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ABSTRACT

The work described in this thesis consists of
an investigation into the nature of the complexes formed
between organic acids and bases in aprotic solvents.

The physical techniques employed were dielectr;c constant
measurement and nuclear magnetic resonance (n.m.r.)‘ffr,
5pective%yf

The first section of the thesis consists of a
summary of the properties of hydrogen-~bonded systems and
of the theories concerning the nature of the hydrogen

bond.

The second section deals firstly with the methods
based on dielectric constant determination which have been
used for the simultaneous determination of association i -
constant and dipole moment of these complexes. . This
is followed by an account of the determination‘ofabéth-
association constant and dipole moment of several com-
plexes of acetic acid with heterocyelic bases. This
- work was carried out with the object of establishing:
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(1) Whether or not there exists a valid method
for the simultaneous determination of association constant

and dipole moment Irom dielectric constants.

- (11) Whether or not the dipole moment change in
the comPOnents on comple;'rormation can'be found with
sufficient accuracy to throw light on the nature of the

bonding between acid and base,

Comput er progranﬁestwere developed to assist the
determination of both association constant ‘and dipole
moment. This technique is particularly helpful in
cases where one of the components of the mixture is
strongly selfoassociated,rbut should be of general use.
The results suggested that little charge transfer accom-
panied hydrogen bomd formation. - " - .

_L"ﬂneifhifdisecfion consists of an account of the .
n.m.r: spect:a&oiwacetic?acidvdissolyed in benzene,_cyclo-
hexane and»several heterocyclicfbases.ih* The resulfs
were consistent with the view that 1little charge trans-
fer is associated with the hydrogen bonding between ’
acetic acid and. those bases.ouff-
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A, GENERAL INTRODUCTION TO HYDROGEN BONDING

(1) Nature of the Hydrogzen Bond

The aim of this research was to investigate the
nature of the complexes formed by the interaction of
organic acids and bases in aprotic solvents. To contri-
bute to this end, the dipole moments of the complexes and
association constants of complex formation were deter-
mined. Nuclear Magnetic Resonance (n.m.r.) spectra
were also determined. This information has served as

a basis for discussion of the nature of these complexes.

Many years ago it was recognised 1 that special
theories were necessary to explain the behaviour of asso-
ciated compounds. A particularly tenacious interaction
was recognised in molecules with hydrogen-containing
functional groups. In 1903 Werner 2 proposed that an
emmonium salt has a configuration in which a proton lies
between the ammonia molecule and the ion, i.e.
(HBN"°""H)X' This idea was developed further by
Moore and Winmill 3 who proposed a hydrogen-bonded
structure of undissociated trimethyl ammonium hydroxide.
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In 1920 Latimer and Rodebush 4 recognised the cause of
the association of water and also the cause of its
peculiar phyéical and chemical properties. From these
beginnings has grown up an immense amount of research

into the nature of hydrogen bonding.

Today, this subject presents a challenge to the
chemist, in that it can be regardéd as the borderland be-~
tween the fields of strong chemical bondis and those weaker
interacti ons responsible for liquefaction at sufficiently
low temperatures. It is difficult to define this inter-
action in precise terms; indeed, E.B. Wilson, dJanr. 5
once observed that a precise definition usually evokes
criticism from two directions. ‘ This is particularly
pertinent to the case of the hydrogen bond but for the
purposes of this thesis a hydrogen bond can be said to
exist between a functionsl group AH and an atom or group
of atoms B in the same or a different molecule when there
‘1s evidence for bond formation amd further there is evi-
dence for an interaction between AH and B specifically
involving the hydrogen atom elready bonded to A. This
definition leads immediately to the guestion of what
groups'form hydrogen bonds. Panling 6 noted that
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chemists talk about bonds when convenience dictates
identifying a group of atoms as an entity. The
hydrogen bond A-H...B is usually considered to be a
bond in which a hydrogen atom lies between two closely
spaced electronegative atoms A and B, e.g. Oxygen,
nitrogen or fluorine. There are, however, other
systems not universally accepted as hydrogen bonding
systems, chloroform and pyridine, self association of
hydrogen cyanide, in both of which a C-H bond appears
to bond to nitrogen. There is evidence for hydrogen
bonding of acetylenic C-H bonds, and there is also good
evidence for hydrogen bonding between Lewis acids and
aromatic hydrocarbons acting as bases. ! In fact,
the phenomenon of hydrogen bonding is more widespread
than one would first imsgine. The opérational defi-~
nition of a hydrogen bond given earlier permité examina-
tion of evidence for hydrogen bonding in sys‘bems not

generally considered to involve this type of interaction.

(2) Properties of hydrogen-bonded substances

The formation of a hydrogen bond in & solution
or in a compoﬁ.nd modifies a great many phyéical and a
few chemical properties. These changes are not
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surprising in 1light of the fact that hydrogen bonding
alters the electronic structure of the functional

groups concerned. The most commonly observed physi-
cal property modifications are frequency shifts of
Infra-Red and Raman bands, altered freezing and boiling
points, chemged dielectric properties and proton magnetic
resonance shifts. Other properties which are affected
ineclude liquid and vapour densities, molar volume, vis-

cosity, electronic spectra amithermal conductivity,

These various effects may be classified by
briefly considering the changes in the molecule which
are respbnsible for the changes in observed properties.
For example, the spectral changes indicate altered
electron arrangements and positions of atoms in the
neighbourhood of donor groups. Deviations from
ideal gas and solution laws are caused principally
by the increased molecular weight resulting when ome
complex unit is formed from two or more simpler units.
Electrical properties are sbnormel for hydrogen-bonded
substances because the dipoles are affected by the
positions of the hydrogen stoms, and, in many materials
the dipoles are aligned in special orderly arrangements
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by polymeric complexing. An obvious example of this

is water.

(3) Methods of Detection of Hydrogen bonds

(a) Non-Spectroscopie

Hydrogen bonds were first detected through solu-
bility studies T+ and were quickly found by the many other
non-spectroscopic techniques available in the first
quarter of the twentieth centurye. Several reviews
of hydiogen bonding systems 8,9 and their non -spectrel
properties exist. Non spectroséopic methods of de-
tection depend on the fact that the engagement of a
group in hydrogen bond formation modifies the physical,
and to a lesser extent the chemical properties of the
group concerned. The methods therefore consists of
a comparison of properties displayed by the substance
suspected to have a hydrogen-bonded structure with those
of similar substances known not to have a hydrogen~-bonded
structure. Alternatively the sctusl value of a parti-
cular physical propérty ﬁay bé compared with a prédicted
value of that property. This predicted value is the

value exPected assuming no hydrogen bond fbrmétion.
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For example, the viscosity of an associgted substance is
commonly higher than that of similar non associated com-
pounds, This greater viscosity is reasonable in view
of the increased size and reduced mobility of molecules
of the associated substance. " The effect of hydrogen
bonding on some physicochemical properties of liquids is
summarised in the below table:

. TABLE A.1.

Property Behaviour of intermolecular
' : hydrogen bonded compound
relative to non hydrogen

bonded compound

Molar Volune ' Lower
Dengity - Higher
Molar Polarisation Higher
Thermal Conductivity o Higher
Viscosity _ Higher
Surface Tension : v Higher

To 1llustrate this table let us consider the effect of
hydrogen bonding on the fhermél‘conductivify of a liquid.
Palme: 10 has shown that it proBabiy aésiéts the conduct-
ivity in two ways; firstly 5y ééﬁsing the molecule %o

orientate itself in the direction of heat flow and
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secondly by affording an additional method for the transfer
of heat energy to take place.

The use of electrical measurements has been
fqirly important in the study of hydrogen bonding. One
of the most important results of hydrogen bonding in
liquids such as water, hydrogen cyanide and hydrogen
fluoride is the high dielectric constamt compared with
other compounds with a similer dipole moment. The
molecular polarisation of such substances is affected
not only/cganges in dielectric constant but also by the
high densities of these liquids resulting from this
association. The effect of hydrogen bonding on di-
electric constant or dipole moment is complex. However,

the following generalisations are valid:

(a) Dielectric constant, £, and dipole momen‘b,/ﬁ
do not increase together, i.e. high £ does
not necessarily mean high-/u .

(b) High values of £ are usually found in inter-
molecﬁlarly hydrogen bonded substances in which
non cyclic association occurs, e.g.vHQO.

(c) Iow values of £ are usually found in intra-
molecularly hydrogen bonded substances, e.g.
salicaldehyde.
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(d) The srrangement of atoms within a molecule,
and with less confidence of molecules within
a polymeric unit can be determined by compar-
ing the measured dipole moment with values
calculated by the vectorial addition of bond
moments for various arrangements,

(e) Hydrogen bond formation between the components
of a mixture can be inferred in the same way

as (4d).

These topics will be dealt with at greater length later
in this thesise.

A second general dielectric method is the measure-
ment of dispersion or loss. This involves the measure-
ment of the dielectric constant over a range of frequencies
~ in the microwave or short radio wave region, where dis-
persion can be related to molecular properties. In
general dispersion phenomena occur when the response of
a system lags behind the exciting force. - In dielectriec
substances such a lag indicates that a finité time period
accompanies some type of rearrangement within the molecule,
This finite period is called the relaxation time, T , and

varies with the form of the rearrangement. Hasted and
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co-workers 11 found that water-dioxane mixtures had
longer relaxation times as the proportion of dioxane
increased or the temperature was lowered. Both these
trends can be explained by the formation of a hydrogen
bonded complex.

TABLE A.2.

Type of Relaxation Process Relaration Times
Electronic 10710 gsec.
Atomic 10712 o 10714 see.
Dipole-Molecular Gas 10712 gec,
Dipole-Molecular liquid 10~10 46 10711 gec.
Dipole-Molecular viscous liquid 10'6 sec.

Dipole-~-Molecular solids and 5 5
extremely viscous liquids 107° to0 10° sece.

Table A.2 gives some indication of the lengths of various

relaxation processes.

In suﬁmary'these conclusions are well established.
Firstly, hydrogen bonds occur in all three phases of
mattér and are'iess common 2as témperature increases.,
Secondly, hydiogeh bonding may be detected more or less
easily by any physico-chemical test method, * However,
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tests applied to solutions and pure liquids which are of
the greatest interest suffer from an incomplete theoreti-
cal treatment of these states. At present, with the
exception of speetral studies, dielectric measurements
give the most information about hydrogen bonding though

cryoscopic and solubility investigations are very valuable.

(b) Spectroscopic

This section deals with spectroscopic methods
of detecting hydrogen bonding in all phases of matter.
Any such account must first look at Infra Red (I.R.)
Spectroscopy for it was the realisation that the I.R.
spectrum provides a criterion for detection of hydrogen

bonds 12

which first established I.R. Spectroscopy as an
analytical tool in chemistry. The most prominent
effect of hydrogen bonding on the vibrational spectrum

is the shift of the absorption of the A-H stretching

mode and its harmonics to lower frequencies. This was
first observed for a number of compounds which form inter-
mqlecular hydrogen bonds. 4 little earlier it had been
found 13 that the intensity and frequency of the 0-H

stretching mode of an alcohol were dependent on concen-

tration and temperature. This behaviour was attri-
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buted to molecular assoclation. | Soon it was generally
realised +that the I.R. spectrum provided a criterion for
detecting hydrogen bonding. The effect of hydrogen
bonding on the A-H stretching mode is complex in that

as well as the shift in frequency, there are changes in
the half width and integrated absorption coefficient.

The half width of the fundémenf&l and its harmonics are
both broadened and while the integrated absorption co-
efficient of the fundamental is increased many-fold, the
corresponding‘coefficients for the harmonics are decreas-
ed slightly. All these effects are for the most part
equally applicable to Raman spectroscopy. Both these
spectroscopic techniques reveal the dharaoteristic vibra-
tional frequencies of a molecule, and for most molecules
both are needed before the vibrational pattern can be
fully understood. In addition to these two there are
other valuable spectrbscopic techniques for examining
hydrogen~-bonding systems. Hydrogen bonding will alter
the ultra-violet-visible spectrum of a molecule if the
chromopho;ic portion of the molecule is perturbed by the
hydrogen bond. The recognition and interpretation of

the effect of hydrogen bonding on electronic transitions
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has been inhibited by the difficulty of distinguishing
it from non hydrogen bonding solvent interactions.
Nagakura and Baba,l#3were first to recognise the effect
hydrogeﬁ bonding could have on the visible and ultra=-
violet (u.v.) spectra. Since then mmerous examples
have been reported including an interesting recent
observation by Nagakura and Kaya lzf;ho noticed shifts
in the characteristic absorption bands of gmides in the
Vacuo u.vVe, region, These shifts were éttributed by
the authors to hydrogen bond formation, aﬁd in particu~
lar the shift to higher frequency to ring dimer formation,

and the shift to lower frequency to chain dimer formation.

Since 1950 there has been a rapid development
of the use of nuclear magnetic resonance (nem.xrs) spectro~
scopy for the ihvestigation of molecular structure. The
hydrogen bond is one of the specific bonding situations
mostsuited to investigation by n.m.r. This will be
dealt with later in this thesis. For the moment it
will suffice to say that this technique is probably as
valuable as I.R. spectroscopy.
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(4) Theoretical treatment of th drogen bond

Progress towards the development of an all
embracing theory of the nature of the hydrogen bond

has been somewhat disappointing. Pauling 15

con-
sidered that the hydrogen bond must be electrostatic

in nature. His model of the hydrogen bond was based
on the Valence Bond representation of chemical bonds

and citeé?he Pauli Exclusion Principle as well as a
considerable volume of chemical evidence in its support.
Pauling argued that a hydrogen atom with only one stable
orbital cannot form more than one pure covalent bond as
the bond forming power of the outer orbitals was negli-
gibly small. ?n reply to the suggéstion that use
might be made of an L = orbital to forma second covalent
bond he argued 17 that if an A-H bond with little lonic
character is formed then the proton is almost completely
shielded by its half of the shared electron pair and
accordingly has no power to attract an L electron,

Further if the A-H bond was sufficiently ionic to

% I orbital means one for which the prinecipal quantum

number, n = 2,
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attract an I electron then the proton could use its
IS orbital for covalent bond formetion and so would

not need to call upon the unstable L orvital.

This electrostatic picture of the hydrogen
bond serves to explain a great many of its observed
properties. For example, the hydrogen is normally
e bond by hydrogen between two atoms, The positive
hydrogen ion is a bhare proton with no occupied electron
shell around it. This small sction would attract one
anion (shown below as a rigid sphere of finite radius)
to the equilibrium intermiclear distance equal to the
anion radius snd could then similarly attract a second
anion to form a steble complex.

Figure A1,
ne

-~ ~ .

A third anion would be prevented from approach-
ing close to the proton by anion-anion contacts. Ex~

ceptions to the general rule that the co-ordination
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number of hydrogen does not exceed two are rare. One
interesting example is cited by Albrecht and Corey 18
in which they showedthat the crystal structure of glycine

contained what appeared to be a bifurcated hydrogen bond.

Fiogure 4,2,

Secondly, only the more electronegative atoms
should form hydrogen bonds, and the strength of the bond
should increase with increase in the electronegatuities
of thé two bonded atoms., It is found that fluorine
forms very strong hydrogen bonds, oxygen weaker ones,
and nitrogen still weaker ones. = 4Although it has the
same electronegativity as nitrogen, chlorine has only a
very small‘hydrogeh bond forming power; - this maj be .
attributed to its large size relative to nitrogen which
causes its electrostatic interactions to be weaker than

those of nitrogen.
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If, however, only electrostatic forces were in-

volved in hydrogen bonding then one would expect that
the dipole moment,/u-, of the electron donor 3 wou;d
be the controlling factor in determing the strength of
an A-H....,B formed with any one A-H, This, however,'
is not the case. It is now realised that electron
delocalisation effects arising from the mutual polari-
sation of the two molecules, repulsive forces between
doubly filled orbitals in the molecules, and dispersion
forces of the London/Van der Waals type must be taken
into consideration. Sokolov 19 suggested that if only
the electrons associated with the A-H bond and the lone
pair on B are to be taken into account, then three
structures must be combined in describing the state of

the linkage:

(1) A-E B Pure covalent link

- (2) A(") H£+) B - Pure ionic link, no charge
| _ transfer . , o
(3) A(') H~B(+) - Charge transfer, H-B bonding

'This work was extended by Coulson and Danielsson20
using the same basic three structures but alternative

empirical relstionships. Tsubonmara 21 added two
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further contributing structures:

(4) A4 g(-) g Pure ionic, no charge transfer
(5) g(-) a-p(+) Charge transfer, A-B boniing

The complete calculation of the relative weights
of these structures is prohibitively difficult.
Tsubomara attempted it in the case of the 01 - H....02
bond between two water molecules. Taking the
01....02 distance to be 270 X he estimated the weights
to be:

(1) 702 (2) 8% (3) 1% (4) 19% (5) 1%

)
Now a distance of 270 A should correspond to

a'rayher'weak hydrogen bond and consequently the weights
of (3) and (5) should be small but one would not expect
the weight of (4) to exceed that of (2). It is likely
that uéing some of the more recently developéd approxi-
mations to perform similar calculations, one might obtain
more sensible results. Further it would be sensible

to choose rather different.orbitals from those used by

Tsubomara,’

There has always been considerable doubt regard-

' ing the appropriate law to use for the ovérbap repulsion
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force. Theory would suggest a force obeying an

-br between neutral

exponential type relationship e
atoms, ~However, in this case the atoms are not
neutral, furthermore the existence of partial covalent
bonding expressed by structures 3 and 5 must imply
that the simple description of these overlap foarces

is inadequate.

Ever since London's pioneer work it has been
generally agreed that dispérsion forces contribute to
all intermolecular and interatomic potentials. There
are, however, difficulties in any estimate of their
magnitude in the case of hydrogen bonding. The most
serious of these is that the atoms in question are too
close together for the éustomary analysis of disperéion
forces to apply. . There is a further difficulty in
applying formulae derived for isolated atoms, for we
mst clearly exclude the electrons utilised in an
electron-pair bond. Yet it is these elec#rons which
would be the most:highiy:pblaiisabié end would there-

fore contribute most to the dispersion energy.

The moleculer orbitalAdesciiption‘of fhe'hydrogen

bond has received surprisingiy little éttenfian

Pimental 22 discussed the structure of the bifluoride
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ion in terms of molecular orbitals formed by a linear
combination of atomic orbitals. Using only fluorine
orbitals directed along the bond (P, and ?h) and the
hydrogen atom IS orbital(g) three molecular orbitals

result, These are shown in Table 4.3, (not normal-
ised),
Figure A,3,
A H ®* e 0P s oo o00 0y B
‘:FA S . PB
TABLE A.3,

Molecular Orbitals for Hydrogen Bond Formation

Symmetrical . Unsymmetrical No Bond
Hydrogen Bond Hydrogen Bond

Bantibondingv} (?A - IPB)V - a3s (PA - bB?B) - a SG?A -a s)
ononbonding  (F, + Pg) (bR, + Pg) Py
1 bonding o (PA'- Pp) + 218 (P, - biPp) + als(?A + a8)

Into these three molecular orbitals haye to go

.four electrons. The ground state would involve both
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the bonding and non bonding molecular orbitals. This
description can be extended to unsymmetrical hydrogen
bonds. In each orbital the—coefficient b decreases
from unity to zero as B is moved away from & symmetrical
position. When the distance is sufficiently large no
hydrogen bond exists, the pair of gleetrons in 1*’1
forms the A-H bond, and the other pair is located on
the base atom B, It is interesting to compare this
picture of an hydrogén bond fo the three centre orbitals
proposed by Lipscdmb and co-workers 23 for the borane
B-H-B bridges. The principal difference is that the
bifluoride ion case involves four electrons, hence the
non bonding orbital mustlbe_utilised. - Whilst the
borane is electron deficient, only the bonding orbital
being oceupied by an electron pair, ~Since this implies
high charge on the termlnal atoms, the bond will be most

stable if these atoms are highly electronegatlve.

Another spproach to this problem is to assume
an éxplicit form for the potential function associated
with the movement of the hydrogen atom in the hydrogen
bond, The most developed such function 1s due to |

Lipincott and Schroeder 24925 ary 1s writhen as the mm
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of four terms.

VA-H....Y - V1 + V2 + V3 + V# (1)

where Vy =D/ { 1 - exp{ —n;z-rO)z} g

XX _X\2
~n (r-r,)
X o ])I .
Vz-po[l-exp[ QII i}"‘.o!
B
V, = A [exp(~bR)]; V, = « == ;
3 : 3 R™
In v, ¥ = A-H intermiclear distance, Yo =

A-H internuclear distance in the absence of the hydrogen
bond, D, = A-H dissociation energy. In Vg‘ﬁtﬂ:,Q;
have the same meaning for the B-H bond. The third and
fourth terms represent the Van der Waals' repulsion

force and the electrostatic attraction bétween A and B,

The usefulness of the function, like that of
the Morse function for diastomic molecules depends on
its applicability to observational data. Unfortunately
it does not possess the virtue of simplicitye.

In sumary there are two basic reasons for the

substantial support enjoyed by the electrostatic model
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of the hydrogen bond. Firstly it avoids the clash of
the hydrogen bond extravalency with our classical theory
of the chemical‘bond. Secondly, it offers the possi=-
bility of quané?%ive calculation of hydrogen bond behaviour.
Unfortunately some phenomena are not too amenable to this
model. The covalent description has appeal from this
gstand-point explaining some behaviour not readily explain-
ed by the electrostatic model. However, it does have
the difficulty of fitting extravalency into our present
valence bond understanding of the chemical bond. This
difficulty may foreshadow a turn towards the molecular

orbital approach.
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B, MOLECULAR COMPLEXES. SIMULTANEQUS DETERMINATION
OF ASSOCTATION CONSTANT AND DIPOLE MOMENT

(1) Introduction

The formation of complexes between organic acids

and bases may be represented as a series of equilibria.

Figure B,1,
! Lo 5
AH + B — AH....B -‘:—: A....HB = [A....HB]
1 2 I =
4 K,
-+
A + HB

The extent to which the equilibrium 1 is shifted to the
right is very much dependent on the nature of AH and B,
In general fera given acid AH, increase in the strength
of the base will résult in an increase in the tendency
towards ion-péir formation rather than existence in the
hydrogen~-bonded form, The last stage 4 in the equili-
brium process can only occur appreciably in media of
high dielectric constant, This investigation is
concerned only with complex formation in benzene solu-~

tion and consequently this stage can be ignored. At
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the same time, however, the position is complicated by
the fact that in non-ionising solvents, carboxylic acids

tend to associate, principally into dimers.

The association of dipolar molecules may lead to
considerable changes in the dielectric polarisation of
the medium in which they are contained; consequently
dielectric constant measurements provide a good method
for detecting the formatibn of molecular complexes in

solution,

Before this work on molecular complexes was
started an investigation into the molecular state of

acetic acid in benzene solution was_carried out.

(2) Previous Work

(a) Acetic Acid

The problem of the structure of carboxylic
acids in solution has attracted a considerable amount
of attention. It is now generally accepted that at»
very low concentrations of acid, there exists an equili-

brium between dimeric and monomeric species,

(D]

ar = D ; Kasen = R



32.

At higher concentrations there may well be further asso-
ciation to form polymeric species. Le Févre and

Vine 26

measured the dielectric constants, refractive
indices and densities of dilute solutions of acetic and
chlorinated acetic acids in benzene. Their chosen
concentration range was from I!.O"3 to 10'1 moles per
litre. In the upper limit of such a concentration
range their assumption that all the acid is present as
an equilibrium between monomer and dimer and nothing
else is probably incorrect. The authors did not evalu-
a‘ce/u-m or/"'D but instead from the variation of molecu-
lar polarisation with concentration showed that the sta-
bility of the dimeric form in an aprotic solvent does
not increase with increase in acid stremngth. @ This

was contrary to what had been expected, as it was
thought that in a given series the electron withdrawing
power of the -éxé'group would operate to promote associ-
ation, It should be pointed out that owing in part at-
least to acid association the acid strength measured in
water is not necessarily a satisfactory criterion against
which to compare the stabilities of acid-base complexes

in an aprotic solvent,

'Pohl, Hobbs, Gross and Marryot 27-29 4y @ geries
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of papers studied the association of various carboxylic
aclids in both benzene and heptane solution. The con-
centrations used by these authors were lower than those
used by Le Févre 26 [ for example, in the case of acetic
acid in benzene solution, the molar fraction range was
from 5°48 x 1072 to 1418 x 10”2].  Table B.1. shows

the results obtained for acetic acid.

TABLE B.l,
Solvent m D(gzggg Kossociation (Kd)
Benzene 1-68 0«94 370 l.mole'1
n-Heptane - 0.92 37,000 1.mole™t

The authors state that the figures for heptane solution
are less reliable than those obtained in benzene sgolu-
tion, The high value of Kd meant that it was impossible
to obtain even a moderately accurate figure for the moment
of the acid monomer in heptane solution. This work was
probably the first reliable determination of the moment

of the acid monomer, In this connection it is of inter-
est to note that, from measurements of the dielectric
constant of acetic acid vapour at various temperatures,

Zahn 30 obtained a value of 1°73 Debye Units for the
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dipole moment of acetic acid monomer. The author
assumed that at the temperatures used all the acid is
present in the monomeric form. It is alsovinterest-
ing to speculate as to why the dimerisation constant

in heptane should be so much greater than in benzene
solution. One possible explenation is that a solute-
solvent directed interaction between the acid monomer
and a benzene molecule stabilises this form in solution.
This idea will be discussed at greater length in the
section dealing with nuclear magnetic resonance spectro-

SCOPY.

Pohl and co-workers found evidence for the
suggestion that there is a systematic relationship be-
tween Kd and the ionisation constant, Ki’ emongst acids
in the aliphatic series. This is contrary to the
findings of Le Fevre and V:Ln;: but it should be pointed
out that the fihdings of Le Fevre and Vine were based
on measurements at concentrations much higher than those
of Pohl and co-workers, 80 less reliance should be pleced

on their findings, The table below summarises the
findings of Pohl and co-workers.



35

TABLE B.2,
Acid Kd, benzene solution Ki, aqueous solution
Propionic 390 1.m,"1 14 x 1077
Acetic 370 lome™t 1.86 x 1077
Formic . 126 1.m.'1 21+4 x 10”2
Chloroacetic 102 1.11:."':L 155 x 1072

The method of calculation used by the authors
to determine both Kd and the dipole moments of sgecid
monomer and dimer from the v‘ariation of dielectrié con-
stant with concentration is of considerable interest.
This method was originated by Pohl, Hobbs and Groés in
an earlier paper.Bl | ‘l‘hé authors postulated that at
low acid concentrations an equilibrium ';nrould be set ﬁp

between dimer and monomer.

- \:_x -
;_ = Kdiss = CM (1)
d

Cpv

where Gy, Cp are equal to the mumber of moles of monomer
and dimer respectivelyg per mole of solvent, and V =

molar volume of the solvent. The dissociation constant,
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Kdiss’ can be expressed in terms of polarisations accord-

ing to the equation below:

P
- 02
. (Fe = ) 25, (2)

Kdissn = Py
D,
(By - 2) (2 - B

where Pg = molar polarisation of the solute based on the
molecular weight of the monomer at o mole
fraction fg.
PM = molar'polarisatibn of the moﬁoméric molecules
at infinite dilution.,
P, = molar polarisation of the dimeric molecules at
© infinite dilution.
f2 = mole fraetion of solute based on molecular
weight of monomer.
(2) méy‘be re-éxﬁreésed::
Co U Ky . S
K@issn - P S - (3

B (3M - .gh_); B

where K is defined by the above equation. Consequently,
we obtain: o o o
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Fp
2K, (2, - =5 )22z,
— Pp. Py
(By - 3) (B -2 (B - 7))
P
loee Ky (By - By) = £, (By - =5 )2

from which they derived the following equation:

P PD

2 GM(P

vhere GM = fraction of molecules in monomeric state.

P (4)

If the values of Py and Pp are known then My, 4y and

K&issn

approximate values of EM and ?D by the methqd of averages

mey be calculated. The authors 31 obtained

and used these approximate values to calculate Kdissn

for each solution. It was found that Kdissn

sensitive to the choice of PM in the very dilute region

was very

wherelP, —2 Py and to the choice of P in the more con-
centrated solutions. Using the method of successive
approximations the valués of PM.and -g were adjusted to
give the most constant value of Kdissn. After Table
B,2, it was stated that the authors felt that the value
of Kdis sn qbtained for acetic acid in heptane soclution

was only approximate because of the semsitivity of Kdissn
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0 the choice of 3M and PD‘ The low value of

X

dissn means that there is little monomer presént

even at the lowest acid concentrations, and conse-

quently little margin for error in the choice of 2.

This analytical treatment of the results has
been criticiséd‘by Raals and Buékingham 32 on the
grounds that the approximation might not be valid
in the limiting case of zero concentration of acid.
Uging the experimental results of Pohl, Hobbs and
Gross 7 they have proposed an alternative treatment
which depends on thé fitting of the dielectric constant-
concentration data to a straight line plot. They have
assumed that the experimental dﬁ?a ~ dielectric con-
stants, ¢ , refractive indices:lBﬁ, and densities, d =~
vary with concentration of solute according to the
equatioﬁ:

. ) t " 2
Ero= @1+ Lyip ¥ Ly Wy + .een

L . AWl s | (1)
D2 T iyt fy Wt Ly Vot oeee. o

' om ) S
d12 - d; (lv + rw Wy + J/w w5 +R.‘..,)
in which suffix 12 refers to the solution, 1 to the

solvent and 2 to the solute. Wy = weight fraction

of solute. . In utilising these relationships they
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n "

effectively assume that the coefficients, « W and [4 w
are zero. Objections to this method can be raised.
Firstly, the assumption that for a non-polar substance
the square of the refractive index is equal to the di~

electric constant is incorrect. Smith 33 has shown
that for a solvent of dielectric constant approximately
equal to two, the maximum difference between § and n2
is about 0.18 and the resultant maximum error in Vs 1%.

32

The authors make no estimation of any possible error

introduced by their approximation. Secondly, the

authors 32

have attempted to fit experimental data to a
straight line plot whilst an inspection of the results
shows that the plot of 4t /w, against w, is not linear.
There is undoubtedly some theoretical justification for
their procedure and it is perhaps unfair to eriticise
the authors on this count. - There is no good justi-
fication for the assumption that if there is no associ-
ation the coefficients « ; ete. would be zeio. It may

be concluded that this method of analysis is superior.
to that adopted by Pohl, Hobbs and Gross.31

In equation (1) the term in w2 is related to

the apparent dipole moment of the monomer solute at

infinite dilution whilst the term in wg is related to
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the properties of interacting groups containing two

molecules and can be interpreted in terms of the mean

square dipole moment <'M§2> of the dimer. Both
2

< M:l..‘2 > and Kdi ssn

in equation (1). The smthors -2 obtained a value of

can be related to the coefficients

1¢46 D.U. for the moment of the monomer compared with
the figure of 1+68 obtained by Pohl, Hobbs and Gro.-a!.'ss.z7
Agssuming that the carboxylic acid dimer is non polar,
the authors 22 obtained a value of 4545 l.moles™l for
Ky compared with the figure of 370.1 l.moles™  obtained
by Pohl,'Hobbs and Gross.2! Davies and co-workers -+
obtained a value of 130+2 1.m."" for X, at 25° C using
e distribution method.  Buckinghem and Raats 32
corrected thisvvalue for temperature - Pohl, Hobbé and
Gross! measurements‘were done at 30° C - and substitut-
ing this corrected value, obtained a value of 139 D.U.
for the root mean square dipole moment, <ﬁni2>> %, of
acetic acid dimer. It is interesting to note that a
further analysis of Pohl, Hobbs and Gross' measurements
by the writer utilising a method developed by Bauge and
Smith 7% led to yet different values for , u /' p ead Ky
These results together with those of Buckingham and Raais32

and the original calculation of Pohl, Hobbs and Gross 27



are summarised in the table below:

TABLE B.3,

Method of Analysis //*M(ﬁggl) /#D(D.pﬁ)

41.

-l
.I.{.Q (.lomo )

Pohl, Hobbs and

Gross 27 1.68 0.94
32
Buckingham and Raalzs 1-46 0.00/1.39

Bauge and Smithgs '
(Jenkins) 1.65 097

370.1
454+5/116.0 &

3233

a . . 3
Corrected figure of M. Davies, Mo§§&nfﬂughes and co~

workers.34

There is some discrepancy between the values of

K.Cl determined using distribution methods and values ob-

tained from dielectric constant measurements. Table B.4.

illustrates this phenomenon.
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TABLE B,.4,
Authors Temperature Kasan. Method
(° 0) (1,mole~1)

Pohl, Hobbs and Gross®! 30 3701 DC
M, Davies, Moelwyn- 25 130-2 D
Hughes and co-worke;é 35 81 D
Brown and Matheson 36 25 | 500 ’ D
M. Davies and Griffiths>! 25 129.4-138¢3 D
Christian, Affsprung 15 605 D

and Taylox 38 35 125 D

Abbreviationg: DC = Dielectric constant measurements
b = bistribution Method. |

Both Davies and Griffiths >' and Christian,

38 have made allowances for the

Affsprung and Taylor
solubility of water in benzene,association in the ajueous
phase and the presence of higher polymeric species. The
distribution method is normally criticised on the grounds
that no allowance is made for those effects. The rela-
tive merits and de-merits of these determinations of Kd
can best be discussed along/jhe results of this investi-
2

gation at a later stage.

There is unfortunately no recorded @termination
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of Kd of acetic acid in benzene using Infra Red Spectro~
scopy (I.R.). Hobbs and Harris -2 obtained a value of

1

4000 1l.mole”— at 25° C for K3 in carbon tetrachloride

using I.R. Spectroscopy, whilst Barrow and Yerger 40

obtained 1000~2650 1.mole™t

over an unspecified tempera-
ture range. One would expect K; in carbon tetra-
chloride to be higher than Kd in benzene as the di-
electric constant of the former is lower, and also
because association of the acid with the solvent will
not occur to the extemt to which it does in benzene.

As a result of studies of the die1ectric loss
in benzene solutions of ascetic acid, Cohétént and Lebrun41
inferred that at iow acid/cqncenirations a monqmer?diﬁer
equilibrium was set up, whilsf at Vhigher concentrations
considerable amountsof higher poiymeric speciesvweré
present, Théy.fﬁrthei consideredrthat theig‘wgre
bofh cyelice and o;.pen'éhain i)olymers -p‘resent. |

It is therefore well established that at very
low acid concentrations a monomer-dimer . equilibrium is
set up., What are not so well‘established,are the

values of the dipole moment of this monomer and dimer

and the dimerisation constant. = This investigation



attempts to throw further light on these matters using
both dielectric constant measurements and nuclear

magnetic resonance spectroscopy.

(b) Acid-Base Complexes

Dielectric constant measurements present not
only a potential means of detecting the formation of
intermolecular complexes in solution but also a way of
determining both the dipole moment of the complex formed
and the association constant of complex formation,

The first reported use of dielectric constant measure-~
ments to this end was by Earp and Glasstone.42’43
From the measurements of dielectric constants and den-
sities of binary sysfems the authors calculated the
total polarisation of each mixture. Then assuming
that the polarisation of one componenmt was equal to
that in the pure liquid state and remained constant
throughout, the polarisation of the other compénent
was evaluated for each solution., = A plot of the
molar polarisation versus molar fraction of ome com-
ponent was compared with the plot of the molar polar-

isation versus molar fraction of the same substance

in an inert solvent, e.g. cyclohexane,. It was found
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<

that not only was the polarisation greater in the active
solvent but also there was a more rapid increase at high

dilution. One such plot is reproduced below.

Figgre Bol.

Apparent polar-~
isation of ether

c:,doha.ww

\_-wlorcfm

iy

o - o
mole (Nb"o n ethe,

A reasonable explanation for this marked in-
crease in polarisation was that compound formation
involved the introduction of a new co-ordinate link
joining the two molecules. : Ihe authorS~42’43»
supposed‘that'itAwas a consequence of the Law of Mass
Action that, if a compound was formed between two sube
stances then, if one of these substances is in great
excess, then the other exists entirely in the form of
compound. - Using this conception they derived values
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of the equilibrium constant of compound formation and

the dipole moment of the compound formed.

Hammick, Norris and Sutton 44 criticised this
method on several grounds. Firstly, they argued that

unless the equilibrium constant for complex formation,

K, was infinite then not gll A is in the form of complex

AB even when it is present at very low concentration,

£ £

where £ = mole fraction of species.

Secondly, they pointed out that in the calculation of t
total polarisation of a solution, P, Earp and Glasstone

took the mean molecular weight as MA?A.* MBfB wheréas
MAiA + Mpfy s vhere x is the portion
- X

of each of the molar fractions which hag been used in

its true value is

complex formation.  Lastly , they held that it was
<extremeiy doubtful whether the iaw of Mass Action could
be applied to binary mixtures over the whole range of
composgitions. They suggested and exsmined modifica-
tions of the method and found that the only dielectrie
constant method which produced satisfactory results ins

volved measurements on dilute éolutions of the two

he
42,43
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components in a third unreactive solvent. They con-
cluded that in practice it was very difficult to derive
an exact measure of both the polarisation and the degree
of association from these measurements alone, and that
it would be best to use them in conjunction with an in-~
dependent means of determining the degree of association.
Few and Smith %° however felt that one of the
methods discussed by Hammick, Norris and Sutton 44 was
worthy of further consideration. This method involved
the determination of the apparent molecular polarisation
et infinite dilution of a compound A in an active solvent
B, in an inert éélvent; S, and in mixtures of B and S.
This methodvhad_been’rejected by Sutton and co-workers a4
on the grounds that with the system diisopropyl ether-
chloroform-benzene different results were obtained de-
pending on whether the ether or the chloroform was con-
sidered as the solvent at low concemtrations. Few and
Smith 47 measured the spparent molar polarisation of
one component, 4, in a series of constant mixtures of
the other component, B, and an inert solvent, S. They

assumed that the active masses of the two solutes can

be represented by their concentrations, and showed that



the difference between.thellimiting‘value of the molar
polarisation of A at infinite dilution in a mixture of
B and S, (PA!Q)BS’ end its value in pure solvent,
(PA,c,)s, is given by the equation below:

AP M, ¥
(Bpoo)ps= (Bpoo)s K wg

where K = association constant for complex formation
Wp = weight fraction of B in solvent mixture BS

| From (1) it follows that a plot of

M,V ;
1 versus —§—§§— should be linear
(Ppeo ) pg(Bpoo) g wg
1

with slope ‘and intercept Qil o Hence it is
: P

r
possible tg determine both K and the dipqie monment,
/“AB’ of the complex. This methodvis particularly
suitable for determining the associatiop constants
and dipole momentsAof complexss‘formed between weak
acids and baseé, .8 the work of Cleverdon,'Collins
and Smith 46 on the té/ary systems comprising benzene,
pyridine and an alcochol. It is however impossible
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to apply this method to tg;éry system containing a
carboxylic acid due to the high degree of self asso-
ciation of the latter. If however the association
constant for complex fbrmation between the carboxylic
acid and organic base was considerably greater than
the dimerisation conéfant of‘that acid, and if the
base was present in giéat eicess. This method should
be applicable. ﬁnfortunately in eaéh of the systems
studied by the wiifer it'appeared fhat the complex
formation cénstants were lower than the dimerisation

constant of acetic acid.

Most subsequent attempté to determine simul-
taneously both dipole moment and association constant
from dielectric constant measurements have been based
on Pew and Smith's 7 method,  These determinations
have recemtly been criticised by Jumper and Howard 47
on the grounds that changes in thé dipole moment of
the complexing molecule on complex formation render
impossible accurate calculations of the geometry of
the complex. The suthors 47 further maintain that
it is impossible to estimate these changes.  This

seems a rather restrictive attitude bearing in mind
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that the prime object is to determine K and Vs rather
than to provide theoretical justification for the re-

sults so obtained.

An interesting alternative method for the simul-
taneous determination of K and./* is based on a method
of determining equilibrium constants due to Rose,a_nd

Drago.48

They derived a general equatibn i’ér evalu-~
ating acid-base equilibria from spectroscopic data.
It has been adapted for use in determining equilibrium

constants from dielectric measur:ements by Sa.ndall.49

For the system,
[4B]

K o« —
[al(B]

Let the initial concentrations of A and B be CA and C
1.

(1)

A+ B = AB;

B

moles 1.~ The weight fractions of A, B and solvent

are Wy, Wg and WS respectively, where

Wy + Wy + Wgml Lo (2)

Suppose that a fraction A W, of A be converted into
AB, then the equilibrium concentrations of 4, B, AB and
S expressed in weight fraction terms are (WA -4 W,),

(W - A Wp), (A W, + & W), Wy respectively. The
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measured difference in dielectric constant between any

solution and solvent is given by:
AL = -(WA -AWA)oLA + (WB -4 WB)::(B + (A W, +AWB) AB (3)

vhereo 4, and o( g are equal tb the slopes of the di-
electric constant increment versus weight fraction for
solutions of A and B in S, These may be determined
by a separate experiment, and for many substances in
say, benzene, are well known. Ap 1s theoretically -
equal to the equivalent slope for pure comp}ex. This,
of course, is unknown, and when determined will lead
directly to the dipole moment of the canmplex. | A quan-
tity Ag¢™, equal to the theoreticsl change in dielectric
constant assuming no complex formation, is also calcu~
lated for each solution.  This is given by Ag* =
Wyl y + Woolp o ‘The @ifference between A and Af}
is referred to as £(£) and is given by the equation below:
£(8) = Bt 05" = AWy +AWp) = AWyl , =AWy

£(¢) = xv[(M, + Mpdetyp - Myely - Mp 2]

or £(§) =xvR | ()

where B = [ (M, + Mph/ p - My , = Mpe/ 5], x = concen-
tration of complex in moles 1,71 and v = specific

volume of solution.
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x
Now K on = (Cx - x)(CB T (5)

Substituting for z, C, and Cy in (5) we obtain,

v £(¢)/R
as8n Ty, £(¢) Wy f()

— gy —— —— gy SSmp——

MA. R MB

K (6)

The only unknown in (6) is therefore o ,p contained in

R, If this can be estimated, K may be calculated

assn
for each solution, The normal procedure involved
making several guesses at « ,p and calculating Kassn

for each solution, A plot of K for any particular

assn
solution against % will be linear provided certain con-
ditions are satisfied. The denominatdr in (6) mst

be constant and fd:f this o be so then Wg %) Wg Y W,
The plots of K versus % should then all intersect at one
point. The values of K and B corfesponding to this
point will beAthe éorrect ones for thet perticular system.

From R one obtains o Ap and heﬁce/h y the dipole moment

of the complex.

Unfortunately this method is again unsuitable
for tefﬁéry systems containing a carboxylic acid which

is stronély self associated even in dilute solution.
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(3) rimental Details

(a) Apperatus

In order to determine the dipole moment of a
compound in so;ution one needs to measure the dielectric
constant 4§ , refractive gndex n, specific volume v and
weight fraétion of solute Wo of several solutions of

that compound in a particular solvent.

In principle, the dielectric constant, or
specific permittivity, of a substance is defined by
§ = Cs/Co where Cs and Co are respectively the capa~
cities of a condenser when the space between its plates
contains the medium under consideration, and when this
space is evacuated. To measure these capacities the
modified heterodyne heat apparatus of Few, Smith and
Witten 50 was used. Basically this apparatus}con~
sists of two oscillators X and Y of which X is variable
and includes the‘dielectric cell and precision conden-
sers, and Y is a constant frequency crystal oscillator
working at 1 Mec. The signals from the two oscillators
of frequency fX and fY are fed to thehorizontal and
vertical plates of an oscillosocpe.  This oscilloscope

is a Telequipment S52 instrument with a 5" flat faced
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single beam Bathode Ray Tube with horizontal and vertical
deflection amplifiers. These enable one to observe
separately the two input signals. The difference in
frequency (£y - fy) is shown on the screen. In the
original apparatus and still incorporated at present,
the two signals were fed into a mixer circuit, whose
output of frequency | £y - £y| , the beat note was fed
t0o an amplified detector circuit. This beat note is
ultimately detected audibly through an earphone for

. approximate setting of the condensers and visibly
through the oscillatory motions of the needle of a
microameter, It had proved possible to obtain a
setting giving a frequency difference of 1 c/g or less
using this method. By using the oscilloscope it has
been possible to adjust the condensers so as to match
the two oscillators exactlye. The main reason for
switching from use of the microammeter to the osecillo-
scope was not so much improvement in accuracy of
measurement, but rather improvement in experimental
technique. Another. improvement to the original

apparatus has been described previously.sl

. This
comprised the insertion of a HeW. Sullivan C689 micro~
meter condenser, QM’ ~ The tuned circuit is shown in

Figure B.2,"
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Picure B.2 o
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It consists of the coil L, the packing conden-
sers CX = Cl + 02 + 03, the dielectric cell Cc and the

precision condenser C_ and Cm’ - The switch brings

alternatively the preiision condensers or the cell into
the rest of the circuit. The major precision condenser
Cp iz a H.We Sullivan CT700 linear air capacitor of about
300 pF capacitye. Its scale is divided into seven
hundred units and can be read to 0¢02 units. The
micrometer condenser, C,» mentioned earlier has a scale
of length 25 cme and can be read to 00002 em, Its
nominal capacity is 8¢5 pF with the minimum at 2«5 cm,
where the residual cébacity is 5.7 p¥. - The condenser

obeys the linear law of capacity charge over the whole
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of the range with a maeximum deviation of 0003 cm. or
0°001 pF. As the linearity of Cm is so good, Cp is
calibrated in terms of 1 cm, units of Cm. This was
done as follows. Starting with Cp = 0 and Cm = 0,

C, agd Cswere adjusted so that £ = [fy - £,| = 0, i.e.

'zero beat'. C, was then set to 2-5 em. and C._. adjusted

p

to obtain‘zero beat. Cp was then read off, Cm was
reset to zero and 02 and 03 adjusted to obtain zero beat.

Cm was then set to 2°*5 cm. and C_ re-adjusted amd read

p
off. This procedure was repeated over the greater part
of the scale of the measuring conmdenser, which was there-
by divided into a series of step nmumbers, SN, each equal
to a 2+5 cme unit of CP' The whole procedure was re-
peated two further times and the mean of these three
calibrations used. - The advantage of this is that a
reading of the micrometer condenser is readily converted
t0 a reading in SN, and hence to a dielectric constant
chaxge. - The other improvement to the apparatus was

the replacementof the original source of HeT., a Clarke's
Atlas eliminator connected to the mains by a set of Varta
Deac hermetically sealed Nickel—Cadmium accumuiators.

The main advantages_of sealed éccumulators»are that they

do not require maintenance as the electrolyte need not

be Tenewed or replenished. Further to all this several
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small radio components have been replaced. During a
measurement with the cell, Cc’ switched in, Cx is ad~
justed to zero beat. CP and C = are then switched in
and adjusted to the same zero beat. The frequencies
across the tuned circuits are then both equal to 1 Me.
By alternately depressing and releasing the push button
switch, the beat notes in each circuit can be compared
very exafctly. The capacity of the dielectric cell,
together with its leads is then equal to the capacity
of the standard condenser with its leads., ' This means,
of course, that absolute measurements of & are impossible,
unless the capacity of the leads is accurately known.
This is not serious as the readings obtained with solu-
tions in the cell can be compared with the setting for

a reference liquid, normally the solvent used.,

The actual series of measurements on the termary
solution were done as follows, Pirst with C_ set at
25 cm. the reading for balance of the cell was taken
whilst it was full of dry nitrogenm, Cyp. It was then
filled with benzene and the balance reading CBz_déter-
mined by edjusting C, wailst C_ was kept at 2+5 cm.
These two readings of C

P _ ‘ o .
SNy, and SNﬁZ_reSPectively. " In this method a linear

wereconverted into step mumbers,
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dependence between dielectric comnstant and capacity of the
cell has been assumed, Strietly this is not so, because
of the edge effects. It has been found 72 that if the
dielectric constant of nitrogen is taken as equal to
unity, then the edge effects may be ignored provided

that the unknown dielectric constant lies between 2vand
3+5. This was the case in all my measurements. The
difference in step number A SN corresponds to the
numerical difference in dielectric constant between
benzene and nitrogen, and therefore, all step numbers
could be couverted into changes in dielectric constant.
The cell was then filled with a solution of an organic
base in benzene, this solution being called mixed sol-
vent or MS. Qm was kept constant and C

. b
zero beat and read off. This reading was also con-

adjusted to
verted into a sfep number, SN__, and hence the di-
electric constant of the mixed solvenmt deduced. The
mixed solvent was then replaced by the most dilute
solution}bf acid in mixed solvent, CP was kept constant
and C  adjusted to‘yield zZero beat.llluThe ~change in
Cm was readily converted into a dielectric constant
change. Thig was followed by a stronger solution

of acid and so on.  Thus the total increase in di-
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electric constant on mixing various quantities of
organic acid in a solution of organic base in benzene
can be readily obtained. Cm is divided into 0.0010
units and the fourth place can be easily read off to
I, This then gives an error of about 000001 in
the dielectric constant. As the apparatus can be
adjusted to within 1 €/s and the oscillator frequency
is 1 Me/s, this gives a sensitivity of 1 part in 10°,
This is equivalent to a capacity change (cell = 100 pF)
of about 0.0001 pF corresponding to a change of about
000001 in the dielectric constant. The condenser
arrangement therefore utilises the full sensitivity of

the apparatus.

The dielectric cell is of the Sayce~Briscoe
type of all glass construction.  The cell is held in
place in the thermostat with a close fitting metal frame
without exerting any strain that might lead to distortion
of the cell and hence to variation in capacity. The
leads to the heterodyne-beat apparatus compiise two
stiff copper wires with their ends immersed in mercury

Cups.

The specific volumes were measured with a
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Warden's specific gravity bottle of nominal capacity
25 ml, During a measurement it was kept in the
thermostat for about half-an-hour to ensure thermal

equilibrium.

A Hilger Abbé refractometer capable of reading
to £ 0+0001 units was used for the measurement of re-
fractive indices. Temperature control was provided
by circulating the thermosta@ﬁ'liquid through it. This
was drawn through the blocks by a rotary pump as pushing
it through thecell tended to cause & slight rise of
temperature. The refractive indices when reguired
were measured after the dielectric constant measurements
because of disturbance from the pumping motor. 4 small
amount of liquid was inserted by pipette into the cell of
the refractometer and the refractive index read off when

a constant value was obtained.,

A1l solutions were made up by weight. To
minimise any errors caused by absorption of moisture,
all solutions were made up in a Dry Box through which

dry nitrogen was circulated.

A11 measurements were carried out at 25° C %

001 in a water thermostat. The temperature was regu-
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lated with a toluene-mercury regulstor and controlled

by a thyraton control circuit.
(p) Materials

Anhydrous acetie acid was presented to me by
Dr, J.5. Lomas of this laboratory who prepared it by
fractional distillation. Pyridine, lr-picoline,
2,6 Iutidene were distilled, dried and stored over
potassium hydroxide pellets. Suitable emounts were
distilled off when required.  Quinoline (GER grade)
was usedwithout further purification. The benzene
used was of Analar grade and was purified by re-crystal-
lisation and drying with sodium wire. Suitable amounts
were distilled off as reguired. The product obtained
was of a high degree of purity and the refractive in-
dices of different batches showed little variation
(n3% = 1.4972 £ 0-0001).
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TABLE Ba.5,
Substance Origin and m.p.(°C) b.p.(°C) Purification
Quality
Acetic acid M.B. R,G. 16+5 Fractional
distillation
Pyridine MeBes R.Go. 1155 Distillation
2,6 Iutidene B.D.H. L.R. 14546~ Distillation
o . 145.8 - -
Quinoline H.W.G.P.R, - -
Benzene B.D.H. A.R. 801 Recryst./

Abbreviationg: M.B. May and Baker;

distillation

B.D.H. British Drug

Houses; H.W. Hopkin and Williams; A.R. Analytical Grade;

R.G. Research Grade; IL.R. Laboratory Resgent; G.P.R.

General Purpose Reagent.

(e) Sources of Error

Non.systematie errors due to'evaporation, absorp-~

tion of'moisture etec. cannot be estimated.

'They were

minimised by careful handling of the solutions and also

by following the strict routine for measurements mentioned

earlier,

It is difficult to make a sensible estimste of
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the systematic errors due to uncertainties in the readings
of the condensers, refractometer and balance. This is
partly due to the complicated relatidnship bétween the
measured quantities £ , n etc. and the dipole mdment

and formation constant of thé eoﬁplei. As well és
this, the error varies very much.with‘the individual
measur ement. For example, throughout this'investiga-
tion there is a greater eror.in dete:mining ol y The
rate of variation of dieleétiié constant with weight
fraction, for the organiqd.base in-benzene than for the
acid in the mixed solvent. The reason for this was
that measurement of the formérliniolved adjustment of
CP to balance the two oscillators and the latter in-
volved adjustment of C Now Cp can be read to an
accuracy of ¥ O~02 scale<ﬂyision which corresponds to

an uncertainty of about S O 0001 rather than an uncer-
talnty of £ 0.00001 in the other case.‘ It was neces-
sary to do this as the concentratlons of basewere too

high to permit measurement using C alone.

Bverard, H111 and Sutton 23 have'\shown that in
determination of a dipole moment,/k sy in solution an

exact knowledge of the absolute values of the dielectric
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constant § 19 specific volume Vi, and refractive index
n,- of pure solvent is of secondary importance, It
is therefore legitimate to ignore small variations in
these quantitieégnd to assign them standard values.
The major factors controlling the accuracy are the
rates of variation of dielectric coﬁstant and refract-
ive index with concentration of solute. In fact for
the error in g to exceed 1%, i.e. 001 Debye when
I 1 and M'ig 200, the error in o (= é%- y Wy = 0)

e
and y (= &8, w, = 0) must be grjster than 0+01 and
00035 respectivelye. Now changes in refractive index
can be measured to = 0+0001 and as in most cases the
refractive index is approximately linear over an appre-
ciable concentration range, an accurate mean value of
can be obtained. However, % often varies appreci-
ably with Woo In these cases special techniques have
been necessary to obtain an seccurate value of « . It
is difficult to make any sensible estimation of the
accuracy of o in these instances. That this is so
will readily be seen when these methods are discussed
in detail. |

It is well established o4 that accurate measure-~
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mentg of ﬂ - ;%_V y Wy = 0) is une?essary for the
determination of a dipole moment in solution. This
was borne out by Hill, Everard and Sutton 53 who showed
that for the error in A to exceed 1%, /3 would have
to be wrong in the first decimal place (i.e. it almost
suffices to guess it).,  The specific volumes measured
in this investigation were probably accurate to z 0.0002,
consequently the values of /@ will be well withih the
required limits. | |
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(4) Results

(a) Agetic Acid-Benzené Systemd,

The dipole moments of the acetic acid monomer
and dimer,/ﬁm_and /“'D respectively, have been measured
in benzene solution. = The dimerisation constant, K,
has also been determined.

K

M & D
Kﬁ, /AM ande‘D were calculated using a method developed
by Bamnge and Smith 35 for the determination of the di-
pole moments of quaternary emmonium salts., This method
was based on that devised by Pohl, Hobbs and Gross 31 4o
interpret the concentration dependence of the apparent
molar polarisation of carboxylic‘acids in solution.
It was assumed that é‘b low concentrations there is an
equilibrium between monoﬁéfic.and dimeric species.
Under these circumstances each solute species present
produces an increment in the dielectric constant which
is proportional to its weight fraction in the solution,

ieee:

Ai - Aim + AZD S (1) where Ai M] Ai D

are the increments due to monomer and dimer respectively.
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This may be re-expressed:

Af = oLyWy +o DY oo (2) where of and w have
their usual meanings. If the active masses of monomer
and dimer can be represented by their concentrations CM
and CD in moles C(_"l then the dimerisation constant Kd

is given by the expression:

- Gy ( D )/( mo\ S W
K; = =5 =  —— - =M. (3)
4 CM QMmV LN > wﬁ " '

where M = molecular weight of monomer and v = 'specific
volume of the solution. Now WM + WD = w, the total
weight fraction of solute. For any particular solu-

tion é-’:---(,( s then

A "o((WM +wp) mol gy Ly - (4D

w(o "e(vD)

hence

Vg =
substituting for wy in (3) we obtaln.

Kd-_(_:‘M'd)(’(ﬁ'dD) Yoy (5)
“ -4]3')2 2w

For this s ste -
ysvem (’(M dD) and M are constant, Thus
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by putting Kf - d , it follows that:
(dM o D)Mm
( 2y x (6)
L =oy ~ld =op) 7K

If therefore o is plotted against (« -o(D)2 g one
should obtain a straight line plot with inbercept o« M
and glope -~ Kf. These two constants are best obtained
from the data using the principle of least squares.
This method assumes that the fixed values of one inde-
pendent variable, in.'bhis case w, are correct and hence
only the dependent variable is subject to error. It
also assumes that the line of best fit is the one which
makes the sum of the squares of deviations from that
line a minimum, A series of values of « p Were chosen
and used to evaluafe ol 4 and K, At the same time
is calculated for each solution and the square of the
mg‘le% of the difference, d, between this calculated
o« and the experimental value determined. - A plot
of the sumg of these squares against the chosen value
of o/ p has a minimm at of [ = 0185 £ 0+005 (see Graph
B.l,.). Inspection of the series of plots of o
against (ol --,;(_-D)"2 w (see Graph B.2, ) confirmed that
this minimum corresponded to the bes‘b straight line.
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The values of o/ y end K corresponding to o p, = 0185

are 3+659¢ and 138°9 l.mole-l

TABLE B,6,.

ACETIC ACID-BENZENE

—A;i-w( As w( x 107)
3.093 0.00018 0.05819
3-038 0-00019 006253
24949 000027 0.09154
2800 000034 01214
2630 0.00043 0.1635
2484 0+00048 0-1932
2320 0-00059 0+2543
2207 000070 03172
1830 000089 04864
1.782 000102 0e5724
14502 0+00156 11.039
1456 0°00159 1090
1412 000186 1317
1-366 000211 1545
1211 000223 1.842
1-156 0°00260 2+249
1056 000302 2861
0955 000384 4.021
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TABIJE B.YQ (See G—raph Bolo)
ACETIC ACID-BENZENE

ol D d M - %-:- (203)  EK(l.mole™l)  Za?
0000 3+478 0°798 83+3 0+4877
0100 3524 0949 1114 0.3311
0+150 3617 1-084 123-8 042912
0180 3°643 1683 128+5 02777
0185 3659 1°174 138°9 0°2602
0°190 3°744 1°202 142-0 02785
04220 3819 1+426 169+5 043044
0250 3943 1+654 2065 04123

Calculation of the dipole moments of acetic acid monomer
and dimerx

T

Helvektadt and Kuler 56 assumed that in dilute
solution, the dielectric constant, £ 10» end specific
volume, Viz, of the solutlon are linear functions of the

weight fraction of solute Wy 80 that:
212'€1"' 0(w2 (1)

Viz= Tp+ fow, (2)
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where 2 , end V, ere the dielectric constant and specific

volume of pure solvent and « , />’ constants.

Expressing the Clausius-Mossottl equeation in the

form:
210 -1

Pro= =5« T2 (3)

12

where P12 is the specific polarisation of the solution it
follows from (1) and (2) that:

34V £ -1
?200 ) (il + 2)2 ¥ (vl +/Z) {1 + 2 (4)

where ono is the specific polarisation of the solute at
infinite dilution. The specific refraction may be cal-
culated from the analogous equation with dielectric con-

stant replaced by the square of the refractive index and

: A n?
< vy X » the limiting value of W,
3 yV.
v, - —dil .. 5
. = i 7? ) (5)

The corresponding total molar polarisation and refraction
are readily obtained from (4) and (5) by multiplying by
the molecular weight. Now the total molar polarisation,

ono s is equal to the sum of the electronic, atomic and
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52%?entation polarisations. Ihe electronic polarisa-
tion is equal to the molar refraction extrapolated to
infinite wavelength. There is no systematic relation~-
ship between this and the atomic polarisation which de~
pends on the individual polarities of the bonds. Conse~
quently, the only allowance made for the stomic polarisa-
tion was the use of n% instead of n%o . The dipole
moment,/*, is obtained from the orientation polarisation,

OPQ’ using the equation:

fo = Jor/amn Jo 2, = 0-2212 J.2,

at 25° C. Calculations of the moment of acetic acid
monomer and dimer yield 1+505 and 0+832 Debye Units

respectively.
Discussgion
TABLE B,S8,
Investigators Method of
Calculation /AM /:3
Pohl, Hobbs and Gross®! reference 31 1+64 094
" " 32 1-46 1-39
" ‘ " 35 165 0-96

Jenkins n 35 1.50(5)  0.83(2)
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Table B.8. summarises the various calculations
of the moments of the acetic acid monomer and dimer,
In the three calculations using the experimental results
of Pohl, Hobbs and Gross it is readily noticeable that
the lower the value of/p~M, the greater the value of
//‘D obtained. All three calculations are basically
gsimilar in that they attempted to fit to a straight line
plot experimental behaviour not adequately described by
that straight line relationship. That this is so can
be explained by considering the initial premise that at
low concentrations there exists ih solution only monomeric
and dimeric species. This assumes that there is only
one dimeric species present, a cyclic dimer. Both
these assumptions mist be considered doubtful in view
of the experimental evidence. Firstly whilst it is
quite true that at low concentrations the acetic acid
exists largely in either the monomeric or dimeric form.
It is also probably frue that even at these low concen-
trations there are some higher polymeric species present,
These individual species may have a finite dipole moment
and thus contribute to the dielectric constant increment.
Buckingham and Raais 32 supposed with some theoretical
justification that a plot of A%L versus w should be
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linear. Inspection of this plot (see Graph B.3.) shows
quite clearly that one or both of the initial premises
must be incorrect. It has been shown that a cyclie
dimer does definitely existshowever its existence does
not preclude the possibility of an open chain dimer,

An equilibrium could be set up between the two types

of dimer present. It is difficult to prove or dis-
prove this premise. However the rather high finite
value of the dipole moment of the acetic acid dimer has
never been adequately explaihed. The cyclic dimer

has the structure shown below:

//O...H-O\
CH3 - C\\ 4 C - CH3
O ~-H .00 0
Assuming that the dimer is a rigid, plénar non ionised
ring, then one would expect its moment to be zero.
The existence of the large residusl polarisation of
these dimers could be explained by any or all of the
following: (1) Thermal b;kding of the two halves of
the dimer so that a net permanent dipole moment results.

This seems to be excluded by the fact that the net

carboxyl group moment is nearly at right angles to the
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line joining the two carboxyl groups and any bending
perpendicular to the ring would probably contribute
very slightly, if at all to the polarisation. (2) 4
solvent effect, This seems unlikely since the
values of/AD found are essentially the same in heptane
as in benzene. (3) The presence of polar sggregates
not considered in the equilibrium calculations, The
main objection to this explanation is the constancy of
the moment found for the dimeric species of similar
carboxylic acids whilst their dimerisation constants
vary considerably. (4) Atomic Polarisation. This
would arte mainly from chemical bonding and seems to
be the most likely explanation. However, the small
range of values of /; found for different acid dimers
should not preclude the possibility of there being an
open chain dimer present. Infra-Red Spectroscopy has
established the presence of the ring dimer but affords
neither proof nor disproof of this hypothesis. Indeed

the equilibrium process could be represented as follows:

M = D = D

2

M = free ~OH group of monomer

Dy = open chain dimer containing one free ~-OH and one

hydrogen bonded ~OH group
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D2 = cyclic dimer. No free -OH group.

Even at the highest acid concentrations there should be

a free -OH stretching frequency. All the I.R. measure-
ments recorded have been done in carbon tetrachloride
solution. The dimerisation constant of acetic acid

is considerably greater in carbon tetrachloride than in
benzene; consequently one would expect the equilibrium
process to be shifted well over to the right. Also in
benzene there is the possibility of the preferential
stabilisation of both the monomer and open chain dimer.
This could occur if there was some kind of interaction
between the free ~-CH group and the aromatic T ~electrons,
There is some evidence for this type of interaction from
n.m.r. spectroscopye. The result should be, however,
that the mean moment of the dimer should be appreciabiy

greater in benzene than in other solvents.

In summary, the possibility of there being an
open chain dimer as well as ring dimer present in solu-~

tion of acetic acid in benzene should not be discounted.

Hullet, Pegg and Sutton o7 examined the complex

formation between a series of phenols and trimethylamine,
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The square of the 'excess dipole moment' for the complex,
(Ar‘)z, was found to be proportional to K, the aséocia-
tion constant. The 'excess dipole moment' is the
difference between the- actual dipole moment and the sum
of the dipole moments of the two interacting components.
This work was extended by Pimental and McClj.ejzan/(i 58 %o
carboxylic acid dimers. They suggested that the experi~
mental quantity, }p, was analagous to Apm  and found a
monotonic relationship between (A/'~)2 and XK, for the
aliphatic carboxylic acids, with the single exception of
chloroacetic acid. Further to this they considered
there was a direct relationship between (A,u-)jé and log K.
Whilst this has no more obvious explanation than the re~

lationship between (A/‘“)2 and XK, it, at eny rate, provokes
discussion of Ap in terms of hydrogen bond strengths.

i

The evidence presented by Pimembtal and McCI,I’eﬂan)zI‘
in support of‘ this claim is somewhat scanty. Indeed
use of the commonly accepted value of about 140 rather
than 370 for the association constant of acetic acid
casts doubt on the whole idea of a definite relationship
between K and A/“ . It would not seem unreasonable to

suggest that any direct relationship between A and K
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given belowe.

Acid

Formic
Acetie
Butyric

Trimethyl~
acetic

Propionie

Chloro-~
acetic

TABLE B,9,
P
K -V
126 106  1.124
140/370 0°94 0°884
428 093 0865
690 0492  0-864
392 0e88  0+774
102 1-97  3-881

e

1-034

0+969
0+964

0959
0-938

1-411

T8

The evidence quoted by the authors is

log K

2.1004
201461/2+5682
26314

28388
2+5933

20086

The moment of the acetic acid monomer is the

resultant of the moments of the ¢ - 0, C = O and O - H

bonds.

Approximate values of the bond angles and

lengths have been obtained by Karle and Brockway 27

using electron diffraction.

These values refer to

the molecule in the gaseous phase.
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A valence-bond interpretation of the structure involves

two possible structures:

The C -~ O bond distance indicates that the C - O bond
has little double bond character. Much double bond
character would cause the molecule to exist in two iso-
meric forms with planar carboxyl groups. One form
would have the hydroxyl group cis to the carbonyl group,
and the other would have it trans, a structure obtained
by rotating the - OH through an angle of 180°, Agssum-
ing the following vealues for the individual bond moments,
C=0,2:4D,C~0074D, O ~H 1+51 D, and C =~ CH3
0+4 D, Smyth 60 estimated that the moments be 1.4 D, for
the cis, and 39 D, for the trans structure. Electron
diffraction o1 indicates that the C - O - C plane is
about 25° L 8° out of this cis planar configuration in
methyl acetate. Making a similar allowance for non
Hénarity in acetic acid, estimation of the moment of

this cis structure yields a value of 1°7 D. The moment
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can also be calculated in the case of free rotation of
the - OH group around the C - 0 axis. This comes to
29 D, A1l these values are, of course, gpproximate,
but it is clear that the trans structure and that with
free rotation have much too high moments to exist &dlone.

62 has calculated that there is a difference

M. Davies
of about 7+5 k cal in the inbteraction energy between
the C = 0 and - O - H groups in the c¢is and trans
carboxyl forms. From this he estimasted that at room
temperature the relative frequency of occurrence of cis
to trans is 3+6 x 105:1. Either the cis alone or a
mixture of the cis and trans structures with the cis
predominant would give the observed moment. Inhe
value of 1¢505 D.U. obtained in this investigation is
intermediate between that calculated by Buckingham and
Raals 32 and that calculated by the writer from the
experimental results of Pohl, Hobbs and Gross.27 A1l
of these values are consistent with such an equilibrium.
Comparing the solution values of the monomer with that
obtained by Zehn >° in the gas phase shows that the

solution values are consistently lower, The value

of the moment in the vapour phase is normally taken
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to be a pretty accurate indication of the true dipole
moment of the isolated molecule, as the measurements

are made under such conditions that the substance should
exist entirely in the monomeric state. It is generally
accepted that the apparent dipole moment of a substance
in solution varies with the dielectric constant of the
nmedium. For a molecule in which the resultant dipole
lies near to the axis of maximum polarisability the
apparent dipole moment will be greater in a medium of
lower dielectric constant. Consequently one would
expect the value of‘/“ calculated from data obtained

at 30° to be slightly higher than that calculated from
measurements at 25° C, It is however difficult to
explain so great a difference, 1°65 as compared to

1505, on this basis.

There have been inmimerable attempts to derive
equations relating the apparent dipole moment in sglu-
tion with the dielectric constant of the medium. The
approaches to this problem fall into four categories.
These are: (1) Purely empirical relationships which were
derived to explain one or more series of results and

which are of limited applicability. (2) Theoretical
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treatments based on the electrostatic inductive effect

of the dipoles on the medium in their viecinity. (3)
Theoretical treatments based upon more drastic modifi-
cations of the Clamsius-Mossolti-Debye theory and (4)
Attempts which combine these three approaches. As yet
no single theory has been devised which can satisfactorily
explain either the variation of the dipole moment of a
substance with the dielectric constant of the solvent

in which measurement takes place or can interpret the
dielectric constant of pure liquids in terms of their

dipole moments.

One is forced to conclude by stating that the
variation in values of the moments of acetic acid mono-
mer and dimer calculated from the one set of results re-
flects the inadequacy of the theoretical treatment of
the variation of dielectric polarisation with concen-
tration. Bvery attempt was made by the writer to
ensure that his experimental measurements were made
under the conditions necessary for application of the
theory. The results will be made use of throughout

the remainder of the investigation.
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(p) Dipole moments of —Organic Bases

The dipole moments of pyridine, 4-picoline,

2,6 lutidene and quinoline were determined in benzene

solution. Selected literature values are given in

the table below.

TABLE B,10.
Base Dipole Moment Reference
(D'U'l
ki
Pyridine 220 Cleverdon, Collins and Smith,
JCs, 1956, 4499,
Pyridine 221 Cumper, Vogel and Y«’a.’l.ke:r:,G3
4-Picoline 2.60 ' "
2,6-fut1dghe 166 "
Quinoline 226 Buckingham, ine Fevre et alia.64
Quinoline 220 Le Fdvre and Smith,65 Jcs,

2810, 1932

As it was necessary to have precise values of

o« , the limiting values of

— at zero concentration

for mixtures of bases with benzene; the dipole moments

of these compounds have been determined in benzene solu-

tion at 25° C. Io evaluate the dipole moment of a

simple compound one needs to know in addition to «



84.

the limiting values /? and J of the corresponding
slopes of the specific volume and refractive index

increments versus weight fraction. With these base
all three plots were sénsibly linear over a wide con-
centration range. The Halverstadt-Kumler Equation
was used to evaluate the total specifiec polarisation

of the solute base, FQoD s from these paramaters.

- + ettt +
f2e (£ + 2)2 %, + 2 Lf

The total molecular polarisation, P2¢> y is easily
obtained by multiplying ano by the molecular weight
of the individual baseg. No special allowance was
made for atomic polarisation in calculating the dipole
moment,/k, from the total molecular polarisation. 4

sumnary of the results is given below,
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TABLE B.11

Bazz L £ oA
Pyridine 6+ 680 ~-0-3126 0098 219
4-Picoline 7-898 -0+079 0+079 259
2,6-futidgne 2996  -0-044  0-073 171
Quinoline 4-322  -0-231 0-279 2019

For fyrdwe  {he values of o ,ﬁ )/ and /~ compare .f.’avour-
ably with those found by Cleverdon et alia;46 ud =
6+675, /?- - 0133, J = 0-04, /# = 2.20 D, The
values of « ,ﬁ ’X /‘A ete. for the other bases also

compare favourably with previous work.

(e¢) Acid-Bage Complexes

The dipole moments and association constants
have been measure&ior the complexes formed in benzene
|
solution between acetic acid and the aromatic bases:

pyridine, 4~Ficoline, 2,6-ﬂuti%;he and Quinoline.

Experimentally this involved measuring the di=-
electric constants of several solutions of acetic acid
in constant ratio mixtures of base and solvent. There

was always an excess of base present in solution.

It has been pointed out Section B2 that seme of
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the methods outlined there were particularly suited to

the systems investigated by the writer. For example,
the method devised by Few and Smith 45 was unsuitable

as it made no allowance for the complicating factor of
the dimerisation of acetic acid. As has been pointed
out, this is so strong as to prohibit the determination
of (K for the mixture of monomeric acid and complex by
any éimple extrapoln%ion process. This difficulty A
could be overcome if the dimerisation constant of acetic
acid was small compared with the complex formation con-
stants. That this was probably not the case was in-
ferred from a consideration of the relative values of
these constants in ofher solvents. Barrow and Yerger 40
using I.R. Spectroscopy found that the dimerisation con-
stant of acetic acid lay between 1,000 and 2,650 l.mole™L
in carbon tetrachloride and between 100 and 420 l.mole™t

66

in chloroform. Barrow also found that the associa-

tion constant for acetic acid and pyridine in carbon
tetrachloride and chloroform was 220 and 70 l.mole"'1 re~
spectively. It seemed reasonable to assume that in
benzene the dimerisation constant would be greater than
the association constant for the acetic acid-pyridine

complex. The other organic bases used in this investi-
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gation were of a similar nature to pyridine and it was
not anticipated that there would be a large variation

in the values of the association constants of the various
acid~base complexes investigated. Neither Few and

4
Smith ? nor Sandall 49 made allowance for this,

In a general carboxylic acid-base-inert solvent

system the following equilibria are almost certainly

set up.
(1) veee. 20 & D K._L-[D] (3)
[M]°
(2) eeee M+ B & C K, = ——[f-]— (4)
2 [m[s]

where D = acid dimer, M = acid monomer, B = base and

C = complex,

Under certain conditions, for example, an excess of acid,
there is the possibility of the formation of a 2:1 acid:
base complex;also there may be higher polymeric species
of acid present. Under the conditions used throughout
this investigation, namely low acid concentration and an

g
excess of base, (1) and (2) are the predominq% equilibria.

If the initial concentration of acid is equal to
[A], then:
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[4] = [M] + 2[D] + [C] (5)

If the initial concentration of base, [B], is much
greater than [A], then it is a reasonable approximation,
bearing in mind that‘Kl is much greater than K2, to say
that the equilibrium concentration of B is equal to the
initial concentration. Thus as [A] and [B] are both
known, Kl having been previously determined,»it should
be possible, provided that K2 were known, to evaluate
M], [C] and [D] for each solution. The measured di-

electric constant of each solution, £ is related

soln?
to the equilibrium conceuntrations of each species present

in solution according to the equation:

b3 o

soln ~ {solvent = "u%u * VpXp * WX * wgXy  (6)

W, d h tra-
where Wy wb’ ¢ and wp are the equilibrium concentra
tions expressed as weight fractions of M, D, C and B

respectively. These are related by equation (7):
Wy +Wp o+ Wy b wp b Wg =1 (7)
where wg = weight fraction of solvent.

In (6)% y,*pyX o and % 5 are the limiting

A

values of - 1+ 88 W tends to zero for each species.

Of these only c has not been previously determined.
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If a sensible guess could be made at c then it would

be possible to calculate A¢ = ¢ -

soln,. solvent

for each solution. These calculated values could
then be compared with the actual charges in dielectric
constant. Thus by trial amd error it should be
possible to assign values to both K2 and °<C which
would yield calculated values of A¢ closely approxi-
mating to, if not equal to, the experimental values,
The calculations involved are straightforward if some-
wvhat lengthy. The problem is however well suited
to a solution using a computor. Accordingly, pro-
grams have been devised to effect these and similar
calculations, The computing was carried out on the
ATTAS Computor, University of London Institute of Com-

putor Science.

Acetic Acid-Pyridine-Benzene System.

The major difficulty in this method of solution
is obviouély the assignment of‘a sensible range of
values to K2 and & c* In this particular case, remem~
bering that the dimerisation constant of acetic acid in
carbon tetrachloride solution is approximately ten times

.as great as the association constant of acetic acid and
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pyridine in that solvent, K2 was assumed to be approxi-
mately 10. The choice of a range forot , seemed to
be more straightforward in that it was possible to make
use of a previous determination by Mansel Davies and
Sop?cik 67 of the moment of the acetic acid-pyridine
complex in benzene solution. The authors found the
effective dipole moment of the complex to be 2°97 pa
0-015 D.U, Whether their measurements were suffi-
ciently accurate to justify their claims to have fixed
the dipole moment to within such a narrow range of
values is debatable as their experimental values of
dielectric constant are quoted to only three places

of decimals. However, by putting the momemt of the
complex equal to 3 D.U. and making use of the approxi-
mation developed by Guggenheim >4 and modified by
Smith,”> the writer obtained a value of about T+5 for
ol e The writer did not attach too much weight to
this value for the reason stated above. «  was
allowed to vary between 7.0 and 11-0. It was appre-
ciated that incorrected values of both K, and d’c could

by chance yield apparently accurate values of Af but
the writer felt confident that it should be possible to

spot such values.

A Program which would calculate A¢ for all
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possible combinations of « , and K2 within any given
range of values was written after several unsuccessful
attempts. This Program will always be referred to

by the suffix A, i.e. 1A refers to its use in this case
and 24, 3A and 4A in succeeding cases. A gecond
somewhat simpler program, labelled B, calculated

for one chosen value of K2 and g range of values of

ol g These programs are written out in full in

Appendizx 1.

The dielectric constants of several ternary
mixtures of acetic acid, pyridine and benzene were
measured using the heterodyne beat apparatus described
earlier. The results are given in Table B,l2. 132_
is a measure of the difference in dielectric constant

between the solution and pure solvent.
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TABLE B,12,
gonqentration of_l Cogeentration of_l As

2gé Bo(moles 1,77)  Acid 4 (moles.l. ™) LE
0.0000 038551

06418 00024 038633
0-0070 0+39070

0+0088 0-39223

00141 039657

0.0224 040314

0-0322 041114

0.0000 045966

07661 00120 046978
00178 047420

0-0500 0-50018

0-0820 052585

01028 054227

0+1702 059531

0+0000 050200

08378 00077 0+50872
0-0119 0+51229

0+0192 051775

00262 0+52350

00924 057687

0.1195 059873

o{ ¢ was assumed to lie in between 7+0 and 11°0, whilst

K2 was assumed to lie between 8.0 and 12+0,



93.

Inspection of the results from Program 1A

showed that A{ for any particular values of B, 4
and ol § was fairly insensitive to K2. K2 then was
nade equal to 1000 and Program 1B used to calculate

AL . In addition to this Program 1B psinted out
the equilibrium concentration of monomer, dimer and
complex, Inspection of these results showed the
majority of acid to be present in the form of complex,
although at the highest acid concentrations there was
an appreciable amount of dimer present. In the light
of this, the initial premise that the equilibrium con-
centration of base is equal to the initial concentration
was untenable and both Program 1A and 1B were modified
to allow for this. This could be done approximately
by subtracting the equilibrium concentration of complex
from the initial concentration of base. This assumes
that only one species of complex, namely 1l:1 complex,

is present in solution. However, accurate calculation
of equilibrium concentration of complex regquires an accu-
rate knowledge of the equilibrium concentration of base.
That this was so was not reslised immediately by the
writer. Inspection of the following equations will

show that full calculation of the concentration of complex
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is somewhat lengthy.
A=M+ 2D+ C (1)

Let K, and K2 be represented by U and V respectively

then:
D
U = (2)
M2
and V= c (3)
M.Be

where Be = B - C, B being the initial concentration of
base and C the equilibrium concentration of complex.

Substituting for B, in (3) leads to:

c . VB (4)
1+ VM
from (2) D = MU (5)
Substituting for both M and D in (1) yields:
A=M+ M3y LHE (6)

1+ VM

or M3 +<Agﬁ%;z) M2 + (V(B EVA) + l) M - ﬁ% = 0 (N

It is possible to reduce the general polynomial

3 2

X + ax + bx + ¢ = 0 to an equation of the form
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x? + pXx + q = O which can be readily solved by the
following procedure. Let x = y - p/3y. Substitut-
ing for x in the polynomial leads to the equation in y:

3
y -P/2133 4 g =0

3

Multiplying through by y~, one obtains a quadratic in

y3 which is readily solved

Y3 - ~q/2 + ¢/q2/4 + p3/27 (2 values)

This yields solution for y in the form of cube roots.
Substituting these in the formula x = y - p/3y we obtain
three pairs of solution for x, paired solutions being
equal, Bquation (7) therefore may be transformed and
then solved for M. A program, D, was devised which
incorporated this solution, This is also written out
in full in Appendix I. Given the value of M, solution
for C and D was a comparatively simple matter. The
whole procedure can be avoided by making the original
assumption that the equilibrium concentration of base,
By, equalled the initial concentration, B. In this
case the cubic in M reduces to a simple quadratic. It
was not felt that the extra accuracy obtained using the

full solution for C justified the use of the more compli-
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cated program D. Consequently C was calculated assuming

Be = B and Be was assumed to be equal to the initial con-

centration, B, minus the Coan~ ~of complex C. This
approximation was then incorporated in both programs A
and B. The modified program A was run with o ¢ @llowed
to vary between 7 and 11 and K2 between 8.0 and 1240, A
swmeary of these results is given below in Table 5.13,

IABLE B.13,

Key: & = Difference between the calculated increment in
dielectric constant and the experimentally observed
increment.

B 1 A 1 A A
(moles 1.77)(moles 1.77) K, = 800 K, = 12+00

o =T7°00 Kc-ll‘OO dc-7°00 0(0-11-00

0-6418 00024 ~0+00074 000050 -0+00071 0-00062
0-0070 ~0+00261 0-00091 -0+00246 0°00136
0-0088 ~0+00399 000109 -0+00318 0-00159
0-0141 ~-0+00560 000120 -0+00518 000233
00224 ~0°00905 0°00129 ~0-00823 0+00339
0-0322 ~-0°01364 000056 -0-01228 0+00398
0.T7661 0+0120 ~0+00492 000122 -0-00464 0-00199
00178 ~-0+00696 0°00190 -0+00647 0+00322
00500 -0+02134 0+00083 ~0-01913 000630
0°0820 -0°03724 0°00393 ~-0+03294 000645
01028 -0+04814 ©+00832 -0004240 -9+00539

01702

-0°08465 ©°029342-0-07427 ©+00194
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TABLE B.,13 -~ Continuned

VAN A

(m_ol}:s 1."1)(m01§s 1.°1) &, - 8.00 K, = 1200
A g=T°00sg=11°0 « =700 o g=11°00
0+8378 0-0077 ~0+00282 0+00126 -0+00269 000166
0-0119 -0+00457 0°00164 -0-00432 0+00234
00192 -0+00699 0+00275 ~0+00648 0°+00410
0+0263 -0+00992 0+00309 ~-0+00911 0+00518
0-0924 -0+04134 ©+00308 -0+03654 ©°00847
0-1195 ~0+05566 -0+00878 -0+04899 ©+00713

This summary affords evidence that botho(C and
K2 lie between the specified ranges. K2 was put equal
to0 100 and Program B used to calculate the equilibrium
concentration of complex, monomer and dimer. Table
B.14. shows these concentrations expressed in terms of
molar fractions of the total acid concentration. It
also shows the same information obtained by putting

K, = 1200 in Program B,
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K1 = 1389 K2 = 1000
B mt A 7 molar fraction of A present as
monomer dimer complex

0+6418 0-0024 0-+132 0-009 0+859
00070 0°130 0034 - 0836
00088 0°129 0-042 0829
0°0141 0°126 0063 0817
0°0224 0-122 0083 0+795
0+0322 0-118 0°125 0757

0-7661 0+0120 0-111 0+042 0°-847
0-0178 0°109 0+059 0+832
0-0500 0-100 0137 0+763
00820 0+093 0+196 O-T711
0+1028 0-°089 0e227 0+684
01702 0080 0305 0+615

08375 00077 0103 0.023 0874
0-0199 0+102 0+0354 0863
0+0192 0-101 0054 0845
0+0263 0+099 0071 0830
0.0924 0-086 0-191 0723
0+1195 0+083 0+226 0.691
K, = 1389 K, =12.00

0-6418 0-0024 0113 0.008 0.879
0+0070 0°111 0°026 0+863
0-0088 0°111 0+030 0+859
0.0141 0-109 0047 0+844
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TABLE B.14, - Continued

Bwl™ At molar fraction of A present as:
monomer dimer complex

06418 00224 0107 0-072 0821
00322 0104 ©+096 0800

07661 0+0120 0095 0030 0875
00178 0094 0044 0862

00500 0+086 0104 0810

00820 0083 0-156 0761

0.1028 ‘ 0080 0.183 0737

01702 0073 0254 ' 0673

08375 00077 0089 0.018 0893
00119 0088 0025 0887

0+0192 0087 - 0-041 0872

00263 0085 0054 0861

0.0924 0077 0.150 0773

01195 0074 0.182 0744

Several points emerge from a study of this table.
Yor any given acid concentration, the higher the base
concentration the greater is the proportion of acid pre-~
sent in the form of complex. At constant base concen-

tration, as the concentration of acid is lowered, then
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the proportion of acid present as complex and monomer
increases whilst there is a corresponding decrease in
the proportion of dimer. The converse is also true.
Such effects are to be expected from a consideration of

the Law of Mass Action,

After a considered study of these results the
writer was unable to assign a definite value to
within any sensible degree of accuracy. It was felt

that K, was adequately defined as 10 £ 2 1,mo1e7t

Ihe dielectric constant incr7#ﬁent, A7, is
related to the weight fractions of the various species

in solution according to the equation:
Bt = Ay + AW+ Lgwg + A gug (1)

where the terms X and w have the usual significance.
Every quantity in this equation with the exception of

o« o is readily determinable or readily calculated. (1),
therefore, can be re-arranged in the general form of a

straight line equation,

Y=b+mx (2)
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where y represents At s b represents @(MWM +c(DwD +o(BwB),
m represents « c and X represents Woe

Now the term (AMWM + L pwp) +o<BwB) represented by b is

not, strictly speaking, a constant as its value varies

from solution to solution. However, its value along

with the values of A¢ and wy can be estimated for

each individual solution. Consequently one can set

up 18 linear equations in X e Solution of these 18
equations using the method of averages yielded the most

probable value of ce This calculated value of « c

will of course depend on the chosen value of Kg. K2

was first put equal to 10 and substituted in a new
Program C which calculated y, b and x for each solution,
The value of o ¢ Obtained in this way, 10.74 was then
substituted in the Halverstadt-Kumler equation in order
to determine the dipole moment of the acetic acid-
pyridine complex. Use of the Halverstadt-Kumler
equation requires a knowledge not only of « but also
of (? and O’ for the complex., It was impossible to
determine these last two quantities directly. There
was no need to determine (r as the molecular refraction

of the complex was assumed to be equal, or at any rate,
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very nearly equal to the sum of the molar refractions

of the constituent acid and base. /2 for acetic
acid, -~ 0-122, is very nearly egual to /Q for pyridine,
~ 0126, The molecular weight of pyridine is not very
different to that of acetic acid, so it is a reasonable
approximation to represent the complex as a 50% by weight
solution of acid in base and that ﬁ - - 0.124. Again
this assumes, possibly incorrectly, that the specific
volumes are additive. In any case the dipole moment,
/# y determined in this way is relatively insensitive to
the value of /? used (see Section 3e). |

Calculation of the dipole moment of the Acetic Acid-
Pyridine Complex

of o= 1074, oy = - 0:124

The total specific polarisation, ana s 1s given by the
Halverstadt-Kumler equation viz,

3 Vy £ -1
Fas (£1+2)§+ g, +2 (T +£) (l)

Vys ¢ are the specific volume and dielectric coustant

of pure complex.
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3 x 10-74 x 1.1444  1.2741
+
(4.2741)° 4.2741

Pon = (11444 -~ 0°124)

i.e. ono - 2'3226

The total molar polarisation, P sy 1s given by the

20D
equation:

M = molecular weight of complex

i.ea P, = 323020

20

Now Poww = 1o * E2w * oP2ee (3)

where ,P, , = atom polarisationm, Eo o = electronic
polarisation which is assumed to be equal to the molar
refraction of the complex, and 01’2c>o = orientation
polarisation. By assuming that D oo is equal to
the molar refraction, RD' one is tacitly msking a small
allowance for etom polarisation. No further allowance

was made in this case.
i.eo OPQ.,o - ]?20’ - RD (4)

or oPos - 28482
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The dipole moment ,/A s 1s related to the orientation

polarisation by the equation:

9k
e ) of2 (%)

k = Boltzmann's Constant, N = Avogadro's Number, T =

absolute temperature.

At 25° C this equation simplifies to:

o= 02212 B2 s tees o 0-2212 28420 -
373 D
Putting K2 equal to 8 and 12 yielded values of « c equal
to 11.40 and 10°34 respectively. The corresponding
dipole moments are 384 and 366 D, Details of these
calculations of = o together with those in the first
case are all given in Table B,15. which follows shortly,

In summary, therefore, the probable dipole
moment of the acetic acid-pyridine complex is 3-73 ¥ 012 D.

and the association constant is equal to 10 Lo l.mole"l.
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TABLE B,15,

105.

B(m 1.”%) A(m.1."1) ¥ b x
0-6418 00024 0-38683 0.38384 000032
0<0070 0+39010 038171 0.00092
00088 0+39223 0.38090 0.00115
00141 039657 037859 0.00180
00224 040314 037516 000277
00322 041114 037136 000385
07661 0-0120 0°+46978 0+45379 0-00161
00178 0+47420 0+45116 000234
0+0500 0-50018 043801 0+00602
00820 0+ 52585 0+42668 0.00920
01028 054247 041999 001109
0+1702 0¢59531 040083 0-01652
0+8375 00077 050872 0°+49856 0°00106
00119 0+51229 049654 0+00162
0-0192 051775 049315 000256
©+0263 052350 048998 000344
00924 057687 0+46455 0-01054
001195 0+59873 0+45563 001304

y = experimental value of dielectric constant change

b = ("(MWM +o g+ BWB)

X » 9" = wt. fraction of complex in solution
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Ky = 13849, K, = 8400, of o = 11°40

106,

B(m 1.'1) A(m.l.-l) ygexp) b(¢ ‘.g.%) x(e?wt.fr.)
0+6418 0-0024 0+38683 038390 0+00031
0+0070 0+39070 0+38192 0400088
0.0888 0.39223 0+38117 0.00110
0+0141 0+39657 0+37907 0400170
0.0224 0+40314 0037600 0+00259
0+03220 0°41114 037266 0°00355
0« 7661 0+01200 0+46978 0+45413 0400153
0401780 0+47420 0+45172 0-00222
0+0500 0+50018 0+44002 0+00554
0+0820 0+52585 0443030 0+00833
001028 054247 0+42466 0400955
001702 . 059531 0+40878 0+01455
08375 040077 0+50872 0+49875 0+00102
0+0119 0+51229 0-49686 0+00155
040192 0-51775 0449373 0400243
0+0263 0+52350 0+49083 0+00325
0+0924 0+57687 0+46857 0400957
041195 0-59873 0+46103 0-01172
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TABLE B.15, - Continued

K, = 138.9, K, = 12.00, o o = 1034

B(m.1.”H)  A(m.1.71) yQ%xp) b(s “Bou)  x(oFwb.fr.)
0+6418 0.0024 0+38683 0438380 0+00033
040070 0+39070 038157 0+00095
0+0088 0+39223 0+38071 000119
0-0141 0+39657 0+37825 0.00188
0.0224 0+40314 0+37456 0-00291
0403220 0+41114 0°37042 0°00406
07661 0-0120 046978 0¢45355 000166
0-0178 0-47420 045077 0.00242
0+0500 0+50018 0+43655 0+00636
0+0820 0+52585 0+42397 0+00985
0+1028 054247 0+41643 0.01195
01702 0+59531 0.39448 0-01808
08375 0+007T 0+50872 0+49843 0+00109
0+0119 0+51229 0+49633 0-00166
000192 051775 049276 0+00264
0.0263 0+52350 0+48939 0+00357
0+0924 0+57687 0+46155 0+01125
041195 0+59873 0+45153 0+01403
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Structure of the Acetic Acid-Pyridine Complex

There are three possible spatial configurations
for the groups of atoms in this complex. It will be
remembered that the acetic acid molecule can be envisaged
as existing in three isomeric forms,. Similarly one can
envisage the acetic acid-pyridine complex existing in
three isomeric forms. The independent existence of
either the cis or the trans forms is dependent on there
being restricted rotation of the attendant groups around
the C - O bond. 4 simple 6 ©Dbond between two atonms
involves an electron distribution which is cylindrically
symmetrical about the axis of the bond. Consequently
it exerts t%% restriction upon the rotation of the
attached groups such as is encountered when a T =~bond
is present. The dipole moment of a molecule contain-
ing only & é‘é‘a‘i‘p@ should vary continmuously with the
relative disposition of the groups with respect to each
other, and if all such dispositions are equally probable,
the average moment observed should be simply related to
the group moments of the attached groups. The C - 0
bond distance in acetic acid indicates that the bond has
little double bond character. However the theoretical

dipole moment of the acetic acid monomer in which there
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is free rotation of the hydroxyl group about the C - 0
axis is 28 D. considerably higher than the value of
1.505 D. obtained by the writer. This value of
1505 D. has been explained as being consistent with
there being an equilibrium between the postulated cis
and trans isomers. It is possible to calculate the
theoretical dipole moments of both the cis and trans
isomeric forms of the acetic a¢id~pyridine complex,

and also of the isomer in which rotation of the hydroxyl-
pyridine bond is not restricted. In doing these cal-
culations it was assumed that the approach of a polar
base, i.e., pyridine, causes no change in the moment of
the - OH group and that a linear - OH .. N bond is
formed. Hydrogen bonding normally causes certain
modifications to the electron densities of the inter-
acting molecules or groups of atoms. For example,
the O -~ H bond in acetic acid will be lengthened through
the attraction of the electron in the approaching
pyridine molecule. Also there will be a polarisation
of the groupings linked to the basic centre in such a
sense that electrons are displaced towards it. Conse-
quently the dipole moments of the inmteracting molecules

may be changed by hydrogen bonding. It is impossible



110.

t0 make allowances for such complications in calculating
these theoretical moments.

60 to the

Using the values assigned by Smyth
individual bond moments in acetic acid and the value of
the dipole moment of pyridine found by the writer, the
moments of the cis and trans structures were calculated
to be 2¢06 and 6°09 D. respectivelye. If the hydroxyl-
pyridine grouping is assumed to rotate freely about the
C - 0 axis, then the moment is calculated to be 454 D.
Calculation of the momemts of the cis and trans forms
involves only a s/é‘mple vector addition of the various
group and bond m;ments. The dipole moment of the

structure with free rotation,/u sy can be calculated
£

simply using the equation:

2 2 2
/% -k gf; f/“t ]

where the suffixes ¢ and t refer to cis and trans

respectively.

Steric considerations would seem to favour the
cis isomer because of the possibility of a stabilising
interaction between the carbonyl group and the ring

protons of the pyridine, but too much emphasis should



111.

not be placed on this possibility because of the rela-
tively large separation of the ring proton and the
carbonyl group.

Wy —C

0>
-
/° \ggz

\O_.r

It is generally accepted that if the dipole moment of a
complex is greater than the vector sum of the constituent
molecules then the association process has been accom-
panied by significant charge migration. The estimated
moment of the cis complex is 206 D, and the measured
moment of the complex 373 D. It would be wrong to
immediately suggest that the complex must be in the cis
form and that significant charge migration has taken
place. There are two good reasons for this. Firstly
it should be remembered that the estimation of the mom-~
ents of the cis and trans configurations was of necessity
very approximate and secondly, and more significant, it
is extremely unlikely that the association of a weak acid
and weak base would be accompanied by significant charge

migration. A less clearly significant measure of the
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interaction but one which is easy to estimate, is the
difference between the moment of the complex and the
scalar sum of the moments of the acid and base. In

this particular instance the sum of the moments is 370,
a figure almost identical to that measured experimentally
for the complex. This is further evidence of little or
no charge migration. As previously mentioned Davies 62
has shown that a cis carboxyl group is favoured thermo-
dynamically to a trans group. 411 this evidence
points to the complex having a spatial configuration
more nearly approximating to that of the cis than the
trans form. It secems unlikely that there would be
complete free ~rotat:ion of the bulky O = H seee N

grouping around the C - O bond.

Acetic Acid- 4 -picoline-benzene system

This system was treated experimentally in
exactly the same way as the acetic acid-pyridine system.
The calculations of the dipole moment and association
constant of the complex formed also followed a similar
pattern. However, the assignment of a range of values
to both o , and K, was somewhat more difficult. L- -
Picoline is a stronger base than pyridine, i.e. b
picoline has a greater pKa than pyridine, 6+0 compared

to 5.2, Basgic strength in aqueous solution is not
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necessarily a good criterion for a measure of basic

68 measured

strength in benzene solution. Socrates
the chemical shifts of the hydroxyl proton resonance
of a2 series of 1:1 phenol + base complexes in carbon
tetrachloride solution and found a linear correlation
between this measured chemical shift and the dissccia-
tion constant of the organic base in agueous solution,
Hence it seemed reasonable to assume that there would
be a stronger interaction between acetic acid and 4 -
picoline than between acetic acid and pyridine. K2
was assumed to lie somewhere between 15 and 30. In
the same way,though with considerably less justification,
as 4 ~-picoline had a higher dipole moment than pyri-

dine, it was assumed that « G would be greater. It

was assigned a value between 12 and 16.

Inspection of the results from Program 24
indicated that K2 most probably lay between 20 and 25,
That this is the case was inferred from the fact that
the differences between observed and calculated changes
in the dielectric constant were smaller over this part
of the chosen range of K2. Program 2C enabled the
writer to calculate the values of ® , which minimised

the differences between observed and calculated values
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of § for eny particular K2. The results are given

in the table below,

TABLE B.16.
2 <o
15 15-30
20 14-47
25 14°00
30 13-71

Io calculate the dipole moment of the complex
one needs to know in addition to « , the values of/“
and d’ e It was impossible to determine these
directly, consequently the molar refraction of the
complex was assumed to be equal to the sum of the
molar refractions of the constituent acid and base.

As in the case of the acetic acid-pyridine complex
‘ﬁ c Was estimated from a knowledge of the values of
/ for acetic acid and 4-Picoline as individual solutes.
/8 q? therefore, was equal to - 0.096. ¢ Was made
equal to 14.50 I 0.80 and the moment of the complex
was calculated as 4.54 £ g.12 D, The association

constant, K2, for the complex is 22 Is 1.mole'1.



115.

Structure of the Acetic Acid-4 Picoline Complex

The same considerations that were applicable
to the acetic acid-pyridine system apply in this case.
The independent existence of cis and trans forms depend
on there being restricted rotation of the attendant
groups about the C - 0 bond. It is extremely unlikely
that there_ig free rotation of such a bulky group as
0 -H - N{\Q\}— CHy ebout the C - O axis. Approxi-~
mate calcui;;ions of the moments of the cis, trans and
free rotation forms give values of 2¢37, 6+46 and 486 D,
respectively. Again the experimental value is closest
to that for the free rotation form. 4-Picoline is a
slightly stronger base than pyridine, consequently one
would expect there to be more charge displacement on
hydrogen bonding with acetic acid. Scalar addition
of the moments of acetic acid and 4-Bieoline gives a
value of 4¢09 D., much closer to the experimental figure
than that of the cis form. Steric considerations
favour the cis form, or rather a form more closely

approximating to the cis than the trans forms.

In summary, therefore, the probable dipole

nmoment and association constant are 4.54 ¥ 0.12 D, and
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22 ¥ 5 1.mole”t respectively.

Acetic Acid-2.6~£utidéne—Benzene System

Again this system was treated experimentally
in exactly the same way as the two previous systems.
The whole problem of calculation of both dipole moment
and association constant again centred around the choice
of a suitable range of values for botho<c and K2.
2,6-Iutidene is a stronger base than either pyridine or
. 4-Picoline, On the other hand the two methyl groups
| might be expected to sterically hinder any interaction
between 2,6-Lutidene and acetic acid. Construction of
a molecular model indicated that this hindrance could be
quite severe, consequently it was felt that K2 would be
lower in this case than in either of the two previous
systems., K, was therefore allowed to vary between 1
and 6. The choice of « ¢ Was easier in that it was
possible to estimate « c from a knowledge of the dipole
moments of the constituent acid and base. « c was there-
fore allowed to vary between 100 and 14-0. Inspection
of the results from Program 3A indicated that K2 was
probably about4-5. The results of Program 3B in which
K, was made equal to 4.5 are listed in Table B.1l7.
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TABLE B.1l7.

[
ACETIC ACID-2,6-EUTIDENE-BENZENE

B nt” Al molar fract iog/npr esent as
monomer dimer complex
0+2660 00060 0-358 0-.213 0428
0.0119 0310 0.318 0371
00177 0+280 0+385 0+335
0°0265 0248 0454 0297
00333 0+231 0+493 0276
0-0641 0-183 0597 0219
00046 0+208 0113 0589
0+4396 0-0076 0-280 0°166 0554
00104 @266 0+206 O« 528
00275 0216 0356 0427
00327 0+206 0+386 0+408
00798 0156 0+536 0.308
0.8945 0.0051 0-188 0°+051 0°760
0.0120 ° 0.178 0105 0717
0.0169 0171 0-138 0+690
0.0225 0«165 0171 0.664
0+0292 0158 0-203 0-638

0-0322 0+156 0211 0627
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These show the same general features as the equivalent
results from the two other systems. K2 was made equal
to 4.0, 4-5 and 5.0 and o  calculated in each case using
Program 3C, The results are listed below:

) < S0
4.0 13.66 461
4+5 12.78 446
540 1213 434

It will be seen that the greater spread in values of
« o was not reflected in a corresponding spread in

values of dipole moment.

Approximate calculation of the dipole moments
of both cis and trans structures yielded 1l¢66 and 556 D,
respectively. Consideration of a molecular model of
this complex indicated that the cis structure might be
favoured due to the possibility of a stabilising inter-
action between the carbonyl group and the methyl groups.
Any such interaction mst obviously be very weak.
Further inspection of the molecular model indicated that
it was unlikely that there could be free rotation of the

attendant groups about the C - 0 axis, The observed
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dipole moment, 445 I o-15 D., is considerably greater
than éither the scalar sum of the moments of the con-
stituent component or the theoretical moment of the cis
complex. This suggests that either there is a consider-
able amount of charge transfer or else the geometry of
the complex more close%approximates to the trans struct-
ure rather than to the sterically favoured cis structure.
Whilst 2,6«ﬁuti¢éne is a stronger base in water than
pyridine, it seems improbable that there should be a
significant difference in the amount of charge transfer
as compared with the acid-pyridine complex. It is much
more likely that the complex has a structure in which
the bulky O - H - Base group was neither cis nor tians
to the carbonyl group. Theoretically it should be
possible to determine the spatial distribution of all
these groups about the C -~ 0 axis. It will be remem~
bered that Jumper and Howard 4T felt that as it was im-
possible to estimate the charges in dipole moment exper-
ienced by the constituent molecules on complex formation,
and that it was very dangerous to attempt to caleculate
the exact geometry of the complex from a knowledge of

its dipole moment. This generalisation is applicable

to all the systems studied in this investigation, as the
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dipole moment of the complex is very sensitive to the

relative disposition of the various groups.

In summary, there the dipole moment of the
complex was found to he 4+45 L 0415 D, and the associ-

ation constant for complex formation 4+5 = 0s5 l.mole'l.

Acetic Acid-Quinoline-Benzene System

This system was treated in the same way, both
experimentally and mathematically, as the three previous
systems. The same basic facts, namely the values of
the pKa of the base, possibilities of any steric inter-
actions, and dipole moments of both acid and base, guided
the writer in his choice of ranges of values for both K,
and o« g Quinoline has a lower pKa, 4+9, than all the
other bases used so far, Its dipole moment, 219 D.,
is identical with that of pyridine. Inspection of a
molecular model indicates no particular steric inhibition
of complex formationm. On the face of it, therefore,
one would expect both the association constant and the
dipole moment to be very similar to, though possibly
slightly lower than, those of the acetic acid-pyridine
complex. Inspection of the results from Program 44

in which K2 was allowed to vary between 5¢0 and 10-0



121,

indicated that either K2 or o g is considerably higher
than one might anticipate. K, was therefore allowed
to vary between 15 and 25. The results from this
second run of Program 4A indicated that K2 probably had
a value of about 20. Table B.18. constains the results

of a run of Program 4B in which K2 was made equal to 20.

K2 was successively made equel to 18«0, 20°0
and 22¢0 and Program 4C used to calculate & c in each

instance.
TABLE B,19,
X2 ol sl
180 1057 427
200 10-44 424
2240 1036 4-23

The dipole moments were calculated from « c in the usual
waye

It will be noticed that the value of the dipole
moment of the complex 425 £ 0.02 D. is considerably higher
than the dipole moment of the acetic acid-pyridine complex,
3.73 £ 0.12 D, The pKa of Quinoline, 449, is lower than
that of pyridine, 52, but obviously there is a stronger

interaction between acetic acid and quinoline than between
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TABLE B.1l8,
ACETIC ACID-QUIWOLINE-BENZENE, K2 a 200
B mi” Aad™ molar fraction of A present as
monomer dimer complex

04734 00046 0102 0-013 0885
0-0076 0100 0021 0879
00120 0-099 0033 0-868
00141 0+0986 0038 0863
00179 0+098 0047 0855
0-0267 0096 0+068 0837

05365 0-0051 0-084 0+012 0+906
00094 0-084 0019 0898
0+0116 0084 0022 0.894
00135 0-083 0025 0891
00195 0080 0057 0862

0+6281 0.0061 0074 0.098 0-+918
0.0100 0.073 0014 0913
00124 0073 0.018 0.910
0-0152 0-072 0-022 0+906
00199 0072 0028 0900
00297 0071 0041 0.888
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acetic acid and pyridine, Approximate calculations

of the moments of the cis and trans forms of the complex
yielded 206 and 6°09 D. respectively. The moment of
the complex in which there is free rotation about the

C - 0O bond is 4-54 D, In this case, as with the
other acid-base complexes, the correlation between

the experimentally observed moment and the theoretical
moment of the structure assuming free rotation is pro-
bably fortuitous. Inspection of a molecular model of

the complex confirms this.

If the dipole moment of a complex is greater
than the vector sum of the constituent molecules then
the association process is considered to have been
accompanied by charge migration. There is a consider-
able difference between the measured moment and the
calculated moment of the cis complex. There is also
a considerable difference between the measured moment
and the scalar sum of the moments of the constituent
molecules. Both these observations together with the
larger than expected association constant either point
to there being some significant amount of charge migra-

tion or else to there being a different type of inter-
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action to that observed in the three previous systems.
Alternatively, one can postulate the existence in
solution of a different molecular species, e.g. a 2:1
acid:base complex, Again, as there is a considerable
excess of base present, this is unlikely. Ihe rela-

tively high value of K, remains somewhat of a mystery.

In summary, the dipole moment was found to be

425 t 0.02 D. and the association constant 20 ¥ 2 l.mole"1
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C. NUCLEAR MAGNETIC RESONANCE STUDIES

(1) Introduction and Previous Work

The use of Nuclear Magnetic Resonance (n.m.r.)
in this investigation has been made possible through the
kind offices of Dr. A.G. Davies of University College,

London.

Ihe possibility of applying n.m.r. measurements
to studies of hydrogen bonding became apparent following
the observation of Arnold and Packard ®° that the chemi-
cal shift of the proton signal of the ethanol - OH group
was temperature dependent. An interpretation of this

70 The existence

was put forward by Liddel and Ramsay.
of a temperature dependence of the resonance signal can
be understood if there are alternative molecular states
where energy separation is of the order of kT, Since
ethanol forms hydrogen bonds involving the hydrogen in
the - OH group, this hydrogen should experience a differ-
ent magnetic shielding in the associated and unassociated

states. If the correlation time relating to the life-

times of the two states is sufficiently small (less than
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a millisecond) the hydrogen resomance will be observed

at the freguency corresponding to the average shielding
for the two states. Since changes in temperature will
alter the populations of the associated and unassociated
states, the resonance frequency will be temperature de-~
pendent, Solvent dilution, as it also causes dissoci-
ation of the hydrogen bonds, will have an effect equiva-
lent to that of raising the temperature. Such tempera-
ture- and dilution~dependent signals are quite general
for hydrogen-bonded systems. In applying n.m.r. to
investigations of molecular interaction one is interested
in the chemical shift of the proton in both the associ-
ated and unassocisted states. The difference between

these two shifts may be termethe hydrogen bond shift.,

Studies of the hydrogen bonding of carboxylic acids
and general acid~btase complexes using n.m.r. are still
few in number. The first study of the hydrogen bond-
ing of acetic acid was made by Huggins, Pirental and

Shoolery,71

These authors measured the hydrogen bond
shift for phenol, several substituted phernols and acetic
acid in carbon tetrachloride solution and also for acetic
acid in acetone solution. The proton resonance behaviour

could be correlated with the known hydrogen bonding pro-
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perties of these compounds. Unfortunately in the case
of acetic acid in carbon tetrachloride solution the 1limit
of detectability of the proton resonance is &t a concen-
tration at which dimer is the predominant species. In
acetone solution, however, the competition of the solvent
as a hydrogen bonding base causes dissociation of the
acetic acid dimers at a higher concentration. These
systems can be treated mathematically as follows. The
observed chemical shift, S, is assumed to be the weighted
mean of §  and S p» the assumed characteristic values of
the chemical shifts in pure monomer and dimer. If

there is only monomer and dimer present in solution then,

m X -m
g =X § MYt Tx SD

yud
(l) ecoe g -SD’EA—D WheIeAD -SM "‘gD,
or the 'hydrogen bond shift®, m = number of moles of
monomer, X = total number of moles of solute,

If the equilibrium constant, K, (monomer =— dimer) is

defined in mole fraction terms, then,

X - X5 ) (x - m)(2: + X 4+ m) (2)
4m

ol
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where XD’ XM are the mole fractions of dimer and monomer

respectively, and s = number of moles of solvent present.

In the 1limit as X approaches zero, & —>§ M

(%‘(‘—yj SRR 3 (3)

The authors 71 maintained that if a pbt of § versus X
is extrapolated to zero concentration, the value of

so obtained should be equal to - This sort of
extrapolation was, however, particularly dangerous as
the lower limit of X at which experimental observations
were made was X = 001, There is, of course, no hard
and fast rule as to the limiting lowest value of X gbove
which it is dangerous to extrapolate data to zero concen-
trations. In the particular case discussed by the

authors,71

the dimerisation of phenol in carbon tetra-
chloride, the necessary conditions which should be satis-
fied before such an extrapolation is attermpted, were
probably satisfied. That is to say that the solutions
were sufficiently dilute to ensure the presence of only
monomer and dimer. This was probably not the case

with acetic acid in carbon tetrachloride solution. The

first systematic study of hydrogen bonding in acetic acid
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using n.m.r. was carried out by Reeves and Schneider 72
who measured the position of the - OH proton resonance

at various dilutions in several non-interacting solvents
of widely differing dielectric constants. They noticed
that in benzene contrary to the behaviour of other
hydrogen bonded liquids the proton resonance of the - OH
group moves first to low field and finally in very dilute
solutions moves to high field relative to its position
for pure acetic acid. This behaviour underlines the
dangers inherent in extrapolation of hydrogen bond shifts
to infinite dilution. These unusual dilution shifts
are consistent with the presence in concentrated solu~
tions of polymers, the individual hydrogen bonds of

which are on the average weaker than those of the dimer.
These break up on dilution to form the dimer. In
extremely dilute solution or in solvents of high di-
electric constant dissociation of the dimer occurs.

The dielectric properties of acetic acid solutions are
consistent with polymer formation in concemtrated solu-

tion and pure acetic acid.

Davis and Pitzer 73 studied the n.m.r. spectra
of several carboxylic acids in benzene solution in an

attempt to obtain more specific information about the
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equilibria involved and the nature of the monomeric and
polymeric species. They started from the premise that
the carboxylic acids usually associated to forﬁe cyelic
dimer in solution similar to that observed in théyapour
phase. In dilute solution the monomer-cyclic dimer

equilibrium is the most important. It had been shown

71 that such a system could be studied advan-

previously
tageously using nem.r., and further that the observed

shift of the hydroxyl proton was given by the expression,

x-mg

m
S';SM"' D

X

and that at infinite dilution the slope of the plot of

8 versus mole fraction, X, is given by,

(—‘-?y%\a foo " 2KA1?

where the symbols S ’gM’SD’ ﬁ, x, X, X and AD have
the same meaning as previously. Using values of K
determined independently, 376 y and S p Were deter-
mined at various temperatures. The authors recognised
that due to the relatively high association constants of
carboxylic acids in benzene solution it was impossible

to obtain measurements of S at sufficiently low concen-

trations to be able to extrapolate the data to infinite
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dilution. It is thus impossible to obtain an accurate

value of K from n.m.r. measurements alone,

However Parmigiani, Perotti and Riganti 74 re-
ported a determination of the dissociation constant of
acetic acid dimers in carbon tetrachloride solution using

n.m.r. measurements, The validity of this result

(K 2

dissn., = 1-01 x 10

l.mole'l) mast be doubtful. At
the lowest concentrations on which measurements were
made, mole fraction acid w~ 0001, the acetic acid must
largely be still in the dimerie form, as carbon tetra-
chloride will not promote the dissociation of acid dimers
to anything like the same extent as benzene. The

anthors 74

had to extrapolate to zero concentration a
Plot of average chemical shift against total concentra-
tion of acid. The dangers of this procedure cannot
be overemphasised as in this situation the physical pro-
perty, chemicel shift, is particularly sensitive to the
change in concentration and traces of moisture, and
there is no guarantee that there is a regular linear
relationship between the two, More recently Muller
75

and Rose published a paper dealing with the n.m.r.

dilution shifts of acetic acid in acetic anhydride,
acetone and 1,4 dioxane. They pointed out that the
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inconsistent pattern of results obtained by previous
investigators could be explained by the suggestion

that the solvents employed were not rigorously dried.
They went on to show that for solutions of acetic acid
in these solvents the dilution curve is nearly linear
down@o fairly low concentrations (mole fraction solute
c-0l 6=091) and consequently could readily be extrapolated
to infinite dilution, The authors 75 did not establish
quantitatively how much water still remained in their
samples but there can be little doubt that every pre-
caution was in fact taken to exclude moisture from them.
Any comparison of results obtained for acetic acid in
donor solvents such as acetone with results obtained

in aprotic solvents such as carbon tetrachloride is
dangerous, as in the former one has to contend with the
added complication of solvent-solute interactions.

Conti and Franconi 76

reported that down to
the very lowest acid conceutrations the predominant
equilibrium in splutions of carboxylic acids in aprotic
golvents is that between open chain dimer and cyclic
dimers. Exactly what the authors 76 meanfg\by open
chain dimer is obscure. It is extremely likely that

: ‘&
*  the cru¥ial effect of dilution of a carboxylic acid is

the replacement of a chain polymer by a discrete ring dimer.
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77,78 have

Using n.m.r. Berkeley and Hanna
studied the complexes formed between chloroform and
gseveral nitrogenous bases. The authors were inbterest-
ed in the dilution shifts of proton donors in various
acceptors or bases. They felt that a distinetion
should be drawn between an observed dilution shift and
a quantity which can be calculated from this, the
hydrogen bond shift of pure 1:1 complex, & ,z. This
quantity, & ap? 18 equal to the difference between AA:D’

L§Z§A§££}{N§£‘;§:;T;Qaér. This nomenclature is, of
course, only relevant to binary systems with the accept-

77,78 have shown

ors the second component. The guthors
that at infinite dilution of the proton donor in an
acceptor solvent, the limiting slope and the intercept
(limiting shift) of a plot of donor concemtration versus
shift of the donated proton is sufficient to determine
the equilibrium constant for hydrogen bond formation.

This method again depends on being able to extrapolate

with sufficient certainty to infinite dilution.

Ihe proton resonance shift acoompanying hydrogen
bond formation is normally towards lower field. This
implies a shift towards the resonance of a "ba¥e proton"

and could be interpreted as a lowering in the electron
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density around the proton. This does not seem very
sensible and in fact a convinecing argument to the con-
trary can be framed. That an increase in electron
density goes hand in hand with a decrease in magnetic
shielding means that the dependence of magnetic shield-
ing on the electron distribution is very different from
the dependence of the energy on this distribution,
Pople, Bernstein and Schneider 79 take as a starting
premise the electrostatic model of the hydrogen bond.
Théghemical shift of the proton in an isolated AH mole-
culé is determined by the intramolecular electroniec
circulations. There are two probable causes of the
hydrogen bond shift. Firstly, the proton in AH will
experience a magnetic field due directly to the currents
induced in the acceptor molecule B and if this has a non
zero average over all directions, there will be a net
contribution to the proton chemical shift. Secondly,
the presence of B will disturb the electronic structure
of the A - H bond and consequently modify its magnetic
susceptibility. Both these two effects would be ex-

pected to lead to a reduction in screening.

The situation where a polar mol ecul & appears
to hydrogen bond to an aromatic solvent molecule is of

some interest. Reeves and Schneider 80 gpg Schneider 1
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have demonstrated directed molecular interaction between
polar solute molecules and benzene solvents molecules
using the n.m.r. technique. The T =-electron system
in benzene represents a relatively exposed region of
electronic charge on each side of the plane of the aro-
matic ring and consequently if a second molecular species
interacts with benzene, this interaction will primarily
be through the Lp:-electrons and in the resulting complex
the infteracting molecules will have a preferred mutual

orientation. This results in the proton resonance of

2

the solute shifting to higher applied field. Schneider
interpreted the interaction between polar alkyl-x and
vinyl-x solutes and benzene as a dipole-induced dipole

interaction, the magmitude of which appeared to depend
on the magnitude of the molecular dipole moment of the

solute as well as on its molecular volume. An example
of this type of behaviour is provided by a study of the
proton resonance of dilute solutions of chloroform in
benzene. If chloroform is dissolved in cyclohexane
there are no specific interactions with the solvent
other than weak Van der Waals forces and dipole inter-
actions. Cyclohexane can be regarded as effectively

an inert medium and accordingly the proton resonance
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frequency of chloroform in cyclohexane can be accorded
the value zero. In benzene, however, the proton of
the chloroform molecule becomes directed normally to

the molecular plane of the solvent molecule and because
of the so-called 'ring current' effect, its resomnance

is shifted to higher field. If the 'ring current'
effect were absent one would have expeéted this hydrogen
bonding interaction to result in a small shift of the
chloroform resonance +to lower field. In aromatic
molecules there are interatomic currents which flow
around closed conjugated loops. The secondary magnetic
field, Hl’ due to these currents is in the opposite dir-
ection to the primary applied field Ho’ consequently a
protgﬁ’situated above or below the plane of the ring

will resonate at a higher applied field.

Addition of more solvent brings more solute
molecules into close contact with benzene molecules
causing an increased shift of the resonance signal to

higher field. This effect forms part of the pheno-
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menon known as the ring current effect.

Recently Musher 81 has claimed that the local
diamagnetic anisotropy accounts for anisotropic magnetic
susceptibility and for proton chemical shifts both in
benzene and in cyclohexane and that ring currents are
a fiction. There is no doubt that Musher's model gives
a good empirical correlation between structure and dia-
magnetic anisotropy in polymuclear benzenoid aromatbic
compounds, It would seen unwise, however, to discard
the ring current model as it continues to provide the
only satisfactory explanation of the large diamagnetic

shift of protons immediately above an aromatic ring.

There appear to be no recorded measurements on
the complexes formed between organic acids and hetero-~

cyclic bases in benzene solution. Toyoda 82

and co-
workers made n.m.r, studies of mixtures of acetic acid,
phenol and water with pyridine. The acetic acid=-
pyridine binary mixture is of some interest. The
authors found that the lowest resonance field of the

- OH proton occurred at a composition of 50 mole per
cent of pyridine and that the separation between ortho

and para protons decreased as the concentration of pyri-

dine decreased. This, the authors suggest, is evidence
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for the existence of a double minimum potential for the

proton of the following typee.

Thig assumption is not consistent with the evi-

66 measured

dence from Infra-Red Spectroscopy. Barrow
the eguilibrium constants for the reaction of pyridine and
acetic acid in carbon tetrachloride and chloroform and

1

found them o be 200 l.cm.™ ™ and 70 l.cm. + respectivelye.

The author 66

felt that the I.R. Spectra of these systems
were consistent with the reaction product being a simple
hydrogen bonded complex in which the proton remains
covalently bonded to the acid whilst the base is associ-
ated to the acidic hydrogen through an essentially electro-
static attraction. There is no doubt that the solvent
used affects the degree of association but whether it

affects the nature of product formed is more doudbtful.

This matter will be taken up later.

Brigel 83 reported the n.m.r. spectra of 154
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pyridine derivatives, The writer has used this source
for details of the actual proton magnetic resonance
spectra of 4-FPicoline, 2,6—Iutidéhe and pyridine itself.

84

Schaefer reported the n.m.,r., spectra of Quinoline.

(2) Experimental Work and Discussion

(a) Acetic Acid-Benzene and Acetic Acid-Cyclohexane
Systems

The n.m,r. spectra of a series of solutions of
acetic acid in benzene and cyclohexane have been measured.
The ne.m.,r. spectrum of acetic acid consists of one peak
due to the hydroxyl proton and a second peak due to the
protons of the methyl group. There is no spin-spin
coupling between these protons. The separation of the
- OH and - CH5 protons in pure acetic acid is 593 I3 /s,
Throughout this investigation the --CH3 resonance peak has

been used as an internal reference.

A1l the n.m.r. spectra were measured on a Perkin
Elmer R,10 60 Me/s Spectrometer. The solutions were all
mede up by weight and care was taken to avoid undue exposure
to the atmosphere. In both of these cases repeated

measurements were made on both pure acid and several
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solutions of that acid in the particular solvent. The
results given in Table C.l. represent in the case of pure
acid a mean value of several separate determinations and
in the case of the solutions are composite of several

separate runs.

The acetic acid-benzene system will be considered
first. Inspection of the results reveals that there is
a maximim separation of the - OH and - CH3 protons at a
mole fraction of acid of about 0°+08. This separation,
/\ , decreases rapidly with decrease in concentration
below that point. This is in sharp conmtrast to the
relative insensitivity of /\  to concentration at con-
centration greater than mole fraction acid about O-l.

This type of behaviour is similar to that reported pre-

73

viously and should be contrasted with thet displayed

by acetic acid in cyclohexane solution (Table C.2.).

In this instance, the rapid decrease in A on
dilution of solutions of low concentration does not take
place. This is indicative of the fact that cyclohexane
is a much poorer disassociating solvent than benzene.

IThe reasons for this are twofold. Firstly, cyclo-
hexane has a slightly lower dielectric constant than

benzene and secondly, and perhaps more significantly,
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TABLE Cl.1, TABLE C.2,

ACETIC ACID-BENZENE ACETIC ACID-CYCLOCHEXANE

Mole fraction A(e/s) = Mole fraction Ale/s)

acid (xA) 3 e/s acid (x,) 3 e/s
0.0145 5T7 0.0052 618
0+0194 593 0-0063 619
0.0216 601 0.0071 620
00314 618 0.0076 622
0+0568 648 00099 624
0+0751 658 0+0115 625
0-0825 662 0.0134 626
01041 657 00145 629
0.1223 653 0.0172 631
0.2469 636 0.0198 €632
0-3421 632 0.0239 634
04017 624 0.0316 634
05016 620 0+0439 634
0+6287 618 0+0654 635
07413 614 00807 634
0.8125 613 01190 630
0+9146 607 0.1468 628
0+9621 602 0+3686 624
10000 593 05214 622

06813 619
10000 593
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there is probably a specific interaction between the
polar acetic acid and the benzene solvent molecule.
This type of interaction was first observed by Reeves

and Schneider 80

who noted that the chemical shift be-
tween the proton in chloroform and an external reference
was smaller in benzene than in cyclohexane. This high
field shift was explained by assuming a molecular complex
to be formed between chloroform and benzene in which the
molecular axis of symmetry of the chloroform molecule is
parallel with the six-fold symmetry axis of the solvent

molecule. The authors 80

felt that the assumption
that the chloroform proton lies on the six-fold symmetry
axis‘unjustified, though quite probable. If such a
specific action were possible between the acetic acid
monomer and benzene then the monomer would be preferen-
tially stabilised with respect to the dimer and conse-

quently K will be much smaller in benzene than in

assn.
cyclohexane. This, in fact, is the case. Further
evidence in favour of such an interaction is the fact
that the - OH resonance peak in benzene is much broader
than the-OH resonance peak in cyclohexane at similar

concentrations. In benzene solution this broadening

became noticeable at concentrations as high as mole
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fraction acid of 003 whilst in cyclohexane solution
the ~ OH resonance peaks were sharp right down to the

lowest acid concentrations.

In I.R. spectroscopy it is possible to dserve
vibrational bands for both associated (dimeric) and non
associated (monomeric) states simltaneously. This is
not possible in n.m.r. spectroscopy as the correlation
time is sufficiently small relative to the lifetimes of
the two states for the - OH proton resonance to be ob-
served only at the frequency corresponding to the average
shielding of the two states. Since only one sharp
signal is observed the lifetime of the hydrogen bonded
state must be considerably shorter than the reciprocal
of the hydrogen bond shift, i.e. less than 10-3 seconds.
In principle the physical conditions could be altered so
that the hydrogen bonded dimer has an average lifetime
of the order of 107> seconds, thereby permitting measure-
ment of the chemical shift (relative to the -CH3 protons)
of both monomeric and dimeric hydroxyl protons. It is
conceivable that in benzene solution the lifetime of the
monomeric species is increased by its preferential solva-

tion by benzene molecules.
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Another approach to the problem is to consider
what effect, if any, this specific interaction hetween
a benzene solvent molecule and an acetic acid monomer
molecule would have on the characteristic relaxation
times of acetic acid. The line width of peaks is re-
lated to both Tl and T2, the spin-lattice and spin-spin
relaxation times respectively. These times are often
referred to as the longitudinal and transverse relaxation
times, It is well known that the n.m.r. line widths in
ligquids and gases are rmuch smaller than for the same mole~
cules in the solid state. That this is so is the re-
sult of the averaging effect caused by rapid variation
of the perturbing environment on the mobile phases. In
a solution any factor which tends to slow this variation
of local environment may also increase the line width.
Thus an increase in the lifetime of the monomeric species

could affect the line width by altering Tl angd T2.

The whole gquestion of the nature of this inter~
action hetween solute molecules and benzene is of parti-
cular interest. A recent paper by Ronayne and Williams 85
modifies some of the ideas expressed in the past as to

the nature of this interaction. The authors, quite



145.

reasonably, suggest that any mechanism which purports to
explain benzene-induced solvent shifts should consider
the following points. Firstly, the nature of the
interaction; secondly, the stoichiometry of the inter-
action; +thirdly, the thermodynamic stability of the
collision complex and finally its time averaged stereo~
chemical nature. There is considerable evidence7’86’87’88
that the benzene-molecule acts as an electron donor to an
electron deficient region in the solute molecule. This
donation induces a transient dipole in the benzene mole-
cule and the interaction may be regarded as of the dipole-
induced dipole type. It is widely assumed that the
stoichiometry of the collision complex is always 1l:1,

In fact, as the authors point out there is scant evidence
for this assumption. If the interaction can be repre-~

sented as an equilibrium,

Benzene + Solute — Collision Complex

then the solvent shift ought to be temperature dependent.
It has been shown 89 that the proton resonance peaks of
aromatic solutes in benzene move to high field as the

temperature is lowered. This shift is indicative of
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the fact that complex formation is favoured at lower

temperature.

The steﬁéchemistry of these complexes is assumed
to be such as to enable the region of high T =-electron
density of the benzene molecule to interact with the
electron deficient site. The euthors °° went on to
point out that as it is generally accepted that benzene
will act as an electron donor to an electron deficient
site, then there is no real reason why the collision com-
Plex need always ben analysed as a 1l:1 complex, but rather
it would seem sensible to expect an association at each
electron deficient site in a polyfunctional molecule.

In general, therefore, the benzene molecules will be
oriented by the electron deficient site of a local di=-
pole, In the particular case of the acetic acid-
benzene interaction a benzene molecule can be considered
as solvating the carboxyl group. Whether or not this
solvation is effected by the hydroxyi group alone inter-
acting with the 1 ~-electron cloud or whether the benzene
molecule interacts with the carboxyl group as a whole is
an open question. Two types of possible interaction

are visualised,
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In both solvents the general relationship be-
tween 4\ and the concemtration of acid may be explain-
ed by assuming that on dilution the disordered polymeric
chains in pure acetic acid are broken up and replaced by
the highly ordered dimeric molecules. The hydroxyl
proton in acetic acid dimer is less well shielded and
consequently the average resonance frequency is lower
than in pure acid. At acid concentrations lower than
mole fraction equal to O+l dissociation of the dimer
increases and consequently the average hydroxyl reson-
ance frequency increases. The polar monomer is favoured
relative to the dimer in a solvent of high dielectric con-
stant. Benzene has a slightly higher dielectric con-

stant than cyclohexane even so at the lowest concentration
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at which it proved possible to make measurements, there
had been little upfield movement of the hydroxyl reson-
ance freguency. These trends can be seen in Graphs
C.l. and C.2,

73

Pitzer and Davis recognised that it was im~-

possible to obtain an accurate value of Kassn. for a
carboxylic acid in benzene from n.m.r. data alone. The
writer concurs with this. Using the predetermined
value of Kassn. = 138°9 1.mole™t attempts have been made
to calculate the values of}m and/gD the absolute
chenical shifts of monomer and dimer. [A11 chemical
shifts were measured relative to the methyl protons].
Depending on which pair of measurements were used, ﬁow—
ever, varying values of}M and/f‘ p were obtained.

This indicated either that the experimental results were
inaccurate or else that the theory of there being only
monomer and dimer present in solution inadequate.

Indeed the validity of this assumption at concentrations
greater than 1% had always been doubtful. This, of

course, is borne out by the molecular polarisation

measurements.
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(b) Acetic Acid-Pyridine-Benzene System
82

As previously mentioned Toyoda and co-workers
reported the n.m.r., spectra of the acetic acid-pyridine
binary system. There appeared to be no published work
dealing with the ternary system. The writer decided
to repeat Toyoda's work in the light of the fact that
his conclusions differed from those reached from a
consideration of the Infra-Red spectra of these systems.66
The n.m.r. spectra were measured for a series of binary
mixtures of acetic acid and pyridine. A plot of A\ ,
the separation in c¢/s between the - OH and - CHy proton
resonance signals, against x, mole fraction of acid, is
shown in Graph C.3.

The n.mer. spectrum of pyridine was reported by

Brige1.%?

The}values of the « , /Z and 0/ protons
were 150, 3015 and 2-65 respectively. The spectrum,
a molecule of the type A32X2 with the « protons identi=~
fied with X,, and the /? and J- protons identified
with B2 and A respectively, is rather complicated.

Spin-spin coupling with the nitrogen nucleus is elimina-

ted by quadrupole relaxation,

Addition of a very small quantity of acid has
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TABLE C.3.

ACETIC ACID-PYRIDINE SYSTEM

Molar fraction (x,) A (e/s) £ 3
1.0000 593
09185 636
0+8487 648
0+8083 683
0.7785 692
07374 703
0.5845 734
0.501%6 743
04562 745
04131 750
0+3195 752
0.2597 754
0.2192 756
0°1816 758
01483 760
0.1276 761
01049 758
0°0913 754
0.0808 751
00725 750
00448 731
0.0340 728
0.0303 713

0-0274 700
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no noticeable effect on either the positions or inten-
sities of the lines of the pyridine spectrum. With
the addition of increasing amounts of acid there is a
definite compression of the spectrum as the /@ and.d
proton resonances move sharply to low field. There
is, at the same time, a slight downfield movement of
the « proton resonance. It is normal to regard the
bonding orbitals of the nitrogen atom in pyridine as

2 hybrid state. The atom will contri-

being in a sp
bute one 2p atomic orbitael to the conjugated aromatic
ring system of pyridine, and one of its electrons can
be regarded as being contributed to the aromatic sextete.
No change in the state of hybridisation is necessary
before bond formation using the lone pair can take
place. In the extreme case of protonation to form
the pyridinium ion one can envisage the adoption by

the nitrogen atom of a formal positive charge. If,
however, there is only a weak interaction between the
lone pair and a proton then only partial charge transfer
occurs with the result that the nitrogen atom carries
only a slight excess of positive charge. This would
cause a polarisstion of the aromstic molecular orbital

towards the reacting centre with the result that it will
be the /z and ( positions that will be denuded of
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charge density. Consequently their shielding constants
will be lowered and their resonance frequencies will

shift to lower field.

Addition of pyridine to acetic acid causes a
change in the separation of the - OH and - CHB proton
resonances. Ag can be seen from Graph C.3., and Table
C.3e there is a maximum separation at a mole fraction
of acid of gbout 0°1. This is in sharp contrast to
the behaviour recorded by Toyoda. Now the pyridinium
ion will be stabilised by resonance to a lesser extent
than pyridine. This is shown by the weakness of
pyridine as a bhase. fﬁ.m.r. is unable to prove or dis-
prove the existence of both the above species in solution
as the exchange time between the two may be short com-
pared to the characteristic time of measurement. This
would result in the coalescence of the two signals into
a single ® -~ H -~ N peak which in fact is what is observed.
Such a single peak would also be observed if there were
only one species in solution. At high acid concentra-
tions there will be at least two species present in solu-
tion, namely, free acid and associated acid. There is
still only one characteristic hydroxyl proton resonance
peak. This suggests that the frequency of making and
breaking of hydrogen bonds is much greater than the fre-
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quency of measurement.

Barrow 66

suggested that the mixing together of
acetic acid and pyridine should result in the formation
of a simple hydrogen bonded complex. In theory it
should be possible to defermine Kassn. from the n.nm.r.
measurements alone. It was not possible however to
obtain meaningful measurements of the position of the

OH - N peak at concentrations lower than a molar fraction
of 0-025, Hence it was not possible to extrapolate the
curve of /\ versus acid concentration to zero concen-
tration. At low acid concentrations, as in the case

of the acetic acid-benzene system, considerable broaden~

ing of the - 0 - H -~ N - peak occurred.

Sobyczk and Syrkin 20 suggested that in addition
to the - 0 - H ... N hydrogen bonding, a weak interaction
occurs between the carbonyl group of the acid and the h
protons of the pyridine.( M.m.r. suggests that this
is not so, as it is the « protons which are least
affected by addition of acid. However, ne.me.r. is un-
able to prove or disprove the existence of a species with
an acid-base ratio of 2:1. Infra-red evidence suggests

that this is not formed.
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Some work has been done on ternary mixtures of
acetic =zcid, pyridine and benzene. From this two
phenomena present themselves. Firstly broadening of
the - OH - N peak occurs at mich lower acid concemtra-
tion than in the binary acid-base mixtures. Secondly,
dilution of a constant ratio acid:base mixture with
benzene causes a decrease in the separation of the - OH
and - CH3 proton resonance signals. This is explained
on the basis that dilution with an inert solvent causes
a breaking up of hydrogen bonds in the system resulting
in the formation of more acid monomer. Free - OH in
monomer has a smaller chemicel shift, compared to the
- CH3 protons, than associated - OH in dimer. Conse-
quently there will be an upfield shift of the average
- OH resonance frequency and accompanying decrease in
A . In the ternary system there are at least three

competing equilibrium processes. These are as follows:

Acid Monomer + Acid Monomer =< Acid Dimer ( = Polymer)

Acid Monomer + Pyridine +— Acid-Base Complex
Acid Monomer + Benzene +— Acid-Benzene 'complex'

The existence of only one characteristic - OH

proton resonance, taken together with the known weakness
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of pyridine as a base in water, tend to suggest that the
acetic acid-pyridine complex is a simple hydrogen bonded
complex. A definite interaction between the carbonyl
group of the acid and the « proton of pyridine has
been shown previously to be possible, but in view of the
large separation of the two groups little importance

should be attached to such a possibility.

In summary, therefore, the acetic acid-pyridine

complex is most likely a simple hydrogen-bonded complex.

(e) Acetic Acid-4-Picoline-Benzene System

There is no reported work dealing with the n.m.r.
spectra of either binary mixtures of acetic acid and 4~
picoline or of ternary mixtures of acid, base and benzene.
The writer thought that the effect of acetic acid on the
n.m.r. spectrum of a heterocyclic base would be better
appreciated by examination of the nem.r. spectra of this
particular system. 4-Picoline has a simple A2X2 type
spectrum with two different AX spin-coupling constants.
The general theory of this type of spectrum indicates
that it should consist of two groups of lines each com-
prising twelve transitions and which are ideatical in

position and intensities with respect to their respective
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centres. Venkat eswarlu o1

reported that the observed
spectrum consisted of a group of lines of multiplicity
four at low field, with a further group more complicated
by coupling with the - CH3 protons at higher field. W

and Dailey 92

reported that the n.m.r. spectrum of 4-
picoline consisted of four symmetrically placed lines
for each set of ring protons. The writer found, how-
ever, that the set of lines at high field was compli-
cated probably due to coupling with the - CH3 protons,.
Ihe CH3 proton resonance signal was to the high field

of both « and l@ resonance signals and also appeared

to be complicated by splitting,.

"I Xf
R & X
O —Jax LePeouwe

The spectra of several solutions of 4-picoline
in cyclohexane were also measured, The sgeparation of
both & and F proton resonances from the L —methyl
proton resonance position varied with concentration,

In fact, the more dilute the solution, the lower was the
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separation. In addition to this all the proton reson-~

ance signals ghifted to low field on dilution,

TABLE C.4,

4-PICOLINE-CYCLOHEXANE

mole fraction base A (4 -CH3-o Yt ae/s AL -Ci 4 7@)t

4 ¢/s
1-0000 8Ss. 0 597 6
0+4699 766-8 58648
0+3069 765+0 584+4
0.1931 7488 572-4
0+1426 747+8 5700

These measurements were made in order to deter-
mine whether or not the apparemt splitting of the =~ CH3
proton resonance signal is due to intramolecular coupling
with the /Z ring protons or to an intermolecular coupling
with protons on another 4 -picoline molecule. It was
thought that if the latter were the case, the splitting
should disappear on dilution with an inert solvent. It
was importamt to use a solvent whose only interaction
with the 4-picoline molecule would be of the Van der Waals
type. In fact the splitting did disappear on dilution,

suggesting that it was due to an intermolecular inter-
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action. This might have been expected as the - GHB
proton and the /? ring protons are sufficiently distant
from one another for spin-spin splitting not normally o be
expected to occur. However the fine structure of the

/2 proton resonance due, it was thought, to splitting
with the - CH3 proton resonance did not disappear on
dilution. The shift to low field of all the proton
resonance signals on dilution is in line with the findings
of Murrel and Gil 23 who studied the n.m.r. spectra of
pyridine and several methyl pyridines and found that the
position of all signals was sensitive to the nature of
the solvent used. In particular they found that the
signals were at higher field position in benzene or in
the pure liquid than in carbon tetrachloride solution.
This is obviously not a simple dielectric constant effect,
as the dielectriec constant of benzene is very little
different from that of carbon tetrachloride but can be

explained in terms of specific associations with benzene,

or in the case of pure liquid, self association.

The spectra of several binary mixtures of 4=~
picoline and acetic acid were measured. These are
summarised in Table C.5, and graph C.5., The plot of

the diffierence in frequency between the hydroxyl and



TABLE C.5,
&»PICOLINE—ACETIC ACID
xA At30/8

0-0653 696
0.0784 700
00824 708
01413 725
0-1749 738
0-2014 744
02217 749
02540 755
02702 757
0.2981 758
0.3096 760
0-3958 762
0.4363 760
0+4593 757
0+6299 744
0-7909 715
0.8362 683
1-0000 593

Xy = molar fraction ac

Vs
¢/s = cycles per second

A = difference « -ou ud L-cuy

frﬂ’m Teromance

id

159.
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Q.-methyl proton resonances versus the mole fraction of
acid present shows a maximum at molar fraction about 0-1

in the case of acetic acid and pyridine.

In general when a non-aromatic substance is dis-
solved in an aromatic solvent, dilution of the solute by
the solvent causeé?he proton resonance signal to shift
to higher field. In the particular cases considered
in this investigation, the situation is somewhat more
complicated. Initial dilution causes a shift to low
field, whilst further dilution causes a reversal of this
trend. It is an oversimplification to consider this
problem as purely one of dissolving acetic acid, a non-
aromatic solute, in an aromatic solvent. The position
of the resonance signal from the O - H - N proton is an
indication of the type of environment ia!which this pro-
ton finds itself in, In benzene as solveut the shift
to low field was interpreted as a breaking up of the
polymeric acetic acid molecules yielding discrete cyeclic
dimers; further dilution caused the breaking up of the
discrete dimers yielding monomeric acetic acid with
accompanying shift of the resomance peak to high field.

The chemical shift is a maximum when the concentration
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of dimer is a maximum. This will occur at different
acid concentrations in differemt physical environments,
i.e. in different solvents. What is more remarkable

is that the magnitude of this separation is fairly con-

stant,
TABLE C,7.
Solvent Maximum Chemical Shift of
OH - N proton (c/s)
Benzene 662
Pyridine 761
4-Picoline 762
2,6 Lutidene 748
Quinoline 760

¢
(d) Acetic Acid-2,6-futidgne-Benzene System

There are no investigations of the nuclear
magnetic resonance spectra of either the Acetic acid-
2,6 Iutidene binary mixture or the acid-base-benzene
ternary mixture reported in the literature. 2,6 Imti-
dene is an example of the A32 class of n.m.,r. spectra,
a detailed examination of which was first reported by

94

Bernstein et alia. The label A32 refers to the

three ring protons of 2,6 Lutidene and means that there
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are two different types of proton, the coupling constants
between which are of the same order of magnitude as the
chemical shift between them. 2,6 Lutidene has a rela-
tively simple spectrum since the coupling constants be-
tween the methyl group protons and the ring protons are
relatively small because of the great separation (four
bond lengths). Further, the possible spin coupling
between the N nucleus and the methyl protons is elimi-
nated by quadrupole relaxation. The theoretically cdl-
culated spectrum of 2,6 Lutidiene consists of nine lines.
The ninth line is not normally observed because of its

low intensity.

il

I 23 4 e

!

N.M.,R. Spectrum 2 L6»f.u1: idgne

The nem.r. spectra of several binary mixtures

of acetic acid and 2,6 Iutidene, and of several ternary



163.

mixtures of acid, base and benzene were determined.

In the former, interest was centred on (1) the separa-
tion of the hydroxyl and methyl proton resonance and
(2) the effect, if any, of the addition of acid on the

proton resonance spectrum of the base.

A plot of the separation of the hydroxyl and

methyl proton resonances versus molar fraction of acid in

the binary mixture is shown in Graph C.8. The maximum
separation occurs at molar fraction acid . 0.5, It
82

will be remembered that Toyoda and co-workers found

a maximum at molar fraction 0°5 in the case of the acetic

82

acid-pyridine binary mixture. The authors took this

as evidence for there being a double minimum potential

energy for the - 0 - H - N proton of the type
@ D
N..OH-O t_:‘). N"Hooooo

In the case of the acetic acid-2,6—Lutidene systeﬁgée
position of this maximum is again indicative of the

composition of the mixture conmtaining the maximim con-
cent:ation of dimer. It will be remembered that the

assoclation constant for complex formation for acetic
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TABLE C.8.

ACETIC ACID-2,6 LUTIDENE

Mdlar
Bndey fraction (x,) A (e/s) t 32

1+0000 593
0+9178 656
0-8032 696
07504 719
06735 725
0+5781 739
0+5031 748
0.4488 745
0+4021 744
03367 742
0.2884 736
02649 734
041540 730
0°0808 712
0+0642 690

0°0414 636
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acid and 2,6 ILutidene in benzene solution has been
found to be about 5. The dimrerisation constant of
acetic acid in benzene has been found to be about 140.
It seems reasonable to suggest therefoie that the di-
merisgtion process will be favoured in 2,6 Lutidene as
compared to the other heterocyclic bases used in this
investigation. This is borne out by the low value

of the acid-base associgtion constant in benzene.

(e) Acetic Acid-Quinoline-Benzene

Again, as with acetic acid and 2,6 ILutidene
there is no work reported in the literature dealing with
the nuclear magnetic resonance spectra of either the
binary or tertiary systems. The nem.r. spectrum of

84

Quinoline has been reported by Schaefer. A dia-

gramatic representation is in the diagram below:

i

W Hg by Hs

ut 111l

N.M.R. Spectrum Quinoline

Hg
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ar the
The quartets amd lowest and highest fields
are identified as the BX part of an ABX grouping expect-
ed for protons 2,3 and 4. The quartet expected fo:fH4

is located in the region indicated in the figure.

N.M.Re gpectra of several binary mixtures of
acetic and quinocline were determined. A plot of the
separation of the hydroxyl and methyl protons versus
molar fraction of acid present is shown in Graph C.9.
In this case the meximum occurs at molar fraction of

acid 0°+3,
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TABLE C.9,

ACETIC ACID-QUINOLINE

molar fraction (xA) A(T 2) ofs
1°0000 593
09716 622
0°8305 673
0+6261 725
0°5063 736
0-4085 748
0-3802 754
03412 757
0.3155 760
0°2925 757
0.2738 754
02563 T49
0+2049 746
0°1716 T40

0-1524 736
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D CONCLUSIONS

The aim of this research was to investigate
the nature of the complexes formed between organic acids
and bases in aprotic solvents. Io do this, both the
dipole moments and nuclear magnetic resonance spectra
of these complexeg were determined. Several investi-

49,67,90 have used the technique of dipole moment

gators
measurement to investigate systems similar to those
studied here. Similarly n.m.r. spectroscopy has been
used to study this type of system. However, the two

techniques have never before been used simltaneocusly.

Earlier in this thesis it was stated that
none of the methods used by earlier investigators to
measure simmltaneously both dipole moment and association
constant of an acid-base complex in solution, were suit-
able for the systems studied by the writer. An gppre-
ciation of the method devised by the writer to solve
this problem is thus necessary. The experimental
techniques were similar to those used by previous investi-

46

gators, The calculation of both dipole moment and

associabtion constant was rendered simple through the



169.

successful development of simple computor programs.

It was thought possible to spot those values of K2

and c which fortuitously yielded seemingly accurate
values of the dielectric constant increment. This
proved to be the case in this investigation due mainly
to a prior knowledge of the approximate dipole moments
of the complexes. Without this knowledge the problem
would have been more acute particularly in cases where
K, is very low, Further use of this method is needed

before its success or otherwise is determined.

The formetion of complexes between organic acids

and bases in benzene can be represented as a series of

equilibria:
(1) @ - +
AH + B — MHH .,.B = A.... HB

The extent to which this equilibrium is shifted
to the right is very much dependent on the nature of AH
and B, Acetic acid is a relatively weak acid in aqueous
solution and an even weaker one in benzene solution,

A1l the nitrogenous bases used were fairly weak (pKas

in aqueous solution varied from 49 to 6-7).

The strength of a base in a given solvent is

measured by the extent of the reaction,
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+ +
B+ SH = BH + S

in which B is the base and S the solvent. It seemed
reasonable to suppose that for a given series of chemi-
cally similar bases, i.e. the bases used in this work,
the relative order of base strength would not vary from
solvent to solvent. Indeed by measuring base strengths
in acetic acid solution through titration against per-
chloric acid, Hall 95 has shown that, as in water,

pyridine is a stronger base than quinoline.

TABLE D.1.
Base PKa K2 (lomolepl)
Quinoline 4+9 20 T 2
Pyridine 502 10 - 2
4-Picoline 6°0 25 % 3
L) L‘ +
2,6~fut1d¢ne 6°7 4¢5 ~ 05

It is difficult, therefore, to explain the
anomalous order of values of K, listed in Table D.l.
One would expect K2 for the acid—2,6-ﬂutidé£e complex
to be relatively low due to the anticipated blocking
effect of the two bulky methyl groups. Also one
might have expected the relatively bulky quinoline
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molecule to hinder complex formation. Any such effect,
if present at all, is obviously overshadowed by some other
phenomenon which results in quinoline being a much better

complexing molecule than pyridine or 4-Picoline.

NeM.R. spectroscopy was used in this investigation
in order to help to explain the nature of the complexes
formed between acetic acid and heterocyclic bases in
benzene solution and also to shed further light on the
molecular state of acetic acid dissolved in aprotic sol-
vents. Congidering the second case first, n.m.r.
supports the contention that at low concentration in
benzene solution there exists an equilibrium between
monomer and dimer. It is unable to prove or disprove
the existence of both cyclic dimers and open chain poly-
mers. It does, however, afford fairly conclusive evi-
dence of the existence of an interaction between the acid
monomer and the T - electron cloud of the benzene solvent

molecule,

Addition of acetic acid caused very little change
to either the relative positions or intensities of the
ring proton resonance peaks of the heterocyclic bases.

This is consistent with the view that only very small
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charge displacements are associated with hydrogen bonding

in these complexes,

There is certainly no simple relationship be-
tween the pKa of the base in water and the molar fraction
of acid giving the maximum separation of - OH and - CH3
proton resonances. Nor indeed does there seem to be
any correlation between the position of this maximum

and the association constant Kg.

In summary, therefore, there appears to be little
doubt that these complexes are simple hydrogen tonded com-
plexes. The values of the association constants found
by the writer may not be absolute omnes, but it is their
relative order which is perplexing. The use of n.mo.r.
has perhaps not been as successful as one would have
hoped in elucidating the problen. This was due mainly
to the relative insensitivity of the technique to very

low concentrations of hydroxyl proton.
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APPENDIX 2

COMPUT ER PROGRAMS USED IN THIS INVESTIGATION

1, ZProgram A

Computing 4000 instructions
Output

O Line Primbter 2000 lines
Store 35/45 Blocks
Compiler Exchlf

Title

Acid base equilibria

Chapter O
vV - 500
F-510
G -> 10
A -7 500
B-> 10
E -5 1000
Z -5 500
H -7 100
N=11() 4

Read (FN)
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Repeat

T =1 (1) 3

Read (GT)

Repeat

Read (U)

K=1(1) 3

Read (BK)

L=1(1)6

Read (AL)

Read (H)

I=0

V(I) =

10) Y = B(K)V(I) + 1
Z' = 8UA(L)

W= % (% SQRT (YY + 2') - ¥/* (4v)
C = WB(K)V(I) |
D= x (A(L) - C - W)/2
W' F(L)W

D' = B(2)D

B' = F(3)B(K)

Gt = F(4)C

P =0

Z(P) =
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20) E = G(L)W' + G(2)D* + G(3)B' + 2(P)C' - G(3) F(3) C
I' = E - H

HY' - F'B

Néwliné

Caption

Help

Print (2(E), 2, 2)
Print (E, 5, 5)

Print (F', 5, 5)

Print (H', 8, 8)
Z(P+1) =2 (P) + 0.5
P =P +1

Jump 20, Z(P) K

Print (L, 1, 0O)

Print (4 (L), 5, 5)
Print (V (1), 2, 2)
VI + 1) =V (I) + 10
I =1I4+1

Jurp 10, V (I)

Repeat

Repeat

End

Close
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2. Program B

Computing 4000 Instructions
Output

O Line Printer 2000 lines
Store 35/45 Blocks
Compiler Exchl?f

Title Acid Base Equilibria

Chapter O

Read (V)
K=1(1) 3
Read (BK)
I=1()6
Read (AL)
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Read (H)

Y =B (K) V+1

X =8UA (L)

W= = (% SQRT (YY + X) - Y/x (4U)
C = WB(K) V

D== (A(L) -C - WwW/2

Wr =P (1) W

D' = F(2) D

B' = F (3) B (K)

C' = F (4) C

P=20

z (P) =

20) B = G(LYW* + G(2)D' + G(3)B' + z(B)C* - G(3)F (3) C
= EBE-H |
H' = F'F

Newliné

Caption

Help

Print (2 (®), 2, 2)

Print (E, 5, 5)

Print (F', 5, 5)

Print (H', 8, 8)

Z (B +1) = 2(2) %52

P=P+1
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Jump 20, Z(P) B2
Print (L, 1, 0)
Primt (A (T), 5, 5)
Print (C, 5, 5)
Print (D, 5, 5)
Print (M, 5, 5)
Print (C*', 5, 5)
Repeat

Repeat

End

Close

3. ZErogram C

Computing 1000 Instructions
Output

O Line Printer 300 lines
Store 35/45 Blocks

Compiler Exchlf

Title

Acid Base Equilibria

Chapter O
F - 10
G -, 10
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A - 7 500

B -7 10

H-7 100
H=1(1) 4

Read (FN)

Repeat

Read (U)

Read (V)

K=1(1)3

Read (BK)

L=1()6

Read (AL)

Read (H)

Y=B(K V+1

X = 8UA (L)

We = (x SQRT (YY + X) - Y)/= (40)
C=WB(K) V
D=2=x(A(L) -C-wW/2
W = F (1) W

D' = F (2) D

B' = F (3) B (K)

Ct = F (4) C

E=G (1) W +G(2) D* + G (3) B* =G (3) P (3) C
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Newline

Caption

Help

Print (E, 5, 5)
Print (C', 5, 5)
Print (4 (T), 5, 5)
Print (H, 5, 5)
rRepeat

Repeat Em
End
Close

4, Program D

Computing 4000 Instructions
Output

O Line Printer 2000 Lines
Store 30/45 Blocks

Compiler Exéhlf

Title

Acid Base Equilibria

Chapter O
V - 2000
F - 2000
G -7 1000
A -7 2000
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2000
4000

B
E -
Z -

VoV

5000

H - 2000

Nal(1) 4

Read (FN)

Repeat

T =1 (L) 3

Read (GT)

Repeat

Read (U)

K=1(1) 3

Read (BK)

L=1(1)6

Read (AL)

Read (H)

I=0

vV (I) =

10) Y* = VI = (B (K) - A(L) + # (1 -~ U - VI)/= (UVI)
7' = % (U + VI)%(3VI = (B(K) - A(L)) + 3)/= (WUVI)
A' = = SQRT (Y'Y'/4 + 2°2'2'/9)
V' = - 0e5 Y* + x SQRT (A')

U' = ® EXP (0-33333 = 10G (E'))
Y = Ut - Y/x(30")
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W=Y ~-= (U + VI)/x (30VI)
Jumpdown 40, W { O
Jumpdown 41, W/) A(T)

C = VIWB(K)/= (1 + VIW)
D= =x(A(L) -C -WwW)/2

Wt - P (1) W

D' = F (2) D

F(3)¢C

B* = F (4) B(K) -F (4) C
Pa=O

C'

Z (P) =

20) E= G (L) W+ G (2) D' + G (3) B' + 2 (P) ¢
F* = E - H | '
Ht = B'F?

Jump 50

40) W = 66666,66666

Return

41) W = 99999.99999

50) Newline

Caption

Help

Print (2 (2), 2, 2)

Print (E, 5, 5)

Print (F*, 5, 5)

Print (H', 8, 8)
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Z2(P+1) =2 (P) + 05
P=P+1

Jump 20, Z (P) { ==
Print (L, 1, O)

Print (A (L), 5, 5)
Print (V (I), 2, 2)
V(I+1)=7V(I)+ 2.0
I =TI+ 1

Jump 10, V (I)
Repeat

Repeat

End

Close



