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Abstract 

In MR spectroscopy the screening constant of a nucleus is affected 

by both electric and magnetic fields. Electric or magnetic fields are 

associated with a number of intermolecular processes in the liquid 

phase. Because of this substantial shift differences relative to the 

same external reference, are observed between spectra of a compound in 

the gas and the liquid phase. Some factors which have to be considered 

are: 

a) The macroscopic magnetization of the sample creates an add-

itional magnetic field at the location of the nucleus. The strength 

of this field depends on the shape of the sample container and can be 

calculated. 

b) The electric field associated with Van der Waals forces is 

the next contributor to the shift difference in gas and liquid phase 

spectra. A binary collision gas model for this Van der Waals shift, 

a
w
, has been shown before to be applicable to rather small and nearly 

spherical molecules in the liquid phase, if a scale factor is utilized. 

This same model has been applied in this present study to larger 

and to non-spherical molecules with two non-equivalent proton types. 

Systematic deviations between experimental and calculated values for 

the Van der Waals shift lead to the conclusion that even for nearly 

spherical molecules the rotation is restricted, and that for this reason 

the gas model ceases to predict the correct Van der Waals shift. 

For non-spherical solutes it is shown that it is insufficient to define 
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merely the distance d of the proton to the center of mass of the 

solute molecule, but that at least a second molecular parametLr is 

required (e.g. one describing the deviation from sphericity). 

In solvents consisting of molecules that have an anisotropic 

diamagnetic susceptibility the resultant magnetic fields associated 

with these molecules add to the observed medium shift. The values for 

this neighbour anisotropy shift in aromatic solvents, calculated from 

experimental medium shifts and calculated aw values (gas model), cast 

doubt on the significance of d in defining the position of the proton 

in the solute molecule. 

A factor analysis of the experimental data revealed that the 

solute factors for a
w 
in isotropic solvents comply with the observed 

medium shift in CS
2 
if a downfield anisotropy shift of 0.126 ppm is 

assumed to be present for the latter. These same solute factors, 

however, are not compatible with the observed medium shifts in aromatic 

solvents. 
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Preface 

NMR spectra are generally characLxized by two parameters; the 

chemical shifts and the coupling constants. They are not exclusively 

intrinsic intramolecular properties, but they depend on the medium in 

which the molecule under investigation resides. Chemical shifts are 

more sensitive to the effect of the solvent than the coupling constants. 

In general, the largest coupling constants (those across one bond) 

are most sensitive to the effect of the solvent; they vary only by 

about 4 or 5 Hz. The smaller coupling constants (those across 2 and 

3 bonds) change by a smaller amount. 

The chemical shift, however, of a compound in solution may well be 

shifted downfield by as much as 1.5 ppm when measured relative to the 

chemical shift of the same compound it. the gas phase (ideally, the 

chemical shift of an isolated molecule E the "intrinsic" chemical 

shift). 

The commonly used internal reference compound obscures much of 

this solvent effect, because both the solute and the interal reference 

are subject to qualitatively the same solvent shift. Yet the difference 

in solvent shift of the internal reference and the solute is sufficient 

to make ASIS (Aromatic Solvent. Induced Shift) an important tool in the 

elucidation of molecular structure. 

The information which one obtains from the solvent shifts of 

carefully selected solute-solvent systems by use of an external 

reference is intimately related to the character and the magnitude of 

the interactions of the solute molecule with the medium. 
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Although NMR is by no means the only way of studying inter-

molecular interactions, there are various features that make NMR 

eminently suitable. 

For example, the NMR relaxation times are very large compared 

to the correlation times associated with molecular rotation, so that 

time averaged values are obtained, rather than instantaneous extremes. 

Additionally, NMR has the ability to measure, simultaneously, the 

effect of intermolecular intereactions in different parts of the 

molecule. Also, NMR can investiage simultaneously all species (over 

the entire 0-100% concentration range) in systems of two or more 

compounds. Furthermore, in NMR all intramolecular effects can easily 

be separated from intermolecular effects since both gas and liquid 

phase measurements can be made, and finally the experimental technique 

is simple and extremely accurate; effects of the order of magnitude 

of 10
-12

kT can be measured with a precision of 0.01% 

In many of these aspects the NMR technique is potentially superior 

to such well established techniques of studying intermolecular forces 

such as measurements of viscosity, virial coefficients, diffusion 

constants and dielectric constants. 

Intermolecular interactions are comprised of various effects de-

pending on the electric and magnetic nature of solute and solvent 

molecules consititute the intermolecular forces. In order to achieve 

a complete understanding of all these effects, a quantitative know-

ledge of the effect of universally present Van der Waals forces is a 

prime necessity. A model has been advanced {29} which satisfactorily 
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accounts for the effect of Van der Waals forces experienced by 

relatively small and close-to-spherical solute molecules in binary 

systems. 

It was an open question, however, whether this same model could 

also quantitatively predict the effect of Van der Waals forces in 

systems where the molecules (either solute or solvent) are much 

larger or distinctly non-spherical. This present study describes this 

test based on experiments with binary systems of non pillar solutes 

in non polar magnetically isotropic solvents. In another group of 

experiments magnetically anisotropic (though still non polar) solvents 

were used. Here the objective was to see whether calculated Van der 

Waals shifts in combination with the experimentally determined total 

solvent shift are capable of providing quantitative estimates of the 

neighbour anisotropy term. 
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CHAPTER I 

Theory 

1.1 General introduction 

Van der Waals recognized that for the liquid state to be stable 

both attractive and repulsive intermolecular forces are required. 

The attractive forces are generally attributed to three types of 

long range interactions: 

1) Interactions between permanent dipoles (orientation effect), 

2) Interaction of a permanent dipole and a dipole induced by it 

(induction effect). 

3) Interactions arising from instantaneous dipoles within the 

molecules (dispersion effect). 

These instantaneous dipoles arise from the permanent motion of 

electrons in the molecules and quantitative considerations {1,2} show 

that even in polar molecules dispersion forces are often the predominant 

contribution to the net attractive potential. These dispersion forces 

are inversely proportional to the sixth power of the distance. The 

repulsion forces arise when two molecules, which are unable to form 

a covalent bond approach each other so closely that their electron 

orbitals overlap significantly. A detailed quantum mechanical calcula-

tion is complicated and leads to a potential which is mathematically 

inconvenient, but can be approximated by an inverse power law 

U N r
-n 

(n>6). 

All the types of interactions mentioned above, are based on distortion 

of the electron distribution. They are therefore expected also to 
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affect the magnetic shielding experienced by the nuclei. 

Indeed, a difference between the NMR signals of the protons of 

one particular compound is observed when measured both in the gas 

phase and in the lic,uid 'phase, relative to the same external reference 

compound. 

In addition to terms, which have an electrical origin, there 

are terms contributing to this gas-to-liquid shift, which are the 

result of the magnetic polarization of the medium by the external 

magnetic field. 

There is the so called bulk-susceptibility shift, which arises 

from the macroscopic magnetization of the sample. Dickinson {3} has 

shown that in a cylindrical sample tube the magnetization of the 

sample changes the magnetic field Ho outside the sample tube by an 

amount given by: 

2 
AR = 3 Xvilo 

where xv is the diamagnetic volume susceptibility of the samples. It is 

customary {4} to define the screening constant a by the equation: 

Ho(1-a) Hresonance 
(1 . 2) 

where H
o 
is the magnetic field without the sample and -0110 

the addi-

tional magnetic field-inthe direction opposed to Ho - due to induced 

diamagnetic electronic currents.so that anucleus with a screening 
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constant a effectively experiences the magnetic field Ho - 
= Tires' 

2 By analogy to this definition, the additional field - 
3 
--ax v Ho is the 

result of the action of a screening constant ab defined by 

2 
ab = T TXv 

(1.3) 

This a
b 

arises because the spherical symmetry around a molecule breaks 

down at larger distances as a consequence of the geometry of the sample 

tube. 

In case of non-spherical solvent molecules, however, there is no 

spherical symmetry even at small distances. Due to restricted rotation, 

the distribution of orientations of a non-spherical solvent molecule 

around a solute molecule is not random. The effect of this is best 

illustrated by aromatic solvents like benzene, which have an aniso-

tropic diamagnetic susceptibility. When placed in a magnetic field, 

a magnetic moment is associated with every such solvent molecule. 

Since the orientation of solvent molecules relative to the solute is 

non random, an additional magnetic field at the solute is the result. 

This effect can be expressed in terms of a screening constant as due 

to neighbour molecule anisotropy. 

It has become generally accepted {5,6,7} that these contributions 

to the medium shift are additive, and that one can write 

a = a + a
b 

a
w 
+ a

a 
+ a

E 

3 

(1.4) 



where a is the observed chemical shift in the liquid phase, a is the 

chemical shift of an isolated molecule in the gas phase, ab is the 

bulk susceptibility shift, uw is the Van der Waals shift due to 

dispersion forces, as is the contribution to the chemical shift re-

sulting from neighbour anisotropy and aE is the contribution to the 

chemical shift due to interactions originating from permanent dipoles 

(or multipoles). 

Since dispersion forces are universal it is evident that any 

experimental study of as or aE 
requires quantitative understanding 

of a
w
. The experimental study of a

w 
can be achieved by measuring 

gas-to-liquid shifts of non-polar solutes in non-polar isotropic 

solvents. 

The required correction for the bulk susceptibility hardly ever 

poses a problem, since an excellent compilation of susceptibility data 

is available {8}. 

1.2 The Van der Waals shift 

At the present time the Van der Weals shift is believed to 

originate from the same sources as the attractive dispersion forces do. 

The Van der Waals shift is one way by which the presence of a 

fluctuating electric field becomes apparent. Over a period of time, 

the average value of this field <F> is zero, but<CF
2
:Nthe average 

value of the square of the field,does not equal zero. 

The basis for attempted quantitative understanding of the Van 

der Waals shift has been the work by Marshall and Pople{9}. 
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For a hydrogen atom in auniformstatic electric field they cal-

culatedthe secondary magnetic field -aH, set up by a certain current 

density, which is related to the wave function *. 4) is expanded into 

a sum of terms, each corresponding to a sub-Hamiltonian, describing 

one of the relevant physical processes. In a weak static electric 

field (F <<e/a2) where e is the protonic charge (4.803 x 10
-10
 e.s.u.) 

and a is the Bohr radius (0.5292 %.), they derive for the screening 

constant the following expression: 

0' = 
e
2

a
4
F
2 

- k - 
3mc

2
a e

2 
(1.5) 

where k is a numerical constant depending upon the direction of the 

electric field relative to the magnetic field. 

It is physically clear that only a proportionality to 
<F2>

 can 

be observed. In a hydrogen atom, the proton is at the center of in-

version and therefore reversal of the field cannot affect the shielding. 

In X-H bonds, however, the proton is not at the center of in-

version. If the molecule is allowed to rotate freely in a static 

electric field, the contribution proportional to<F>is still expected 

to average to zero. If the electric field on the other hand, is 

created by the reaction field of polar groups, within the molecule, 

then the contribution proportional to.(F), may not vanish. 

Buckingham {10} using Marshall and Pople's {9) results, has shown 

that the diminution of the proton screening constant of the proton in 

a X-H bond, when subject to an electric field, can be written as 

5 



Aa = AT
 
+ BF2 (1.6) 

where A and B are bond parameters,for which he obtaird numerical es-

timates, and F
z 
is the component of the electric field along the bond. 

For the dispersion field the time averaged value of Fz equals zero, 

and therefore the screening constant due to these is dependent only 

on <F
2
>. 

Bothner-By {11} was the first to recognize the fact that dis-

persion forces are responsible for part of the observed downfield 

shift from gas to liquid phase. He set out to find the static 

equivalent of the dispersion field by equating the interaction energy 

of two non-polar molecules and the energy of a polarizable body in a 

static electric field. 

London's expression for the interaction energy of two non-polar 

molecules with polarizabilities al and a2 at a distance r is given 

by: 

U
L 

4r
6 

-3hva
1
a
2 

(1.7) 

where h is Planck's constant and v is the mean frequency of excitation 

(see Appendix A). Often v corresponds approximately to the ionization 

energy. The classical energy of a body with polarizability al in an 

electric field is given by: 



1 
Uc = 

2 
a1 <F2> (1.8) 

Combining (1.7) and (1.8) gives the following expression for<F2> 

3a2hv 
<F

2
> =  

6 
2r

(1.9) 

Assuming proportionality of aw and<F2>and writing 12 for hv, Bothner-

By's expression for the Van der Waals shift becomes: 

o
w 

-3Ba
2
1
2 

2r
6 

(1.10) 

Values calculated with this model are nearly of the right 

magnitude. The quantitative agreement needed improvement, and two 

fundamentally different approaches have since been put forward for 

calculating <F2> in terms of molecular parameters. The first approach 

considers the solute to be embedded in a medium which is considered 

a continuous dielectric. The second approach considers the solute to 

be surrounded by and interacting with individual molecules, at vary-

ing distances. 

The work of Howard, Linder,and Emerson {12} is an example of the 

former. -In preceding publications {13,14}, Linder calculated the 

reaction field of an oscillating dipole in a continuous dielectric 

medium. When an oscillator with a natural frequency vo is placed in 

a field of fluctuating frequency v, its polarizability m* is given by: 
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a* a 

2 
vo

vo
2 

- 

where a is the static polarizability, (see Appendix A). 

A point dipole in a molecule at the center of a spherical cavity 

of radius r in a medium of dielectric constant e, creates an electric 

field at a distance rk, given by 

3m.rks m 
Ek 

5 
r
k 

r
k 

rk
3 

(1.12) 

where m is the dipole moment. This same expression holds true for an 

oscillating dipole. If the dipole moment, or the electric field,or 

the polarizability refers to an oscillating rather than a staticistate 

it is indicated by an asterisk. 

The fluctuating electric field, analogous to the field of equation 

(1.12) induces a moment in each molecule k of the medium given by 

Ink m ak Ek 

With equation (1.11) one can write for this expression 

vk
2 

* * 

mk m akEk 2 2 
- v vk

8 

(1.13) 

(1.14) 



1*
This moment mk in turn gives rise to an electric field Ek which 

- in a manner analogous to (1.12) - is expressed by: 

*• 2 
1* {3akEk •rk aktk* vk 

E
k 5 k 3 2 2 

rk 
r
k 

vk - v 

The reaction field R at the original molecule is' given by the 

standard expression: 

R =
'

k 
lc
1* 

(1.15) 

(1.16) 

For v. = 0 equation (1.15) goes over into the expression for •a static 

dipole for which the reaction field R is given by the standard 

expression: 

R = fm =
k

k 

where f is given by: 

2(e-1) 1 
f = •

2e + 1 
a
3 

(1.17) 

(1.18) 

For the reaction field R it then follows from equation (1.15) and (1.17) 

that: 

v
k
2 

R = f
k
m 

2 2
vk 

9 
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The energy of the original dipole in its own reaction field in general 

is given by 

U = - 
1 1 
mR = - fm2 (1.20) 

which for the fluctuating dipole becomes 

2 

U = - 2—m*2 fk{ 2 k 2}
1 

vk vi 

Substitution of<m*
2:
>for m*

2 
gives 

1 
U = - 2<m*2 > fk

vk
2 

2 2 
- v. vk 

(1.21) 

(1.22) 

where <m*
2
>is the average square of the fluctuating dipole. If the 

frequency of fluctuation is suffiently high, one can write according 

to the Maxwell theory of electromagnetic fields, for non-polar molecules 

e = n
2 
=e (1.23) 

where e is the dielectric constant at an infinite frequency and n is 

the refractive index. With this substitution one can write for equation 

(1.18) 

2(n
2 
- 1) . 1 

g 
2n
2 
+ 1 

7 
a 

- 10—

(1.24) 



Substitution into equation (1.22) gives 

, 2 

U = g{ 

2 2 
v 

(1.25) 

where<m*2 > is the average square of the fluctuating dipole moment. 

Rather than one frequency vk for the oscillation of the dipoles in 

the medium there will be a distribution of frequencies around vk. 

Consequently equation (1.25) is more correctly written as follows 

v-
 2

U = - P(vk)P(vi) (N)k)P (vi) <m*2> g 2 2 1 dYk óvi 
v
k 

The London formula for the value of<cmic is given by 

<mic2 = -2 hv
ii 

(1.26) 

(1.27) 

After substitution of equation (1.27) into (1.26) the latter can be 

rewritten and will read 

3 
vv

k
U = - Th p(vi) p(vk)ug v. v dvidvk

k 
(1.28) 

With the resonable assumption that the average value of vk and vi is 

the same as the natural frequency vo of the oscillator, one obtains 

U 
36 

- hv oag 
1 

— 
8 
1 
- <tao2 > g 

-11-
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This equation is derived for a pure liquid; for an infinitely dilute 

solution of 1 in 2, the authors write the following expression 

1 2 "2 
U = - 0 10 >g1 + v2} 

(1.30) 

With the London formula (equation 1.27) the potential energy becomes 

1J = 
3 

- -8- gaih 
v
1
v
2 

v
1 
+ v

2 
(1.31) 

Like Bothner-By (11} Howard, Linder, and Emerson determined the 

equivalent static electric field, which is given by 

3 \)1.92 
<F

2
> 

4 -1-1 { V
1 

+ V
2 

and with which the following Van der Waals shift corresponds 

3 
viv2 

a = - B g h  
w 4 fv, + v2 1 

(1.32) 

(1.33) 

The electronic excitation energies vl and v2 were determine from either 

of two equations 

or 

V 
I
h 

4m
e
c
2 

V -Nh a xm

-12-
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where I is the ionization potential, me the mass of the electron,c 

the velocity of light, N is Avogadro's number, xm is the molar 

magnetic susceptibility. 

As an experimental test of this formula they investigate the Van 

der Waals shift of methane and cyclopentane in various solvents. They 

evaluated(P
2
>both on basis of equation 1.34 and 1.35. In either 

case they observeda linear relation between the experimental Van der 

Waals shift and the calculated value of <F
2
>. Unfortunately the 

slopes of the lines differ; a more crucial shortcoming seems to be the 

fact that the lines do not pass through the origin. There would be a 

solute dependent finite value of <F2> which would produce a zero 

Van der Waals shift, whereas for values of(CF
2
>smaller than this, 

the shift would be in an upfield direction. 

Lumbroso, Wu and Daily also tested this model {15}. As non 

polar solvents they use cyclohexane and CC14; • and as non-polar solutes 

only methane, ethane, and ethene. The values calculated in CC1
4 
were 

consistently too small by a factor of two. To decide whether this is 

due to anomalous behaviour of CC1
4 
either within the model, or within the 

series of similar compounds (methane, ethane, cyclopentane, cyclo-

hexane) would require more experimental data, but the latter is sus-

pected. The model as it is, lacks generality. In a series of closely 

related compounds, certain physical properties may change in a manner 

similar to the factor g (see equation 1.24). For compounds not be-

longing to this class, other characteristics are required for which 

the ionization potential is not sufficiently descriptive. The ionization 

-. 13-



potential almost invariably ranges from 9-11 eV. In their model then, 

the solute is basically only characterized by the cavity radius a, 

which they determine with the aid of the formula 

V = 
4 

wNa3 
3 

(1.36) 

where V is the molar volume. Molecular radii calculated with this 

formula are usually much smaller than Lennard Jones ro values. 

Both Bothner-By and Howard, Linder, and Emerson, basedtheir 

formulae on the formula of Marshall and Pople {9} for the influence 

of a static electric field, and therefore, converted the fluctuating 

reaction field into an equivalent static field. 

De Montgolfier has pursued the continuous dielectric approach 

{16,17,18,19,20},but abandoned this assumption. Following Bucking-

ham {10} he set the electric field experienced by the proton equal 

to the reaction field. 

F= R and 

<F2> <R2> (1.37) 

Although the reaction field is uniform macroscopically, this will 

be no longer true at the molecular level. For the proton Hi in the 

X-H
i 

bond Buckingham's theory calculates the polarization of the bond 
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and its effect on the observed chemical shift. In all other bonds, 

however, dipole moments will be induced, and the field experienced 

by Hi will be the sum of the reaction field R and of the fields from 

the induced moments in all other bonds. Because of the fluctuating 

character of R, this additional field may be averaged and assumed to be 

proportional to R. Therefore, he writes 

<F
2
> = k<R

2
> (1.38) 

In a qualitative argument, he shows k to be of the order of 2 to 3. 

true 

The reaction fifild R is given by 

R = gm (1.39) 

For the average value <R> and <R
2
> the following relations hold 

<r> = g<m > = 0 and 

<R
2
> = g

2
<m

2
>+ 0 (1.40) 

Substituting London's formula for the average square dipole moment, 

and writing AE for hv, one can write 

3 E 
<R2> (go.) 

2 
A 2 a 

- 15-
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Barriol and Weissbecker {21} have shown that for a non associated 

liquid the following relation is valid 

ga = 2 
(n2 - 1)(e - 1) 

(n2 + 2)(2e + 1) 
(1.42) 

Substitution into (1.41) and substituting n
2 

for e, equation (1.41) 

becomes 

. AE 
<R
2
> =  

(2n
2 
+ 1)(n

2 
+ 2) a 

(1.43) 

With equation (1.38) and Buckingham's formula, one can then write for 

the Van der Waals shift the following expression 

aw = 6 { 
2 

(n2 
1)4 { 1013, AE

(2n + 1)
2
(n
2 
+ 2) 

(1.44) 

The constant k has: to be determined for each proton type in each 

compound. It will take into account some of the particular properties 

of the solute like its shape and the positions of the protons. De 

Montgolfier set up a qualitative argument to show that the factor 

E 
k.B. - 

A
-- will vary only little for different proton types within a 
a 

molecule. It seems rather detrimental to the theory. He stated 

that to an approximation all of the solute molecule but the particular 

C-H under investigation, is part of the homogeneous dielectric. This 

seems questionable in the sense that a continuous medium can be just-

ified as the result of a time averaging process. Within the molecules, 
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however, certain charge distributions and anisotropic polarizabilities 

will not be subject to this averaging; they retain their relative 

position to the C-H bond, which is thus in an environment substantially 

different from the medium whose microscopic characteristics are 

averaged. 

In an experimental test of this theory, he replotted the data for 

CH
4 
obtained by Howard, Linder and Emerson (121; his graph of the 

Van der Waals shift vs. the function 10
3
(n
2
-1)

4
Ka

2
+2)

2
(2n

2
+1)

2 
is 

a fairly good straight line, going through the origin. There are 

nonetheless significant deviations. Of the three saturated hydro-

carbons, n-hexane, cyclopentane and cyclohexane are well aligned, but 

on a line not at all coinciding with De Montgolfier's line. Rather 

in his plot these points deviate on either side of the line. 

Similarly in the study of Chenon, Bouquant and Lumbroso-Bader 

(22,23), whose plot of experimental points vs. the same function is 

not unsatisfactory. Their straight line, which appears to be a least 

square fit, deviates substantially, however, from a much better line 

through points of solutions of which the solvents belong to one 

class. 

In all, it appears that these continous dielectric models 

are not entirely adequate, although some correlation of the Van. der 

Waals shift with some function of the refractive index exists 

unmistakeably. This is very clear also in a related article by Laszlo 

and Speert (24) in which they investigate the dependence of the 
2
511

a

'Sn-C-11 

in Sn(CH3)4 as a function of the expression (n2-1) (n2 + 2) which is 
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almost linearly related to the function used by De Montgolfier (181

For a variety of seventeen or eighteen solvents some correlation 

exists, albeit very poor. 

However, the correlation of the coupling constant with the function 

(n
2 
- l)/(n2 + 2) for a mixture of two solvents over the entire compos-

ition ranges is excellent. In this experiment all factors like 

molecular shape and other characteristics are eliminated. It, there-

fore, seems to prove - in the light of the other evidence - that the 

refractive index (or the appropriate function thereof) properly re-

flects the solvent characteristics within one limited group of 

solutions, but that the refractive index alone is insufficient to 

describe all the solvent characteristics which are relevant in dis7 

persion forces. Also because of the empirical constant k, in De 

Montgolfier's model, there is no way of predicting Van der Weals 

shifts a priori. The value of k for the solute protons has to be 

determined. 

These disadvantages are overcome to some extent in the approach 

which is based upon the presence of individual molecules. This approach 

is better suited to take into account both solute and solvent character-

istics. 

The basis of this approach is that every solvent molecule, at a 

certain distance produces a4CF> at the solute, and the total solvent 

effect simply is the effect of the cumulative action of all interacting 

solvent molecules. 

Bernstein and Baynes {25} considered the solvent effect to be due 

to a cage of nearest neighbour solvent molecules, and they wrote 
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a
w 

a
w,pair 

For 
apair 

they write 

a - 
w,pair 

r
6 

-3Bo
2
1
2 

(1.45) 

(1.46) 

(Comparison with equation (1.10) shows a difference of a factor 1/2; 

it is not clear where this factor originates from). 

The coordination number Z is obtained by dividing the surface 

area of the sphere through the centers of molecules in the first 

coordination layer by the effective cross section of a solvent 

molecule. 

In formula form, the surface area is given by 

4.m(r
1 
+ r

2)
2 

and the effective cross section by 

(2r2)
2 

The subscript 1 refers to the solute, the subscript 29 to the solvent. 

The coordination number Z is then given by 
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Z= 
4R-(r1 + r2

)2 

4 r
2
2 (1.47) 

Combination of equations (1.45), (1.46), and (1.47) together with the 

substitution 

r= r
1 
+ r

2 

gives the following expression for the Van der Waals shift: 

-3TrBa2I2
ow  

(r1 + r2)
4
r2
2 

(1.48) 

The values calculated with this model are quite satisfactory within 

a certain group of related compounds {26}. It lacks, however, the 

flexibility to calculate the shift correctly for compounds of varying 

size and shape. This is believed to be the result of the averaging 

procedure used in this model. Rather than taking the ensemble 

average of the Van der Waals shift in all configurations, the Van 

der Waals shift due to the pair interaction at the "average" distance 

is taken. Similarly, in the continuous dielectric models, the total 

tVmacroscopicu value of the reaction field is determined, and then the 

Van der Waals shift corresponding with this average value of the 

field is determined. This neglect of the proper averaging means 

essentially that the Boltzman factor is set equal to one. Whereas 

both the cage model and the continuous dielectric models consider the 
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same intermolecular potential to be operative (the dispersion potential 

of the type U = -c/r
6
)in order to obtain a value for the dispersion 

field (i.e. the value -U/1/20,they both assume different intermolecular 

potentials for averaging procedures, and so that the Boltzman factor 

e
-U/kT 

can be neglected. The potential tacitly assumed in the cage 

model is a potential function, which has the value zero at all 

distances but the distance r = r
1 
+ r

2 
where the potential is -=, 

so that all molecules are at this distance. In the continous dielectric 

models, on the other hand, a finite value of the potential, independ-

ent of the distance is assumed up to a distance a, when the potential 

reaches the value +=. 

This simplifying assumption is AO longer used in the binary 

collision gas model, to be discussed next. 

Buckingham and Pople {27) have shown that the screening constant 

of a proton can be expanded as a virial series in V
m 
the molar volume. 

a = a (0) + 
a(1) a(2)+ . . . ..... 

Vm V
m 

(1.49) 

The first term a
o 
is the screening constant for an isolated molecule; 

it depends upon the choice of a reference sample. a(1) is given by 

the following equation 

r e-U/kTdT2 
a(1) = NJ apair 

(1.50) 

where dT
2 
is a volume element in the bulk of the solvent, apair 

is 
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the screening constant of a molecule due to the presence of the 

solvent molecule in dT
2' 

U is the intermolecular potential and k is 

the Boltzman constant {29}. dT2 is given by 

= r
2
dr sinedesine

2
de
2

d(1) 

which in case of spherical symmetry reduces to 

dT2 = 8wr_2dr 

(1.51) 

(1.52) 

For non-polar solutes in non-polar isotropic solvents, the difference 

between the a(0) of equation (1.49) and a, is the Van der Waals shift. 

Neglecting a(2) and subsequent terms ie. neglecting ternary, and 

higher order collisions,one can write the following 

o(1)w
a 

a e -U/kt
di 

2 V__ w,pair 2 w V
m 

According to Buckingham {10} for aw,pair 
one can write 

= -B <F2> 
aw,pair 

(1.53) 

;1.54) 

(see equation (1.6) ). This term represents the longest range con-

tribution to 
aw,pair 

only. Shorter range forces may be appreciable, 

however. These could be the forces that lead to intermolecular 

repulsion. 
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It is usually assumed that the Lennard Jones potential adequately 

describes the intermolecular interaction. 

is written as follows: 

6 
ro 

U = -4e  ---
r 

The Lennard Jones potential 

12 6 6 
r r, 

;2 .) 1= -4e (7,
, 
-=-1 { 1 -id (1.55) 

where e is the depth of the potential well, r the intermolcular 

distance, and ro the distance at which the potential energy equals 

zero, when attraction and repulsion cancel. In this formulation, the 

factor [1 (r
o
/r)6] takes into account short range repulsive forces. 

In order to take into account repulsion forces, Rummens and Bernstein 

(28) have therefore - by analogy - proposed to write equation.(1.54) 

as follows 

6 

o' 
pair 

= -B <F2> f 1 - ( 
row, 

(1.56) 

For non-polar solutes and solvents, the attractive field is 

still the dispersion field and is according to equation {A:30} given 

by the expression 

iff 
3 

a 
2 1 2 172 = 

2 
r
6 

(1.57) 

The expression used by Rummens and Bernstein differs from this 

expression in two respects. It was derived in a different manner and 
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as a result differs by factor of 2 and by the use of I
2 
instead of 

(Rummens, Raynes and Bernstein {26} mention it; also compare V I
1
I
2 

the classical expression for the interaction energy of two non polar 

molecules derived by Barriol and De Montgolfier {19} which differs 

from the quantum mechanical expression derived by London, by a factor 

of 2). 

Substitution of the modified version of equation (1.57) into 

equation (1.56) then gives the following expression for a
w,pair 

3Ba2I2 
f - P-'2 

6 

1 
a • 

r
6 

1 (1.58) 

Substituting this into equation (1.53) and assuming the Lennard-

Jones potential, leads to the following expression for aw

C7
w 

-127rNBa2I2 f ro

V 6 1 r 
in r 

where y = 2(c/kT) 

CO 

I 

+y
2 

e 

6 12 

rr
ol

ro 
r I 

r
2
dr 

(1.59) 

The general solution of the intergrals involved is as follows 

-k 

r e 

12 
_372{ ol 

r

r 3-k 3-k 

r2dr = ° y 6
12 

ic
o P=0 

r
0
12 

-24-

lik(y) 

6P + k-3 . yP
12 P: 

(1.60) 



where H
k
(y) are functions tabulated by Buckingham and Pople {30}. 

The solution of equation (1.59) then becomes 

-7rNBa
2 
4 

I
2 

w = 3 6(Y) - H12(37)] 
V r y 
m o 

In this derivation the effect which the dispersion forces have on 

a proton situated at the center of the solvent was calculated. 

To correct for this apparent oversimplification, Rummens and Bernstein 

{28} have introduced the site factor. The origin of this oversimplifica-

tion is the use of r as the distance parameter in the pair interaction 

rather than the proper distance R (See figure 1.1) 

Direct introduction of the expression 

-3Ba2I2 a
w,pair  

R 

followed by the substitution 

R
6 
= (r

2 
+ d

2 
- 2rd cos8)

-3 

(1.62) 

(1,63) 

would make the integration of the pair interaction over all space 

lose its spherical symmetry. The way this problem was circumvented 

was to carry out the averaging of R
-6 

over 8 beforehand and to introduce 

an average value of R
-6 

expressed as a function of r only as defined 

by the equation 

-25-



SOLUTE 1 
SOLVENT 2 

Figure 1.1 The distance between the center of mass of a solvent 
molecule (2) and a proton at a distance d from the 
center of the solute (1). 

<IC
6
> 

Nr2 + d2 
. 

2rd cos e)-3ch. W_ 

fdT 

where di is given by &I. 27ro2 sined8. Substitution of ' 

r 
and qo d

r

(1.64) 

(1.65) 

and integration of equation (1.64) leads to the following expression 
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<R-6> =r_6 
1 + q2 

The factor 
(1 + q

2
) 

(1 q
2)4 

(1.66) 

can be seen to take into account the off-center 

location of the proton and is called the site factor for the pair 

interaction. 

With this new expression for the distance parameter R, the ex-

pression for a
w 
becomes 

6 

00 
-121021a

2
I
2 

2 
1 + q a

w 
= 

V
m 

.),:f (1 (42)4 

0 

--1r-17- e 
ro 

+ y24 ---
r 

The expression  1 can be expanded into the following 
(1 -q)

24 

infinite series 

1  7Z  (3 + k)  2k 
2 4 31k1 

(1 - q ) 0

( rr

(1.67) 

(1.68) 

Substitution of this expression leads to the following expression for 

equation (1.67) after integration 

a
w 

TrNBa
2
I
2

V r 
34
 y 

m o 

CO 

0 

(k 3 1 
k:3!) 102k , ["642k1/4fY1 "12+2k(/)

q
0
2 
R
8+2k

(y) q
o
2 
R14+2k

(y) 
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12

1 

r
2
dr 



1rNBa
2
I
2 . H12(Y) 2 H (y) - 1.114(y) 

4 
3 4 

H (y) + 5qo 
11 
(Y)  + 14qo 

VM ro y 
6 H

6
(y) 

6 

The terms with 
H12(Y) 
H6(Y) ' H6(Y) 

6 

of the factor
1 

--2-  in equation (1.56). 
r 

 , all arise directly from inclusion 

r 

Although a theoretical estimate for the constant B is available, 

the simplifying assumptions in this estimate necessitated an empirical 

determination of B. Rummens and Bernstein {28} have shown that in-

clusion of the terms due to repulsion only leads to a constant factor 

which becomes incorporated in the constant B through its empirical 

determination. With this simplification the expression for ow then 

becomes 

-TrNBa22 
2 110(Y) 4 

H10 (y) 
a =  3 4 R6 

(y)  [ 3. o H() 14„ H

6
(y) 

Vmr0 y 

(1.70) 

The B in equation (1.70) differs from the. B in previous formulae, in 

that this is the empirical one, which contains the effect of repulsion. 

Rummens and Bernstein {28} have shown that the ratios 

118(Y) x10 (Y) 
.... are nearly constant within the range of y 

x6 (y) 116(Y) 

values of interest. Introducing these constant factors, equation (1.70) 

becomes 
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-uNBa I 
2 2 

ow - H6 2 (y) [1 + 3.45q + 7.42qo4 + 12.9qo6 + 19qo8..] 
V r 3y4 
M 0 (1.71) 

This model was derived for interactions in the gas phase. By 

fitting experimental gas phase data, an empirical value for B of 

B = 0.72 x 10
-18 

e.s.u. (1.72) 

was obtained for H in C-H bonds. Subsequent application of the same 

model to calculate Van der Waals shifts in the liquid phase, showed 

a very good argument, using the same value of B, if a temperature 

dependent scale factor was introduced (29} 

K
6
g = 1.46 + 0.0064t (1.73) 

Close inspection of extended tables of 1-11(y) shows that the very 

rapid decrease of the term H6+211
(y)/H6(y) with increasing n reverses 

for n>16. 

The site factor S"'6' as defined in equation (1.71) by the infinite 

series 

S6 = 1 + 3.45qo2 + 7.42qo4 + (1.74) 

therefore obtains always the value of infinity if a sufficient number 
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* 
of terms is taken into consideration. For practical applications, 

only 16 terms of this series may be used. This has not affected any 

of the practical applications made until now, since the initial rapid 

convergence of the series makes it unnecessary to consider more than 

6 or 7 terms. We can, therefore, maintain the same values of the 

site factor, but change its definition from the theoretical infinite 

series to the semi-empirical finite series, consisting of the first 

sixteen terms of the infinite series (equation (1.74) ) 

The values for the site factor are given in Table 1.1 and a graph. 

of the site factor as a function of qo is shown in figure 1.2. 

TABLE 1.1 

Site factor as a function of q

q0

0 1 
0.1 1.035 
0.2 1.151 
0.3 1.381 
0.4 1.810 
0.45 2.152 
0.5 2.634 
0.55 3.340 
0.6 4.547 

The theoretical significance is not to be overestimated, however. 

The increase of Sg due to the increase in value of Hk(y) for large 

* The divergence of the series was proven mathematically by H. De Meyer 
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Figure 1.2 Site factor St, as a function of go. 

values of k only indicates the inadequacy of the Lennard-Jones 

potential at very short distances. As can be seen from equation 

(1.60) a high value of K means that the integral 

-k 

f r

0 

e 

6 12 
+,,2{1...2.r

1mb 

r 

r
2
dr 

is solved for high k values. The integration is carried out from 

zero to infinity. The very short distances - those well within the 

equilibrium distance - are thus taken into account. 'For. the lower 
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values of k (1(36), this does not lead to physically unrealistic results 

because these distances have a negligble statistical weight through 

the Boltzman factor, and therefore they do not contribute significantly 

to the value of the integral. When k becomes larger (k>36), the very 

short distances (r<1R) become mathematically significant because the 

term r
-k
 outweighs the Boltzman factor. Mathematically distances 

are then taken into consideration, which are physically insignificant, 

because they will fall inside the impenetrable core of the molecule. 

Therefore, the theoretical value of infinity for the site factor really 

means that an absolutely hard core is required for the molecules 

rather than a soft Lennard-Jones potential, or alternately that the 

integration over distance should be carried out starting from a point 

r > 0. 

All the models discussed so far are based on Marshall and Pople's 

{9} or Buckingham's {10} assumption that the Van der Waals shift is 

given by 

o' = -B<F
2
> (1.6) 

In these theories B is a bond parameter depending on the charge 

distribution and polarizability of the bond electrons in a direction 

perpendicular to the bond. For a proton in a given type of bond it 

is considered a constant. Since a theoretical estimate for B is only 

available for an isolated hydrogen molecule, one is forced to deter-

mine B values semiempirically by data fitting. This then makes B 
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strongly dependent on the particular model chosen and dependent on 

the number and character of compounds, which are taken into considera-

tion. An illustrative list of B values for C-H varying from 0.41 - 

1.74 x 10
-18 

e.s.u. is shown in reference {31}. The B value can be 

seen to be strongly dependent on the model. The constancy obtained, 

by selecting the "proper" adjustments, may therefore, well be fortuitous. 

Medium shifts of H are all restricted in their precision, since 

the shifts themselves are small (1 - 1.5 ppm) and only for 10-15% at-

tributable to the Van der Waals shift. This means that experimental 

B values carry significant standard errors, which can easily obscure 

real variations due to any reason, or conversely can show trends where 

they really are non-existent. 

This situation is much more favorable when 
19
F and {32, 33} and 

still more favorable when 
129

Xe {34} chemical shifts are investigated. 

The chemical shifts of these nuclei are greater by one and two orders 

of magnitude respectively. Therefore their relative precision is 

much greater. 

Although the determination of B depends on the model chosen to 

calculate the Van der Waals shift, one might expect that within a 

series of related compoundsa certain regularity in values of B will 

be revealed, if present. Jameson, Jameson and Gutowsky, however, 

find for 
129

Xe in various solvent gases variations of 318 to 837 x 10
-18 

e.s.u. They calculate their values with the model of Raynes, Buckingham 

and Bernstein {29} which is really derived for spherical molecules 
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in the gas phase in the range where a linear density dependence of the 

chemical shift is observed, and therefore would be expected to predict 

correct values for the. Van der Waals shift for these molecules. This 

model has the shortcoming of not considering repulsive forces, which 

for Xe gas- - known to deviate from ideality - might be substantial. 

Mohanty and Bernstein {33} in their report of the results of 

the medium shift of 
19

V in CF4, SiF4 and SF
6 

take into account re-

pulsive forces (and even fit two parameters) and their values of B 

are respectively 262, 690 and 782 x 10
-18 

e.s.u. 

The relative errors in these values do not exceed about 8% con-

sidering both temperature and solvent dependence. This is an indica-

tion that in a certain type of bond, B is constant. The omission of 

the site factor - an integral part of the theory - makes the numerical 

values questionable, however. As of yet, no model is capable of 

calculating Van der Waals shift with an accuracy sufficient to reach 

final conclusions about B. In this thesis it has been assumed, 

following Rumens, Raynes and Bernstein {26) that B is constant and 

has the value B = 0.72 x 10
-18 

e.s.u. Not only is this close to the 

theoretical value fora H-atom it also gave remarkably good results 

in their study of tetramethyl compound3and other relatively small and 

nearly spherical solutes. 

The necessity of having a value for B will probably always be a 

setback of the models discussed until now. Kromhout and Linder {351 

abandoned this so-called field simulation approach, and with it the 

need for an experimental value for B. 
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In a triple perturbation theory they wrote for the Hamiltonian of 

two atoms in a magnetic field and which atoms are interacting through a 

dipole-dipole term 

H = H + All
100 ' 

+ 
uH010 

+ 
vH001 + pvH011 000 (1.75) 

For the explicit formulation of the various terms, we refer to the 

original publication. Let it suffice to say that H000 is the 

Hamiltonian for the unperturbed system, i.e. the hydrogen atoms at 

infinite separation. 
XII100 

represent the electrostatic dipole 

interaction, the term pH010 represents the interactions of the electrons 

with the magnetic field, and 
vH001 

the interaction of the electrons 

with the nuclear magnetic moment M. 

The shielding constant is defined by the magnitude of the secondary 

magnetic field H,1 which originates from the electronic circulation 

under influence of the-main field Ho 
by the equation 

H
1 
= aH 

0 
(1.76) 

The presence of this field becomes apparent by the energy which the 

nuclear magnetic moment acquires by interacting with this field. 

This energy is given by 

E = -MH1 = aMH
o 
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In the formulation of Kromhout and Linder 051 this is the un-

perturbed shielding constant a
o
. Since it arose from the interaction 

of the nuclear magnetic moment with the main field, it is described 

by the cross term 

H = E
011 011 py 

Mlia0

(1.78) 

The terms AHn00 describes the dipole interaction. On symmetry con-

siderations of the wave function 
*n00' 

n can only be even. Physically 

this means that only the square and the fourth power and so on, are 

important. The Van der Waals energy is therefore to a first approx-

imation given by the term X
2
H200, which corresponds with the usual 

r
-6 

relation. The screening constant due to the interaction with 

a neighbouring molecule 
aw,pair 

will then be defined by the following 

relation 

H
211 

= E
211 

A
2
pv 

w,pair
(1.79) 

Through various approximations, expressions are obtained for the 

relevant matrix elements, and the final expression for a
w,pair 

becomes 

.3t a + 212
a =, a U  

o 11(11 fi 12) 

where C is a constant for a given system depending on molecular 

-35a-
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parameters and where U is the Van der Waals energy, for which they 

use the standard expression 

1
1
1
23 

U= -a lag
2 

(1
1 
+

2
)11 

The total Van der Waals shift is then obtained by averaging the 

pair shift 

ow 
= 

r 14<aw,pai 
> 

(1.81) 

(1.82) 

Substitution of equation 1.80 and 1.81 gives in terms of the radial 

distribution p(R), the following expression 

co 

-671v
2
(31

1 
+ 21

2
) 

ow
(I + 1)2 ala2ao C 

2
f p(R)R 4 dR 

0 

(1.83) 

Assuming that the empirical fact that for liquid Xe the integral is 

equal to -5 ro
-3
 is generally valid, they write 

-47rN .
I
2
(31
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1
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2
ao o (1.84) 

An interesting corollary of this expression is that by comparison of 

this expression and the one used by Raynes, Buckingham, and Bernstein 

{29} the following expression for B can be written 



1 
B - 

2 

311 + 212 

) 

aa C 
ri 
1 

4. 11v2 ol 
` 1

Bernstein and Mohanty {33} rewrite this equation as follows 

1 
B(I1 + 12) =aoal 

2 
C+ -aoa1C[I1 1 + 

I2)] 

(1.85) 

(1.86) 

and they plot B(I1 + 12) vs. Ii/(Ii + 12). They do not find a linear 

relation. This is due to either or both of two reasons; a discrepancy 

in the theories of Raynes, Buckingham and Bernstein {29} and the 

present approach by Kromhout and Linder or a non-constancy of B. 

1.3 Experimental determination of a values 

Since Van der Waals forces are universally present, any solute 

in any solvent in a magnetic field, will experience a Van der Waals 

shift. The models discussed in the previous section, however, are 

not generally applicable insofar they assume unrestricted rotation 

of solute and solvent molecules relative to each other. The mere 

existence of a
a 
shows that this assumption is not valid in anisotropic 

solvents. The anisotropy of the diamagnetic susceptibility of these 

solvents has as a result that in a magnetic field a magnetic moment 

is induced in every molecule. Because of the molecular shape, the 

rotation is restricted at short intermolecular distances and a non-

random orientation of the solvent relative to the solute is the result. 

Because of this occurrence of preferred solvent orientations, the aver-

age value of the. magnetic moments of the solvent molecules at the 
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solute will differ from zero. This additional magnetic field is 

represented by aaHo. 

Since a
w 
is an effect which is always present, 

as 
cannot be 

measured directly, and any theoretical model that may be put forward 

for calculating a
a 
cannot be verified directly. "Experimental" 

values for 
as 

can only be obtained if a reliable estimate for a
w 

can be made, by means of a proper model calculation. However, all the 

present models are only applicable to non-polar solutes in isotropic 

solvents, and even when they predict correct values for a
w 
in certain 

solvents indiscrimate application of the same model to anisotropic 

solvents may be highly questionable. 

Important progress was made by factor analysis by Weiner, 

Malinowki, and Levinstone {36,37,38}. Factor analysis is a purely 

mathematical way of reproducing data. For a data matrix the rank is 

determined; this is equal to the minimum number of independent 

variables required to reproduce the data. 

For a 6 x 22 matrix of solvent shifts, Malinowski and coworkers 

found 3 factors to be significant. This means that for every solvent 

i, three parameters S2, S2, and S
3 

are required and for every solute 

j three parameters 0, 
2 

0 ' and 0 in order to reproduce the. chemical 
1

shift of j in i, a. . in the following manner 

j i 
crji 

1 
1 2 3 

= S Uj Si 2 + S3 IJj (1.87) 



These factors 10' k S have no physical significance and any factor 
k

S can be multiplied with whatever number as long as its coefficient 

1 is adjusted correspondingly. As a particular.choice of the 

solute parameters Ui, i D and 13' 0 Weiner, Malinowski and Levinstone 

take the solvent shift experienced by solute j in respectively 

CH3CN, CC14 and CH2Br2 and they show that the shift of j in any 

solvent i can be determined from the linear combination 

a. = S a + S a. + S a. 
Jo. . 1 j,CH3CN 2 J'CC14 3 j'CH2Br2 

where S
k 

are solvent characteristics. 

(1.88) 

According to equation (1.4) the chemical shift of non polar 

solutes in non polar solvents can be written as the sum of three 

terms 

a-a
b 
= a + a

w 
+ as 

g 
(1.4) 

Of these a is supposed to be a solute property only, ca is supposedly 

{39, 40} only a solvent property and recently Bernstein {41} has 

shown that a
w 

can be written as the product of a solute and a solvent 

term. 

The idea to express the Van der Waals shift as the product of 

two functions characteristic of solute and solvent was originally 

put forward by Bothner-By {11} on purely empirical grounds. De 
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Montgolfier, in his model writes the Van der Waals shift as the 

product of two functions of solute and solvent and recently 

Bernstein {41} has given theoretical justifications for doing so 

in the binary collision gas model. Neglecting the repulsion term 

and the site factor, the Van der Weals shift is given by 

-1(7rNBa
2
I
2 

ow = 
H (y) 

V r 
34 H6 (y)

o  y

(1.89) 

It is assumed that y = (y1 y ) which is equivalent to the assumption 

= (e/62)11, further that r0 = (r1r2) which is not very different 

from k(r1 + r2) if r 

that H6 (y) = {H6 (y) 

1 and r2 are not very different, and finally 

• 1-1 (Y2)}' which is seen to be justified by the 

small range of y values of practical interest, from the following 

data H6(1.8) = 71.6, H6(2) = 121.4 and H6(2.2) = 201.8 and 

VE6(1.8)H6(2.2) = 120.2. 

Equation (1.89) can then be rewritten 

-1(11-Nu
2
I
2 

[ 

4 

II6(y2)) 

ow 
r2
3/2 

Y2 

B
H
6(Y1) 1/2

r 
3/2 4

yl 
(1.90) 

where the first term contains only solvent parameters, and the second 

term only solute parameters. 

In factor analysis the chemical shift is written as the sum of a 

number of products of solute and solvent factors, which.at that stage 
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are purely mathematical abstractions. It is very attractive, however, 

;i 
to try to find values for the solute and solvent factors to which 

physical significance can be attached. In particular it becomes 

tempting to try to adjust the solute and solvent parameters so as 

to make it possible to identify the three factors found by Malinowski 

and coworkers with the gas phase shift, the Van der Waals shift and 

the anisotropy shift. For this to be possible each of them has to 

be written as the product of two functions. 

For the Van der Waals shift, we have just reproduced Bernstein's 

justification for doing so; the gas phase shift, being purely a 

solute property, can be considered to have a solvent factor of one, 

and similarly as a solvent property only can be thought of as.having 

a coefficient of "one" as solute factor. 

Weiner and Malinowski {38} elaborateithis further. To this 

aim they wrote for the chemical shift of compound j in solvent i 

a. . = a.gas • 1 + Uw(j) Sw(i) + 1 - T
a
(i) 

J 
(1.91) 

where U is the solute and Sw(i) the solvent factor for a . 

Rather than working with this equation they wrote this same, equation. 

for CH
4 

as a solute (j = CH
4
) and solved this equation for S

w
(i). 

The expression obnii,ed that way is substituted into equation (1.91) 

and the result is 



. 
J 

= a 
gas 

• 1+ 
UT(j) 

Uw(CH4) aCH
4'
i 

UW  (j) 

Uw(CH4) 
a a(i) 

(1.92) 

This equation describes the solvent factors in terms of physical 

significant solvent properties unity, the methane gas-to-solution 

shift. and the solvent anisotropy shift. The coefficient of unity 

should correspond with the solute gas phase chemical shift, and the 

sum of the coefficients of the two other terms equals one. 

In order to calculate the solute factor one needs test values 

for the solvent factors. For as these are really not available. 

Various estimates of the a
a 
values of benzene and CS

2 
have been 

made, and although there seems to be some general agreement, no 

values can be selected. Homer {42} suggested the values of 0.488 ppm 

for benzene and -0.118 ppm for CS
2 
on the basis of measurements of 

the medium shift of TMS in these solvents and subtracting a calculated 

Van der Waals shift, based on the model of Howard, Linder and 

Emerson {12} . Schug {7} gave theoretical estimates of 0.500 ppm 

for benzene and -0.302ppm for CS2, whereas Weiner and Malinowski 

. 071 found values of 0.350 ppm for benzene and -0.150 ppm for CS2. 

Their result is based on plots of the medium shift of a solute in a 

certain solvent vs. the chemical shift of methane in the same solvent. 

The difference of the values obtained in this and in their subsequent 

publication is due to the choice of solvents which they consider 

isotropic. 
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Rummens {43} abandoned the assumption that as is a solvent 

property only and obtained his values by subtracting the Van der 

Waals shift as calculated with the binary collision gas model, from 

the observed medium shift. The values range from 0.422 to 0.050 ppm 

for benzene and CS
2 
from a plot of the medium shift of a solute in 

benzene vs. its solute number as determined in isotropic solvents. 

Since a solute is characterized by three parameters (the 

coefficients of the solvent factors) the chemical shift data of the 

solute in three solvents are required in, order to determine the 

parameters. Weiner and Malinowski solved this problem as follows. 

They assumed as of CC14 to be zero, and then for a given solute, they 

optimized equation (1.92) by changing systematically the values of 

as for benzene and CS
2 
in such a manner that the coefficient of unity 

was closest to the solute gas phase shift, and that the sum of the 

two other coefficients was as close to unity as possible. This 

was achieved with the values of a
a 
being +24Hz and for CS

2 
being 

-9Hz. 

With these numbers solute factors can be calculated and aniso-

tropy terms of other solvents predicted. Of their results it can be 

mentioned that for cyclohexane they predict a small solvent aniso-

tropy of +1.3Hz and that a substantial downfield anisotropy effects 

is predicted forhalogenatedmethanes (CH
2
I
2 
- 14.8Hz). 

After the mathematical sound procedure of data reproducing, 

assumptions have to be made in the second stage: the model fitting. 
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It may be remarked, as an example, that the as values of CC14, 

benzene and CS
2 

are coupled to each other. A change in one will 

affect the others and all the a
a 

values of other solvents. 

Also it is tacitly assumed that these three solvents are 

sufficiently representative for all the relevant effects originating 

from the solvent that determine cr 
a
. Within the present concepts, 

this may be true but if the concepts change so will the "experimental" 

values of a
a
. Another warning must be extended concerning the as 

being purely a solvent factor. The solute coefficient of u
a 
equals 

1 in equation (1.91) and this is equivalent to the assumption that 

the sum of the coefficients of the last two terms in equation (1.92) 

equals 1. This however, is one of the criteria on which basis the 

values of
a 
of the "basis set" of solvents have been determined. 

On the other hand it must be pointed out that the accuracy with 

which data are reproduced, and the size of the matrix, as well as 

the "reasonable character" of the assumptions all lend credence to 

the results obtained by Malinowski and coworkers, and to factor 

analysis as a tool. However, to extend the results beyond the 

matrix from which they were derived, may lead to erroneous results, 

but is less likely to do so as the size of the matrix becomes larger. 

Another simpler workable procedure making the same assumptions 

has been described by Bernstein {41}. 

For non polar solutes in isotropic solvents the Van der Waals 

shift is written as the product of a solute and a solvent number. 
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One arbitrary solvent (or solute) number is assigned and the corres-

ponding solute numbers (or solvent numbers) are calculated. With 

these solute numbers the solvent numbers of other solvents are 

calculated by averaging the values obtained from the Van der Waals 

shifts and the various solute numbers and so on. 

For anisotropic solvents the same solute numbers are supposed 

to be applicable and a plot is made of the observed medium shift of 

the different solutes in this solvent vs. the solute numbers. From 

the relation 

amedium = a - ag ab aw 
as 

= Sw(i) • Uw(j) + ua(i) (1.93) 

where S
w
(i) is the solvent number of the i solvent and Uw(j) the 

solute number of the j th solute, follows that a plot of a
medium 

vs. the solute number Uw(j) will be a straight line with slope 

Sw(i) and intercept a
a
(i). 

The solute factor is the "sensitivity of the solute towards a 

dispersion field". However, short range intermolecular interactions 

may well be very different when the solvents is able to rotate freely 

as compared to when rotation is restricted; use of the same solute 

sensitivity parameter may therefore be physically not justified. 

However, at present, factor analysis is the only way of obtaining 

values for as that have substantial credibility. 
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Values obtained from one set of data may appear not to be 

generally applicable, because underlying assumptions are incorrect. 

Yet the values have the merit that they describe the behaviour of a 

number of solutes in a number of solvents,and that they are not 

based on any assumption which would have been avoided in another 

way of obtaining "experimental" aa values. 

CHAPTER II 

Experimental 

2.1 Infinite dilution shifts 

The N.M.R. spectra were recorded on a Varian A-60A spectrometer 

at ambient probe temperature. Wilmad 5mm coaxial sample tubes (type 

516) were used. 

The gaseous compounds, ethane, isobutane and trans-2-butene were 

research grade from Phillips Hydrocarbons and were used without 

further purification. Of the liquid compounds, the common solvents 

(CC14, cyclohexane, aromatics, CS2) were all spectroquality, the 

remaining compounds reagent grade. Before use, they were distilled 

at a vacuum line at least twice. The vacuum achieved in the line 

was between 10
-3 

and 10
-4 

mm. Hg. In order to remove impurities, 

only a center fraction of the first distillation was retained; 

this was distilled a second time. 

Solutions of liquid solutes were made by adding successive 10 pl 
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aliquots to approximately 300 pl of solvent. The solutions of 

gaseous compounds were made in the following manner; the length of 

the inner tube of the coaxial cell was extended and fitted with a 

ground glass joint. With a syringe exactly 250 pl of the degassed 

solvent was put into the tube, which was next connected to the 

vacuum line. The solvent was degassed once more. Under cooling 

with liquid nitrogen, the sample tube was then evacuated and by 

means of a stopcock closed off from the main vacuum line. The 

whole vacuum system was then filled with the solute gas up to a 

certain pressure (between 2 and 20 cm Hg) which was read on a 

closed end manometer. A fixed part of the vacuum line-which had 

a volume of 217.3 ml - was then closed off from the remaining part. 

Next a stopcock separating the evacuated sample tube and the reser-

voir was opened and the gas from the reservoir was quantitatively 

condensed into the tube by cooling with liquid nitrogen. The tube 

was sealed from the vacuum line and the spectrum was recorded. This 

entire procedure was repeated for every concentration. The various 

concentrations were made by condensing different amounts of the 

solute gas. 

For a solute in any solvent, the spectra of a least four different 

concentrations were recorded. At each concentration at least four 

scans were made; two in either directions. Infinite dilution shift 

data were obtained by extrapolating a graph of the chemical shift vs. 

the concentration. In most cases, the experimental points fell on a 

good straight line; the precision of the infinite dilution shifts is 
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believed to be between 0.002 and 0.005 ppm (0.1 - 0.3 Hz). 

The measurements themselves were carried out relative to ex-

ternal acetone in the annular space. Before and after each series 

of measurements, the chemical shift of acetone relative to 11.7 atm. 

ethane was recorded. By combining the two measurements, the infinite 

dilutin shift relative to 11.7 atm. ethane was found. 

The correction for the chemical shift difference between 11.7 

atm. and zero pressure ethane was calculated as follows. The bulk 

susceptibility correction was calculated according to formula 

(1.3) with a value xm = 26.8 x 10-6e.m.u. and p = 0.0134 gm/ml. 

It has the value a = -0.025 ppm. The magnitude of the Van der Waals 

shift was calculated according to Rumens {30 to be ow = -0.011 ppm. 

Therefore, the standard correction applied to all measurements in 

order to convert data relative to ethane at 11.7 atm. to data relative 

to zero pressure ethane was -0.036 ppm. 

In order to obtain data which are properly comparable, the 

chemical shifts at ambient probe temperature have to be converted to 

chemical shifts at a standard temperature. A temperature of 38°C was 

chosen - arbitrarily - as standard temperature. 

Since the ethane-acetone shift has to be measured for each 

experiment anyway, it was decided to calibrate this shift and to use 

it for temperature determination. For this calibration, the ethane-

acetone Shift was measured as a function of the probe temperature, 

the latter bAng measured using the methanol calibration method of 
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Van Geet{44}. In the range 20°C < t < 55
o
C a good linear relation 

was obtained,given by 

t = 55 - 8(Av- 135) (2.1) 

where Ay is the ethane acetone shift in Hz and t is the temperature 

in 
o
 C. The measurements were carried out under controlled temperature 

conditions (Varian V-6040). In order to check the validity of 

equation (2.1) at ambient probe temperature, both.the probe temp-

erature and the ethane-acetone shift were measured many times over 

a long period of time. The ethane-acetone shifts were found to be 

consistently smaller than expected on the basis of equation (2.1). 

The experimental uncertainty in the points, however, was too great 

to properly define a new relation between t and Av. The trend in 

the points justified the assumption that the relations betweeil t and 

Av could be represented by a straight line parallel to the one ob-

tained for controlled temperature conditions. To relate t and LY 

at ambient probe temperature, the following relation was used 

t = 49.5 - 8(Av - 135) (2.2) 

2.2 Gas phase shifts 

To determine the medium shift of a solute, two parameters are 

needed: the chemical shift of the compound at infinite dilution in 

the solvent aad the chemical, shift of an isolated solute molecule. 
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Ideally, the latter should be obtained by measuring the gas phase 

chemical shift as a function of pressure and extrapolation to 

zero pressure. Due to low signal to noise ratios in the gas phase 

spectra, this method is very impractical, without going to very high 

temperatures and pressures. Therefore, the gas phase spectra were 

recorded under conditions chosen for each solute individually so as 

to obtain just clearly visible signals. Measurements were carried 

out in standard 5 mm tubes. Ethane was used as an internal reference. 

Again, ideally the reference should be external, but practical con-

siderations allow the very small error introduced by using ethane as 

an internal reference: the chemical shift of,say,5 atm. solute gas 

relative to 5 atm. internal ethane will only differ from the chemical 

shift of 0 atm. solute relative to 0 atm. ethane by the difference 

of the Van der Waals shifts of solute gas and of ethane (which them-

selves are very small; see section 2.1). 

The gas phase chemical shifts should be measured at the tempera-

ture at which the solution spectra are taken. In principle, this 

can be done by measuring the gas phase chemical shift at various 

temperatures and extrapolating to 38°C (even if this is below the 

boiling point of the compound). Many of the solutes used in this present 

study have low vapor pressures. Because of incomplete vaporization, 

it is impossible to wo at temperatures much below 100°C. For the 

compounds with lower billing points, the temperature studies were 

done. The results are shown in Table 2.1. 
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Table 2.1 Temperature dependence of the gas phase chemical shift 
Downfield chemical shifts in ppm relative to internal ethane. 

1800 1400
o 

120 1000 700

2-Butyne CH
3 

0.718 0.716 0.717 

3-Hexyne 
CH
3 

0.215 

1.219 

0.217 

1.216 

0.213 

1.212 

0.216 

1.218 

0.207 

1.205 

0.206 

1.211 

trans-2-Butene 
CH3

CH 

0.706 

4.569 

0.708 

4.571 

0.710 

4.566 

0.706 

4.567 

0.704 

4.559 

0.707 

4.559 

CH(CH3)3
CH
3 

CH 

0.049 

0.871 

0.046 

0.874 

0.049 

0.876 

0.045 

0.874 

2,3-pentadiene 

CH
3 

CH 

0.694 

4.056 

0.696 

4.059 

2,4-Dimethy1-2, 
3-pentadiene 

CH
3 

0.742 0.744 0.741 



It is obvious that if there is a temperature dependence at all, 

it is very slight, and not sufficiently well defined to allow extra-

polation over 150°C. Moreover, since for some of the solutes variable 

temperature studies were impossible, it was decided to use one well 

defined set of conditions for all gas phase spectra, namely 180°C. 

For Sn(CH2CH3)4, the signal to noise ratio was always too low to 

record a spectrum in a single scan, its gas phase spectrum was re-

corded with a time averaging computer (CAT); the recorded spectrum 

was the result of 20 scans. 

The gas phase chemical shifts at 180°C relative to internal 

ethane, together with the composition of the samples used to record 

the spectra are given in table 2.2. 

2.3 Evaluation of the spectra 

The best way to elucidate the procedure by which Van der Waals 

shifts at standard temperature are obtained from "raw" chemical 

shift data at ambient probe temperature, is by means of schematic 

figures and a numerical example. The following nomenclature has 

been adopted; sub-and superscripts inside the brackets define the 

system; the superscript indicates the solvent, the subscript, the 

solute. Omission of a superscript means the solute is studied neat, 

whereas the superscript g refers to measurements in the gas phase. 

When two superscripts are present, the first one is either a "b" 

or a "w" or an "a", indicating respectively the bulk susceptibility 

shift, the Van der Waals shift, and the neighbour anisotropy shift. 
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Table 2.2 Downfield gas phase chemical shifts (-la) in ppm relative 
to internal ethane at 180°C. 

Quantity a) Ethane pressure Chemical Shift 
Solute of solute (atm) -a(CH

3
) -a(CH

2
)/a(CH) b) 

C(CH2CH )4 8 pl 4 -0.035 0.472 

Si(CH2CH3)4 8 pl 5 0.152 -0.223 

Sn(CH2CH3)4 10 pl 5 c) 0.373 0.032 

p-Xylene 10 pl 5 1.342 6.095 

Mesitylene 10 pl 5 1.325 5.863 

CH(CH3)3 6 atm 5 0.050 0.875 

trans-2-Biltene 6 atm 3 0.708 4.570 

2-Butyne -10 pl 5 0.718 

3-Hexyne 10 p1 4 0.215 1.218 

2,3-Pentadiene 8 pl 5 0.693 4.057 

2,4-Dimethy1-2,3-
pentadiene 5 pl 3 0.742 

a) Quantities expressed in atm. are calculated assuming ideal gas be-
haviour. The total tube volume was approximately 1.2 ml.. 

b) Whichever applies. 

c) This tube was only used for determination of CH3; • CH2 was obtained 

from the internal shift in 10 pl neat Sn(CH
2
CH
3
)
4' 
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a's with one subscript are total experimental chemical shifts. Ex-

perimental conditions are defined outside the bracket. The super-

script refers to the reference: "Ac" standing for acetone, "Eth" 

for ethane at 11.7 atm, and "0" for ethane at zero pressure. The 

subscripts "e" or "s" outside the bracket indicate whether the value 

is at the experimental temperature te, or whether it has been con-

verted to standard temperature ts. 

Thus, (a
s
)
Eth 

is the experimental chemical shift of X in S 
x e 

relative to ethane at 11.7 atm. Similarly (a
s 

) is the Van der 
w,x s 

Waals shift of X in S, at the standard temperature. 

Figure 2.1.A gives schematically the postion of the peaks in a 

spectrum. Figure 2.1.B shows the relative positions of the peaks, if 

the spectrum had been recorded at the standard temperature t
s' 

where 

is < t
e
, The shifts of both the acetone and of the sample X are to 

low field. This is mainly due to an increase in bulk susceptibility 

of the solvent and of the acetone. The minor contributor is the Van 

der Waals shift, which is also temperature dependent. 

Within the relatively small range of ambient probe temperature 

fluctuation, the change in the bulk susceptibility is mostly very 

small, both for the acetone and the solvent. Since the Van der Weals 

shift is smaller than the bulk susceptibility, by nearly an order of 

magnitude, its change with temperature is negligible. 

The following relations hold true for ab and Aab

- 54 - 



Oq 

11 
ru

S
c
h
e
m
a
t
i
c
 
r
e
p
r
e
s
e
n
t
a
t
i
o
n
 
o
f
 
s
p
e
c
t
r
a
 
e
v
a
l
u
a
t
i
o
n
.
 

i s <t e

C ompoun d X 

in solvent S 

A ce t on e 

( sx)Ale c

F 

ths 

(u.S. ),AC 
S 

C om pound X Ethane 

gas phase 1 1-7a tm. Oatm. 

s)Et h 
°x e 

 ( TA ere 

( ' ti: 
0_Ak!Vs 

 c9)0 
\ x/180 

C 

S  
iffw, X j S 

 >FI 

Figure 2.1 A 

Figure 2 • I B 

Figure 2.1 C 



2 Xm 
— n

b 3 M p

2 Xm dp 
Aa ,-  At 

b M dt 
(2.3) 

where At = is - t
e
, M. is the molecular weight, and p the density. 

From Figure 2.1.B, it is apparent that the conversion of the observed 

chemical shift to the chemical shift at the standard temperature can 

be carried out according to the formula: 

(a X 
S 

s)Ac = (a s)Ac - dab 
Ac 
+ Aa

bs , , x e 

In addition one has 

( 
Ac's 

th 
2.274 ppm and 

(a 
x 

s 
s)Eth (a 

x 
s 

s)o 
0.036 ppm 

1/4 

Example: C(CH2CH3)4 in CC14

(ab,CC14 )s = -1.419 ppm

(aAc)  
= -2.2695 ppm 

e 
= 40.1°C (see equation(2.2) ) 

At = t
s 
- t

e 
= -2.1°C 

The uncertainty in this figure is ±0.0005 ppm. 
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1Xm d9 At - 0.002 ppm Aab,CC14 = 3 M dt 
= 

AabAc 
= -2.274 + 2.2695 = -0.0035 ppm 

, 

Furthermore, it is found that (aCH
CC14).teic = 0.7045 ppm and it 
3

follows according to equation (2.4) that for the temperature corrected 

the value becomes 

(0 CH 
CC1 

4)sAc = 0.7045 - (-0.0035) + (-0.002) = 0.706 ppm 
3 

The value relative to 11.7 atm ethane becomes 

CC1 Eth CC1 Ac 

CH (a 4) 4) = -2.274 + (a
3 

s 
3 

s CH 

= -2.274 + (+0.706) = -1.568 ppm 

Since (aL )0 = +0.035 ppm, we write for the Van der Waals shift 

3 

CC14) s 
CH3 

=
1 CC1 Eth g 0 g 0 

w CH3 4)s - (aCH3) b,CC14 (°-Eth)

= -1.568 - 0.035 - (-1.419) + (-0.036) 
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(ow CH 
CC14)s = -0.220 ppm 

, 3

For the methylene group, the experimental value of the chemical 

shift relative to acetone is given by 

CC1 Ac 
(a CH 4)e. = +0.264 

2 

Therefore the value of the chemical shift relative to acetone, 

corrected for the temperature' difference, is given by 

, CC1 Ac 

°.CH2 
4)s = +0.264 - (-0.0035) + (-0.002) = +0.2655 

The shift relative to ethane becomes 

CC1 Eth 
(o CH 

4)s = -2.274 + 0.2655 = -2.0085 
2 

and the shift relative to zero pressure ethane obtains the value 

0 (o
aCH 

CC1 
4)s = -2.0085 - 0.036 = -2.0445 ppm 

2 

With a bulk susceptibility shift ab. -1.41 ppm and a gas phase shift 

(a
CH2

g)
180

o = -0.472 ppm, the Van der Waals shift becomes 

(Crw CH2
CC 

14) = -2.0445 - (-1419) - (-0.472) = -0.153 ppm 

- 58 - 



2.4 Physical. Constants 

To obtain the Van der Waals shift from the measured chemical 

shifts, the following physical constants of the solvent are required: 

the molecular weight, the density as a function of temperature, and 

the molar diamagnetic susceptibility. 

These are given in Table 2.3. 

2.5 Analysis of the spectra 

The spectra of the solutes could all be analyzed easily. The 

three tetraethyl compounds give rise to A
3
B
2 
spectra. The general 

A3B2 case has been analyzed by McGarvey and Slomp f621. Spectra 

calculated for various values of J/6 are shown in Figure 2.2. 

In the A
3 

part of the spectrum, the most iatense line remains 

unchanged at the same position, corresponding to the chemical 

shift of the A3 group. In the B2 part of the spectrum two lines at 

transition energies vB 1/2J and vB kJ can easily be recognized.{4} 

in the characteristic pattern; the average of these two line positions 

then gives vB. Due to the electronegativity of the central atom, 

in Si(CH.
2
CH
3
)
4 

and Sn(CH
2
CH
3
)
4' 

the signals of the methylene group 

appear at higher field than those of the methyl group. It does not 

affect the solution of the spectra. 

The A9B spectrum of isobutane has been solved by Ferguson and 

Marquardt{63). The methyl part is not quite symmetric; however, the 

average position of the two intense peaks is sufficiently close to 

the chemical shift vIv. The shift vB is the average of two peaks, 
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Table 2.3 

Physical constants required for the evaluation of the spectra 

Compound Molecular Weight
a) 

Density g/ml 
,, 
6-Xm x lu e.m.u.c) -a

b
ppm at 

CC1
4 

153.82 1.6326 - 0.0019t
b) 

66.8 1.419 

Cyclohexane 84.16 0.79707 - 0.00089t
b) 

68.13 1.294 

SiBr4 347.42 2.8128 - 0.00268t
b) 

123.35
d) 

2.014 

Si(CH3)4 88.23 0.6634 - 0.00104te) 74.8 f) 1.108 

Benzene 78.12 0.8684 - 0.00107(t-300)g) 54.85 1.264 

p-Xylene 106.17 0.8525 - 0.00088(t-30)g) 76.78 1.281 

rn
Mesitylene 120.20 0.8571 0.00083(1-30)g) 92.36 1.369 

CS
2 

76.14 1.2922 - 0.00149t
b) 

41.99
b) 

1.427 

C(CH
2
CH
3
)
4 

128.26 0.7679 - 0.00072ti) 109.9 3) 1.329 

Si(CH2CH3)4 144.34 0.7818 - 0.00079t
k) 1) 

120.3 1.312 

Sn(CH2CH3)4 234.94 1.2211 - 0.00118t
m) 1) 

142.7 1.496 

CH(CH
3
)
3 

58.13 0.5812 - 0.00126tn) 51.7 0.995 

trans-2-Butene 56.12 0.6273 - 0.00116t
n) 

43.3 0:943 

2-Butyne 54.09 0.7128 - 0.00109t
0) 

40.8
r) 

1.061 

3-11exyne 82.15 0.7395 - 0.00084tp) 64.2 1.158 

2,3-Pentadiene 68.13 0.7154 - 0.00102tg) 49.1 1.021 

38°C 



References to Table 2.3 

a) Handbook of Chemistry and Physics, 50th Ed. Chemical Rubber 
Publishing Co., Cleaveland, Ohio, (1969-70). 

b) "International Critical Tables", McGraw Hill Book Company, Inc, 
1933, Vol. III. 

c) Landolt - Bornstein Zahlenwerte and Funktionen aus Naturwissen-
schaften and Technik, 6th Ed., Vol. II, Part 10, Springer Verlag, 
(unless otherwise indicated.) 

d) M. W. Lister, R. Marson, Can. J. Chem., 42, 2101, (1964). 

e) F. H. A. Rumens, W. T. Raynes, H. J. Bernstein, J. Phys. Chem., 
72, 2111, (1968). 

f) Calculated from x
v 
= -0.543 x 10

-6 
e.m.u., K. Frei, H. J. Bernstein, 

J. Chem. Phys., 37, 1891 (1962). 

g) Assumed linear relation between density and temperature in range 
10°C<t<50°C. Density data from API., Research Project 44; 
Thermodynamics Research Center, Texas A & M University, Table 
5d. 

h) Calculated from x
v 
= -0.693 x 10

-6 
e.m.u., K. Frei, H. J. Bernstein, 

J. Chem. Phys. 37, 1891, (1962). 

i) Advances in Chemistry ASTM Monograph Series No. 22, American 
Chemical Society, Washington D.C., (1961). 

j) Extrapolated value; based upon = 63.1 x 10-6; 
XC(CH3)4

XSi(CH)
4 
= -74.9 x 10-6; xSn(CH

3
) =-100.0 x 10-6; 

3 4 

= -142.7 x 10-6 . See references e) and 1). 
XSn(C2H5)4

Compare to value calculated with Pascal constants: 

9x - 6.00 + 20 x -2.93 = -112.6 x 10
-6
. 

k) S. Sugden, H. Wilkins, J. Chem. Soc., 1931, 126. 

1) E. W. Abel, R. P. Busch, C. J. Jenkins, T. Zobel, Trans Faraday 
Soc. 60, 1214, (1964). 

-61--



4 

m) H. Korsching,Z. Naturforschung, 1, 219, (1946). 

n) Assumed linear extrapolation of density data of the liquid at 
saturation pressure in the range 0 C<t<20°C. Density data from 
API, Research Project 44. 

o) Extrapolated from density data at various temperatures; from 
ref. i). 

p) Determined from specific refraction, and refractive index at 

various temperatures, measured in this laboratory. 

q) Extrapolated value; data from Timmermans, Physico Chemical 

constants, Vol. II, Elsevier Publishing Co., Amsterdam, (1965). 

r) Estimated from Pascal constant (4 x -6 + 6 x -2.93 0.8), obtained 

from J. A. Pople, W. G. Schneider, H. J. Bernstein. High 

Resolution Nuclear Magnetic Resonance, McGraw Hill Book Comp. 

(1959). 
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which can be identified with the aid of a calculated spectrum. The 

spectrum was calculated with the NKR program TWOSUM, with the data of 

Ferguson and Marquardt {63} (v 
CH 

= 0.900 ppm, val = 1.738 and 

3 
J = 6.73Hz). 

Because of comparison of gas phase and liquid phase spectra, 

it is not necessary to find the exact chemical shift, as long as 

the difference between "real` and assumed chemical shift is small 

(<'0.05 ppm). For all the remaining compounds, the chemical shift 

was taken to be at the center of the signal. 

2.6 Model Calculation of the Van der Weals shift 

2.6.1 Lennard-Jones parameters and critical constants 

A great deal of practical considerations has contributed to the 

choice of the Lennard-Jones (6-12) potential energy function, re-

presented by the following formula 

6 12 

U(r) = -4e {G—o (2.5) 

where U is the potential energy, e the depth of the attractive well, 

and r
o 

the intermolecular distance at which the attraction and re-

pulsion have the same magnitude and the intermolecular potential equals 

zero. 

Although various other potential functions have been proposed, 

the Lettard-Jones potential is generally accepted to be adequate, 

and probably for that reason, it is the only satisfactory potential 
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energy function for which the parameters for many molecules are 

available. 

There are theoretical relations between these Lennard-Jones 

parameters and various equilibrium and transport properties of gases 

and liquids {45}. 

Parameters can be determined from the second virial coefficient 

{46,47,48,49}, from the thermal conductivity of gases {50}, from 

ordinary and thermal diffusion data {51}, and from data on viscosity 

{52,45}. The shortcomings of the Lennard-Jones (6-12) potential be-

come apparent from the fact that parameters obtained by various 

methods are not quite the same. Whereas parameters obtained from 

viscosity measurements predict correct ordinary diffusion coefficients 

and vice versa {53}, the correlation between parameters from thermal 

and ordinary diffusion coefficients is not very good. Moreover, 

parameters data from thermal and ordinary diffusion coefficient data 

depend upon the choice of combination rule for the description of 

the interactions between unlike molecules {54). 

There is both theoretical and empirical evidence in support 

{54} of the usual combination rules 

e(12) (e(11)e(22))1/2

(2.6) 

(12) _ 1 (11) + r (22)., 
ro

(r (11)
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but other combination rules are being used and investigated {48}. 

These objections and setbacks, however, are mainly academic, 

since for most of the compounds of this study viscosity, diffusion, 

or even second virial coefficients are not available. Measurements 

of the types described are usually done on very simple systems like 

the noble gases C12 and methane. 

In addition to theoretical relations there are also semi-empirical 

relations between the Lennard-Jones parameters and certain directly 

measurable physical properties. 

The following relations {52} based on the Lennard-Jones and 

Devonshire theory of gases and liquids are of this nature 

e/k = 0.75 Tc

e/k = 1.39 T
b 

ro = 8.33 x 107 (Vc)1/3

(2.7) 

T
c 
and V are the critical temperature and volume, and T

b 
is the 

boiling point. Even for simple molecules these relations often 

fail to predict correct values. Finally there are purely empirical 

relations between the Lennard-Jones potential parameters and other 

physical properties. Their reliability increases with the number of 

compounds used to derive them. The method of Reed and McKinely {55} 
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relates the Lennard-Jones parameter with the density, and the method 

of Stiel and Thodos {56} relates them with critical constants. The 

latter method has been selected. 

For non polar compounds, the relations are as follows 

E/k = 63.5 cz 
c18/5 

(2.8) 

r
o 
= 0.1866V 1/3z -6/5 

c c 

Here E/k is expressed in °K, ro in the critical temperature To

in ° K and the critical volume V
c 
in ml/mole; z

c 
is the critical 

PcVc 
compressibility RT  which is dimensionless. 

This method is calibrated with Lennard-Jones parameters obtained 

from viscosity measurements on non polar compounds, and the average 

deviation of the temperature force constant is 6.6% whereas for 

collision diameters, the deviation is 1.9%. 

Critical data, however, were only available for eight of the 

seventeen compounds in this present study. In a review by 

Kudchadcker, Alani, and Zwolinski {54} a variety of empirical co-

relation procedures for prediction of critical constants is discussed. 

Many of these are applicable to only one class of compounds. Of the 

more generally applicable relations, the one by Lydersen {58} does 

not distinguish between structural isomers, and since many of the 

compounds of this study have structural isomers, this method did not 

appear to be appropriate. The method of Riedel {59} does not have 
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this setback and therefore this method was selected. It is extensively 

described by Curl and Pitzer {60} and in the standard text book by 

Lewis and Randall {61). 

To estimate the critical constants, three pieces of information 

are required. These are the liquid density at some temperature 

near or below the boiling point, the normal boiling point 7760,
 and 

the temperature T
100 

at which thC vapor pressure is 100 mm. The 

density is used to define a molal volume for the substance. The 

calculation of a set of critical constants proceeds via a rapidly 

converging series of approximations. Starting with the assumption 

that the critical temperature is given by T
c 
= 1.54 Tb, one calculates 

the reduced temperature Tr at which the density is known. From a 

table one then determines the corresponding value of p/po, where 

p
o 
is the hypothetical density at 0°K, and the molar volume V

o 
= 144

o 

(M being the molecular weight). Then values of log (T
760

/V
o
) and 

T
100

/T
760 

are calculated. From a graph of 
T760/Tc 

and w (where w is 

the acentric factor) as functions and log (T 
of T100/T760 760/V o)

the value of the former two quantities are determined. This provides 

a new estimate of T
c 

With this new estimate of T
c 
a new value for 

T
r 

and p/p
o 
are determined and with a new value of log (T

760
/V

o
) a 

new value of 
T760/To 

and of w is determined. The process is continued 

until no further change in Tc is found. Usually three iterations 

are sufficient. 

The critical pressure is then calculated according to the 
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formula log P c = (log Pc) (o) + w(log Pc)(1) , where (log 
Pc)(o) 

and (log P
c
)
(1) 

are tabulated as functions of T
760

/T
c
. With another 

table,Zc
(o) 

and Z
c
(1) 

a determined, which are combined according 

to 
Zc 

= 
Zc
(o) 

+ 
Ze
(1) 

to give the critical compressibility factor; 

from this the critical volume V
c 

can be calculated. 

The physical constants required for calculating critical data 

are given in Table 2.4,and Table 2.5 gives the critical data cal-

culated in this way, and experimental values whenever available. 

The general agreement is seen to be good. 

In Table 2.6 the Lennard-Jones parameters are compiled as 

they are obtained from the sources indicated. 

In the column following the parameter is shown the value of 

the Van der Waals shift, calculated according to equation (1.71) with 

these parameters for the compound as a solute in CC14.(Eor solutes 

with two kinds of protons the outer ones have been calcualted). 

As can be seen from the table variations in e/k do not seem very 

important, but variations in r
o 

are magnified many times, as could 

be expected. 

In the final calculations, Lennard-Jones parameters based on 

experimental critical constants have been used, when they were 

available. When two or more sets of equally reliable experimental 

data were available, the average was taken. When experimental 

data were liot available, calculated values of the critical constants 

have been used. 
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Table 2.4 

Physical constants required to calculate critical constants 

Compound 
T760 

o
C 

a) o 
T100 C 

a) 
p
38

gm/ml 
(see table 2.3) 

CC1
4 

Cyclohexane 

Si(CH3)4

76.5 

80.7 

26.5 

23.0 

25.5 

-20.9 

1.5599 

0.7633 

0.6238 

SiBr4 153 82 
e) 

2.7110 

Benzene 80.1 26.1 0.8598 

p-Xylene 138.4 75.9 0.8455 

Mesitylene 164.7 98.9 0.8505 

CS
2 

46.3 -5.1 1.2357 

C(CH
2
CH
3
)
4 

146.2 c) 81.0 
b)

0.7407 

Si(CH2CH
3)4 

Sn(CH2CH3)4

153 

180 
d) 

88.0 

107 
f) 

0.7517 

1.1763 

trans-2-Butene 0.88 -42.7 0.5838 

CH(CH3)3 -11.7 -54.1 0.5342 

2,4 Dimethy1-2,3 penta-
diene 82.8 

3-Hexyne 81.5 c) 24 
f) 

0.7077 

2-Butyne 27 -18.8 0.6714 

2,3-Pentadiene 48.3 b) -0.75 b) 0.6766 



References to Table 2.4 

a) All the boiling points and temperatures T
100 

are obtained from 

the Handbook of Chemistry and Physics, 50th Ed., Chemical Rubber 
Publishing Co., Cleaveland, Ohio, (1970) (unless otherwise 

stated). 

b) A.P.I. Research project 44, Thermodynamics Research Center, 
Texas A & M University, Table 23-2-(1,204)-k page 3. 

c) Timmermans, Physico Chemical constants, Vol. II, Elsevier 

Publishing Co., Amsterdam, 1965. 

d) H. Korsching, Z. Naturforschung, 1, 219 (1946). 

e) Estimated from a series of Si-halogen compounds. Agreeing well 

with the formula 

-
10

log p(atm) = 2.76
IT)1.575 

D. H. Everett, J. Chem. Soc., 1960 2566. 

f) Estimated on the basis of the formula in reference e). 



Table 2.5 

Experimental and calculated critical constants 

Compound 

Experimental Calculated 

Tc
o
K p

c 
atm V

c
1/mole 

Tc
o
K p

c 
atm V

c
1/mole 

CC14 556a) a)45 0.276
a) 

0.220 550 44 0.279 

Cyclohexane 554a)
a) 

40.6 0.309
a) 

0.210 551 38.4 0.322 

Si(C113)4 0.255 445 26.7 0.370 

SiBr4 0.095 685 36.8 0.433 

Benzene 563b) b) 
48.4 0.259

b) 
0.201 565 50.1 0,255 

p-Xyleue 616b) 34.65b) 0.379
b) 

0.263 628 37.3 0.373 

M esitylene 642b) b)30.9 0.433
b) 

0.320 650 32.5 0.435 

CS2 552b) b) 
78 0.173

b) 
0.060 562 78.4 0.168 

C(CH2CH3)4
a) 

597 
a) 

22.5 0.545
a) 

0.287 615 25.6 0.528 

Si(CH
2
CH
3
)
4 

0.375 604 21.6 0.598 

Sn(CH2CH3)4 0.233 671 22.7 0.659 

trans-2-Butene 428b) b)41.0 0.238
b) 

0.172 434 41 0.241 



Table 2.5 contra 

Experimental Calculated 

Compound 
Tc

o
K p

c 
atm V

c
1/mole T 

o
K p

c
atm V

c
1/mole 

CH(C113)3 408a) 36 a) 0.262a) 0.168 409 35.1 0.266 

2-Butyne 485
a) a) 

50.6 0.198 481 50.8 0.214 

3-Hexyne 0.162 561 48.5 0.264

2,3-Pentadfene 499a) 
a) 

41.4 0.255 494 38.5 0.285 

References to Table 2.5 

a) Advances in Chemistry ASTM Monograph Series No. 22, American Chemical SocIty, Washington, D.C. 

b) A.P.T. Research Project 44; Thermodynamics Research Center, Texas A & M University, 

Table 23-2 formerly labeled "Table 61". 



Table 2.6 

Comparison of Lennard-Jones parameters obtained from different sources 

From measured critical data a) From calculated critical data From viscosity 

e/k 01( r
o 

2. -a
w 

e/k K -a 1.7 e/k K ro X. 
-u 1,7 

cci4 335 5.79 c) 334 5.80 327 5.88 

Cyclohexane 

350 5.92 c) 0.307 340 6.05 0.291 313 6.14 0.274 

0.281 335 • 6.00 d) 0.294 318 e)6.09 

SiBr
4 

476 6.41 

Si(CH3)4 263 6.42 0.275 354 5.94 f) 0.359 

C(C112CH3)4

268 c) 8.02 e) Q.205 350 7.32 0.282 

d) 
269 

d) 
7.69 0.229 

Si(CH CH ) 
2 4 312 7,88 0.256 503 

f) 
7.30 0.378 

Sn(CH2CR3)4 402 7.75 0.336 

_-_ 



Table 2.6 cont'd 

7rom measured critical data a) From calculated critical data From viscosity b)

c/k 01( ro -aw e/k 01( -any c/k 0K ro R -ow 

Benzene 

346 5.63 c) 0.397 353 5.57 0.410 335 5.63 0.393 

335 5.69 d) 0.384 440 5.27 0.502 

p-Xylenr. 

264 7.15 c) 0.381 367 6.46 0.577 

314 6.80 d) 0.468 

351 6.61 a) . 0.529 

Mesitylene 

328 7.08 c) 0.418 356 6.96 0.453 234 7.71 0.293 

300 7.32 d) 0.367 

CS2 

823 3.87 c) 403 4.63 488 4.44 

461 
d) 

4.44 453 
f) 

4.44 



Table 2.6 cont'd 

From measured critical data 
a)

From calculated critical data From viscosity 
b)

c/k °K r
o 
X -a 6/k

 
s/k °K r

o 
R -a

w 
s/k °K r0 R -a

w 

CH(CH
3
)
3 

270 5.46 c) 0.314 267 5.57 0.298 217 5.82 0.259 

282 5.44 
d) 

0.317 313 5.43 0.328 

trans-2- 
Butene 

269 5.41 c) 0.413 280 5.41 0.418 259 5-51 0.392 

266 5.45 
d) 

0.405 

265 5.45 0.405 

2,3-Penta-
diene 292 5.88 0.484 

2-Butyne 300 5.25 0.498 

3-Hexyne 366 5.55 0.767 



References to Table 2.6 

a) The reference in this column refers to the source of the critical 

constants. From these the Lennard-Jones parameters are calculated. 

according to the method of Stiel and Thodos 071. 

b) From viscosity measurement, as quoted in J.O. Hirchfelder, C. F. 

Curtiss, R. B. Bird, Molecular Theory of Gases and Liquid, John 

Wiley & Sons Inc., 1964; (unless otherwise stated). 

c) Advances in Chemistry ASTM Monograph Series, Nos. 15, 22, 29, 

American. Chemical Society, Washington D.C. (1961). 

d) A. P. I. Research Project 44, Thermodynamics Research Center, 

Texas A & M University, Table 23-2 (formerly labeled Table 61). 

e) Landolt - Bornstein Tables, Vol. 7, 6th Ed., Part 7. 

f) F.H.A. Rummens, W.T. Raynes, H.J. Bernstein, J. Phys. Chem., 72, 

2111, (1968). 

g) American Institute of Physics Handbook, 2nd Edition, McGraw Hill 

Book Comp. Inc., (1963). 



2.6.2 Other required physical constants 

Intramolecular distances were calculated assuming the standard 

bond lengths as quoted in the Handbook of Chemistry and Physics 50th Ed. 

For freely rotating methyl groups, the distance d of the proton 

to the center of mass can be calculated as the average value of the 

distances at 36 conformations differing by 100. In all cases but one 

(Si(CH
2
CH
3
)
4
), the value obtained this way was identical to the 

value obtained by only considering the three staggered ethane-line 

conformations. The values obtained in the more extensive averaging 

are in most cases the same as those obtained by taking the average 

of the shortest and the longest distance (261. The differences that 

occur are less than 1%. In this thesis the values obtained by 

averaging over the ethane-like conformations have been used. 

These distances, together with the molar volumes at 38°C the 

polarizatilities, the ionization potential, and t'le selected tennard-

Jones parameters are given in Table 2.7. The Lennard-Jones parameters 

have been calculated according to the method of Stiel and Thodos f561 

and are based on experimental critical data when available, or' an 

average of these when more experimental sets were available. When 

no experimental critical data were available, calculated ones have 

been used. (See Table 2.6) 

2.7 Results 

The experimental results are shown in the two following tables. 

Table 2.8 gives the experimental Van der Waals shift of the 

non polar solutes in non polar isotropic solvent. Since the shifts 
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Table 2.7 

Physical constants 

Compound n
d
0 10

24
a cm

3 
10
12
I 

erg 
V38 ml d(CH3) X m) d(CH2)/(CH) a ./k °K ro X 

CC14 1.4601 
) b) 

10.5 
e) 

18.4 
c) 

90.6 335 g) 5.79g) 

Cyclohexane 1.4266 a) b)10.98 e)15.8 c)110.2 342 g) 5.96 g)

Si(CH3)4 1.3587 a) 12.0 
b) 

15.7 f) c)141.4 h)263 6.42 h)

SiBr4 
d) 

15.61 o) 
17.0 

c) 
128.2 

h) 
476 

h) 
6.41 

Benzene 1.5011 a) 10.38 b) e) 14.8 90.86
c) 

g)340 5.66 g)

p-Xylene 1.4958 a) b)14.28 e)13.5 125.57
c) 

3.48 2.45 310 g) 6.85 g)

Mesitylene 1.4994 a) b)16.2 e)13.4 141.33
c) 

3.48 2.45 314 g) 7.20 g)

CS2 
a)* 

1.6295 
b) 

8.48 
e) 

16.14 61.6 461 g) 4.44 g) 

at 18 QC 



Table 2.7 cont'd 

Compound 
0 

n
d
2 1024a cm3 10121 

erg 
V38 ml o d(CH3) R m)

m) 

d(CH2)/(CH) R c k ck 

C(Ca2
C11
3)4 

1.4206 a) 17.1 b) n)16.6 
c) 

173.2 2.98 2.16 268 g) 7.85 g)

Si(CH2CH3)4 1.4268 a)
b) 

19.2 15.7 
c) 

192.0 3.22 2.50 h)312 7.88 h)

Sn(CH2CH3)4 21.8 ) 13.4 
c) 

199.7 3.43 2.74 h)402 7.75 h)

GE(CCH(C113)3)3 16.9 c)108.8 2.07 1.48 280 g) 5.45 g)

trans-2- 
Butene 

14.6 
e) c) 

96.1 2.52 1.52 267 g) 5.44 g)

2,3-Penta-
diene 

a) 
1.4284 

b) 
10.0 

k) 
14.8 

c) 
100.7 2.99 2.14 

h) 
292 

h) 
5.88 

2-Butyne 1.3921 a) 7.4 b) 1) 15.9 80.6 c) 2.64 
h) 

300 5.25 
h) 

3-Hexyne 1.4113 
j) b) 

11.2 
e) 

15.4 116.1 
c) 

3.35 2.61 
h) 

366 
h) 

5.55 



References to Table 2.7 

a) Handbook of Chemistry and Physics 
Publishing Comp., Cleveland, Ohio 

b) Calculated from the corresponding 
formula 

2 
M n2----1 4 

-3-—x = 7T liv1024 
P n +2 

, 50th Ed., 
(1969-70). 

refractive 

Chemical Rubber 

index using the 

c) See Table 2.3. 

d) E. R. Lippincott, J. M. Stutman, J. Phys. Chem., 68,2927 (1964). 

e) R. W. Kiser, "Table of Ionization Potentials", U.S. Atomic Energy 
Commission, Kansas State University, 1960. 

f) B. G. Hobrock, R. W. Kiser, J. Phys. Chem. 66, 155, 947 (1.962). 

g) See Table 2.6 based on experimental critical data. 

See Table 2.6 based on estimated values of critical data. 

R. K. Ingham, S.D. Rosenberg, H. Gilman, Chem. Rev. 60, 459 (1960). 

Measured, this laboratory. 

J. Collin, F.P. Lossing, J. Amer. Chem. Soc., 81, 2064 (1959). 

F. R. Coats, R. C. Anderson, J. Amer. Chem. Soc. 79. 1340 (1957). 

The following bond lengths have been used, from the Handbook of 

Chemistry and Physics, 50th Ed. 

Caliph Caliph 
: 1.54 . caliph- H : 1.08 R 

C C - H : 1.08 X C : 1.395 
R. 

atom arom arom 

Caliph 
- 

Carom 
: 1.53

Si - 
Caliph: 1.86 R 
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- : 1.07
Colefinic 

Sn - Caliph: 2.14 X 



C sp 2 = Csp2 : 1.34 g C sp 2 E Csp : 1.20 

Assumed to be the same as for corresponding tetramethyl compounds; 

see reference f). 

o) Estimated from the values of related compounds. 



Table 2.8 

Experimental gas-to-liquid Van der Waals shifts in ppm. 

Solute Solvent CC1
4 

Cyclohexane SiBr4 Si(CH
3
)
4 

CH
3 

-0.220 -0.143 -0.217 -0.123 

C(CH
2
CH
3
)
4 

CH
2 

-0.153 -0.098 -0.142 -0.080 

CH
3 

-0.242 -0.165 -0.238 -0.122 

Si(CH2CH3)4

CH
2 

-0.190 -0.127 -0.185 -0.088 

CH
3 

-0.265 -0.185 -0.252 -0.147 

Sn(CH
2
CH )

4 

CH
2 

-0.222 -0.162 -0.212 -0.120 

CH
3 

-0.298  * -0.265 -0.167 

CH(CH
3
)
3 

CH -0.302 -0.272 -0.175 

CH
3 

-0.397 -0.260 -0.378 -0.208 

p-Xylene 

CR -0.300 -0.197 -0.298 -0.165 

CH
3 

-0.365 -0.238 -0.352 -0.175 

Mesitylene 

CH -0.252 -0.177 -0.245 -0.122 
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Table 2.8 cont'd. 

Solute Solvent CC1
4 

Cyclohexane SiBr4 Si(CH
3
)
4 

CH
3 

trans-2-Eutene 

CH 

-0.372 

-0.255 

-0.237 

-0.148 

-0.359 

-0.268 

-0.203 

-0.135 

CH CH 
3\C=C=C/ 3 CH3

CH/ \CH 
3 3 

-0.332 -0.228 -0.472 -0.177 

CHI  /CH3 CH3
.„,C=C=C\

-0.392 -0.263 -0.379 -0.210 

H.'" 1-1 CH -0.328 -0.223 -0.322 -0.197 

2-Butyne CH
3 

-0.460 -0.275 -0.389 -0.228 

CH
3 

3-Hexyne 

CH
2 

-0.347 

-0.338 

-0.218 

-0.225 

-0.343 

-0.347 

-0.168 

-0.168 

* No data available, due to an overlap of the solute peaks by those 
of the solvent 



Table 2.9 

Experimental values of the gas-to-liquid shift corrected for a
b) 

in ppm 

Solute Solvent Benzene p-Xylene Mesitylene CS
2 

CH
3 

C(CH
2
CH
3
)
4 

0.278 0.225 0.263 -0.345 

CH
2 0.342 0.308 0.347 -0.282 

CH
3 

Si(CH
2
CH
3
)
4 

0.230 0.188 0.218 -0.367 

CH
2 0.302 0.268 0.305 -0.312 

CH
3 

Sn(CH2CH )4

0.205 0.132 0.182 -0.383 

CH
2 0.257 0.190 0.245 -0.348 

CH
3 

CH(CH
3
)
3 

0.210 0.127 0.178 -0.422 

CH 0.258 0.167 0.213 -0.400 

CR
3 

p-Xylene 

0.237 0.162 0.208 -0.523 

CH 0.162 0.167 0.212 -0.417 

CH3 

Mesitylene 

CH 

0.205 

0.183 

0.145 

0.193 

0.192 

0.255 

-0.478 

-0.355 
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Table 2.9 coned-

Solute Solvent Benzene p-Xylene Mesitylene CS
2 

1 
CH
3 

trans-2-Butene 

0.175 0.107 0.143 -0.488 i 

CH 0.227 0.200 0.238 -0.352 

=C=C H3 CH3 0.120 0.091 0.120 -0.445 i
CH3 ' \CH3 

CH
3 

0.247 0.189 0.212. -0.453 

3-Hexyne 

CH
2. 

0.213 -0.447 

CH3 0.195 0.113 0.158 -0.500 

3\t.. 

H
CH 0,083 0.092 0.101 -0.468 

2 Butyne Cfii3 0.222, 0.137 0.190 -0.540 

* Data not available due to overlap of the solute peaks by those of 
the solvent. 



are given as screening constants a, the negative sign means that the 

shift is to low field. 

Table 2.9 gives the experimental values of the medium shift of 

the same solutes in the aromatic solvents and in CS
2
. In the aromatic 

solvents, this medium shift is the sum of two contributions: a down-

field Van der Weals shift and an upfield neighbour anisotropy shift. 

CS
2 

takes a special place, in that it is not evident whether its 

neighbour anistropy is positive, zero, or negative, although our 

results and those of various authors indicate a small negative 

value. 

2.8 Discussion of errors 

Following the nomenclature of section 2.3, one can write for 

the Van der Waals shift 

s s o g,o 
(a X ) = X) S - CST - a 
W, 00 X s b,s 

(2.9) 

Here (aco,x )sc)represents the shift at infinite dilUtion of X in S 

relative to zero pressure ethane. Rather than relative to zero 

pressure ethane the measurement of (a ) is carried out relative to 
co,x 

acetone which is referred back to zero pressure ethane. We, therefore, 

write for equation (2.9) the following: 

(a
s 

) = s )
A
sc + 07 )

E
s x 
th + (aEta)(3 OT g)o

s 
- ab,s (2.10) 

w,x co,x Ac 
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The measurements are not carried out at the standard temperature and 

with the correction terms for conversion from experimental temperature to 

to standard temperature ts equation (2.10) becomes: 

(aw,x) = sx 
e 

)Ac - 
b,Ac + ,s + (aAc

)eEtK + co Aab,Ac 

(aEth)c) (axg)°- ab,s 
(2.11) 

, 
Of all these terms, four carry systematic errors; Oj 

xg)o' (aEth 
)° 
' 

bs' 
and Aabs. (a

x
)° is supposed to be the chemical shift of the 

, 

compound X in the gas phase at zero pressure relative to external 

ethane at zero pressure. Rather, we measure the chemical shift of 

the compound at a partial pressure of - say - 3 atm. relative to 

5 atm. internal ethane. The difference of these quantities, however, 

is only the difference of the Van der Waals shifts of X and ethane. 

For ethane at 11.7 atm. the Van der Waals shift is -0.011 ppm, and for 

X it will be of approximately equal magnitude. This error is there-

fore not likely to exceed ±0.005 ppm. 

The term (aEth)o is the correction term for the shift of 11.7 

atm. ethane relative to zero pressure ethane. The accuracy of the 

values used is such that the value of -0.036 ppm is reliable to about 

0.001 ppm. 

The third term with a systematic error is a
bs
. For a compound 

of molecular weight 70 and a density of 0.7 g/ml, the bulk susceptibility 

term has a typical value of 2 x 0.01 x (-60) x.10-6 = -1.2 ppm. 
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Neither the density, nor the molecular weight carries a significant 

error, and the error in ab is only due to the uncertainty in xm. 

An error of 1% in will result in an error of 0.01 ppm in Gip, hut 

for the standard solvents, many will have xm's that are known as 

accurate as 0.2% (i.e. 0.002 ppm). Therefore, the error in this 

term will range from 0.002 ppm - 0.01 ppm. 

In principle the same percentual error will be present in the 

term Aa
bs 

but because of the absolute magnitude of this term, the 

error will be negligible (<0.0002 ppm). 

These errors are all systematic errors in the sense that they 

affect the accuracy of the final answer rather than the precision. 

They will cancel out when two Van der Waals shifts (in the same 

solvent that is) are subtracted. 

The other terms all carry random errors. The term (aAc)e
Eth ' 

is 

the difference of two line positions. With the aid of the audio 

side band technique, these differences are believed to be precisely 

measurable to ± 0.001 ppm for liquids and to ± 0.003 ppm for gas 

phase measurements. The error in (aAc )Eth is no greater than 0.001 

however. 

The term (a 
msx e )Ac 

, the infinite dilution shift, is obtained by 

extrapolating a graph of the chemical shift, vs the concentration. 

These chemical shifts may all have an error of ±0.001 ppm; the 

concentrations, however, also have an uncertainty. For liquid solutes 

there will be no significant error in the concentrations. A systematic 

error, which might limit the accuracy of the micropipet used, will not 
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affect our results, since only relative concetrations are required. 

For gaseous compounds, the assumption of the validity of Henry's 

Law introduces an error in the concentrations, and the result is an 

overall error in the infinite dilution shift ranging from ±. 0.002 ppm 

to 0.005 ppm. 

In addition to a systematic error, the (a
x

g
)
o 

will have the 

random error of ± 0.003 ppm, which all gas phase masurements have. 

Since the acetone-ethane shift is rather insensitive to the 

temperature (0.0002 ppm per 0.1°C), the measured temperature may well 

have an error of 0.5°C. As c z be seen from equation 2.11, an error 

in the term 
Aab,Ac 

will not affect the final value of the Van der 

Weals shift but an error in Aab,s 
will. 

A temperature uncertainty of ± 0.5°C corresponds for a typical 

solvent with a 
Aab,s 

of ± 0.001 ppm. 

The omission in equation 2.11 and in the evaluation of the 

spectra of a term for the temperature dependence of the Van der Waals 

shift, introduces a systematic error in the final result. In the 

range over which the ambient probe temperature fluctuates (± 2°C), 

the change due to the temperature will be approximately 0.5% of the 

a
w
, which corresponds with an error of ± 0.001 ppm. Since the probe 

temperature is measured, in principle this correction could be cal-

culated. Due to uncertainty of the temperature dependence of aw 
and 

the large random error in the temperature measurements any attempt to 

calculate this term would carry at least the same error. 
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The terms discussed so far are the terms which apply to the 

measurements as they are carried out. 

There are four systematic errors, affecting the accuracy, of 

respectively ± 0.005 ppm,± 0.001 ppm, ± 0.002 - 0.01 ppm and ± 0.001 

ppm. 

The various random errors have the following values ± 0.001, 

0.002 - 0.005 ppm, ± 0.003 ppm, ± 0.001 ppm. The maximum error in the 

precision is therefore ± 0.012 ppm. with a most probable value of 

±0.006 ppm, whereas the accuracy has an uncertainty with a most 

probable value of between 0.008 and 0.012 ppm and an upper limit of 

± 0.027 ppm. 

In addition to these errors which are unavoidable in every 

measurement, there are two more factors that are of importance. 

Dickinson's formula in the bulk susceptibility supposes the sample 

tube to be an infinite cylinder positioned symmetrically on either 

side of the coil. His experiments suggest {3} that for practical 

purposes a value of 4 for the ratio length over diameter would be 

sufficiently close to an infinite cylinder. The specific design of 

the Varian A-60 A, makes it however impossible to ascertain that 

this ratio is applicable, although in most measurements a ratio of 

length over diameter of close to 15 was used. 

The other factor which may affect measurements is the presence 

of dissolved oxygen in the solutions, because of its large para-

magnetic susceptibility. 
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Oxygen dissolved in the acetone will not affect the results since 

both solute and reference are measured relative to it. Oxygen dis-

solved in the solvent, however, will result in too small a Van der 

Weals shift. (not sufficiently negative). 

The solubility of oxygen in acetone is 0.207 ml 0
2 
(
7
60 mm)/ml 

acetone under 1 atm pressure at room temperature. Assuming that the 

solubility is proportional to the partial pressure of oxygen, and that 

air contains 25% oxygen, the solubility of oxygen from air is then 

0.052 ml 0
2
/ml acetone. 

The density of 0
2 
is about 0.0015 g/ml and the solubility 

is 7.8 x 10
-15

g/m1 acetone. The bulk susceptibility then becomes: 

-5 
b = 

2 -6 7.8 
3
x 210 

x 3440 x 10 x - 0.017 ppm 
3 

This is the maximum error which can be made as a consequence of the 

disolution of oxygen from the air into solution, during measurement. 

For the solution to become saturated with oxygen from the air, will 

take - especially since tight fitting caps are used - much longer than 

is required for the measurements. 

The maximum error is therefore 0.005 ppm. This shift will be to 

high field, resulting in too small a value of the Van der Weals shift. 



CHAPTER III 

Discussion 

3.1 Comparison of experimental data and values calculated with the 
binary collision gas model. 

In the publication of Rummens, Raynes and Bernstein {26} it was 

shown that with the binary collision gas model for tetramethyl com-

pounds in isotropic solvents values of the Van der Weals shift were 

calculated which were in good agreement with experimental data. For 

the compounds X(CH3)4 with X being C, Si, Sn, the values of the 

parameter qo = d/ro (in CC14) are respectively 0.37, 0.42, and 0.46. 

As can be seen from Figure 1.2 the value of the site factor Sg 
6 
in-

creases very rapidly with increasing values of qo particularly for 

q > 0.4. It was, therefore, desirable to futher test the model with 
o —

some large and with non spherical molecules. 

3.1.1 Tetraethyl compounds and isobutane in isotropic solvents 

For the compounds X(CH2CH3)4 with X being C, Si and Sn, the 

values of qo for the methyl protons are respectively 0.44, 0.47, and 

0.51. The corresponding values for the methylene protons are 0.32, 

0.37, and 0.40. 

For the Van der Waals shift of the CH
3 

groups one writes accord-

ing to equation (1.71). 

-1(JrNBc4
2
I
2 

a
w,CH3 

=  
V r 3y4 

H6  
(y) Sg (CH3 ) 

0 
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A similar equation can be written for the CH
2 

groups and for the ratio 

it follows that 
aw,CH3law'CH2 

0
w,CH

3 
6 
Sg (CR3 ) 

aw,CH2 
6 
Sg (CH2) 

(3.2) 

This ratio is independent of all parameters except d and ro. It, 

therefore, has the advantage that the effects of error in other para-

meters are eliminated, and it constitutes a more clear cut test for the 

site factor itself. Table 3.1 shows the experimental and calculated 

values of the Van der Waals shifts of the three tetraethyl compounds 

and of isobutane in four isotropic solvents. Given the overall ex-

perimental error of ±0.02 ppm the agreement can be seen to be only 

satisfactory for C(CH2CH3)4 and Si(CH2CH3)4. For Sn (CH2CH3)4 the 

values calculated for the methyl groups are too large. For isobutane 

the value calculated for the methine proton is too small. Closer 

inspection of the table, however, reveals interesting trends. In a 

comparison of data in one solvent, the error in the bulk susceptibility 

is eliminated and the corresponding experimental values have a relative 

error of only ±0.01 ppm. Similarly by comparing the internal difference 

aw,CH 
- a of one solute all other errors except those of the 

3 
w,CH2 

internal shift in the gas phase and the liquid phase are eliminated and 

these experimental data are therefore reliable to ±0.005 ppm. 

From the experimental data it can be seen that for the three 
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Table 3.1 

Experimental and calculated values of the downfield Van der Waals gas-
to-liquid shift (-a ppm) at 38°C in isotropic solvents. 

Solvent 

Solute 

CC1
4 

Cyclohexane SiBr4 Si(CH
3
)
4 

Exp Calc Exp Calc Exp Calc Exp Calc 

CH
3 

C(CH
2
CH
3
)
4 

0.220 0.217 0.143 0.166 0.217 0.210 0.123 0.113 

CH
2 

0.153 0.152 0.098 0.117 0.142 0.152 0.080 0.082 

CH
3 

Si(CH2CH3)4

0.242 0.257 0.165 0.196 0.238 0.248 0.122 0.131 

CH
2 

0.190 0.179 0.127 0.138 0.185 0.179 0.088 0.095 

CH
3 

Sn(CH2CH3)4

0.265 0.335 0.185 0.254 0.252 0.325 0.147 0.166 

CH
2 

0.222 0.226 0.162 0.174 0.212 0.228 0.120 0.117 

CH
3 

CH(CH3)3

0.298 0.315  ----- 0.265 0.301 0.167 0.161 

CH2 0.302 0.245  ----- 0.272 0.241 0.175 0.129 

___....., 
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tetraethyl compounds in one solvent, the Van der Weals shift of both 

the methyl and the methylene protons increases going from C(CH2CH3)4

to Sn(CH2CH3)4, but also that the increase of the methylene groups 

exceeds that of the methyl groups. 

Table 3.2 shows that in all four solvents both the absolute 

difference of experimental values 
ow CH - ow 

and the ratio 
, 3 ,CH2

decrease from C(CH2CH3)4 to Sn(CH2CH3)4. This behaviour 
w,CH3/ aw,CH2 

is contrary to the expectations on basis of the binary collision gas 

model. When two parameters qo (for CH3 and CH2) increase, because 

of an equal increment in either d or r
o 
(or both) the corresponding 

increase in the site factor will be larger for the larger of the q
o 

values 

(see calculated values in Table 3.2). In this light it may then be-

come significant that the calculated values for the Van der Weals shifts 

of the methyl protons of C(CH2CH3)4 are almost exactly right while 

those of the methyl protons of Si(CH2CH3)4 - although well within the 

experimental error of ±0.02 ppm or 15% - are consistently .a little too 

large; an even more pronounced deviation is observed for the methyl 

groups of Sn(CH2CH3)4. 

The Van der Weals shift is produced by a perturbing electric 

field. The more a particulaz proton type is exposed to the solvent, 

the stronger an electric field it will experience. The experimental 

trend towards equal Van der Waals shifts of the methylene and the methyl 

protons as the size of the central atom increases, can therefore be 

interpreted as a greater increase in the accessibility of the inner 
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Table 3.2 

Differences and ratios of experimental and calculated Van der Waals 
shifts of tetraethyl compounds in isotropic solvents. 

CC1
4 

Cyclohexane SiBr4 Si(CH
3
)
4 

Exp Cale Exp Cale Exp Cale Exp Cale 

Diff 

C(CH
2
CH
3
)
4 

0.067 0.065 0.045 0.049 0.075 0.058 0.043 0.031 

Ratiol 1.44 1.43 1.46 1.42 1.53 1.38 1.54 1.38 

Diff 

Si(CH
2
CH
3
) 

0.052 0.078 0.038 0.058 0.053 0.069 0.034 0.036 

Rati 1.27 1.43 1.30 1.42 1.29 1.38 1,39 1.38 

Diff 

Sn(CH2CH3)4

0.043 0.109 0.023 0.080 0.040 0.097 0.027 0.049 

Ratio 1.19 1.48 1.14 1.46 1.19 1.43 1.22 1.42 



protons as compared to the outer protons. One might speculate about 

the value which the Van der Waals shift reaches when the central atom 

becomes so large that the ethyl groups become sterically almost freely 

accessible. The methyl groups would then be likely to experience the 

same shift as ethane. The methlene group would always be less, since 

it is sterically screened by the central atom. 

In Figure 3.1 are plotted the Van der Waals shifts of methyl and 

methylene protons in CC14 and cyclohexane vs the qo 
= d/r

o 
of the CH3 

or CH
2 
in those solvents. Two straight lines are obtained which inter-

sect near the value of the Van der Waals shift of ethane in these 

solvents. 

The tendency for the Van der Weals shifts of the methylene and the 

methyl protons to approach the value of ethane means that the solvent 

molecule starts to interact with the ethyl groups individually, rather 

than with a molecule, of which the methyl and the methylene protons 

are on two concentric spheres. The picture of the protons on two 

concentric spheres is based on a comparison of rotational correlation 

times T
r 

and spin-lattice relaxation times T1. The former are typically 

of the order of 10
-11 

sec., whereas the latter have a typical value 

of 1 sec. So within the length of one relaxation time many billions 

of molecular reorientations will have taken place, and even if the 

majority of these reorientations have taken place as vibrations around 

an equilibrium position, still the molecule should have completed a 

sufficient number of complete molecular rotations so that on the basis 

of this consideration the molecule can be thoughtof as spherical. In 
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x CCI4 
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Figure 3.1 Plots of Van der Waals shift vs. q0 for tetraethyl 

compounds in CC14 and cyclohexane. 
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liquids and gases this criterion will always be met. This criterion 

alone is therefore a necessary but not a sufficient conditionfor the 

solute to behave on the average as if it were spherical. The second 

condition for "sphericity" is that the residence time in any one part-

icular rotational orientation is sufficiently short for the solvent 

molecules to be unable to interact with certain parts of the solute 

independently. 

In the case of the tetraethyl compounds this conditions could be 

visualized as follows; the solvent molecules should be "knocked away" 

by a methyl group of the rotating solute molecule, before they have 

the opportunity to penetrate in between two ethyl groups, beyond the 

sphere described by the methyl group. 

It appears that this latter condition does not hold any longer 

in case of Sn(CH2CH3)4. (In this respect it is interesting to point 

out the rather unexpected values of r
o 
for C(CH2CH

3
)
4' 

Si(CH
2
CH
3
)
4 

and Sn(CH2CH3)4, of respectively 7.85 $, 7.88 R, and 7.75 R; see 

Table 2.7). If the solvent molecule is enabled to interact with separate 

parts of solute molecules individually the binary collision gas model 

is expected to overestimate the Van der Waals shifts, in particular 

for protons near the periphery of larger molecules. Relatively large 

values of d and r
o 
when the molecule is considered to be spherical - 

will result in a large value for qo and a large site factor. When the 

solvent interacts with a certain part of the solute separately, the 

value of d will decrease more than the value of r (which is for 

50% determined by the solvent), and consequently the effective qo
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will be smaller than the go based on assumed sphericity. 

To illustrate that the experimental values of the Van 

der Waals shifts may be considered to be the result of some independ-

ent interacting of the parts of the solute with the solvent,an attempt 

was made to write the Van der Waals shifts of the protons of Si(CH2CH3)4

and Sn(CH2CH3)4 as a linear combination of the Van der Waals shift of 

the corresponding proton in C(CH2CH3)4 and of ethane. For the Si and 

Sn compounds in CC1
4 

the result is quite remarkable. For Si(CH
2
CH
3
)
4 

in CC14, the following equation holds true: 

a
w,Si(CH2C113)4 = 0.76aw,C

(CH2CE3)4 
+ 0.246w,C2H6 

• = 0.50u
w, C( CH2CLI3) 4w,Sn(CH2qi)4 

+
w,C

2
H
6 

(3.3) 

For the methylene groups exactly the same coefficients are found. 

Caution has to be exercised not to overestimate the importance of this 

finding. The values derived for the same solutes in cyclohexane are 

much less constant. For the methyl and the methylene group of Si(CH
2
CH
3
)
4 

the values of the coefficient of the neononane contribution are 0.64 ands 

0.73 respectively whereas the similar values for the Sn derivative are 

0.31 and 0.37. 

Qualitatively it shows again,. however, that for 
Sn(CH2CH3)4

  

the relative contribution of free rotation is less than for Si(CH2CH3)4. 

Whether this is due to the more open structure of the Sn derivative, 
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or to slower overall rotation, or to both, can not be distinguished. 

In the light of the foregoing discussion about the trend of the 

Van der Waals shifts of the methyl and the methylene protons of the 

tetraethyl compounds toward an equal value when the size of the central 

atoms increases, one would expect this effect to be more 

pronounced in the neat liquids. If the solute has a partly "independent" 

ethyl group and the solvent hasa similarly"independent" ethyl group, 

then these ethyl groups may well interact together, which would re-

sult in large and approximately equal Van der Weals shifts for methyl 

and methylene protons. Whereas C(CH
2
CH
3
)
4 
still behaves as a spherical 

molecule, it may well be that in the presence of solvating C(CH2CH3)4

molecules a partial "independency" of the ethyl groups is introduced. 

To some extent these speculations are borne out in the experimental 

results, which are shown together with the calculated values in Table 

3.3. 

The agreement of experimental and calculated values can be seen 

to be poor. It should be emphasized that the relative uncertainties 

in both calculated and experimental values are large. Nonetheless the 

deviations seem too large to be solely attributable to errors in the 

parameters used. The trend of the experimental values is surprising 

at first sight. These values however, reflect both the increase in 

solute size and the increase in solvent size, as well as changes in 

other relevant parameters (those which determine the magnitude of the 

dispersion field). Very great caution has to be excercised in inter-

preting these data. The deviation of experimental and calculated 
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Table 3.3 

Downfield gas-to-liquid Van der Waals shifts of neat tetraethyl com-
pounds in ppm. 

C(CH
2
CH
3
)
4 

Si(CH
2
CH
3
)
4 

Sn(C11
2
CH
3
)
4 

CH
3 

CH
2 

CH
3 

CH
2 

CH
3 

CH
2 

Exp 0.184 0.139 0.145 0.109 0.184 0.156 

Cale 0.093 0.072 0.105 0.081 0.138 0.104 



values decreased going from the carbon to.the tin derivative. This 

would suggest that in reality the CCM2 3 4molecules can approach 

each other much closer than expected on the basis of the Lennard-

Jones parameters r
o 

and that the underestimation of the approachability 

decreased going from C(CH2CH3)4 to Sn(CH2CH3)4. The unexpectedly 

large values of the experimental shifts do not disagree with the con-

cept developed on the foregoing pages - that the various ethyl groups 

act as independent entities. Not only is the ratio of the Van der 

Weals shifts of methyl and methylene protons in neat C(CH2CH3)4 much 

smaller than in CC1
4 
(1.32 and 1.44 respectively), also in tetraethyl 

tin the value has decreased to 1.18. 

For isobutane it is observed (see Table 3.1) that the agreement 

between calculated and experimental values is satisfactory for the 

methyl group, but that for the methine proton the experimental shift 

exceeds the value calculated on basis of the assumption of sphericity. 

The experimental values are such that the values for the methine pro-

tons are consistently slightly larger than for the methyl group. In 

terms of exposure to the solvent this means that the methine proton 

is equally well or slightly more accessible than the protons of the 

methyl groups. As was pointed out with the tetraethyl compounds, a 

necessary condition for the molecules to be spherical on the average 

is that the rotational correlation time is much shorter than the trans-

lational correlation time. This is not sufficient however. If the 

time between two translational jumps is very short, but the average 

orientation (relative to a fixed coordinate system) does not change, 
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then it is obvious that close contact of the methine proton and the 

solvent isstillpossible. Occurrence of these "rotational vibrations" 

around an equilibrium position does not seems to be unlikely, part-

icularly for molecules which deviate markedly from sphericity. Some 

typical values of rotational and translational correlation times - 

selected from the work by Zeidler {64} - are given in Table 3.4 

Table 3.4 

Rotational correlation times Tr and translational Correlation times T
d 

T
r 
x 10

11 
sec Td X 1011 sec 

Benzene 0.32 7.6 

Cyclohexane 0.50 10.1 

Acetone 0.24 3.5 

It can be seen from this table that if only after every thousand 

rotational jumps there is an effective change in the molecular orien-

tation, many collisions of the rotationally vibrating solute molecule 

with the solvent will occur in one specific orientation. If this is 

the case, the experimental Van der Waals shift is likely to exceed the 
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value based on the binary collision gas model, since the effective 

distance of approach is smaller than the rotationally average 

distance. 

For the methyl groups of isobutane the agreement between exper-

imental and calculated values is close, and the assumption of ro-

tational vibrations is not necessary. The rotation around the C
3v 

axis of isobutane is therefore likely to be much less - if at all - 

restricted than the rotation around an axis perpendicular to the 

axis. The comparison of experimental data and values calculated on 

the basis of the assumption of unrestricted rotations, thus suggests 

that this latter assumption is invalid for the rotation around the 

axis perpendicular to the C3v axis, and that rotation of isobutane 

in solution is anisotropic. 

If the rotation of isobutane is anisotropic, an even much more 

severe restriction of the rotation would be anticipated for the 

aromatic solutes in the isotropic solvents. 

3.1.2 p-Xylene and mesitylene in isotropic solvents. 

In Table 3.5 the experimental and calculated values of the Van 

det Weals shift of p-xylene and mesitylene in isotropic solvents are 

given. The agreement is poor. Although in most cases the calculated 

values are close to - if not within - 15% of the experimental values, 

the distribution of the errors is non random. The values calculated 

for the methyl protons are always too large while for the aromatic 
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Table 3.5 

Experimental and calculated values of the gas-to-liquid downfield 
Van der Waals shift (-appm) of aromatic solutes in isotropic solvents. 

CC1
4 

Cyclohexane SiBr
4 

Si(CH
3
)
4 

Exp Cale Exp Calc 

e 

Exp Cale Exp Cale 

CH
3 

p-Xylene 

0.397 0.466 0.260 0.349 0.378 0.424 0.208 0.225 

CH 0.300 0.242 0.197 0.185 0.298 0.237 0.165 0.125 

CH
3 

Mesitylene 

0.365 0.400 0.238 0.300 0.352. 0.370 0.175 0.196 

CH 0.252 0.217 0.177 0.166 0.245 0.214 0.122 0.113 



protons always too low a value is calculated. This has as a result 

that the experimental ratios of the Van der Waals shifts of CH
3 

and 

CH protons are always much smaller than the ratios of the calculated 

values. For p-xylene and mesitylene the ratios of experimental values 

are 1.29 and 1.42 respectively (approximately independent of the 

solvent), whereas the average ratios of calculated values are re-

spectively 1.85 and 1.78. 

According to equation (3.2) this ratio is a good test for the 

site factor. Apparently, however, this site factor is not at all 

capable of taking into account the position of the protons in these 

aromatic molecules. A consequence of restricted rotation is that 

different values of r
o 
are operative in different directions. The 

Lennard-Jones potential is a spherosymmetrical potential, and for a 

non-spherical molecule like p-xylene the value of ro is the value of 

the diameter which has to be assigned to a spherical molecule in order 

to show a behaviour similar to p-xylene (2nd virial coefficients, 

viscosity, critical constants). It is an average value. For the 

calculations it means that for approach in the direction of the 

methyl group too small a value of ro is used, whereas for approach 

of an aromatic proton too large a value of ro is used. 

If rotation is restricted the predominant contribution to the 

Van der Waals shift of the methyl protons is the dispersion field of 

solvent molecules near the methyl group. One can argue that the 

methyl group interacts with the solvent more or less as a separate 
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entity and that a much smaller value of d and r
o 
should be used in the 

calculations. For this approach, however, the choice of d and r

would become rather arbitrary. Another approach is to maintain the 

distance d of the proton to the center of mass of the solute and 

introduce values of r
o 

for the instantaneous approach. of a solvent 

molecule in a certain direction , rather than one average value. 

There are numerous ways in which estimates for these r
o
's in different 

directions can be obtained. One can assume that the r
o 

values are 

proportional to the Van der Waals radii in the various directions. 

In formula: 

r + + r
M 

o 
-  

3 (3.5) 

where r
f' 

r
H 

and rM are the distances of zero energy approach in 

directions respectively perpendicular to the ring of the aromatic 

protons and of the methyl group. For the three distances then also 

the following relations would be assumed. 

rf = 2p.rf,w

H 
= 2p.r

H,w 

r
M 

2p.r
Mw 
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where the additional subscript "w" indicates that these are Van der 

Waals radii; p is a proportionality constant and the factor of 2 is 

required because ro values are commonly diameters, whereas Van der 

Weals radii are radii. 

Maintaining the equations (3.6) one might also calculate an 

average according to formula 3.7. 

r
n 
+ r

n 
+ r

n 
n 
r
o 
-  

3 
(3.7) 

For the exponent one could attempt the values of 3 (since r
3 

appears 

in the integrated formula) or 6 (which is the exponent in the formula 

for the pair interaction). The Van der Waals shift of the methyl 

group (and similarly of the aromatic protons) is assumed to be the 

average of three contributions each one corresponding with approach 

in one of the three "principal" directions. For the contribution in 

each of these directions an equation analogous to equation (3.1) is 

written, using for r
o 

the values 
1.1(rM + ro,solvent 

), k(r
H 
+ r

o,solvent)' 

and k(r
f 
+ ro,solvent). These three collision diameters will be re-

presented by R
o, 

R
o,H' 

and 
Ro,f' 

For the Van der Waals shift of 

the protons of the methyl groups one can then write the formula 

Km-NBa2I2 H6(y) G113 
ScH3 ScH3 

. 1 
5 

/ (3.8) 
aw,CH V 4 

_,_ 
3 3 3 

m3 R
o,M 

R
o,H 

R
o,f 
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In this equation the site factor can either be calculated as before, 

(i.e. using the Lennard-Jones value for r
o
) or one might use 

(10,CH3 - 
d
CH

/R &I and q0,H aii/Rox
In this approach (see equation 

3.8) it is assumed that the Van der Waals shifts of the protons of 

non-spherical solutes can be calculated by averaging the Van der 

Waals shifts which are calculated forliypothetical freely rotating 

spherical molecules of certain dimensions. One might, therefore, 

argue that for each of these hypothetical molecules the site factor 

should be calculated based on the R
o 
for that "molecule". The 

values in Table 3.6 which are calculated according to equation (3.8) 

are based on this assumption of different site factor for the 

different molecules. 

Since r
o 
of mesitylene is larger than for p-xylene, estimates 

for values of the individual distances of zero energy approach on basis 

of equation (3.5) or (3.7) in conjunction with equation (3.6) result 

for mesitylene in values which are slightly larger than for p-xylene; 

this seems hardly realistic. One might also assume that the three 

distances are the same in p-xylene and mesitylene, but that the larger 

average value of mesitylene is the result of the larger tendency 

of mesitylene to exhibit its larger radius. Since the ro value is 

characteristic for the pure compound and determined by collisions of 

identical molecules, one can write: 



Table 3.6 

Values for radii of zero energy approach in three directions obtained by various estimates 

p-Xylene Mesitylene 

Estimated 

(Eq. 3.5) 

Estimated 

(Eq. 3.7)*' 

Estimated 

(Eq. 3.9) 

Surface 

area R2

Estimated 

(Eq. '''.5) 

Estimated 

(Eq. 3.7)*

Estimated 

(Eq. 3.9) 

Surface 

area 0 

r
H 
X 7.17 6.43 7.34 35.5 7.53 6.76 7.34 26.6 

r
f 
R 3.61 3.24 3.70 47.0 3.80 3.41 3.70 47.0 

rm X 9.61 8.63 8.96 59.0 10.09 9.06 8.92 88.5 

* for n = 3 



• 11(rt + rf) + 2ptpm • 11(rt + rM) + 2ptpH • 11(rt + rH) + 

2pmpH • 11(rm + + pHpH • k(rH + rH) + pmpm • 1/4(rm + rM) 

(3.9) 

In these equationsthe r
f' 

r
H 

and rM parameters are as defined as 

before; they are the collision diameters in the directions indicated 

in the subscript. The coefficients pt, pm and pH are the probabilities 

that the molecules exhibit the particular collision diameter. They 

can be identified with the surface areas in the directions indicated 

in the subscript. Between them the following relation must exist. 

Pf Pm PH = 1  (3.10) 

Estimates of the unknown parameters can nevertheless be obtained by 

making certain assumptions about relations between them. For benzene 

one can write an equation similar to equation (3.9). By assuming that 

r
H 

and r
f 

are proportional to the Van der Waals radii one can "determine" 

the surface areas in these two directions. As a proportionality con-

stant between the collision diameters and the Van der Waals radii, 

one can take either 2 (equivalent with the assumption that the Van 

der Waals radius is equal to the collision radius), or 2.2
1/6 

(which would set the Van der Waals radius equal to the half of the 

equilibrium distance). Having obtained a value for the surface areas 
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of benzene in the various directions one can continue to assume that 

the same "flat" surface area applies to p-xylene and mesitylene, and 

that the surface area for approach in direction of the aromatic 

protons is proportional, to the corresponding surface area in 

benzene, with a proportionality constant equal to the ratio of the 

number of aromatic protons present. Having reduced the number of 

unknowns this way, one can solve equation (3.9) and (3.10) for pm

and rM for p-xylene and mesitylene. It should be pointed out, however 

that in this approach many arbitrary choices of parameters have been 

made. Many others are possible. In. Table 3.6 are contained various 

sets of values of "split-up" parameters; the sets are based on the 

approach outlined above (equation 3.9), on equation (3.5) and on 

equation (3.7) for n = 3. 

Under the present considerations the contribution to the Van 

der Waals shift of the methyl protons by a solvent molecule approach-

ing in any of the directions is directly proportional to the 

probability that an approach in this direction will occur. In other 

words, the Van der Waals shift can be assumed to be represented by 

an equation similar to equation (3.8); however, instead of the 

coefficient 1/3 the terms now have proportionality constant pm, pH.

and pf. In formula 

a 
-Kirna2I2 H6 (Y) • CH

3 
SCH

3 
S CH3 

4. { Pf 3 PH 3 PM 3w,CH
3 

V • 
m R

o,f o,H o,M 

(3.11) 
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Table 3.7 

Experimental and calculated values for the Van der Waals shifts of 
aromatic solutes in three solvents (-a ppm) 

p-Xylene Mesitylene 

CH
3 

CH Ratio CH3 CH Ratio 

Exp 0.397 0.300 1.32 0.365 0.252 1.45 

Cale 1 0.466 0.242 1.92 0.400 0.217 1.84 

Cale 2 0.249 0.190 1.31 0.220 0.175 1.26 

CC1
4 

Cale 3 0.237 0.186 1.27 0.220 0.174 1.26 

Cale 4 0.326 0.210 1.55 0.299 0.196 1.53 

Exp 0.260 0.197 1.32 0.238 0.177 1.34 

Cale 1 0.349 0.185 1.89 0.300 0.166 1.81 

Cale 2 
Cyclohexane 

0.176 0.139 1.27 0.165 0.133 1.24 

Cale 3 0.170 0.136 1.25 0.158 0.128 1.23 

Cale 4 0.229 0.152 1.51 0.210 0.143 0.147 

Exp 0.208 0.165 1.26 0.175 0.122 1.43 

Si(CH3)4
Cale. 1 0.225 0.125 1.80 0.196 0.113 1.73 
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Table 3.7 cont'd 

p-Xylene Mesitylene 

CH
3 

CH Ratio CH
3 

CH Ratio 

Calc 2 0.126 0.101 1.25 0.114 0.094 1.21 

Calc 3 Si(CH
3
)

4 
0.142 0.112 1.27 0.132 0.105 1.26 

Calc 4 0.193 0.126 1.53 0.177 0.117 1.51 



As in equation (3.8) one may or may not use the same site factors for 

the interactions with solvent molecules approaching in either of the 

three directions. 

In Table 3.7 the experimental values of the Van der Waals shift 

for the aromatic solutes in three isotropic solvents are given, to-

gether with the values calculated according to the three methods 

outlined above. In the row with the heading "calc 1" the values 

calculated according to equation (3.1) are given. Under the heading 

"calc 2" those are given which were obtained using equation (3.8) 

and in the row labeled "calc 3" the values calculated according to 

equation (3.11) are shown. Behind the label "calc 4" are given the 

results of a calculation similar to those outlined above,(equation 3.11) 

but where the site factor is calculated using the formula for the 

pair interaction rather than the site factor which results from 

integration over all configurations. Since this site factor, as given 

in equation (3.12) 

S 
(1 - q

o
2
)
4 

I + q0
2 

(3.12) 

increases more rapidly with increasing values of q0 and it is therefore 

expected that the ratios of the calculated values are larger than those 

obtained with equation (3.11). 

It can be seen from this table that the agreement of calculated 

and experimental values is not much improved by this approach in which 

the rotation is assumed to be totally restricted. The values of the 
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ratios of the shifta calculated on the basis of this assumption are 

admittedly closer to the experimental values than those calculated 

on the basis of the binary collision gas model (equation 3.1). 

This is true, regardless of the parameter set chosen for the collsion 

radii in the three directions. If the Van der Waals shifts are 

calculated with values for r
o 

obtained from equation (3.5) much larger 

absolute values result for the Van der Waals shift, but approximately 

the same ratio is retained. 

Although the ratios of the calculated values (equation 3.8 or 

3.11) are close to the experimental values, these same ratios reflect 

the shortcoming of these calculations in that the same ratios are 

obtained for p-xylene and mesitylene, whereas the experimental ratios 

are larger for mesitylenE than they are for p-xylene. 

Although not all the possibilities of this approach, with respect 

to the choice of the ways of "resolving" r
o 
values into components, and 

the choice of the site factor, have been exhausted, this approach was 

abandoned on the basis of the following considerations: 

1) It does not seem to be able to discriminate between p-xylene 

and mesitylene. 

2) The assumption of totally restricted rotation seems physically 

unrealistic. 

3) One parameter r
o 
is replaced by six ill-defined parameters. 

4) The approach lacier generality. For each individual solute 

molecule these new parameters have to be estimated in a 

rather arbitrary manner. 
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3.1.3 Rod-like shaped molecules in isotropic solvents 

Table 3.8 gives the experimental and calculated values of the 

Van der Waals shifts in isotropic solvents of some solutes the shape 

of which can be approximated as prolate spheroidal. The experimental 

values show interesting features. There are two compounds with only 

one proton type, 2-butyne and 2,4-dimethy1-2,3-pentadiene. In case 

of restricted rotation one would expect the methyl group of 2-butyne 

to experience the larger downfield shift, since it is better accessible 

for solvent molecules. In 2.4-dimethy1-2,3-pentadiene- each methyl 

group is partly screened by the other methyl group at the same carbon 

atom. In case of unrestricted rotation, when the binary collision gas 

model applies, it is not directly apparent which of the two compounds 

will show the larger shift compared to 2-butyne both the values of d 

and r
o 
in 2,4-dimethy1-2,3-pentadiene will increase and one would 

expect little difference, or maybe a slightly larger shift of 2,4-dimethyl 

2,3-pentadiene. The experimental data therefore suggests that rotation 

is restricted. 

A very interesting observation is that the values of the Van 

der Waals shift for 2-butyne in CC1
4 
and cyclohexane are fairly close 

to the values observed {5} for methane in these solvents. For 2-

butyne the values are -0.460 ppm and -0.275 ppm, whereas for methane 

they are -0.410 and -0.276 ppm. The values of the ratios of the 

shifts of 2-butyne and 2,4-dimethyl-2,3-pentadiene in CC14, cyclohexane 

and Si(CH
3
)
4 

approximately the same and are respectively 1.39, 1.21, 
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Table 3.8 

Experimental and calculated values of the downfield gas-to-liquid 
Van der Waals shift (-o- ppm) for rod-like shaped molecules in' 
isotropic solvents 

CC1
4 

Cyclohexanj SiBr
4 

Si(CH3)4

Exp Calc Exp Calc Exp Calc Exp Cale 

2-Butyne CH3 0.460 0.497 0.275 0.373 0.389 0.454 0.228 0.242 

CH3 
trans-2- 

0.372 0.407 0.237 0.308 0.359 0.375 0.203 0.202 

Butene 

CH 0.255 0.247 0.148 0.190 0.268 0.240 0.135 0.130 

CH3 
2,3- 

0.392 0.485 0.263 0.363 0.379 0.440 0.210 0.235 

Pentadiene 

CH 0.328 0.285 0.223 0.217 0.322 0.275 0.197 0.197 

2,4-
Dimethyl CH

3 
2,3-
Pentadiene 

0.332  0.228  0.472  0.177  

CH3

3-Hexyne 

0.347 0.845 0.218 0.625 0.343 0.738 0.168 0.382 

CH
2 

0.338 0.455 0.225 0.343 0.347 0.429 0.168 0.222 



and 1.29. The ratio value in SiBr
4 
0.82) is entirely out of line. 

The value of a
w 

of 2,4-dimethyl-2,3-pentadiene in SiBr4 has been de-

termined twice because it seemed to constitute an exception. Both 

times the same cr
w 
was found, so apparently no experimental error is 

involved both in comparison to the values of 2-butyne and in comparison 

to the values of the olefinic H of 2,3-pentadiene as well as to the 

methyl and the methylene group of 3-hexyne. 2,3-Pentadiene and trans 

2-butene seem quite well behaved in the sense that the innermost protons 

are subject to the smaller Van der Waals shifts, whereas for 3-hexyne 

it is observed that both the methyl and the methylene group experience 

about the same Van der Waals shift. The only difference between these 

molecules within the present context seems to be the possibility of 

free rotation of the ethyl group in 3-hexyne, whereas the configurations 

of 2,3-pentadiene and trans-2-butene are fixed. As is apparent from 

the rather poor agreement between calculated and experimental values 

of 2,3-pentadiene and trans-2-butene, the assumption of near sphericity 

of the molecules does not hold. Qualitatively, however, the experi-

mental data, are compatible both with totally restricted rotation and 

with rotation around an axis coinciding approximately with the line 

through the sp
2 

hybridized carbon atoms. In the former case the methyl 

protons will - for steric reasons - be more exposed to the solvent 

than the olefinic protons. In this case one expects the difference 

in Van der Waals shift of both proton types (or better their ratios) 

to increase with increasing solvent size. If rotation around the 
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long axis is fast, the olefinic and methyl protons can be thought as 

being situated on two coaxial cylinders and, although different 

from the previously defined site factor, one would expect a 

"cylindrical" site factor having the same qualitative characteristic 

in that the site factor should decrease with increasing solvent size. 

In this case, therefore, one would expect the ratio c
w
(CH

3
)/a

w
(CH

2
) 

to decrease from CC1
4 

to Si(C11
3
)
4
. For 2,3-pentadiene this trend 

is observed; the ratios of experimental Van der Waals shifts of the 

methyl and of the olefinic protons are 1.20, 1.18, 1.17 and 1.07. For 

trans-2--butene the corresponding values are 1.46, 1.60, 1.34 and 1.50. 

The trend of the values of 2,3-pentadiene seems to indicate a fast 

rotation around the long axis. If this is so,however, there is no 

reason why the values of trans-2-butene would not show the same trend. 

Fast rotation around the long axis is also hard to reconcile with 

the experimental equality of the Van der Weals shifts of the methyl 

and the methylene protons of 3-hexyne. If 2,3-pentadiene rotates 

fast around the long axis, one would expect 3-hexyne to do the same, 

and the Van der Weals shift for the methylgroup would be expected to 

be larger than for the methylene group. 

It is very interesting to point out here that the values observed 

for 3-hexyne in CC1
4 

and cyclohexane are almost exactly equal to the 

values of the Van der Weals shifts in these solvents as obtained in 

Figure 3.1 in the extrapolation of the values of the Van der Weals 

shifts of methyl and methylene groups to the point where they become 

equal. 
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In Figure 3.1, the experimental trend towards equality of CR and 

CH
3 

protons was interpreted as the result of interaction with the 

solvent of an ethyl group which has become increasingly independent 

of the rest of the solute. And this value is observed for the protons 

of 3-hexyne. This suggests strongly that the ethyl group in 3-hexyne 

is severely restricted in its rotation. 

For 2,3-pentadiene and trans-2-butene it was written that it was 

to be expected that restricted rotation around the long axis would 

result in a value of the Van der Weals shift for the olefinic proton 

ij which would be smaller than for the methyl protons. In light of the 

claim that for 3-hexyne restricted rotation results in equality of 

the Van der Weals shifts for both proton types, this may be questioned. 

These speculations are based on inspection of models and a firmer basis 

through a mathematical treatment of restricted rotation is required. 

In a comparison of experimental and calculated values the overall 

picture is that the agreement is poor except for trans-2-butene. For 

2,3-pentadiene the correlation of experimental and calculated values 

bears a strong resemblance to the correlation for p-xylene and 

mesitylene: too large a value calculated for the CR3 group, too small 

a value for the olefinic protons. For trans-2-butene the agreement is 

much better, but this trend is present. In view of the discussion of 

the restricted rotation of the ethyl group of 3-hexyne it is not sur-

prising that as in Sn(CH2CH3)4 the calculated values do not agree. 

Unavailability of physical constants for 2,4-dimethyl-2,3-penta-

diene prohibited aw values to be calculated, but it would be anticipated-
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that as in 2-butyne the calculated a
w 

values would be too large. If 

rotation around the axis perpendicular to the unique axis is slow in 

2-butyne, there is no apparent reason to believe that this would not 

be so for 2,4-dimethy1-2,3-pentadiene. 

Summarizing the result of the comparison of the experimental 

values and values with the binary collision gas model one can say that 

the binary collision gas model is not unsuccessful in predicting Van 

der Waals shifts for molecules which are nearly spherical, but that 

even in cases of nearly spherical molecules where the agreement is well 

within acceptable limits, systematic errors are observable. Such 

errors are attributed to restricted rotation. 

The following qualitative reasoning was the basis for an attempt 

to take non sphericity quantitatively into account. Consider a mole-

cule of prolate spheroidal shape, of which the ratio of the axes is 

large (say 4; see Figure 3.2) in a solvent consisting of relatively 

small molecules. 

It is apparent that qo will be fairly large, since both d and r 

are fairly large, and that in the calculations a large site factor 

will appear. If the molecule rotates so fast about its axes that 

it occupies a spherical cavity with a diameter of its unique axis, 

this large site factor is physically correct. 

In case of restricted rotation it is obvious that extension of 

the molecule with for instance a CH
3 

group at the side opposite the 

proton under investigation will not affect the accessibility of that 

proton. Yet, since the center of mass has been moved, ro has increased 
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SOLUTE 1 

SOLVENT 2. 

Figure 3.2 In large non spherical solute molecules various parts of 
the molecule interact independently with the solvent. 

and so has d, and the result is that go has increased. Physically the 

corresponding increase in the site factor is, therefore, not justified. 

This shows that when the shape or the size of the solute become such 

that various parts of the molecule interact with the solvent independ-

ently, the site factor would be expected to level off. For different 

molecules this leveling off will occur at different values of go, de-

pending on how much the shape deviates from sphericity. We see here 

the need for a site factor, defined not only by a parameter g
o
, but 

also by a parameter indicating how much the rotation is restricted; 

this, is likely to be closely correlated with the molecular shape. 
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In Figure 3.3 a plot is made of the site factor which would be 

needed to calculate a value for the Van der Waals shift equal to the 

observed value, vs. the parameter go. Each of the points represents the 

Van der Waals shift of one solute. The full line represents the 

theoretical site factor. The points cluster around the line and 

this supports the site factor concept. Yet too many points deviate 

from the line too much, to consider this site factor adequate; also 

quite different values of the site factor are apparently required at 

one value of go. This plot, however, can obviously not be used to 

define a new site factor. It can only be used to test it. 

The following more general approach was attempted to derive a 

site factor. It was assumed that all molecules can be satisfactorily 

represented by an ellipsoid. If the solute ellipsoid has half axes 

a
1
, b', and c

1
, the center of mass of a solvent molecule can always 

be thought of to be on an ellipsoid of half axis a
1 
+ x, b

1 
+ x, 

and c
1 
+ x, where x depends on the size and orientation of the solvent 

molecule. The average value of the inverse power of the distance R 

from the proton to this latter ellipsoid has to be determined. This 

latter ellipsoid is - for simplicity's sake - assumed to be a prolate 

ellipsoid of revolution, with a unique axes of length and a short 

axis of length 'lb. (See Figure 3.4). 

The position of the proton is defined, because of rotational 

symmetry, by two distances along the unique axis by a distance p < a, 

and along a short axis by a distance q< b. Defining the angles a 

and 6 as is indicated in Figure 3.4, one can derive the following 
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Figure 3.3 Site factor .S to calculate the experimental Van der 
reqWaals shifts. Apparently q

o 
alone is insufficient to 

define the site factor. 
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Figure 3.4 Ellipsoid to calculate value of <R
6
> 

- 128 — 



expression for the square of the distance R of the proton to the sur-

face of the ellipsoid. 

2 2 2  
a2b2 2abp cose - 2abq sinecosa 

R = p +q +
a
2 
sin

2 
+ b

2
cos

2
e (a

2 
sin

2
e + b

2
cos

20 11 

(3.13) 

The appropriate average value <1(
6
> can be defined as 

<R-6> J r R 6di 
fdT 

and the surface element di can be shown to be represented by 

, 
ab sine (a2cos2 + b2 sin2 6) 1/2 dT dada 

(a2ain2e b2c0a28)1/2

(3.14) 

(3.15) 

The expression for<a-6>is then obtained by substituting equations (3.13) 

and (3.14) into equation (3.15). In calculations of the Van der 

Weals shifts based on this equation values of the lengths of the half 

axes a and b are quite arbitrary; for this reason and because another 

more general theory of restricted rotation is being developed 165) led 

to the decision not to pursue further the solution of this very complex 

expression for<R
6
> . The approach outlined above would - at best - 

predict the Van der Waals shifts better. The new theory of restricted 

rotation is expected not only to calculate correct Van der Waals shifts; 

it should also be able to predict values for aa, since they solely 

arise from restricted rotation. 
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3.2 Discussion of experimental medium shifts in aromatic solvents. 

The same solutes as discussed in Section 3.1 were studied in 

the non polar aromatic solvents benzene, p-xylene, mesitylene. In 

addition to the downfield Van der Waals shifts, the solvents are 

subject to the neighbour anisotropy shift, which is upfield for the 

aromatic solvents. In magnitude this anisotropy shift in these 

solvents is larger than the Van der Waals shift, since the experimental 

sum of both is always upfield. 

3.2.1 Tetraethyl compounds and isobutane in aromatic solvents. 

In Table 3.9 are given the values of the observed medium shifts 

of the three tetraethyl compounds and of isobutane in the three 

aromatic solvents. Under the heading "aw,calc" the values for a
w 

are given as they are calculated with the binary collision gas 

model, and in the column under the heading "aa" are given the values 

of as which follow from the experimental values of the medium shift 

and the calculated values of a
w
. 

Consistently a larger upfield medium shift is observed for the 

innermost protons. This is in agreement with the concept of a Van 

der Weals shift which is smaller (less downfield) for the inner pro-

tons and an upfield anisotropy shift which has the same magnitude 

for inner and outer protons {7). 

Since the binary collision gas model is capable of calculating 

adequately the Van der Waals shift of the tetraethyl compounds in 

the isotropic solvents, one can again apply this same model; its 
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Table 3.9 

Medium shift am (corrected for ab) of near spherical solutes in aromatic solvents. 

Benzene p-Xylene Mesitylene 

aw+aa a 
w,calc 

ua it 
a aw+a a w,calc

a "Cr u 
a 

a
w
4-0.

a 
a 
w,calc 

ii a' u 
a 

CH
3 

C(CH2CH3)4

0.278 -0.197 0.475 0.225 -0.119 0.344 0.263 -0.107 0.370 

CH
2 

. 

0.342 -0.136 0.478 0.308 -0.089 0.397 0.347 -0.081 

- 

0.428 

CH
3 

Si(CH2CH3)4

0.230 -0.234 0.464 0.188 -0.138 0.326 0.218 -0.125 0.343 

CH
2 

0.302 -0.162 0.464 0.268 -0.102 .370 .305 -0.093 0.398 

CH
3 

Sn(CH2CH3)4

0.205 -0.306 0.511 0.132 -0.174 0.306 0.182 -0.156 0.338 

CH
2 

0.257 -0.205 0.462 0.190 -0.125 0.315 0.245 -0.114 0.359 

CH
3 

CH(CH
3
)
3 

0.210 -0.286 0.496 0.127 -0.169 0.296 0.178 -0.152 0.330 

CH 0.258 -0.221 0.479 0.167 -0.137 0.304 0.213 -0.125 0.338 



applicability is not beyond question, but at least in benzene one 

would not expect deviations to be too large. It must be kept in 

mind that the calculated values of a
w 
for the methyl groups of 

Sn(CH2CH3)4 were too large by approximately 0.07 ppm, and for the 

CH
2 
protons by about 0.01 ppm. Applying these corrections the 

values for a
a 
for the three tetraethyl compounds in benzene become 

0.475, 0.464 and 0.450 ppm respectively, these values applying both 

to CA2 and CH3. The values calculated according to the formula by 

Rummens {43} 

08
a 

1. 
(PPm) = 1/6 

V
1

(3.16) 

are 0.457, 0.449, and 0.446 ppm in the same order. Accepting the 

original assumption of applicability of the binary collision gas 

model, these results show two important phenomenae: 

1) that the site factor for the anisotropy shift is the same 

for the CH
3 
and the CH

2 
protons, and 

2) that aa is probably not an exclusively solvent property. 

p-Xylene and mesitylene as solvents show a behaviour which is 

remarkably different from benzene. The calculated values for are 

consistently smaller for the outermost protons, and in particular 

so when the "correction" is applied to the Van der Waals shifts of 

the methyl group of Sn(CH2CH3)4. This creates a difficult dilemma. 

If one assumes that the binary collision gas model is applicable to 
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solutions in all three solvents, one is forced to conclude that 

the a
a 

has different characteristics (with respect to the site 

effect) in benzene on one side, and p-xylene and mesitylene on the 

other side. 

Conversely, the assumption that the site effect for u
a 
is 

similar in the three solvents would necessarily lead to the con-

clusion that the binary collision gas model predicts correct Van der 

Waals shifts, either for benzene, or only for p-xylene and 

mesitylene. 

If the three solvents are believed to produce Van der Weals 

shifts in agreement with the binary collision gas model, they would 

be expected to produce (ra ts which are at least qualitatively 

similar. And conversely, if all three solvents exhibit the same 

qualitative features with respect to the site effect of a
a 
they 

would be expected to produce Van der Waals shifts which for all 

three are similar (regardless whether or not they are in accordance 

with the binary collision gas model). 

Either of these assumptions, thus, leads to the conclusion that 

among these three solvents, benzene takes a special place, with 

respect to both uw and c7 a. This conclusion is to some extent 

supported by the observation that for benzene as a solute in 

isotropic solvents the binary collision gas model calculates the 

correct values for caw, whereas for p-xylene and mesitylene as solutes 

the binary collision gas model gives unsatisfactory results. 
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Although the Van der Waals shifts produced by the three solvents 

will not be the same, one anticipates them to be not very different. 

Qualitatively one expects a slightly stronger dispersion field - at 

a given distance - in p-xylene and mesitylene, but this effect 

would to some extent be counteracted by the larger radii of these 

solvents which would make the distance of the solute protons and 

the center of the perturbing field slightly larger. 

In Tabel 3.10 the values for a
a 
are given, which are deter-

mined from the experimental values of a
m 

and a value of /
w 
which 

is assumed to be the same in all three solvents, namely the one 

calculated for the solutes in benzene. 

In this table it is taken into account that for the CH
3 

groups 

Sn(CH2CH3)4 too large a value is calculated and the "corrected" 

value for this a has been used. 
W 

In Table 3.10 as in Table 3.9, the values of the a
a
's for 

the innermost protons are consistently slightly larger than for the 

outer protons. Due to the rather crude assumptions, however, this 

small difference (of 0.02 ppm == 1Hz) may not be significant. Even 

if this observation is not significant the fact remains that the 

three solvents - at least qualitatively - show similar behaviour 

with respect to the site effect. 

Another interesting trend is that for all solutes the value 

for a
a 

goes through a minimum value for p-xylene as solvent. With-

out knowing exactly all the variable which are of importance in 
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Table 3.10 

Values for as in ppm of nearly spherical solutes in aromatic 
solvents obtained from experimental values for as + aw
and a value for aw being the same in the three solvents. 

Benzene p-Xylene Mesitylene 

CH
3 

C(CH2CH3)4

0.475 0.422 0.460 

CH
2 

0.478 0.444 0.482 

CH
3 

Si(CH2CH3)4

0.464 0.430 0.452 

CH
2 

0.464 0.438 0.467 

CH
3 

Sn(CH2CH3)4

0.450 0.380 0.432 

CH
2 

0.462 0.395 0.450 

CH
3 

CH(CH3)3

0.496 0.413 0.464 

CH 0.479 0.388 0.434 
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determining the magnitude of aa, one can argue {71} that aa will 

decrease as the number of aromatic rings per unit of volume decreases. 

One would therefore anticipate an inverse proportionality of aa and 

the molar volume of the solvent. 

On the other hand, the magnitude of the induced magnetic moments 

in the solvent molecules is related to the anisotropy of the dia-

magnetic susceptibility,dx. he Fevre and Murthy {72} report for 

benzene, p-xylene and mesitylene the following values! 

-9.7 x 10
-29

e.m.u. and -10.2 x 10
-29 

e.m.u. and -12.0 x 10
-29 

e.m.u. 

The molar volumes in the same order are 90.8 ml/mole, 125.6 ml/mole and 

141.3 ml/mole Assuming proportionality of (la and.Ax/V2 and dis-

regarding all other effects (e.g. the different average distances 

of solute and solvent in benzene and mesitylene or the possible 

effect of the solute size) G
a 

would have the following relative 

magnitudes in the three solvents: 10.7, 8.1 and 9.6 which is the 

observed trend. 

The values of the medium shifts experienced by the protons of 

isobutane in these aromatic solvents are surprising insofar as they 

show the same trend as the tetraethyl compounds. The value of the 

medium shift of the inner protons exceeds that of the outer protons 

in all three solvents. 

In Table 3.9 the values of a
a 
are shown which are calculated 

assuming that the binary collision gas model holds true. In the 

tetraethyl compounds in Table 3.9 the values for aa suggest an 

equal site factor for both types of protons in benzene, and different 
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site factors for inner and outer protons in p-xylene and mesitylene 

such that the outer protons have the smaller site factors. 

For isobutane a trend in the same direction is observed, but 

rather than from a site factor ratio of 1 in benzene and one smaller 

than 1 in p-xylene and mesitylene, one notices a ratio greater than 

1 in benzene and a ratio only slightly less than 1 in p-xylene and 

mesitylene. The differences are however, only small and not neces-

sarily significant. 

From the experimental data of Van ler Weals shifts of isobutane 

in the isotropic solvents (see Table 3.1) it is apparent that the 

values for the Van der Weals shift of the methine proton is not 

calculated correctly when the binary collision gas model is used. 

Rather, the Van der Weals shifts of methyl and methine protons are 

the same and are equal to the value which is calculated for the 

CH
3 
group. If we use this value for the a

w 
of both methyl and 

methine protons it is observed that the aa of the outer protons is 

always smaller than the as of the inner protons by about 0.04 ppm. 

3.2.2 p-Xylene and mesitylene in aromatic solvents. 

In Table 3.11 are collected the medium shifts of p-xylene and 

mesitylene in the aromatic solvents. In the isotropic solvents the 

binary collision gas model was unable to accurately calculate the 

Van der Weals shifts of the methyl groups. For the aromatic protons, 

however, the agreement of calculated and experimental values was 
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Table 3.11 

Experimental medium shifts and calculated values for aw and as for 
p-xylene and mesitylene in aromatic solvents. 

Benzene p-Xylene Mesitylene 

a+a a 
w a 

a w,calc a a + a w a 
a 
w, calc a a a + a w a a 

w,calc 
a 
a 

p-Xylene 

CH3 0.237 -0.282 0.519 0.162 -0.172 0.334 0.208 -0.156 0.364 

CH 0.162 -0.219 0.381 0.167 -0.133 0.310 0.212 -0.121 0.333 

Masitylene 

CH
3 

0.205 -0.278 0.483 

r-

0.145 -0.172 

-I 

0.317 0.192 -0.156 0.348 

CH 0.183 -0.196 0.379 0.193 -0.121 0.314 0.255 -0.110 0.365 



acceptable. Furthermore it was observed that for p-xylene and 

mesitylene in the isotropic solvents the experimental ratio 

was approximately constant and had a value 1.29 for 
aw,CH3/aw,CH2 

p-xylene and 1.42 for mesitylene. In Table 3.11 the values a
w,calc 

for the aromatic protons are the ones calculated with the binary 

collision gas model and the values for CH
3 
have been obtained by 

multiplying this value with the experimentally observed constant 

ratio. The values of a
a 

obtained in this manner show that the ratio 

aa(CH 
is not unity and much greater in benzene than in. 

3
)laa(CH) 

p-xylene and mesitylene. Extra caution, however, is required in 

using the medium shifts of p-xylene in mesitylene and of mesitylene 

in p-xylene since overlap of the signals of the methyl groups is 

responsible for a large uncertainty in the am. But even if an 

additional uncertainty of ±0.02 ppm is allowed in these values, 

benzene still takes a unique position in that the site factor ratio 

for as is considerably larger in benzene than in the other solvents. 

As with the nearly spherical solutes (see Table 3.9) in the 

aromatic solvents one could assume the a
w
Is produced by p-xylene 

and mesitylene to be equal to the aw calculated for benzene. For 

the aromatic solutes this assumption leads to values for as which 

for the methyl groups go through a minimum in p-xylene whereas for 

the aromatic protons the aa's increase from benzene to mesitylene. 

Rather than using values of a
w 

to determinea
a
's one can use 

values of a 1--o determine 
w 
a's. One could attempt to use the a vIlues 

(-1 a 
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as they are quoted in Table 3.10. Since the dependence of
a 

on the 

molar volume of the solute is only slight, we may neglect this to a 

first approximation. 

It is observed that the values for a obtained in this way are 
w 

such that the methyl protons are subject to the smaller downfield 

shift. This clearly contradicts the value obtained for these solutes 

in isotropic solvents. 

In particular for these non spherical solutes in anisotropic 

solvents a quantitative model of restricted rotation is required 

before any discussion above the level of speculation is possible. 

3.2.3 Rod-like shaped molecules in aromatic solvents. 

Of the solute molecules of Table 3.12 only trans-2-butene was 

subject to a Van der Weals shift in isotropic solvents conforming to 

the values calculated with the binary collision gas model. Application 

of this model to solutions of trans-2-butene in aromatic solvents can 

be seen to give rise to values for aa such that the ratio of the site 

factors is much larger than 1 in benzene and significantly less than 

1 in mesitylene. A site factor for a
a 
which is smaller for the outer 

protons than for the inner protons has been observed not only here, 

but in various of the previous tables, and with a frequency which 

seems too high to be accidental. 

If the binary collision gas model is still applicable in aromatic 

solvents, the conclusion seems inevitable that a
a 
is subject to site 
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Table 3.12 

Medium shifts and calculated values of the ow and ua shifts of 
rod-like molecules in aromatic solvents 

Benzene p-Xylene Mesitylene 

aw+aa aw,calc "a a" aw+aa aw,calc "aa" aw+aa aw,calc "a 
" 
a

2-Butyne CH
3 

0.222 -0.457 0.679 0.157 -0.246 0.383 0.190 -0.217 0.407 

CH
3 

trans-2-Butene 

0.175 -0.372 0.547 0.107 -0.208 0.315 0.143 -0.185 0.328 

CH 0.227 -0.222 0.449 0.200 -0.138 0.338 0.238 -0.125 0.363 

CH
3 

2,3-Pentadiene 

0.195 -0.445 0.640 0.113 -0.238 0.351 0:158 -0.210 0.368 

CH 0.083 -0.257 0.340 0.092 -0.154 0:246 0.101 -0.139 0.240 

2,4-Dimethyl-

2,3-pentadiene 
CH
3 

0.120 - - 0.091 - 0.120 - - 

CH
3 

0.247 -0.789 1.036 0.189 -0.377 0.566 0.212 -0.325 0,537 

3-Hexyne 

CH2 0.213 -0.417 0.630 - -0.230 - - -0.204 - 



effects such that the anisotropy shift experienced by the inner pro-

trons exceeds the shift of the outer most protons. 

If one - as before - assumes the values of a
w 
in the three solvents 

to be the same {namely equal to the value calculated for benzene) 

the following values are obtained for the values of aa experienced 

by the inner and outer protons of trans-2-butene: 0.547 and 0.449 

ppm in benzene, 0.479 and 0.422 ppm in p-xylene and 0.505 and 0.460 ppm 

in mesitylene. 

For 3-hexyne, the overlap of the signals of the methylene protons 

and of the methyl groups of the solvent made it impossible to obtain 

values for the medium shifts of the methylene protons. Since the 

calculated values for a
w 
in isotropic solvents were very different 

from the experimental values, there is little value to be attached 

to the calculated values of the Van der Waals shift of 3-hexyne in 

benzene. Considering the experimental equality of the Van der 

Waals shifts of the methyl and the methylene groups in isotropic 

solvents, the inequality of the medium shift in which no site effect 

is operative, although the Van der Waals effects in anisotropic sol-

vents are not necessarily similar as in isotropic solvents. 

Comparing 2-butyne and 2,4-dimethyl-2,3-pentadiene it is observed 

in'all three solvents that the methyl groups of 2-butyne are subject 

to the larger 

servation was 

Weals shift. 

upfield medium shift. In isotropic solvents the ob-

that 2-butyne experiences the larger downfield Van der 

It this holds equally here in isotropic solvents, then 
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2-butyne is also aubject to the larger aa. 

Summarizing the results of the study of the discussed solutes, 

in anisotropic solvents one can conclude that firm decisions concern-

ing the magnitude of aa in the three atomatic solvents are impossible. 

Cautious application of the binary collision gas model leads to values 

for a
a 
which seems to place benzene in a position slightly different 

(with respect to a possible site effect for a
a
) from p-xylene and 

mesitylene. In particular in these latter solvents it is observed 

that values for a
a 

are calculated which are smaller for the "outer" 

protons than for "inner" protons. Since - even in isotropic solvents 

- rotation the solute has been seen to be restricted, the physical 

significance of the distinction of outer and inner protons is 

questionable. 

3.3 Experimental values of the medium shifts in CS2

In Table 3.13 the experimental values are given of the medium 

shift in CS
2 
experienced by the same solutes as discussed before. The 

values in the column under the heading 
aw,calc 

are the values of aw
' 

calculated with the binary collision gas model (Equation 1.71). 

Table 3.13 exhibits two striking features: the large values of 

the medium shifts and the total lack of agreement between calculated 

and observed values. Buckingham, Schaefer and Schenider (5} calculate 

that the anisotropy shift caused by the non-random orientation of the 

solvent molecules around the solute to an approximation is given by 

the following expression: 
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Table 3.13 

Experimental values of the medium shift in CS2 and 

corresponding calculated values of cr . 

am,exp aw,calc 

Ratio 
c (CH3 

m 
)/a (CH2 ) 

m 

Observed average ratio 
in isotropic solvents 

CH
3 

-0.345 -0.449 

C(CH2 CH3 ), 1.22 1.49 

CH
2 

-0.282 -0.284 

CH
3 

-0.367 -0.557 

Si(CH
2
CH
3
)
4 

1.17 1.31 

CH
2 

-0.312 -0.351 

CH
3 

-0.383 -0.779 

Sn(CH
2
CH
3
)
4 

1.10 1.19 

CH
2 

-0.348 -0.469 

CH
3 

-0.422 -0.681 

CH(CH3)3
1.05 e.....1 

CH -0.400 -0.487 

CH
3 

-0.523 -1.193 

p-Xylene 1.25 1.29 

CH -0.417 -0.501 
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Table 3.13 cont'd 

a,m,exp w,calc 
Ratio 

a (CH3 )/am (CH2 ) 
m 

Observed average ratio 
in isotropic solvents 

CH
3 

Mesitylene 

CH 

-0.478 -0.980 

1.34 1.42 

-0.355 -0.439 

CH
3 

trans-2-Butene 

CH 

-0.488 -0.963 

1.39 1.60 

-0.352 -0.490 

2-Butyne CH
3 

-0.540 -1.255 ____ ----

CH
3 

3-Hexyne 

CH
2 

-0.453 -2.609 

r•al 

. 

--#1 

-0.447 -1.113 

CH
3 

2,3-Pentadiene 

CH 

-0.500 -1.233 

1.07 1.15 

-0.468 -0.600 

2,4-dimethyl 
CH3 

2,3-pentadiene 
-0.445  __-_ ____ 
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aa 
= -n1[(X )/3 R (3 cost 8 -- 1) (3.17) 

X1 and x are the diamagnetic susceptibilities respectively paralled and 

perpendicular to the unique axis of symmetry, n is the number of near-

est neighbours, R is the distance of the proton to the center of the 

induced magnetic dipole (assumed to be a point dipole) and 8 is the 

angle between the distance vector and the unique axis. 

For disc shaped solvent molecules (like benzene) solvating a 

spherical solute the preferred angle 8 equals 0 and equation (3.17) 

takes the value 

aa(disc) n
3 3 

For rod shaped solvent molecules, the angle 0 equals 90° and 

equation (3.17) becomes 

aa(rod) = + 
1 
n 

Axa a 
R 

(3.18) 

(3.19) 

On basis of this latter formula various authors {7,37,42} have taken 

CS2 to produce an anisotropy shift with a sign opposite to that of 

benzene; i.e. a downfield anisotropy shift. 

Recently, however, Raynes and Raza {66, 67} have claimed that 

their experimental data in CS
2 

can be accounted for satisfactorily 
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without the assumption of any anisotropy shift at all. 

In molecular terms absence of an anisotropy shift means absence 

of a preferred orientation, or fast rotation around an axis perpen-

dicular to the unique axis. Information about rotational reorienta-

tion times can be obtained from measurements of relaxation times. 

For CS
2 

these are not available, but for acetonitrile Moniz and 

Gutowsky {68} measured the relaxation time T
1 
for both the 

1
H and 

14
N nuclei. From their results they conclude that the rotation of 

acetonitrile is anisotropic, the correlation time for rotation around 

the C-CN axis being much shorter than the correlation time for rotation 

around an axis perpendicular. This same conclusion is arrived at by 

Bopp {69} on the basis of his measurements of the relaxation times 

of CD
3
C
14
N. 

Although CS2 differes from acetonitrile, a similar rotational 

behaviour seems a reasonable assumption, until proven invalid. 

The experimental values of the medium shifts are all rather large. 

Keeping in mind, however, that CS2 is an "unusually" small molecule, 

the "usual" order of magnitude of the Van der Weals shifts may well 

be exceeded. If CS
2 
would indeed not produce a a

a
, -i.e. if its 

rotation is so fast that it behaves as if it is a sphere - the binary 

collision gas model would be expected to predict reasonably accurate 

values for this pure ow, unless CS2 is so much smaller than the solutes 

that it interacts independently with the various parts of the solute 

molecule. In this latter case the binary collision gas model has 

been demonstrated to overestimate the Van der Weals shift, in 
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particular for the protons with the large value of d. 

For the tetraethyl compounds in the isotropic solvents it was 

observed that the ethyl groups interacted increasingly more independ-

ently in the series X(CH2CH3)4, with X being C, Si, Sn, and that the 

limit was reached for 3-hexyne, for which the Van der Waals shifts 

of CH
3 

and CH
2 

protons had reached equal values. A plot similar to 

Figure 3.1 has been made for the tetraethyl compounds in CS
2 
(see 

Figure 3.5). 

It is seen that the value of the medium shift where the shifts 

of the CH
2 
and the CH

3 
protons become equal is very close to 

experimental value of the medium shift of the CH2 and the CH 

of 3-hexyne in CS2. This shows that also in CS2 the concept 

individually interacting ethyl groups is valid. It does not 

or disprove the existence of a
a
. 

of the existence of as in CS
2 
is 

bring the ratio of the resultant 

the 

protons 

of 

prove 

However, a consideration in favor 

that a negative value of as would 

a
w 

values closer to that observed 

in the isotropic solvents. This would hold true for all solutes 

except isobutane. 

Qualitatively there seems no necessity to assume the existence 

of a as in CS2. The values of the medium shifts are large, but not 

unrealistically large. On the other hand, theoretical considerations 

argue in favor c a a
a
, an added advantage of which would be that a

values are more in line with those observed in other solvents. However 

other means are requried to resolve this question firmly. 
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Using the approach outlined by Rumens, {43} leads to approxim-

ately the same value of as in CS2, which qualitatively seems required 

to obtain similar ratios for the resultant a
w 

and the a
w 

of these 

solutes in isotropic solvents. The values of the radii r = 3.55 

and r = 1.0. This gives a value of r
2 

and 1.85 R. With the value 

-2 
of Ax= 5 x 10 -9 (5) this leads to a value as = -0.264/V1/6. Since 

1 

for most solutes a
a 
is of the order of 120 ml/mole, a

a 
takes the 

approximate value of -0.120 ppm. 

3.4 Discussion of the results of a factor analysis. 

The results of Malinowski and coworkers {36,37,38} concerning 

the factor analysis of the NMR chemical shifts (corrected for a
b
) 

have shown that the chemical shifts experienced by solutes in non 

polar solvents can be satisfactorily expressed in terms of three 

physically significant phenomenae, which could be identified' with 

the gas phase shift of the solute, the aw and the aa. In this 

identification process one of the criteria used to obtain values for 

a
w 

was that as is a property dependent only uppn the solvent. Since 

the assumption is not necessarily correct, a slightly different 

approach was attempted in this thesis. 

According to the method outlined by Bernstein {41} (see also 

Section 1.3) the solute and solvent number were determined for all 

solutes in the three "tetrahedral" solvents, CC14, SiBr4, Si(CH3)4. 

Since various authors {18,22,37} have claimed a small aa effect for 

cyclohexane, it was first investigated whether the present data 
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indicated any need to assume cyclohexane to be anisotropic. Accord-

ing to equation (1.93) one can write 

um = Sw(i) • Mi) aa(i) 
(3.20) 

where S
w
(i) and Uw(j) are the solvent and the solute factor for the 

Van der Waals shift, and and a
m 

are the anisotropy shift and the 

medium shift (corrected for u
b
). By plotting a

m 
of a series of 

solutes in solvent i vs their solute numbers one expects - if 
as
 is 

solvent property only - a straight line with a slope Sw(i) - the 

solvent factor for the Van der Weals shift - and an intercept aa(i). 

In an attempt to resolve whether or not cyclohexane produces an 

anisotropy shift, the medium shifts of the solutes in cyclohexane 

were plotted vs their solute numbers as determined in the three 

"tetrahedral" solvents. The result is shown in figure 3.6. The 

slope of the line corresponding to the solvent factor of the Van der 

Waals shift of cyclohexane is 0.625 t 0.03 and the intercept corres-

ponding to aa is aa = 0.010 ± 0.009. The correlation coefficient 

for 18 points is 0.98. Within experimental error this value for a 

may be considered zero. The solute and solvent numbers were then 

redetermined,this time with inclusion of cyclohexane. The results 

are shown in Table 3.14. 

The agreement, between experimental and calculated values is ex-

cellent. The experimental value of 2,4-dimethy1-2,3-pentadiene has not 

been taken into consideration since in this case an extra effect 
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Figure 3.6 Graph of medium shifts of various solutes in cyclohexane 
vs the solute numbers. 
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Table 3.14 

Comparison of experimental downfield ow values and values calculated 
with the indicated solute and solvent numbers. 

CC1
4 

1.00 

Cyclohexane 

0.660 

SiBr4

0.9618 

Si(CH
3
)
4 

0.5271 

acalc aexp acalc aexp acalc aexp acalc aexp 

1 C11
3 

0.2239 

C(CH2CH3)4

0.224 0.220 0.148 0.143 0.215 0.217 0.118 0.123 

2' ' CH
2 

0.1502 0.150 0.153 0.099 0.098 0.144 0.142 0.079 0.080 

3 CH3 0.2427 

Si(CH2CH3)4

0.243 0.242 0.160 0.165 0.233 0.238 0.128 0.122 

4 CH
2 

0.1854 0.185 0.190 0.122 0.127 0.170 0.185 0.098 0.088 

5 CH
3 

0.2715 

Sn(CH2

0.272 0.265 0.179 0.185 0.261 0.252 0.143 0.147 

3)4

6 CH
2 

0.2288 0.229 0.222 0.151 0.162 0.220 0.212 0.121 0.120 

7 CH
3 

0.2967 

CH(CH3)3

0.297 0.298 0.196 - 0.285 0.265 0.156 0.167 

8 CH 0.3056 0.306 0.302 0.202 - 0.294 0.272 0.161 0.175 

9 CH
3 

0.3946 0.395 0.397 0.260 0.260 0.380 0.378 0.208 0.208 

p-Xylene 

10 CH 0.3053 0.305 0.300 0.201 0.197 0.294 0.298 0.161 0.165 

11 CH
3 

0.3558 

Mesitylene 

0.356 0.365 0.235 0.238 0.342 0.352 0.188 0.175 

12 CH 0.2515 0.252 0.252 0.166 0.177 0.242 0.245 0.133 0.122 
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Table 3.14 (cont'd) 

CC1
4 

1.00 

Cyclohexane 

0.660 

SiBr4

0.9618 

Si(CH
3
)
4 

0.5271 

acalc Cexp a
ealc 

a 
exP a calc aexp  lc ca a exp 

13 CH3 0.3723 0.372 0.372 0.246 0.237 0.358 0.359 0.196 0.203 

trans-2-Butene 

14 CH 0.2535 0.254 0.255 0.167 0.148 0.244 0.268 0.134 0.135 

15 
IMA* CH

3 0.3377 0.338 0.332 0.223 0.228 0.352 0.472
+ 

0.178 0.177 

16 CH
3 

0.3381 

3-Hexyne 

0.338 0.347 0.223 0.218 0.325 0.343 0.178 0.168 

17 CH2 0.3396 0.340 0.338 0.224 0.225 0.327 0.347 0.179 0.168 

18 CH3 0.3957 0.396 0.392 0.261 0.263 0.381 0.379 0.209 0.210 

2,3-Pentadiene 

19 CH 0.3436 0.344 0.328 0.227 0.223 0.330 0.322 0.181 0.197 

20 
2-Butyne CH3 0.4284 0.420 0.460 0.283 0.275 0.412 0.389 0.226 0.228 

* 2,4-Dimethy1-2,3-pentadiene 

This experimental value has been omitted in the calculations (see text). 



(complex formation ?) is suspected. Using the solute numbers for the 

Van der Waals shift, determined in this manner, the observed medium 

shifts in the aromatic solvents and in CS were plotted vs the solute 

numbers. The resulting graph for CS2 Js shown in Figure 3.7. It 

can be seen to be an excellent straight line, with a slope - corres-

ponding with the solvent number for the Van der Waals shift - 

S
w
(i) = -0.9635 and an intercept - corresponding with a

a 
- of -0.126 ppm. 

The correlation coefficient for 20 points is 0.990. This excellent 

straight line seems to support the concept of an anisotropy shift of 

CS2. The magnitude of -0.126 (=7.5Hz at 60 MHz) is in the vicinity 

of the values reported earlier {7,39,41,42} (see also page 42). 

Plots similar to Figure 3.7 were made for the medium shifts ex-

perienced by the solutes in the aromatic solvents. Since the plots 

in all three solvents benzene, p-xylene, and mesitylene were very 

similar only the one in benzene is shown in this thesis as Figure 3.8. 

The points do obviously not fall on a straight line. The six points 

representing the medium shifts of the CH
2 

and CH
3 

protons of the 

three tetraethyl compounds define a fairly good straight line, but 

too many points are too far removed from this line. (Extrapolation 

of this line yields a value of 0.510 ppm for the oa of benzene). 

If the anisotropy shift is not a solvent property only, it is obvious 

that a plot like Figure 3.8 will not yield a straight line. Therefore 

it was decided to perform a factor analysis analogous to the method 

of Weiner and Malinowski {38} on the data in the three anisotropic 

solventS4'In order to completely understand the procedure followed in 
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Figure 3.7 Graph of medium shifts in CS2 vs solute numbers. 
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Figure 3.8 Graph of the medium shifts in benzene vs solute numbers. 
(the numbers of the points correspond with the numbers 
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in this thesis at first, an outline of the procedure of Weiner and 

Malinowski will be given. 

The medium shift matrix (S) is assumed to be the product of a 

solute factor matrix (U) and a solvent factor matrix (V), according 

to the formula 

(S) = (U) (V) (3.21) 

In order to determine the number of relevant factors required to 

reproduce the solvent matrix, the matrix (S) is premultiplied with 

its transpose (S)T to form the correlation matrix (C). 

(C) = (S)T(S) (3.22) 

This square matrix (C) can be diagonalized by a matrix (B), such that 

(B)-1(C)(B) = ( 
jk) 

(3.23) 

(B)
-1 

denotes the inverse of matrix (B), (Silt is the Kronecker delta, 

Xj is an eigen value of the set of equations 

where 

(C){B.} = {B.} (3.24) 

} is the corresponding eigen vector. (U) is defined as 
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(U) = (S)(B) 

and for (V) it follows that 

(V) = (B)T

(3.25) 

(3.26) 

The purpose is to reproduce• (S) within experimental error, using 

the minimum number of independent eigen vectors. As a first trial 

we start with the eigen vector {B } associated with the largest eigen 

value 
Al 

and perform the matrix multiplication. 

(S) = (U
1
)(V

1
) (3.27) 

where fU
1
1 is a column vector, and {V1} 

a row vector. Subsequently 

the next largest eigen value A2 is used with the associated eigen 

vector and the resulting U
2
V
2 
elements added to the corresponding 

U
I
V1 elements and so on until the original solvent matrix is re-

produced satisfactorily. The number of required eigen values is the 

minimum number of independent factors required to reproduce the 

experimental matrix. 

In order to get insight into the physical significance of the 

factors, the solute and solvent factor matrices are "rotated", i.e. 

multiplied with a matrix (R) and (R)
-1 

respectively such. that 

(IT) = (U)(R) and (V) (R) 1(V) (3.28) 

-159-



Weiner, Malinowski and Levinstone have deduced a simple least square 

procedure in order to obtain (R). Let {V} be a column of the suspected 

real physical factors, then (R} is given by the following equation 

(11) = (1/X.(S ) (U) T {U). (3.29) 

This equation gives the value of {R) with which {U} - a column of the 

mathematical solute factor matrix - has to be multiplied so that {U} 

approaches {U} as closely as possible. {R} defined in this manner 

(equation 3.29) minimizes the difference TT
ik 
 - U

ik 
by standard 

least squares procedures. Since the procedure does not allow "empty 

spaces" in the matrix the methylene protons of hexyne were skipped 

as a solute and a 19 x 3 (S) matrix remained (Table 3.15). By pre-

multiplication with its transpose the 3 x 3 correlation matrix (C) 

was obtained. (By post multiplication a 19 x 19 matrix is obtained 

which, when treated in an analogous way as described above would en-

able one to rotate into solvent factors). The eigen values of C were 

the following. 

Al = 2.44899 

A
2 
= 0.01223 

• 
A
3 
= 0.00175 
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The corresponding eigen vectors {Bi} were the columns of the follow-

ing matrix (B) 

B 

0.62683 

0.49129 

0.60475 

• -0.76644 

0.53167 

0.36041 

0.14399 

0.68016 

-0.71016 

The relatively small magnitude of the second and third eigen 

value indicates that the whole original shift matrix can almost be 

reproduced using only one column of solute factor matrix (U). (If 

a
w 

and a
a 
are indeed the physically significant processes this would 

mean that they are proportional.) In Table 3.15 are given the ex-

perimental shift matrix and the values which are calculated using only 

one vector (factor) ;and by using two. The latter is seen to give 

a very good reproduction, well within experimental error (only 6 of 

the 57 values deviate by more than 0.010, the largest deviation 

being 0.016). 

On this basis the conclusion was warranted that indeed two 

physical processes are important. 

In order to calculate the columns {It} of the rotation matrix (R) 

values of the solute factors have to be chosen. The choice of the 

solute factors for the Van der Waals shift (as determined in the 

isotropic solvents) is the obvious choice for the {U }vector and for 

the {U2} one can choose either all elements equal to 1 or equal to 

- 161 -



Table 3.15 

Experimental medium shifts in aromatic solvents and 
reproduced values using one and two eigen vectors. 

Benzene p-Xylene 
1 

Mesitylene 

Sexp U1V1
U/Vi + 
U2V2 Sexp UiVi

VIVI + 
U2V2 S

exp VIVI.
UiVi + 

U2V2

CH
3 

C(CH2CH3)4

0.278 0.278 0.277 0.225 0.218 0.219 0.263 0.268 0.269 

CH2 0.342 0.361 0.340 0.308 0.283 0.297 0.347 0.348 0.350 

CH
3 

Sn(CH2CH3)4 

0.230 0.231 0.229 0.188 0.181 0.182 0.218 0.223 0.224 

CH
2 

0.302 0.317 0.301 0.268 0.248 0.259 0.305 0.306 0.313 

CH
3 

SN(CH2CH3)4

0.205 0.190 0.206 0.132 0.149 0.138 0.182 0.183 

-,. 

0.176 

CH
2 

0.257 0.252 0.258 0.190 0.198 0.194 0.245 0.243 0.241 

CH3

CH(CH3)3

0.210 0.189 0.211 0.127 0.148 0.133 0.178 0.182 0.172 

CH 0.258 0.233 0.258 0.167 0.183 0.167 0.213 0.225 0.214 



Table 3.15 (cont'd) 

Benzene p-Xylene Mesitylene 

Sexp U1V1
UiVi + 
U2V2 Sexp U1V1 

U
1
V
1 
+ 

U2V2 Sexp U1V1
U
1
V
1 
+ 

U2V2

CH3 0.237 0.222 0.237 0.162 0.174 0.163 0.208 0.214 0.207 

p-Xylene 

CH 0.162 0.195 0.164 0.167 0.153 0.175 0.212 0.189 

- 

0.203 

CH
3 

Mesitylene 

0.205 0.198 0.206 0.145 0,155 0.149 0.192 0.191 0.187 

CH 0.183 0.228 0.186 0.193 0.179 0.207 0.255 0.220 0.239 

CH
3 

trans-2-Butene 

0.175 0.155 0.175 0.107 0.122 0.109 0.143 0.150 0.141 

CH 0.227 0.241 0.227 0.200 0.189 0.198 0.238 0.233 0.239 

TMk* CH3 0.120 0.121 0.121 0.091 0.095 0.094 0.120 0.116 0.116 

3-Hexyne CH
3 

0.247 0.236 0.246 0.189 0.185 0.178 0.212 0.227 0.223 

* 2,4-Dimethyl-2,3-pentadiene 



Table 3.15 (cont'd) 

Benzene p-Xylene Mesitylene 

S
exp 

U
1
V
1 

U1V1 + 

U2V2 
S
exp 

U
1
V
1 

U
1
V
1 
+ 

U V 
2 2 

S
exp 

U
1
V
1 

U
1
V
1 
+ 

U2V2 

CH
3 

2,3-Pentadiene 

0.195 0.171 0.196 0.113 0.134 0.117 0.158 0.165 0.154 

CH 0.083 0.099 0.083 0.092 0.078 0.089 0.101 0,096 0.104 

2-Butyne CH
3 

0.222 0.201 0.223 0.137 0.158 0.143 0.190 0.194 0.184 



the inverse sixth power of the molar volume, or any number which, on 

whatever basis, seems "reasonable". 

After selection of the (U) matrix, a (R) matrix was calculated 

and with it an (U) matrix and an (V) matrix. These (U) and (V) 

matrices reproduced the experimental shift matrix well. However, this 

result was no more useful than the original (U) and (V) matrices since 

0
1

- } turned out to be substantially different from (Ul- }
 

and therefore 

lacks physical meaning. Therefore, the same conclusion also applies 

to (12}. 

From a mathematical point of view this can be explained as follows. 

From equations (3.28) and (3.29) it is evident that - if (U1) is not 

equal to a multiple of the mathematical vector (UI) - an equality 

of (U) and (U
1
) can be achieved only if the operator 

(U) (odyaik) (U)T

equals the unity matrix. After substitution of equations (3.23) and 

(3.25) this condition can be rewritten as follows 

(S) (C)-1(S)T (Unity) (3.30) 

According to equation (3.22) the matrix (C) is defined by the follow-

ing relation 

(c) - (s)T(s) 
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The condition of equation (3.30) can then be seen to hold only if one 

is allowed to write 

(C)
-1 

= (S)-1(S)T

i.e. if (S) and (S)T have an inverse; (when they are square (and are 

not singular)). The requirement that the original shift matrix has to 

be square in order to be able to rotate the mathematical {111} vector 

in such a manner that all the elements of the rotated vector {1J1} 

coincide exactly with the elements of the desired vector {U1} can 

physically be appreciated in the following terms. 

In order to force each one of n parameters (in our case n = 19) 

to assume a certain value (not related their original values), n 

adjustable parameters are required. 

It is obvious, however, that it must be possible to use the 

solute numbers for the Van der Weals shift as a vector in the solute 

factor matrix. The basic assumption of factor analysis is that the 

solvent shift can be expressed as the sum of a number of terms each 

of which is the product of a solute and a solvent factor. In matrix 

form this is written as 

= (7) 

(see equation 3.21). From the factor analysis it is known that two 
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factors are important. By choosing a complete matrix (U) one can 

calculate the matrix (V) which is required to reproduce the original 

matrix (S) by means of the following formula 

U) (U) 
T

 (S) = (3.31) 

By choosing the elements of the (U) matrix different from the ones 

which are obtained mathematically (directly or after rotation) one 

loses of course the "exact" reproducibility. But the reproduction 

will be better the closer the chosen values of the elements of (U) 

are to values which can be obtained mathematically, or in other words, 

the closer they are to the value which represent the actual physical 

processes. 

Since Weiner and Malinowski used 1 as the solute factors for 

the a
a 

and since this criterion was mathematically compatible with 

their original mathematical vectors it seemed justified to calculate 

a (V) matrix using the previously determined solute numbers for the 

a
w 

as one vector of (U) and using 1 as the solute number for as for 

the solutes. 

The 0-7-) matrix was therefore chosen as follows 



0.2239 1.000 
0.1502 1.000 
0.2427 1.000 
0.1854 1.000 
0.2715 1.000 
0.2288 1.000 
0.2967 1.000 
0.3056 1.000 
0.3946 1.000 
0.3053 1.000 
0.3558 1.000 
0.2515 1.000 
0.3723 1.000 
0.2535 1.000 
0.3377 1.000 
0.3381 1.000 
0.3957 1.000 
0.3436 1.000 
0.4286 1.000 

The elements of the (V) matrix which were calculated according to 

equation (3.31) assumed the following values 

= ( -0.458 

0.353 

-0.605 

0.348 

-0.611

0.391 

It is seen that these values are "reasonable". The predicted Van 

der Waals shifts are of the expected magnitude, i.e. 0.1 to 0.2 ppm 

downfield and the anisotropy shift is approximately 0.35 to 0.4 ppm 

upfield. Although the reproduction of the data matrix was not quite 

satisfactory, it seemed good enough to further pursue this approach. 

The experimental shift matrix and the values which are produced using 

the (U) and (V) matrices given above are given in Table 3.16. 
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Table 3.16 

Experimental m;\;Alum shift matrix (S) and values obtained 
by choosing a complete (U) matrix. 

Benzene p-Xylene Mesitylene 

Exp Calc Exp Calc Exp Calc 

CH3 
C(CH2CH3)4

0.278 0.250 0.225 0.213 0.267 0.259 

CH2 0.342 0.284 0.308 0.257 0.347 0.299 

CH3 
Si(CH2CH3)4

0.230 0.242 0.188 0.201 0.218 0.243 

CH2 0.302 0.268 0.268 0.236 0.305 0.277 

CH3 
8n(CH2CH3)4

0.205 0.288 0.132 0.184 0.182 0.225 

CH2 0.257 

1 

0.248 0.190 0.210 0.245 0.251 

CH
3 

CH(CH3)3

0.210 0.217 0.127 0.168 0.178 0.210 

, 

CH 0.258 0.213 0.167 0.163 0.213 0.204 

CH3 0.237 0.172 0.162 0.109 0.208 0.150 

p-Xylene

CH 0.162 0.213 0.167 0.163 0.212 0.204 

CH3

Mesitylene 

0.205 0.190 0.145 0:;33 0.192 0.174 

CH 0.183 0.238 0.193 0.196 0.255 0.237 

-----_-_---___ 

CH3 0.175 0.183 0.107 0.123 0.143 0.164 

trans-2-Butene 

CH 0.227 0.237 0.200 0.194 0.238 0.236 



Table 3.16 (cont'd) 

Benzene p-Xylene Mesitylene 

Exp Calc Exp Calc Exp Cale 

ZIA* CH3 0.120 0.198 0.091 0.144 0.120 0.185 

3-Hexyne CH3 0.247 0.198 0.189 0.143 0.212 0.184 

CH3 
2,3-Pentadiene 

0.195 0.172 0.113 0.109 0.158 0.149 

CH 0.083 0.195 0.092 0.140 0.101 0.181 

2-Butyne CH3 
0.222 0.150 0.137 0.080 0.190 0.120 

* 2,4 dimethyl-2,3-pentadiene 



The not entirely unreasonable agreement lends credence to the 

solute numbers for the Van der Waals shift as being close to the 

physically significant factors. It was therefore attempted in the 

following manner to calculate the {R } vector which would rotate the 
1 

mathematical (U) matrix into the {U
1
}matrix, so that the elements 

{U1} corresponded to the Van der Waals solute factors; this 

latter vector is denoted as {U1}. 

fO1 = (U){R1} -2. {111} (3.32) 

((U)T(U))-1(UT){1Ti} (3.33) 

This calculation was carried out and the R
1 

vector assumed the 

value 

C

2

.7627021 
{R1}. 

.462596f 

The matrix 01, however, calculated by using this {R1} vector and 

the mathematical (U) vector, again differed very substantially from 

the {U1}
 
vector, as shown in the following table. 



U1

0.3352 0.2239 
0.3732 0.1502 
0.2754 0.2427 
0.3339 0.1854 
0.2839 0.2715 
0.3259 0.2288 
0.3022 0.2967 
0.3634 0.3056 
0.3206 0.3946 
0.1367 0.3053 
0.2676 0.3558 
0.1438 0.2515 
0.2530 0.3723 
0.2486 0.2535 
0.1477 0.3377 
0.3173 0.3381 
0.2883 0.3957 
0.0673 0.3436 
0.3161 0.4284 

Apparently, again this approach does not lead to a {U
1
}vector which 

equals the {U
1
}vector. 

The first eigen value is approximately 200 times larger than 

the second (see page 160). This suggests that the two important 

factors are nearly proportional (as is also apparent from the fair 

reproduction of the original shift matrix (S), when only one vector 

of (U) and one vector of (V) is used). 

More measurements in other aromatic solvents - preferably 

different from the substituted benzenes - would probably result in a 

more clearly defined independent second factor, and would probably 

also result in a "purer" first factor. 
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Summarizing the results of factor analysis we can say that it 

is possible to describe the solvent shift in isotropic solvents with 

one factor for the Van der Waals shift, and that solute numbers for 

the Van der Waals shift can be used to describe accurately the medium 

shift in CS2 if a solvent anist-NSVropy factor is used (which for this 

case is a solvent property only) a
a 
= -0.126 ppm. With these same 

•Foc for 
solute factors for the Van der WaalsVit is not possible, however to 

obtain the experimental medium shifts in the aromatic solvents in-

dicating that they are not, the real factors for the Van der Waals 

shifts in these solvents. 
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Appendix A 

Simplified theory of dispersion forces 

This theory discussed here is based on the Drude mode. The mole-

cule is regarded as a set of particles of ea and mass m
a
. Each of 

these particles is harmonically bound, to its equilibrium position. 

The force constant for the ath particle is k
a
, and its frequency of 

oscillation is then given by, 

1 
k 
a 

v 
— — 

a 27 m
a 

its displacement from equilibrium position is, 

(o) 
(Si• = r - r 

a a a 

and the potential energy of the whole molecule by 

1 
(1 = 2 ka(ara)2

a 

(Al) 

(A2) 

(A3) 

A beam of light of frequency v0 (which is sufficiently low that the 

wavelength X0 = c/vo is large compared to molecular size) produces a 

uniform fluctuating electric field, the strength of which is given by 

E = E
o
cos27vt (A4) 



Accordingly the force on the a th particle is then given by 

F
a 
= -k

a
6r

a 
+ e

a
E
o
cos2Trvt 

The equation of motion for it becomes 

A
2 
2 

ma (Sra + ka 
a 

(5-.1? = eao cos2.11-vot 
dt

(A5) 

(A6) 

The solution of this differential equation is given by the following 

expression 

/ ea E
o
cos2mv t 

o 
157-i% -  

a \:+
, 
7 
2 
Ma 

a2 - o2)/ 

From this follows for the induced dipole moment: 

Pind z 
a 

ea
2 

^A  1
2 eaCta = Eocos2nvot • — 2 

471.
a 

m
a
(v

a 
- v

o
2) 

(A7) 

(A8) 

Since p is in the direction of the field, the polarizability a is the 

scalar 

Find a =
E

(A9) 



which in terms- of properties of constituent particles becomes 

1 

L.

ea2 

a(vo)  
471.
2 

a m 
a 
(v
a2 

vo-) 

and for the static polarizability 

1 
a(o) = 

e
a
2 

m
a
v

a
2 

(A.10) 

(All) 

Equation (1 .11) follows immediately from (A10) and(011). This same 

model can be applied to the treatment of dispersion forces between 

molecules, which we will consider to exist each of two harmonically 

bound particles of charge ei 
• 

, and reduced mass m.. 

Consider a pair of molecules a and b at a distance rab. If the

molecules are separated sufficiently far, the six modes of vibrations 

of the systems are the two triply degenerate vibrations and v
b 

of the isolated molecules. As the molecules approach each other, 

the vibrations are perturbed. If all the six degrees of vibrational 

freedom are in their ground states, the energy of interaction is the 

difference between the zero point energy of the perturbed system 

and, the zero point energy of the two separate molecules. 

Let (Sr
a 

and (Srb be the displacement_ of the vibrators a and b 

from their equilibrium position. The total potential energy of the 

system is then the sum of the contributions due to the displacement 

of the oscillators. 
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(Al?) 

and the electrostatic interaction of two dipoles, which in cartesian 

coordinates is given by 

eaeb 

dab 
- [6xadxb + dyadyb + dzadzbi 

rab 

(A13) 

if the z axis is the intermolecular axis and if the molecules are 

sufficiently far apart that they may be considered ideal. 

According to Newtonian mechanics the equations of motion take 

the form of three pairs of coupled equation. 

e
a
e
b 

dxbe (A14) 
d
2 

a 
dt
2 (dxa) = -kadxa r3

ab 

d
2 e

a
e
b 

mb 
dt
2 (ôxb)  -kb6x-b r3 

ab 

dx
a 

and two more analogous sets in the y and the z directions. 

If solutions of the form 

dx = Ae27rivt 
a x 

Sy
a 
= 

Ay
e27Tivt, etc. (A15) 

are substituted, a set of linear homogeneous equations for the 

amplitudes is obtained. These equations have a solution if and only 

if the determinant of the coefficients equals zero. Factoring of 
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this determinant gives three, equations, two identical of the form 

(k
a 
- 471-2m

a
v2) 

and one of the form 

- 47
2
mbv

2
) - 

2 2 
e
a eb

r
6 

ab 

2 
4e
a
2e

b 

r 

2 

(ka - 4-ff2mav2) (kb - 47r2 mbv ) 
= 

6
ab 

(A16) 

(A17) 

The system has six vibrational degrees of freedom and six fundamental 

frequencies. Because of cylindrical symmetry, there are two pairs of 

doubly degenerate values. 

These values are the roots of equation (A16). The two non-

degenerate values are the roots of equation (A17). 

By substitution of equation (A10) and (All) however, these two 

equations can be rewritten in the following form. 

2 
a
a
a
b

r 
6 

(vat - v2)(vb2 - v2) = v
a2 

vb 

ab 

(va2 - v2)(vb2 - v2) = 4v a 
2vb 

2 aaab
r6
ab 

(A18) 

(A19) 

From a quantum mechanical treatment of the system it follows that the 

total energy is given by the sum of six terms, one for each normal 

vibrational mode. That is, the total energy is given by 
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(1) = hvi(ni + 7.) 

i=1 

(A20) 

where, n. is the vibrational quantum number. 

The interaction energy is the difference of the total energy and 

the energy of the separated oscillators. That is 

6 
dis h 

dab = 
(v
i 
- 3v

a 
- 3v

b
) 

i=1 

(A21) 

The equations (A18) and (A19) may be solved explicitly for two special 

cases: 

1) When the two molecules are alike and the perturbation is 

small, that is when 

and 

v
a 
= v

b 
= v

o 
and a

a 
= a

b 
= a 

« 1 

ab 

(A22) 

the solutions for v are of the form 
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(1) (1) v = v  a vo 
1+  a a2 

3 6 
2r

ab drab 

2 
vx(2) = v (2) vo a 

3 
a

6
grab drab 

2 

z 
(1) = 

a a 
6  

r ab
3 

2r
ab 

v (2) 
z 

v a a 

r ab
3 

2r 
 ba6

• 0 • • • * • 

and the dispersion energy is given according to equation (A21) 

3 
a2 

4)
ab 

- hv  
q 

rab
6 

(A23) 

(A24) 

2) The second special case is when the perturbation is small 

compared to the difference between the natural frequencies; in 

formula when 

- v
b

1 
  << 

r
ab
3 

AT.7 
a b 

(A25) 

In that case the solution for v becomes 
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vx
(1) v (1) = v 

vavbaaab 

a 2 2 6 
2(vb -v

a 
) r

ab 

2 
(2) . (2) a, 

vx 
vy = 

va vbaa
v
b 
+  

2 2 6 
2(v

b 
- v

a 
) r

ab 

2 

vz
(1) = 

2vavb aaab 

a 2 6 
(vb va

2
) rab 

2 
2va vbaaab 

v (2) = v
b 
+  

z 2 
(vb - va2) r

ab6 

and the dispersion energy becomes 

v
b dis 3 

hva 
aaab

(1)
ab 2 v

a 
+ v

b r 
6 

ab

(A26) 

(A27) 

In a more rigorous perturbation calculation, rather than the factor 

hv
a
hv

b 
hv
a 
+ hv

b 

one obtains a factor 

EIaEIb

EIa + EIb 
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where EI
a 

and EIb arc the mean values of the excitation energies to 

the various electronic levels. It is often found that these values 

for EI's are approximately equal to the ionization energies, so that 

equation (A26) is rewritten as follows 

dis 
IaIb aaab

ab 2 1
a 

I
b r 6 

ab

(A28) 

a 
and Ib are almost always of nearly the same magnitude (9-11eV). 

so that to a good approximation, one can write 

dis 3 
cl)ab .= 

aaab

6 
r
ab 

(A29) 

Since the potential energy of a polarizable body with a polarizability 

as in a fluctuating field is given by 

¢ = 1 aa
<F

2
> 

one can write for the dispersion field 

F
2 dis 

= 
ab

6 
rab

The quantum mechanical equivalent of equation (A10) is given by 

a = 2 
xx o En - Eo 

<0 I n> <n I px I 0> 
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(A31) 

(A32) 



where 0 and n represent the wave functions of the ground state and 

the n
th 

excited state, p
x 
is the dipole moment operator, a is 

xx 

the xx component of the polarizability tensor and En and E0 are 

the energies of the n
th 

excited state and of the ground state. 

Since the sum of integrals is the integral of the sum equation 

(A32) can be rewritten as 

' a 
xx 

= 2<01px 

tilt() 

1n><n1 
E
n 
- E

o 
(A33) 

The UnsOld contraction states that for a complete set of orthonormal 

wave functions the following equality holds 

zln><nl = 1 (A34) 

With the assumption that the sum of the energy differences can be 

replaced by one average value A and the Unsold contraction, equation 

(A33) can be rewritten as follows 

2 
axx = <01p 210> 

A x 
(A35) 

is taken to be approximately the value of the ionization potential I. 

For isotropic molecules, the following can be written 



2 2 2 2 2 
Px +P +P = 3P = P z x 

and it follows that 

2 21
a =

31 
<01u 10> , (A36) 

In this equation no assumptions have been made regarding the nature 

as solvent or solute, and it therefore applies equally well to both. 

To obtain the mean squazr of the electric field produced by the 

solvent, solvent parameters have to be substituted (as indicated by 

index 2). 

.ca2>2 =
-6 

01112210 
r 

(A37) 

and the substitution of equation (A35) leads to the well known ex-

pression 

2 3a212 
<F

2
> = 

r
6 

(A38) 


