summarised in table VII-12, together with the 

corresponding hydrogen bond lengths. The rms% errors in the cell parameters have 

been reduced for both polymorphs for 6-3IG** and cc-pVDZ. The most pronounced 

improvement for these basis sets is in the hydrogen bond direction, the error in the 

corresponding cell vector has approximately halved in all cases. A large improvement 

is also observed for the c direction in OXALAC03.

This alternative method of obtaining the pre-exponential parameters has failed 

to improve the model in the case of the 6-311G** basis set. Minimisation of p  oxalic 

acid led to a slightly larger error in the cell vectors, and minimisation of a  oxalic acid 

could not converge. These problems are of course reflected in (and could be predicted 

from) the generally poorer fits of the exponential terms to the calculated atom-atom 

overlaps (table VII-11).

VII. 4.9. Results from normalising the H —O bond length to 0.971 À

It has already been mentioned that geometry optimisation of the oxalic acid 

monomer at the 6-3IG** MP2 level resulted in an H—O bond length of 0.971 Â. The 

overlap model was based on this geometry for all basis sets and so there was a worry 

that the inconsistency between the repulsion and the electrostatic potentials (the 

distributed multipoles were calculated using the experimental geometry with the H— 

O length normalised to 1.02 Â) could be causing a significant error in the final 

minimisation. Thus DMA calculations with an MP2/6-31G** basis set were repeated 

at the same experimental geometries but with the H—O bond lengths normalised at 

0.971 Â, and DMAREL calculations were re-run using the new geometries and the 

potential comprising repulsion parameters derived at the same basis set and with the 

pre-exponentials fitted to atom-atom overlaps. The rms% errors were slightly higher 

using these new geometries for OXALAC03, (3.4 % as compared with the previous 

3.0) and approximately the same for OXALAC04 (2.9 %). These differences are
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essentially negligible proving that the crystal structures of both polymorphs (at least in 

this case) are rather insensitive to such small variations in the molecular geometry. 

Mooij et al.^^ have reached a similar conclusion stating that their predictions for acetic 

acid “were not very sensitive to the precise rigid molecular geometry used”.

Vn.5. Discussion

Results from paragraph VII.4. show that the systematic potential developed in 

this study can reproduce both polymorphs of oxalic acid with acceptable accuracy, 

unlike transferable isotropic potentials. The success of this potential must be due to 

both the accurate anisotropic representation of the electrostatic forces and most 

importantly to the repulsion potential which is derived from the wavefunction, thus 

reflecting the unique distribution of electron density in this molecule.

The values of the parameters A and a  are correlated and so deriving them both 

from the isotropic coefficient is obviously not an optimum solution. Fitting the pre

exponential to the total atom-atom overlaps can help overcome this problem. In 

addition, the improvement of the model on fitting the pre-exponential indicates that 

some of the error of omitting all anisotropic terms may be absorbed this way. 

However this method should only be expected to improve the model, if the exponents 

derived from the isotropic coefficient are accurate enough. For example it was 

shown that in the case of the 6-311G** basis set, the model using the new A 

parameters gave worse results than the original model. One of the obvious reasons 

was the huge increase in the Ahh parameter. Looking at table Vll-6 one notices that 

the fit of an exponential decay to the isotropic coefficient for the H--H overlap is far 

worse in the case of 6-3IIG** than in 6-3IG** or cc-pVDZ. Hence, large errors in 

the determination of the exponents cannot be expected to be effectively compensated 

by fitting of the pre-exponentials.

The general problem of errors in the exponents (probably due to inadequate 

basis sets) is also reflected in the observation that the hydrogen bond length is always 

overestimated by all potentials derived in this work. This indicates that scaling down 

the repulsion pre-exponential for the H—Ok interaction (and all other interactions 

involving hydrogen atoms) could improve the potential. This observation is very 

similar to what we have seen in chapter VI, i.e. that the repulsion potential was
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improved when different scaling was used for the N —H and the N—O interactions. 

Indeed, in the case of oxalic acid a suitable scaling factor seems to be approximately 

0.6 (see table VII-13), the use of which results in the lowest rms% errors obtained so 

far (1.0 and 1.9% for OXALAC03 and OXALAC04 respectively). However, the 

lattice energies are far too negative (-114.4 and -126.4 kJ/mol). Thus, the hydrogen 

bond description has been dramatically improved, but a considerable shortcoming of 

the potential has not been eliminated. In any case, it is worth emphasising that such 

accidental improvements are outside the scope and spirit of this chapter.

In order to test whether better exponents could be obtained from larger basis 

sets, we transferred the exponents for all types of atom-atom interactions present in 

oxalic acid from the work of Buck et on methanol clusters. In that work a much 

larger basis set was used (CADPAC’s library 8s6p3d), and the exponents were not 

derived from atom-atom overlaps, but they were instead fitted to a large surface of 

total intermolecular overlaps. Using these exponents (referred to here as the

functions exp(-apjw*R) were fitted to the same atom-atom overlaps used in paragraph 

VII.4.7. to get estimates for the pre-exponential parameters A. These were 

subsequently multiplied using the same K  constant derived for the overlap-repulsion 

proportionality at the 6-3IG** basis set level. The new set of parameters (given in 

table VII-14) gave some remarkably good results (table VII-15), considering that 

there was no distinction in the a  parameters for the carboxyl and hydroxyl oxygens, 

and that methanol is not even a carboxylic acid. These results were of the same quality 

as some of our best results for oxalic acid, despite the obvious error involved in the 

use of a X constant from a different basis set.

The success of these exponents led us to further investigate whether it is 

possible to derive very accurate exponents from a large basis set, directly from the 

isotropic coefficients of the atom-atom overlaps. Formic acid was chosen as the 

simplest carboxylic acid for which such exponents could be derived. The size of this 

molecule allowed us to use the same large basis set used above for methanol. The 

8s6p3d basis set has 162 basis functions for formic acid, a molecule with only 24 

electrons. The geometry of formic acid, optimised at the MP2 level with this basis set, 

is given in table VII-16 and the results of the OMUL analysis are tabulated in table 

VII-17. Using the exponents only from table VII-17, and following the same
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procedure of fitting the pre-exponentials to the atom-atom overlap data from oxalic 

acid and using K  631G**, we derive the parameters listed in table VII-18. Using 

these parameters in DMAREL the results (table VII-15) are again comparable to 

some of the best results for oxalic acid. This observation is of paramount importance 

for the future of the overlap model, as it hints that a time-consuming charge density 

analysis might not be necessary for the largest molecules, for many of which size 

prohibits the use of reasonably large basis sets. Instead, this work suggests that a very 

accurate treatment for a small molecule may provide the starting point (i.e. the 

exponents) for obtaining the pre-exponential parameters for any other molecule of a 

similar class. As very few calculations of atom-atom overlaps are needed to fit the 

pre-exponential parameters, once good exponents are available, and these do not need 

to be done with a large basis set, the procedure of deriving repulsion parameters from 

ab initio wavefunctions is greatly simplified for molecules of any size.

VII. 5.1. Comparison o f the present model with FIT: The H -'H  and H"-C 

interactions

Figure VII-3 suggests that the success of the repulsion-dispersion potential 

developed in this study may be partly due to the difference in the representation of the 

interactions between hydrogen atoms and hydrogen with carbon atoms. One might 

expect such interactions to be of little importance, but in the crystal structure of the p  

polymorph, the H—H distances are the second shortest after the hydrogen bond, and 

the H—C interactions are the third shortest (2.2611 and 2.4980 Â respectively) in the 

crystal. The FIT potential overestimates these distances by 0.3447 and 0.2704 Â 

respectively. Figure VII-3 shows that FIT is probably too repulsive at these distances, 

and would force these atoms apart. On the other hand, our potential is still negative at 

the shortest H—C and H—H distances observed in the crystal. For H--H, the 

dispersion potential dominates at all R, and hence, the potential is always negative for 

the H--H distances found in the crystal of OXALAC04.

VII. 5.2. Analysis o f basis set effects on prediction fo r  repulsion

It has been shown in the results section that a basis set with additional diffuse 

functions could not be used in this study because the assumption of an exponential
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decay of isotropic coefficient of the interatomic overlap breaks down for such basis 

sets. Fig. VII-4 demonstrates the problem of fitting an exponential decay to the 

isotropic coefficient C% from GMUL analysis corresponding to the H - O k  overlap. 

There are two important observations here: Firstly, the isotropic coefficient calculated 

using the aug-cc-pVDZ basis set does not remain positive over the range of distances 

examined. Thus, the best fit for the whole range of distances is a polynomial (an order 

three polynomial for the H—Ok case gives an of 0.9987). Second, if the distances at 

which is negative are excluded, the negative logarithm of C% is showing more 

of an exponential rather than linear behaviour. Using the isotropic overlap coefficient 

is then a good test of whether a basis set is suitable for use in the overlap model. Our 

results so far point to the conclusion that added diffuse polarisation functions may 

improve the calculation of the intermolecular energy, but they do not necessarily 

exhibit a proper exponential decay at the edge of the molecule.

This problem was further investigated by comparison of the atom-atom 

overlap integrals for different basis sets at some intermolecular geometries that 

allowed close H "Ok contacts. Fig. VII-5a shows that overall the H--Ok overlap is 

well fitted to an exponential for all three basis sets examined, and thus at least for this 

atom-atom interaction both the exponent and the pre-exponential can be fitted to the 

overlap integral instead of the isotropic coefficient. However, it is worth noting that, 

although the exponential fit to the real overlap gives similar exponents as the ones 

obtained by an exponential fit to for the 6-3IG** and the cc-pVDZ basis sets, 

the aug-cc-pVDZ basis set predicts very different a  and A parameters depending on 

whether the or the overlap is used. In addition, not all atom-atom overlaps show 

an exponential decay when calculated with the augmented basis set. Fig. VII-5b 

shows that the overlap between Oa and Ok is a smooth exponential decay with 

distance for basis sets without diffuse polarisation functions, but has no such trend for 

aug-cc-pVDZ. For some other cases such as the Ok ' Ok pair, the overlap integral is 

negative at most distances examined. Hence, the addition of diffuse functions to 

relatively small basis sets seems to have an undue influence in the description of the 

charge density distribution around the molecule, to which the overlap model is rather 

sensitive.
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An interesting observation related to the problem of basis sets with diffuse 

functions is made when the proportionality of the total intermolecular overlap to the 

IMPT repulsion for the eight geometries is considered. Table VII-19 lists the K  values 

and of fits for the proportionality constant between repulsion and overlap for the 

four basis sets used throughout this study. Comparing these values to the ones 

obtained from a fit of model exponential overlaps to repulsion values for eight very 

similar geometries (table VII-8), the one striking observation is the difference in the 

results for the aug-cc-pVDZ. Although when the actual total overlap integral values 

are used, there is still an acceptable (for this study) near-linear relationship between 

Eer and Sp, if the model overlap is used instead, this relationship is no longer linear. 

The obvious explanation is that when this basis set is used, the distributed atom-atom 

overlaps are highly anisotropic, and can no longer be modelled by a simple 

exponential function. This has the serious implication that deriving the repulsion 

parameters from the isotropic overlap coefficient may not be possible for basis sets (of 

at least this size) augmented with diffuse functions, i.e. the overlap model may be 

limited to a specific type of basis sets. If other basis sets are required, the alternative is

to fit all parameters simultaneously to large surfaces of calculated total intermolecular
!

overlaps, but this is loosing a major advantage of the overlap model (the split up of 

the repulsion into atom-atom contributions), and it requires a large number of 

calculations.

VIL5.3. Validity o f combining rules within the overlap model

Empirically fitted potentials use combining rules to derive the atom-atom 

parameters for pairs of different atoms, in an effort to minimise the total number of 

parameters that need to be fitted (and hence the amount of experimental data required 

for the fitting). The most common such rules are the following for a repulsion 

potential of the type Aexp(-ctR) \

' 4 „ = V K 4 J ,  a „ = ( l / 2 ) ( a „ + a „ )  (Vn:5)

Table VII-20 compares the values for the heteroatomic parameters derived 

from the overlap model with those derived using combining rules for both the 6- 

31G** and cc-pVDZ basis sets. The table shows that the combining rules predict a
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parameters that are generally very close to the ones derived from the isotropic 

coefficient of the interatomic overlap, but the A parameters calculated using the 

combining rules show large deviations, especially when the polar hydrogen atom is 

involved. The differences between the two sets of parameters are larger for the 

correlation consistent basis set. As the parameters involving the hydrogen may well be 

less accurately determined by the overlap model (as indicated by the errors in the 

predicted hydrogen bond distances using these potentials), the comparison of our 

parameters with those predicted from combining rules is not a definitive indication of 

how good these rules are.

VII. 5,4, Comparison o f  the two oxygen atoms

One great advantage of the overlap model is that it allows atoms of different 

hybridisation states to be treated differently. The common assumption that the two 

oxygens in oxalic acid are equivalent is tested in fig. VII-6a where plots of Aexp(-aR) 

are shown for two different basis sets. This figure shows that the difference between 

the two oxygens is small (less than 1 kJ/mol at R=3.0 A ), especially compared with 

the larger difference for the repulsion calculated for the same type of oxygen but with 

a different basis set. However examining the difference between the H " 0 , and H—Ok 

interactions (fig. VII-6b) one can see that there is a difference of 3 kJ /mol at a 

distance /^=1.9 A  between the two atom pairs for the cc-pVDZ basis set. As the 

H ” -Qk is the dominating repulsion in a hydrogen bond, this difference which is about 

20% of the H "Ok repulsion could in cases become important. The success of the 

present model should be partially attributed to the fact that the repulsion parameters 

are not considered transferable between the same type of atoms in different 

environments.

VÏI.6. Conclusions

Modelling the crystal structures of oxalic acid provides a severe test of the 

potential developed in this study. The results suggest that a potential of the form;

u = Ufy'' + KA exp(-oA) -  ^  (vn:6)
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where the repulsion parameters A and a  are derived from the overlap model, and the 

dispersion coefficients Ce from the Slater-Kirlcwood formula, gives a respectable 

reproduction of the structures of both polymorphs and a good estimate of their 

enthalpies of sublimation. No fitting of parameters to experimental data was deemed 

necessary.

This potential has only one fitted parameter, the proportionality constant 

between the total model overlap and the ab initio intermolecular repulsion. Fitting of 

this parameter is relatively easy, as it requires only a small number of intermolecular 

geometries. It is worth mentioning here that the Eer - Sp proportionality constants K  

from this study are not that much different from the ones referring to pyridine- 

methanol and methylcyanide-methanol in the previous chapter (they varied from 5.958 

to 9.065 in a.u.). Work on hydrazine clusters^^ resulted \m ,K  value of 6 and that on 

methanol clusters^* in a value of 6.7 a.u. These last values were determined from 

different methods (fit to total binding energy from ab initio calculations and fit of the 

calculated second virial coefficient to experimental data correspondingly), and so 

there is a promising conclusion that a value of 6-7 a.u. may be a fair guess for a 

variety of organic molecules.

A significant improvement to the model is the derivation of the repulsion 

exponents only from the isotropic overlap coefficient, followed by individual fitting of 

the exponential terms to calculated atom-atom overlaps for a few geometries, in order 

to obtain the pre-exponential parameters. This method seems to work best for cases 

where the exponents are relatively accurately determined. An additional important and 

encouraging observation is that it is possible to transfer repulsion exponents derived 

from smaller molecules to larger ones, and only fit the pre-exponential parameters to a 

small number of atom-atom overlaps calculated for the larger molecules. This means 

that the exponents could be much more accurately calculated, as larger basis sets can 

be used for smaller molecules. Hence, the size of molecules for which the overlap 

model can give reasonably accurate results is greatly increased.

A warning that came out of this study is that diffuse functions added on 

moderate size basis sets, often lead to negative isotropic coefficients and negative 

atom-atom overlaps. This is obviously related to the fact that such basis sets do not 

show the same smooth exponential decay of more conventional basis sets. However,
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the suggestions from this study need a lot more testing. It is possible that much larger 

basis sets augmented with diffuse fiinctions will not present similar problems. Even if 

they do, there is still an alternative application of the overlap model, often used in the 

work of Wheatley, where the total overlap (which is always positive) is calculated for 

a large number of intermolecular geometries and all the atom-atom parameters are 

fitted together to this overlap data. This is more time consuming and has similar 

problems to empirical fitting (the advantage of splitting the repulsion into atom-atom 

contributions is lost), but in the lack of another method, it may provide another way 

of providing repulsion parameters in the future.

A final, and very important observation, drawn from both this study and from 

chapter VI, is that the analytical expansion for the anisotropy of the repulsion is not 

very useful, as, in the present implementation, the overlap model attempts to model 

the atomic charge density in the intramolecular, as well as the intermolecular region. 

This leads to convergence problems for the anisotropic terms and to a generally 

poorer isotropic term. A possible solution, that needs to be tested in the future, is to 

adapt the gaussian multipole analysis, so that multipoles not centred on the atoms,

representing the bonding density in a molecule, are discarded instead of being moved
i

to the nearest atom. The electron density of the bonds, although important in the 

calculation of long range electrostatic forces, may contribute little to the short range 

repulsion, and thus it may be causing more problems when it is moved onto the 

atoms, than when it is altogether neglected.

In conclusion, the application of the overlap model in the derivation of 

repulsion parameters for modelling crystal structures can be considered successful. 

The overlap model remains the only method that can give theoretical guidance on how 

the intermolecular repulsion can be split up into atom-atom contributions, thus 

providing atom-atom potentials with an alternative to the cumbersome empirical 

fitting of parameters that are known to be highly correlated. The use of the overlap 

model will be more effective in the development of systematic potentials, for cases 

where traditional transferable potentials fail, and where there is a need for developing 

a model of the intermolecular interactions, from the knowledge of the molecular 

structure alone.
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Table VII-1. IMPT results for the eight oxalic acid dimer geometries used for fitting the K  overlap- 

repulsion proportionality constants.

Geometry E.. Epc Ed

1 -72.0 48.9 -11.0 -8.7

II -41.9 27.1 -5.1 -3.7

III -50.1 37.4 -5.7 -4.9

IV -16.1 25.3 -1.7 -1 .4

V -AA.7 39.2 -6.0 -5 .6

VI -3.1 0.1 -0.1 0.0

VII -117.8 117.8 -21.2 -20.6

VIII -13.2 11.4 -2.0 -1.2

Table VII-2. List of atomic polarisabilities and number of effective electrons for the atom types 

considered in oxalic acid.

Atom type Polarlsability / N*"

0 ,  (hydroxyl) 0.59 6

Ok (carlaonyl) 0.84 6

C 0.93 4

H 0.42 1
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Table VII-3. Comparison of the geometry of oxalic acid monomers.

H -A / / ' ■

o f

6-31G**MP2 6-31G** SCF OXALAC03 OXALAC04 A%

H—0 . / A 0.971 0.948 102* 1.02* 2.4

O.—C / A 1.344 1.314 1.306 1.290 4.0
C—C / A 1.528 1.533 1.537 1.536 0.6

C—Ok / A 1.214 1.180 1.207 1.223 3.5

H—Oj—C / ° 105.7 108.8 106.9 107.9 2.8

Og—C—Ok / ° 125.5 125.4 126.9 126.6 1.2

Og—c —c  /» 109.9 111.2 110.6 113.1 2.8

Ok—c —c  / ° 124.5 123.4 122.5 120.3 3.4

H—Og—C—C / ° 175.1 176.4 0.7

Ok—C—C—Og / ° 0.2 0.7 71.4

Ok—C—C—Ok / ° 180 180 0

Ok—C—0*—H / “ 4.6 4.4 4.3

♦This is the normalised H— O bond length based on neutron diffraction average values®'* for 

carboxylic acids. '

A% is defined as: (max value- min value)/max value *100. A% is calculated for the H O, bond 

length excluding the OSD geometries, and for the dihedral angles excluding the ab initio optimised 

geometries.
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Table VII-4 a. Comparison of the SCF and MP2 energies of the oxalic acid monomer calculated at 

different basis sets and for different geometries.

Monomer geometry Basis set No. of t)asis 

functions

Method SCF energy / Eh MP2 correlation 

energy / Eh

Total energy / Eh

OXALAC03 6-31G** 100 MP2 -376.3678 -0.9907 ^77 .3584

OXALAC03 6-31 IG** 126 MP2 -376.4646 -1.1933 -377.6579

OXALAC03 cc-pVDZ 100 MP2 -376.3982 -1.0215 -377.4197

OXALAC03 aug-cc-pVDZ 168 MP2 -376.4259 -1.0989 -377.5248

OXALAC04 6-31G** 100 MP2 -376.3638 -0.9915 -377.3553

OXALAC04 6-31 IG** 126 MP2 -376.4603 -1.194 -377.6543

OXALAC04 cc-pVDZ 100 MP2 -376.394 -1.0222 -377.4162

OXALAC04 aug-cc-pVDZ 168 MP2 -376.4221 -1.0997 -377.5219

optimised ( 6-31G** MP2) 6-31G** 100 MP2 -376.3723 -0.9934 -377.3657

optimised ( 6-31G** MP2) 6-31 IG** 126 MP2 -376.4689 -1.1956 -377.6645

optimised ( 6-31G** MP2) cc-pVDZ 100 MP2 -376.4022 -1.0241 -377.4262

optimised ( 6-31 G**MP2) aug-cc-pVDZ 168 MP2 -376.4307 -1.101 -377.5317

optimised ( 6-31G** MP2) 6-31GE 168 MP2 -376.4003 -1.1381 -377.5383

Table VII-4b. Calculated total molecular quadrupole moments.

Monomer geometry Basis set Method Quadrupole moment / eao^

OXALAC03 6-31G** MP2 15.10

OXAU\C03 6-31 IG** MP2 14.93

OXALAC03 cc-pVDZ MP2 14.60

OXALAC03 aug-cc-pVDZ MP2 15.07

OXALAC04 6-31G** MP2 15.66

OXALAC04 6-31 IG** MP2 15.49

OXALAC04 cc-pVDZ MP2 15.17

OXALAC04 aug-cc-pVDZ MP2 15.68

optimised ( 6-31G** MP2) 6-31G** MP2 14.05

optimised ( 6-31 G*‘ MP2) 6-31 IG** MP2 13.86

optimised ( 6-31 G**MP2) cc-pVDZ MP2 13.54

optimised ( 6-31G** MP2) aug-cc-pVDZ MP2 13.95

optimised (6-31G** MP2) 6-31 GE MP2 14.01
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Table VII-5. DMA charges on atoms of the ab initio optimised geometry for a series o f basis sets. All 

at MP2 level.

DMA charge / a.u.

Basis set C Ok 0 . H

6-31G** 0.628108 -0.617194 -0.53371 0.322796

6-311G** 0.745971 -0.561754 -0.441223 0.257006

6-31 GE 0.059409 -0.107691 -0.297617 0.345899

cc-pVDZ 0.585599 -0.521498 -0.271749 0.207647

aug-cc-pVDZ 0.193096 -0.324015 -0.128726 0.259646

Table VII-6 . Quality of least squares fit of the negative logarithm of Cooo^ over the interatomic 

distance R.

Atom-atom 6-31G "  MP2 6-31 IG "  MP2 cc-pVDZ MP2 aug-cc-pVDZ MP2

C -C 0.99974 0.9996 0.9998 0.99934

C O . 0.99995 0.99992 0.99985 0.99912

C - Ok 0.99995 0.99992 0.9999 0.99912

H -C 0.99978 0.99996 0.99989 0.99977

H H 0.99999 0.98371 0.99896 0.97454

H -O . 0.99987 0.99998 1.0 0.97282

H Ok 0.99984 0.99997 0.99999 0.97888

0 .  0 . 0.99982 0.99983 0.99993 0.96373

0 ,  Ok 0.99980 0.99983 0.99984 0.96422

Ok "Ok 0.99980 0.99985 0.99983 0.92259
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Table VII-7. Repulsion parameters for oxalic acid from the overlap isotropic coefficient.

Basis set 6-310“  MP2 6-311G“  MP2 cc-pVDZ MP2 aug-cc-pVDZ MP2

Atom-atom A*K/eV

C -C 8072.097019 3817.644961 3595.714974 190.3888799

C -Oa 16177.62686 9449.574872 7283.385021 392.9153269

C Ok 17832.75068 10874.07753 7562.775069 654.5519913

H -C 412.3779037 54.23838568 177.6309403 92.77804235

H-H 45.06903194 296.5831922 67.29426071 3777.355994

H -O , 597.3265444 1077.060989 654.9586472 15999.86761

H-Ok 535.878846 764.8001179 483.8455477 9255.799963

Oa 0 , 40385.7779 44026.76989 28034.42097 2498504.417

O, Ok 39568.91327 35247.00451 28765.28635 21214552.6

Ok -Ok 37708.95388 28615.74913 24299.9478 458784656.7

8 /A

C -C 0.223186006 0.24258081 0.249423937 0.436708797

C -Oa 0.21619456 0.227843859 0.231477228 0.374104613

c  -Ok 0.216359882 0.228949576 0.23489858 0.346711414

H -C 0.234630354 0.285140527 0.262700168 0.308019078

H-H 0.234326713 0.180455481 0.223641049 0.13670547

H -Oa 0.23715041 0.217852972 0.225778665 0.149768935

H -Ok 0.242535617 0.230918155 0.240052276 0.16016452

Oa Oa 0.206247511 0.203483815 0.198817797 0.147147619

Oa - Ok 0.208413595 0.21080711 0.204103509 0.124719136

Ok- Ok 0.210956923 0.217817931 0.211742185 ;0.104555833

Table VII-8 . Quality of least squares fit of model overlaps to eight dimer geometries.

Basis set for IMPT Basis set for model overlaps K /a.u . r^of fit

6-310“ 6-31 G“  (MP2) 5.769514368 0.98419

6-310“ 6-311G“  (MP2) 6.211806706 0.98614

6-310“ cc-pVDZ (MP2) 4.19921924 0.98214

6-310“ aug-cc-pVDZ (MP2) 4.835037821 0.29744

cc-pVDZ cc-pVDZ (MP2) 4.155293682 0.97782
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Table VII-9. List of dispersion coefficients.

C fi/kJm or A“

Atom-atom

pair

this work FIT Buck et a/.^

C'"C 1359.657166 2439.811274 5050.368636

C O , 1045.335418 1655.70566 2992.170459

C Ok 1382.982866 1655.70566 2992.170459

H -C 523.9142093 229.0257691 0

H-H 206.3236124 21.49869122 0

H -O , 390.6490396 155.4216079 0

H Ok 523.2157155 155.4216079 0

O, 0 . 841.4506304 1123.595613 1769.935127

0,-Ok 1092.464817 1123.595613 1769.935127

Ok--Ok 1429.451918 1123.595613 1769.935127
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Table VII-10. DMAREL minimisation results.

Potential Cell vectors, A% Cell angle, A% Cell Volume, A% RMS% Energy / kJ moF’ A (H -0 )/A

DMA rep disp CSD code a b c P
6-31 G** MP2 6-31 G** MP2 S-K OXALAC03 -1.9 9.0 -2.8 0 4.0 5.6 -101.4 0.323

OXALAC04 5.9 -0.7 -2.8 3.1 -1.1 3.8 -104.8 0.336

6-311 G** MP2 6-311 G** MP2 S-K OXALAC03 0.2 8.0 -2.1 0 5.9 4.8 -97.9 0.307

OXALAC04 5.9 2.3 -4.2 3.3 0.2 4.3 -102.8 0.33

cc-pVDZ MP2 cc-pVDZ MP2 S-K OXALAC03 -2.1 6.5 -5.2 0 -1.2 5.0 -104.7 0.216

OXALAC04 3.6 3.9 -15.0 0.5 -9.0 9.2 -115.5 0.222

aug-cc-pVDZ MP2 aug-cc-pVDZ MP2 S-K OXALAC03 minimisation did not converge

OXALAC04 minimisation did not converge

6-31 G** MP2 FIT FIT OXALAC03 2.4 6.1 -2.8 0 5.7 4.1 -93.8 0.178

OXALAC04 2.8 9.7 -13.8 -1.2 -1.6 9.9 -101.2 0.172

6-311 G** MP2 FIT FIT OXALAC03 2.6 3.8 -0.3 0 6.1 2.6 -92.0 0.14

OXALAC04 2.6 11.4 -14.8 -0.9 -1.7 10.9 -101.3 0.153

cc-pVDZ MP2 FIT FIT OXALAC03 2.7 4.0 0.5 0 7.3 2.8 -86.4 0.156

OXALAC04 3.0 11.1 -14.0 -0.8 -0.8 10.5 -95.6 0.179

aug-cc-pVDZ MP2 FIT FIT OXALAC03 -0.9 3.4 1.9 0 4.4 2.3 -93.0 0.120

OXALAC04 1.0 4.2 -10.9 -5.5 -1 .8 6.7 —100.1 0.276

g

I
n

I

I
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Table VII-11. New pre-exponential repulsion parameters from fitting the exp(-oR) to real atom-atom 

overlap values.

Atom-atom 6-31G** (MP2) 

A*K_631G** (eV)

A% of fit

C C 7566.684668 -6.3 0.98011

C Oa 13751.43511 -15.0 0.77924

C -O k 19087.85146 7.0 0.96882

H -C 260.8157129 -36.8 0.80468

H -H 38.57154191 -14.4 0.97099

H Oa 538.612541 -9.8 0.99841

H -O k 425.692147 -20.6 0.96383

Oa Oa 39221.7059 -2 .9 0.97836

Oa Ok 38321.48737 -3.2 0.95521

Ok Ok 37674.24772 -0.1 0.8493

Atom-atom cc-pVDZ (MP2) 

A*K_ccpVDZ (eV)

A% / o f  fit

C C 3428.540828 -4.6 0.97346

C Oa 5402.945357 -25.8 0.71878

C Ok 6384.793871 -15.6 0.93050

H -C 121.7778253 -31.4 0.64023

H -H 67.53550642 0.36 0.92208

H - Oa 693.2600074 5.8 0.99781

H Ok 382.5098223 -20.9 0.93104

Oa Oa 26414.27781 -5.8 0.9968

Oa Ok 25559.07437 -11.1 0.81925

Ok - Ok 26412.67597 8.7 0.93471

Atom-atom 6-31 IG "  (MP2) 

A*K_6311G" (eV)

A% /  of fit

C -C 5189.905441 35.9 0.95356

C - Oa 9948.529006 5.3 0.68333

C- Ok 13041.93172 19.9 0.97357

H -C 60.30928553 11.2 0.56284

H -H 1030.425164 247.4 0.92278

H - Oa 1423.512522 32.2 0.99799

H -Ok 783.9081454 2.5 0.94609

Oa Oa 35823.12062 -18.6 0.98739

Oa Ok 30751.69509 -12.8 0.79962

Ok - Ok 30348.71047 6.1 0.83257
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Table VII-12. DMAREL minimisation results with parameters fitted to atom-atom overlaps.

Potential Cell vectors, A% Cell angle, A% Cell Volume, 

A%

RMS% Energy / kJ a(H -0)/A  

moP^

DMA rep disp CSD code a b c P
6-31G** MP2 6-31G**MP2 S-K OXALAC03 -1.3  4.9 -1.2 0 2.3 3.0 -106.1 0.202

OXALAC04 3.7 -0.6 -3.4 2.4 -2.9 2.9 -113.1 0.210

cc-pVDZ MP2 cc-pVDZ MP2 S-K OXALAC03 -3.6  -2.2 -1.1 0 -6.8 2.5 -116.7 0.004

OXALAC04 0.5 0.02 -14.4 -1.6 -12.6 8.3 -131.9 0.038

6-311G** MP2 6-31 IG** MP2 S-K OXALAC03 minimisation did not converge

OXALAC04 5.9 4.9 -6.5 3.0 0.6 5.8 -101.4 0.340

g

I

I

I
S)



Table VII-13. DMAREL minimisation results. The potential in each case comprises a DMA at 6-31G**/MP2, repulsion parameters derived from a 6-31G**/MP2 basis 

set, and Slater-Kirkwood Q  coefficients. AIM for H - atom are scaled by F, A for H -H is scaled by square root of F.

Cell vectors, A% Cell angle, A% Cell Volume, A% RMS% Energy / kJ moF’ A (H -0)/A

Scale factor F CSD code a b c P

0.7 OXALAC03 -1.6 3.9 -1.5 0 0.7 2.6 -110.1 0.162

0.6 OXALAC03 -1.6 0.7 -0.3 0 -1 .2 1.0 -114.4 0.080

0.5 OXALAC03 -1.6 -2 .3 0.4 0 -3.5 1.7 -120.1 -0.009

0.7 OXALAC04 2.6 -1 .5 -2.5 2.4 -3 .9 2.3 -118.5 0.144

0.6 OXALAC04 1.0 -1 .8 -2.5 1.8 -5 .2 1.9 -126.4 0.054

0.5 OXALAC04 -1.3 -2.1 -2.7 0.9 -6.8 2.1 -138.3 -0.068

lo
S J

g

I
0

1  

I
I
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Table Vn-14. Repulsion exponents, aiow, from a methanol potential,^* and pre-exponentials from 

fitting exp(-aiuw) to atom-atom overlaps from oxalic acid dimers.

ARjw*K_631Gssle\/ CCrjw / 3o '

C -C 243.0507497 1.82

C O . 804.4293615 1.95

C- Ok 1080.663178 1.95

H -C 34.15484706 1.86

H-H 9.353777141 1.9*

H-O, 170.4099568 1.88

H -Ok 154.2579478 1.88

0 , - 0 . 1947.87766 2

O,- Ok 2360.694628 2

Ok Ok 2196.32169 2

♦The exponent for the H—H interaction was calculated from ctcc and Och using the combining rule:

* CCcH-CCcC-
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Table VII-15. DMAREL minimisation results. Repulsion exponents from methanol and formic acid, pre-exponentials fitted to atom-atom overlaps for oxalic acid dimers.

Potential Cell vectors, A% Cell angle, 

A%

Cell Volume, 

A%

RMS% Energy / 

kJ m of’

A(H"0)/A

DMA rep disp CSD code a b c P
6-31G " orjw fitted to S-K OXALAC03 -3.1 5.3 -1.5 0 0.6 3.7 -94.9 0.199

MP2 oxalic data

OXALAC04 1.5 -2.0 -2.7 0.8 -4.1 2.1 -102.2 0.081

6-31G " Atomic fitted S-K OXALAC03 -2.7 5.6 -1.6 0 0.9 3.7 -100.0 0.205

MP2 to oxalic data

OXALAG04 3.2 -1.5 -3.5 1.7 -3.6 2.8 -105.8 0.18

g

I

I
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Table Vn-16. Geometry of formic acid optimised at 8s6p3d/MP2 (planarity enforced).

O k H\  /
/

/
Hy

Parameter Bond length / A
C —Ok 1.202

C — O a 1.345

C — Hy 1.088

H— O . 0.967

Parameter Angles / °

Ok—C —O a 125.2

Hy— C — O a 109.6

C —O a —H 106.6

Table VII-17. GMUL analysis results for formic acid using an 8s6p3dlM?2 basis set. In this table, H 

is a hydrogen attached to an oxygen, and Hy, a hydrogen attached to a carbon.

Afoonic / a.u. Ofoanic / a.U. /

C - C 15.7503732 2.217661495 0.999968

C  O a 36.40989769 2.236842721 0.999963

C  - Ok 19.69542059 2.079956293 0.999971

H - C 2.430865854 2.260434531 1

H - H 0.260447517 2.21887398 0.999949

H -Hy 0.210574673 1.900523409 1

H -Oa 2.773640533 2.135976679 0.999975

H - - O k 2.283636369 2.069507757 1

Hy - C 1.485289447 1.876659518 0.999994

Hy "H y 0.250747944 1.729856265 1

H y - O a 2.683732677 1.871479629 1

Hy---Ok 2.430548148 1.837308802 0.999998

O a - O a 56.69242594 2.194728364 0.999925

Oa- Ok 31.45904646 2.047393078 0.999969

O k --O k 24.75726097 1.970991496 0.999959
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Table VII-18. Repulsion parameters from calculations on formic acid. The exponents only are taken 

from the isotropic coefficients for the formic acid atom-atom overlaps, whereas the pre-exponential 

parameters are fitted to oxalic acid atom-atom overlaps.

Alonnk *K_631Gss 11 t A

c  c 2919.557322 0.238619487

C O . 4149.612293 0.236573293

C Ok 2304.307053 0.254417485

H -C 267.6790646 0.234104214

H-H 33.01497699 0.238489096

H -O . 395.0431676 0.247744863

H---Ok 292.0635183 0.255701989

0 . - 0 . 5511.228655 0.241112867

0 . -Ok 3020.262265 0.258463924

Ok Ok 1864.995977 0.268482766
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Table VII-19. Results form linear regression of the total intermolecular overlap to IMPT repulsion. 

The overlap is calculated for 8  dimer geometries and for each of the four MP2 basis sets. IMPT 

exchange-repulsion calculated at the 6-31(3** level.

Basis set K (a.u.)

6-31G " 7.241289 0.99267

6-3110“ 6.895594 0.99730

cc-pVDZ 7.371801 0.99708

aug-cc-pVDZ 5.658931 0.97121

Table VII-20. Comparison of heteroatomic repulsion parameters derived directly from the overlap 

model and from combining rules.

6-31G**/MP2 cc-pVDZ / MP2

Pair A 1 e" ao'" combining rule A% A / e" ao " combining rule A%

C O . 103.0497667 115.0110615 -11.6 63.74353983 87.870143 -37.8

C- Ok 113.5927299 111.1341744 2.2 66.18873676 81.80845828 -23.6

H -C 2.626803496 3.842063163 -46.3 1.554610238 4.305112959 -176.9

H -O , 3.804906715 8.593805893 -125.9 5.732140001 12.02092028 -109.7

H-Ok 3.413491396 8.304118846 -143.3 4.234573328 11.19166217 -164.3

O.-Ok 252.0497795 248.5814217 1.4 251.7512353 228.4290713 9.3

a  / ao“’ combining rule A% a / ao“’ combining rule ; A%

C O . 2.447689941 2.468376654 -0.8 2.286087721 2.391608405 -4.6

C -Ok 2.44581964 2.439737816 0.2 2.252790331 2.310378022 -2.6
H -C 2.255365681 2.314651331 -2.6 2.014377277 2.243893926 -11.4

H-O. 2.23139926 2.412013513 -8.1 2.343787655 2.513904636 -7.3

H-Ok 2.181853762 2.383374675 -9.2 2.204425048 2.432674253 -10.4

0 .  -Ok 2.539072599 2.537099998 0.1 2.592690604 2 580388732 0.5
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b.

Figure VII-1. Packing of the oxalic acid molecules in a) the a  (OXALAC03) and b) the f  
(OXALAC04) modifications in the Cambridge Structural Database. The dotted lines indicate the 
hydrogen bond network in the two polymorphs. Note that the hydrogen bonded ribbons in the f  
polymorph stack in a herringbone structure that is not visible in this view.

II. III. IV.

K.
V.

KK. ,K
VI. VII. Vlll.

Figure VII-2. The oxalic acid dimer geometries used in the IMPT calculations. (I), (II), and (III), are all 
minima in the 6-3IG**/M P2 DMA+d-ex/? potential energy surface of the oxalic acid dimer. (IV) is a 
local minimum in the aug-cc-pVDZ/MP2 surface. (V) and (VI) are taken directly from the OXALAC03 
crystal structure. (VII) and (VIII) are taken from the OXALAC04 crystal structure. Geometries (I) and 
(VII) differ in the hydrogen bond length, as do geometries (II) and (V).
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Figure VII-3. Plots of the interatomic repulsion-dispersion potentials for the interaction between a) H 

and H, and b) H and C in the oxalic acid dimer. FIT is the repulsion-dispersion potential of Coombes et 

al}^ “Overlap model + S-K” stands for the potential developed in this study, comprising repulsion 

parameters derived directly from the overlap isotropic coefficient with a 6-31G**/MP2 basis set, and 

Slater-Kirkwood dispersion parameters.
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Figure VII-4. Plot of a) the isostropic coefficient Cooo^, and b) its negative natural logarithm, for the 

overlap of the atoms H and Ok, and for two similar basis sets, one without diffuse functions (cc-pVDZ), 

and one with difiuse functions (aug-cc-pVDZ).
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Figure VII 5. Plot of the calculated a) H—Ok and b) 0»" Ok atom-atom overlap versus the 

interatomic distance R for three different basis sets.
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Figure VII-6 . Comparison of the model repulsion potentials involving carbonyl (Ok) and hydroxyl 

type oxygens (Oa).
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Chapter VIII.

Conclusions and suggestions for further work

This chapter is a brief overview of conclusions drawn from the work described 

in chapters IV to VII. As all of these have already been extensively discussed at the 

end of each chapter, this is only an outline of the most important points.

This thesis began with the study of the effect of hybridisation and 

neighbouring groups on the hydrogen bonding accepting abilities of nitrogen and 

oxygen heteroatoms in aromatic five- and six-membered rings. Oxygens in these 

environments rarely act as acceptors in the Cambridge Structural Database, but 

nitrogens in similar environments often accept hydrogen bonds. These results are 

reflected in the quantum mechanical calculations that reveal shallower potential 

surfaces around the oxygens than around the nitrogens. An additional observation 

from the database is that hydrogen bonds to oxygen heteroatoms tend to be less linear 

than those to nitrogens, and show less directionality towards the free lone pair of 

electrons. This is again confirmed from ab initio calculations that show a much flatter 

potential around oxygen, as compared with that around nitrogen. These calculations 

also show that hydrogen bonds to aromatic oxygens distort easily from linearity to
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form additional contacts to neighbouring atoms in the ring, thus stabilising the 

interaction between the donor and acceptor molecules.

The accurate modelling of these directional interactions requires a realistic 

representation of the electrostatic forces, as the ah initio calculations on the model 

systems suggest that the electrostatic term dominates the orientational dependence of 

the total intermolecular energy. The use of point charges would fail to describe 

anisotropic features of the charge density (such as electron lone pairs) that are 

important in the formation of a hydrogen bond. Moreover, details of changes in the 

conformation or the environment are likely to be lost in a point charge model, if this 

consists of neutral fragments that have been assumed transferable between molecules. 

Conversely, the representation of the electrostatic forces using a distributed multipole 

model, derived from the monomer wavefunction, combined with a simple empirically 

fitted 6-exp dispersion-repulsion potential, leads to minima in the potential energy 

surface which are qualitatively similar to the most commonly occurring motifs in the 

database, and which correspond to low energy regions in the ah initio calculated 

potential energy surface.

The weak hydrogen bonds formed to oxygens in aromatic heterocycles is 

intriguing and contradicts the usual assumption that oxygen is a good hydrogen bond 

acceptor. The obvious explanation is that one of the oxygen lone pairs is delocalised 

in the % system of the ring, leaving less free electron density for the approaching 

hydrogen. This explanation is confirmed with intermolecular perturbation theory 

calculations on the planar and perpendicular conformations of phenol and anisole, 

where delocalisation of the lone pair is possible, and symmetry forbidden respectively. 

It is not possible to lose conjugation with the ring, without changing the magnitude of 

the interactions between atoms not directly involved in the hydrogen bond. Still, 

changes in the multipolar electrostatic energy represent well the variation of the 

hydrogen bond accepting abilities of oxygen in different environments. It is easy to 

imagine that such changes in the atomic charge density will inevitably affect not only 

the electrostatic, but also the other terms in the potential, and that consequently, the 

affected terms should also be more accurately determined.

This thesis has tested the possibility of improving the exchange-repulsion in 

model potentials for hydrogen bonds by using the overlap model. This has proved a
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successful way of splitting up the intermolecular repulsion into atom-atom 

contributions, and it should be emphasised that it is the only method, at present, that 

can offer such a split-up. Testing the overlap model on the methylcyanide and pyridine 

hydrogen bonds to methanol, as well as on the oxalic acid dimer has provided us with 

some valuable lessons. First of all, the slow convergence of the analytical expression 

for the overlap, means that useful anisotropic repulsion models for organic systems 

are unlikely to be derived from the overlap model at its present form. An investigation 

of the reasons behind convergence problems should be considered in the future. In 

particular, the possible solution of neglecting the anisotropy and partially absorbing its 

effects by fitting the pre-exponential parameter to the total atom-atom overlap seems 

to be a promising solution that should be tested further. Alternatively, the neglect of 

bonding density during shifting of the charge density to the nuclear sites, might solve 

some of the convergence problems, without affecting too much the representation of 

the molecular charge density (and hence the intermolecular overlap) at the areas 

accessible to other molecules. Secondly, the success of the overlap model in deriving 

isotropic repulsion parameters directly from the molecular wavefunction seems to be 

very basis set dependant. The tests on oxalic acid additionally show that it is worth 

using basis sets that are especially designed for calculation of the exchange-repulsion, 

and that the quality of the basis set with regard to its usefulness in the overlap model 

is not a mere problem of size. More specifically we point out the need for basis sets 

that have a smooth exponential behaviour at the tail of the wavefunction. Finally, it 

has been shown, that it is possible to derive exponents using a very large basis set on a 

smaller molecule, and then fit these exponentials to atom-atom overlaps calculated for 

a larger molecule, and with a smaller basis set. This extends the applicability of the 

overlap model to a wide variety of systems. Hence, we conclude that the use of the 

overlap model is a promising method of obtaining repulsion parameters for model 

potentials, that can be used in a wide range of molecular simulations.

It is our hope that this thesis has made a small contribution to our 

understanding of hydrogen bonds, and that the development of more accurate 

systematic potentials will find a wider application in the modelling of interactions 

between organic molecules. It is also our hope that computational expense arguments 

on the applicability of more sophisticated, and inevitably more complex, potentials 

will not inhibit their development and testing. As we are entering an era when our
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calculating machines are ready to cope with the new generation of model potentials, 

we must prepare to build and provide such potentials. This thesis aims to be a step in 

this direction.
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