
ABSTRACT
Spectroscopic Probe Studies of Solvation 
G. EATON

The major part of this Thesis concerns the use of relatively 
simple compounds used in extremely dilute solution to study 
solvation phenomena. Use of many spectroscopic techniques 
such as infrared, NMR, ultraviolet, etc., have made it 
possible to follow the environment of the probe throughout 
various mixed and pure solvent states. Simple molecules such 
as acetone, triethylphosphine oxide, small amides, etc., yield 
similar results concerning the interaction of alcohol-base and 
water-base systems and also provide information as to the 
solvation state of the probes themselves.

A comparative study of the various solvent scales is included, 
combining information obtained during the course of this 
research with the various literature values. The relative 
merits and demerits of most of the widely-used scales such as 
Gutmann's Donor and Acceptor numbers, Taft's a and scales, 
Kosower's Z values and Dimroth's values, etc., are discussed 
in the light of the various solvation parameters obtained.

Of particular interest was the formation of 'clathrate hydrate' 
compounds, already well-established in the literature. A 
suitable technique was developed and is demonstrated herein 
for following the formation of the acetone clathrate hydrate 
using infrared spectroscopy. Its relevance to some theories 
of water structure and solvation are discussed with suggestions 
as to acetone's solvation .structure in liquid water.

A final chapter is included where techniques from the probe 
studies are utilised in fomulating a suggested mechanism for 
the solvolysis of alkyl halides. These reactions already 
having been extensively studied by kinetic means previously 
relied on simple mechanisms which gave adequate mathematical 
results to the various rate laws. The involvement of hydrogen 
bonding to the solvent in' no way alters the mathematics but is 
highly relevant to the overall operating mechanism.
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CHAPTER 1
INTRCDUCTION



INTRODUCTION

1.1 THE STRUCTURE OF WATER

The work presented in this thesis is concerned with the study of 
solvation. Water holds prime position in such a study and, therefore, 

an outline of the structure and properties of this very important carpound 
is a necessary precursor to the work described herein.

a The Hydrogen Bond
The concept of hydrogen bonding, where a hydrogen atom is shared 

between two electronegative atoms, has been accepted for many years.

Wemer [1] in 1902 suggested the existence of such a bond for the 
initial stages of the formation of Ammonium chloride from Ammonia and 
Hydrogen chloride. The first use of this idea in the interaction 
between water molecules was by Latimer and Rodebush [2] in 1920.

The precise nature of hydrogen bonding is still open to debate.
Coulson and Danielsson [3] proposed that charge transfer was the mechanism 
vhereby the hydrogen bond was stabilised giving three resonance hybrid 
structures. Kbllman and Allen [4] , however, disagreed and suggested that 
many of the phenomena associated with hydrogen bonding could be explained 
without invoking charge transfer. It seems reasonable to assume that the 
true picture is some combination of electrostatic and covalent effects 

depending upon circumstances.

b The Uniform Model

This model, sometimes called 'the continuum model', was defined by 
Kell [5] , "Water has essentially complete hydrogen bonding, at least at 
low temperatures, and has a full distribution (or continuum) of bond 

angles, distances and energies". The first uniform model was proposed 
by Bernal and Fowler [6] with later contributions from several other
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authors [7-9].

c The Mixture Model
A definition of this model is again given by Kell [5] and describes 

water as "an equilibrium mixture of species each of v ^ch are 
distinguishable in an instantaneous picture". Whilst there are many 
mixture models proposed [10-13] the most important is that suggested by 
Frank and Wen [14] as the "Flickering Cluster Model". They proposed 
that liquid water consisted of clusters of ice-like material surrounded 

by disordered close-packed water molecules, the clusters and the 'free' 
molecules would be interchanging rapidly with the lifetime of the 
clusters estimated at approximately 10“^̂  seconds from dielectric 
relaxation measurements. Nemethy and Scheraga [15] applying this 
approach calculated the size of the clusters to be between 25 and 91 
water molecules.

d An Alternative Model
A model of water structure has been proposed by Symons [16] ; this is 

neither 'continuum' nor 'mixture' but retains seme characteristics of 
each. One major disadvantage of the two preceding models is their 
inability to explain satisfactorily all the various anomalous properties 
of liquid water. In particular it is difficult to decide v±ien a hydrogen 
bond is so weak and long that it ceases to be a hydrogen bond. This very 
dubious state is invoked by the continuum model in order to fully explain 
the OH overtone spectrum of liquid water. Also judging by the obvious 

propensity of water to form a hydrogen bonded system it is difficult to 
envisage 'free' non-bonded water molecules having any measurable 
existence.

We can consider water as an equilibrium between bulk water, which is
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ostensibly a fully hydrogen bonded 'uniform' state, and species designated 

(OH) free and (Ip)free (lone pair free). These two species are not 
separate states (as for the mixture model), just the result of broken 
hydrogen bonds, breaking and re making at approximately 10“^̂  seconds, 

the rest of the molecule being still fully bound to the bulk system.
This equilibrium can be written

H20(bulk) ^  OH free Ipfree .... (1)

It follows that equal quantities of both (OH)^^^^ and (Ip)free are 
present, the quantities of each have been calculated at approximately 
8% [17]. The existence of (OH) readily explains the features of the
OH overtone spectra, however, (Ip)^^^^ groups are much more difficult 
to identify by spectroscopic means.

The interaction of water with solutes can be regarded as a function 

of the properties of (Ip) free and (OH) free • Thus on adding a base 
(electron donor) (OH) free will be 'scavenged' hence increasing the 
relative concentration of (Ip)free groups. Conversely, addition of an 
acid will scavenge (Ip) free leading to an increase of (OH) free • This 
model is used throughout the work of this thesis and, as will be seen, 
readily explains the various systems studied.

1.2 THE STRUCTURE OF ALCOHOLS 

a Methanol
The structure of alcohols is much less controversial than that of 

water, a wide degree of general agreement existing. Methanol has been 
regarded as the ideal associated liquid [18] and can be considered as 
consisting of long chains of hydrogen bonded molecules spreading in two 
dimensions with a small quantity of branched chains, i.e.

-4-



 H —  0 - — — H ■ " 0 —H ' ' O  Me
Me Me 'ri

>0 H —— 0 ' Me

Me

The extent of the chains is very large, with very few terminal OH groups 
[analogous to (OH) free as oscillators]. This is confirmed in the overtone 
OH spectrum where only a tiny shoulder is observed for free OH 
oscillators [19].

b Other Alcohols
It is generally accepted that most alcohols have a similar structure 

to methanol. However with those alcohols containing bulky alkyl groups, 
e.g. tert-Butanol and Fluoroalcohols, a larger amount of terminal groups 
seem to be present. This is confirmed in the overtone OH spectra by the 
presence of a large narrow feature at the frequency for (OH) free 
oscillators. [For spectra see Chapter 4.]

1.3 USE OF PROBES 

a The Concept
If a particular molecule possesses an observable property that is 

affected differently by the different corponents of its environment, then 
it may be used to probe that environment. In an ideal situation a change 
from one state to another will produce a uniform change in the property 
being observed. Any specific interactions between the various corponents, 
however, will produce deviations from ideality and hence allow seme
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measure of those interactions. This technique has been used previously 
to great advantage in this laboratory [20] by following an e.s.r. spin 
probe di-tert-Butyl-Nitroxide. It is possible to use almost any 
spectroscopic technique to study probes, although seme care must be 
exercised in selecting the most suitable technique.

b Criteria for Probe Studies

The various conditions required for a successful probe study may be 
listed as follows

( i ) The probe must be soluble in the various solvents studied.

(ii) No chemical reaction should occur between the probe and 
solvents.

(iii) Seme suitable spectroscopic 'label' must be present on the 
probe, e.g. infrared band, electronic transition, 
magnetically active nucleus, etc.

1.4 THE INFRARED TECHNIQUE 

a Theory
The full theoretical basis for infrared spectroscopy is covered 

adequately by the many textbooks available on the subject. However, a 
brief outline of the method and its application to probe studies is 
given:-

Each bond in a molecule can be considered as a vibrating oscillator, 
having a vibration frequency within a narrow range of energies, specific 
to that bond. If that bond is irradiated with energy with a range of 
suitable frequencies then energy will be absorbed by the bond only within 

the range corresponding to its own vibration frequency. Thus vÈien a 
molecule is irradiated through a range of suitable frequencies, various 
bonds will give rise to absorption bands, giving the characteristic 
'spectrum' of that molecule. Vibrational frequencies correspond to what
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is known as the infrared region of the electromagnetic spectrum (4000 to 
200 cm"M . If each vibration were harmonic then there would also be 
absorption of energy with frequencies corresponding to 2x, 3x, etc., 

the fundamental frequency of vibration. These absorptions are termed 
'overtone' bands, but because in the real world the vibrations are 

anharmonic the overtones do not exactly correspond to multiples of the 

fundamental, in fact they tend to converge. These overtone regions have 
been particularly useful in the study of the OH oscillator of water and 

alcohols [21,22,23].

b Advantages and Disadvantages of Infrared for the Studv of Probes
The specific nature of the various infrared bands make it a very 

important technique. Some oscillators, e.g. OH, 0=0, etc., are 
particularly susceptible to hydrogen bonding and also to dipolar inter
actions. Most interactions of this type lead to a weakening of the 
oscillator bond and hence a lowering of its absorption frequency.
Samples for infrared spectroscopy are generally easily handled in 
specially designed cells with only small volumes of material required.

There are however sane problems, sometimes insurmountable, v^en using 

infrared. As most probes are used in very dilute solution, the oscillator 
being observed must give rise to a reasonably strong absorption band. 
Solvents too have their own absorption spectrum in the infrared region 
and hence must be chosen so that their main absorption bands do not 

coincide with those of the probe under study.

1.5 THE N.M.R. (MTTT.FAR MAGNETIC RESONANCE) TECHNIQUE 

a Theory
Many nuclei have magnetic moments and, if placed in a magnetic field, 

will line up with or against this external field. The population of these
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two states can be described by the Boltzmann distribution. Energy can 

be absorbed so promoting nuclei from one state to the other. This 
energy may be provided by irradiation by radio frequency waves. The 
true magnetic environment of the nuclei is modified by the magnetic 

influence of the surrounding electrons and hence the chanical environ
ments. Thus each proton in a suitable carpound may absorb energy of a 
slightly different frequency giving rise to a characteristic n.m.r. 
spectrum. There.are many textbooks giving full accounts of the theory 
and technique of n.m.r. spectroscopy [24,25] and only a brief account is 
given here.

The main n.m.r. measurements used in probe studies are chemical shifts 
and relaxation times. The former arise as described above by changes in 
the chemical environment of the nucleus in question. Chemical shifts 
are measured usually in dimensionless units 'parts per million' (ppm) 
relative to the position for the same nucleus in a suitable reference 
material. For protons, any hydrogen bonding generally induces a down- 
field shift relative to those chemical shift values of unassociated 
molecules and this has been studied extensively in this and other 
laboratories engaged in solvation work [17].

Relaxation times can be determined fran measuring linewidths, however 
most work is now usually done using the 'Fourier Transform' technique. 
Relaxation times also give details about the environment of the nucleus 
but can also provide data as to the freedan of the molecules concerned, 

to rotate or move through liquid. This is of particular use vÆien 
studying clathrate compounds.

N.m.r. tends to be much less affected by interference from the solvent, 
either the studied nucleus may not be present except in the probe or the 
resonance will occur at a conpletely different frequency and hence will
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be still observable.
The time scale for n.m.r. to take place is in the order of 10“  ̂

seconds vÈiereas hydrogen bonding and exchange of such states is in the 
order of 10“^̂  seconds. This means that, in general, only one signal 
is seen by n.m.r. for several solvated states. Therefore any interpreta
tions based on changes in chemical shift measuranents are subject to 
difficulty unless the shifts are known for all the states involved.
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CHAPTER 2
EXPERIMENTAL TECHNIQUES



2.1 PURIFICATION OF MATERIALS
Most organic solvents were purified and dried according to standard 

methods [1]. This in general required fractional distillation off sane 
appropriate drying agent, e.g. calcium hydride, under an inert atmosphere. 

Water was purified by a preliminaiy deionisation followed by a secondary 

treatment using a Millipore Milli-Q systan.
All materials and non aqueous solvents were stored in a dry box prior 

to use; light was excluded vdien necessary.

2.2 SAMPLE PREPARATION AND HANDLING
Samples were prepared by volume or weight, whichever was the most 

convenient for the materials being used. When necessary all mixing and 
transferring of materials was done in a dry box under an inert atmosphere 
(dry nitrogen) . All spectra were recorded as soon as possible after 
preparation, to minimise any errors due to deterioration.

For the probe studies a sinple standard procedure was followed for 
mixed solvent systems, i.e. A-»-B.

(a) A suitable concentration of probe (usually 1% Vv) was prepared 
in 10 mC of A and 10 m£. of B.

(b) These solutions' were then mixed to give a suitable range of 

concentrations (see Table 1).

TABLE 1

Sanple Probe in A/m& Probe in B/mt Ratio
1 1.0 0.0 1:0
2 1.0 0.1 10:1
3 1.0 0.2 5:1
4 1.0 0.5 2:1
5 1.0 1.0 1:1
6 0.5 1.0 1:2
7 0.2 1.0 1:5
8 0.1 1.0 1:10
9 0.0 1.0 0:1
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(c) The same mixtures were prepared using pure A and pure B; 
these solutions were then used as references in the 
spectrophotometer.

(d) Mole fractions were calculated taking into account volume 
of mixing corrections, etc.

(e) Any obvious gaps in the data were then filled by making up 

suitable intermediate mixtures.

2.3 SPECTROSCOPIC TECHNIQUES

(a) Infrared spectroscopv
The instrument used throughout this work was a Perkin-Elmer 580 [2]. 

This is a double beam recording spectrcphotcmeter with scale expansion 
facilities on ordinate and abscissa and pre-selectable modes for optimum 
resolution and/or noise level. For many of the spectra an accuracy of 
±0.5 cm“  ̂was achieved for the peak position (Vmax)•

Cells were generally of the demountable type, having windows chosen 
for the spectral region and conditions encountered. Usually calcium 
fluoride plates vere used but silver chloride was utilised for measure
ments below 1000 cm"^ and ' Irtran' or zinc selenide for variable 
tenperature studies. Path lengths vere adjusted using PTFE spacers, a 
path of 0.025 cm being found suitable for most probe studies.

For dilute solutions in inert solvents as for the haloalkane work 
Infrasil cells having a fixed path length of 2 mm were used. Variable 
temperatures were obtained using a 'Specac 20000' vacuum jacketed cell 
holder and proportional controller. Terrperatures could be held to ±1°C 

in the range -200 to +250°C. Cooling was by means of liquid nitrogen or 
solid CO2 and heating by using the built-in cell heater blocks.
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(b) Near infrared, visible and ultraviolet spectroscopy
All the work in this region, 2600 to 190 nm, was carried out on a 

Perkin-Elmer-Hitachi 340 spectrophotaneter [3] . This is a double beam, 
recording instrument with two spectral ranges determined by the type of 

detector and source required. 2600 to 800 nm is designated the near 
infrared region and uses a lead sulphide detector, all the 0-H overtone
studies were carried out in this region. 850 to 190 nm is the visible
and ultraviolet region using a photcanultiplier detector. The near 

infrared and visible (to approx. 380 nm) regions use a tungsten filament
bulb as a source and the ultraviolet a deuterium lanp. Scale expansion
facilities were available for both ordinate and abscissa and slit widths 
adjusted automatically by a servo system.

Cells were generally fixed path length "bottle" type of silica or 
glass. Usually 10 mm path was used but 2 or 1 mm were used vdien 
necessary.

A cell thermostat was installed around the cell block and this 
enabled variable temperatures to be utilised, however, for the work 
described here a constant 25°C was maintained.

(c) Nuclear Magnetic Resonance Spectroscopy
Several spectrometers were used depending upon the type of work being 

undertaken. For proton (̂ H) work a 'Jeol PS-100' was used. This is a 

100 MHz spectrometer operating in the continuous wave mode and having 
variable terrperature capability. 5 mm OD tubes were used with a coaxial 
insert, when necessary, for suitable referencing (see Appendix II) and 
an internal homonuclear lock system (usually on IMS).

For and ^^P work a 'Jeol FX-60' was used. This is a 60 MHz 
(proton) spectrometer operating in the pulsed Fourier transform mode and 
having variable temperature capability. 10 mm OD tubes were used with
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coaxial inserts v^en necessary for referencing. This machine utilised a 
hetero-nuclear lock signal (deuterium) incorporated into the external 

reference solution.
^^0 work was carried out at Warwick University Chemistry Department 

by courtesy of the SERC with assistance fron Dr. 0. Hbwarth. The 
spectraneter used was a 'Bruker I#l-400 ', which is a 400 MHz (proton) 

Fourier transform instrument having a superconducting magnet and variable 
temperature facility. ^^0 measurements were made at natural abundance 
levels and so required several thousand pulses for production of a 
suitable spectrum. Referencing was by computer storage of Dz^^O signal. 
10 mm OD tubes were used for all samples.

(d) Electron Spin Resonance Soectroscopv
Two instruments were used, a 'Varian E109' and a 'Varian E3'; both 

gave satisfactory spectra for the determination of the Aiso values.
The samples were placed in a small quartz flat cell and recorded over 

a ±25 Gauss scale. The A(̂ '*N) values were then read directly off the 
spectra. All samples were degassed using the freeze-thaw method on a 
vacuum line immediately prior to observation.

2.4 SPECTRAL BAND DECONVOLUTION
This technique is discussed in detail in Appendix I, however the 

instrumentation used throughout the work was as follows.
Preliminary curve analysis was done on a DuPont 310 curve resolver 

with the bands set to either fully gaussian or fully Lorentian.
For the use of the VIDCA program the spectra were first digitised 

using a 'Ferranti Freescan'. The data in this form was then processed 
and, using the VIDCA program, displayed on a DBCGT42 graphics display. 
The vÈiole operation was controlled through a PDP 11/45 miiniccmputer.
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The final deœnvoluted spectra and associated bands vere plotted using 

a CalCorrp 1012 fast drum plotter in four colours.

2.5 GENERAL CCMMENTS

All instruments were operated following standard procedures and 
according to manufacturers' instructions. Care was taken over all 

aspects of the work in order to reduce experimental errors to a minimum, 
particularly in the preparation of samples and the cleanliness of 
equipment, cells, etc. Mast spectra recorded here were the result of 

several runs so reducing the chance of random errors.
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CHAPTER 3
ACETONE PROBE STUDIES



3.1 INTRODUCTION

The carbonyl stretching frequency provides a very sensitive and useful 
way of following the behaviour of some probe molecules. Many different 
carbonyl ccnpounds have been investigated using infrared spectroscopy 

[1,2,3]. In particular, ketones and especially acetone, have been used 
in solvation studies [4].

The use of probe molecules has been described in Chapter 1. However, 

acetone was chosen as a probe for study due to its similarity to dialkyl 
nitroxide radicals that have been used extensively as e.s.r. probes of 
mixed solvent systems [5,6] . The study of diall^l nitroxide radicals by 
e.s.r. spectroscopy suffers frcm one serious dravÆack, that is, time 
averaging of information fron several species. This results in the loss 
of sane information. In this case we measure only the isotropic "̂*N 
hyperfine coupling constant.

Infrared spectra do not suffer fron this ' averaging ' problem, however 
the N =  0 stretching frequency for di-tert-buty 1 nitroxide (the probe 
used in the previous studies) is difficult to assign and cones within a 
very congested region of the infrared spectrum [7]. Acetone being 
structurally similar but with a clear C=0 stretching band should give 
more information about the differently solvated states that may exist in 
mixed solvent systems.

Most previous studies including acetone have taken one of several 
lines, i.e.
a Study of the carbonyl frequencies of many different ketones in the 

pure state [2,3]. 

b Study of the carbonyl frequency of selected ketones in several 
different pure solvents [1,8]. 

c Study of the carbonyl frequency of selected ketones in mixed
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solvents [4] .
In this present study of acetone as a probe into aqueous and alcoholic 

solvation studies such as type a are of limited use, however types b and 
c should yield valuable information. Type b will give frequency shifts 
for interaction with solvents and should relate to similar scales for 
solvent strength such as those proposed by Guttmann [9] . Type c will 
give information as to the specific interactions between (i) the probe 
and water or alcohol, (ii) the mixed solvents, i.e. base and water or 
alcohol.

3.2 RESULTS AND DISCUSSION
(a) Pure solvent svstems

Figure 1 shows the relationship between the Vmax (^C=0)str for acetone 
in different solvents, these values correlate well with values for ̂  ̂ C 
chemical shift measurements [10] , Figure 2 for the >^^C=0. In most 
cases, the infrared bands were symmetrical and single, in the case of 
methanol, however, a small shoulder was observed. This envelope was 
curve analysed into two bands, one small at 1715 cm"^ and the main band 
at 1707.5 cm“ .̂ These bands were assigned to 'free' and 'bound' acetone 
respectively. The correlation with Gutmann acceptor numbers was very 
good as can be seen in Figure / 6. of Chapter 7. This is probably due to the 
fact that any interaction between acetone and the solvent occurs mainly 
through the lone pairs on the carbonyl oxygen, i.e. the acetone is acting 
as an electron donor, the solvent as acceptor.

The plots of carbonyl stretch against A(^‘̂N) and n->-Tr* bands for di- 
tert-butyl nitroxide [5,11] show excellent correlation (Figure 3). This 

indicates the validity of using acetone as a similar probe to DTBN. 
However, one solvent is particularly off-line, i.e. CMSO (dimethyl- 
sulphoxide), it is suggested that this is due to the extreme degree of
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Figure 3.2
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Figure 3.3
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Figure 3.4
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dipolar interaction between DMSO and acetone; this is shown diagram- 
matically in Figure 4, catpared with the interaction with DTBN vAere the 

large tert-butyl groups will interfere. Further evidence is provided for 
this idea by the triethylphosphine oxide probe work, see Chapter 4, and 
HMPA probe, both correlate with DTBN in DMSO.

It should be noted that for all these correlation plots there are two 
distinct regions, (i) the aprotic region vdiere dipole-dipole interactions 
daninate, and (ii) the protic region that is dominated by hydrogen 
bonding to the probe. It should, however, be borne in mind that these 
definitions are not rigid and that in the protic region seme bulk effect 
is also apparent and in the aprotic region seme weak H-bonding may be 
involved.

(b) Methanol with aprotic solvents

On taking acetone in methanol and titrating in seme aprotic species 
such as I4eCN (cyanemethane) a new band grows v^lst the original band 
decreases. This is similar for all the aprotic solvents used. Exairples 
are shown in Figures 5, 6 and 7. The position of the new band is 

ultimately determined by any interaction between the aprotic solvent and 
acetone (see Figure 1) but in the early stages it is at the same position 
as the small shoulder assigned to 'free' acetone in pure methanol. We 
can represent this by reactions (i) and (ii):

(MeOH)n + MezCO MezCO--- (HGMe)n ___ ( i )
MezCO---(HOMe)n + B MezCO + (HOMe)n---B   (ii)

This effect of 'free' acetone being produced initially and suitable 
bulk interactions occurring with increasing aprotic concentration is seen 
very effectively with DMSO.

Here the new band -initially grows at approximately 1715 cm"^ then moves 
back to 1709 cm"^ in keeping with the interaction with DMSO. This
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Figure 3.5
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Figure
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Figure
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indicates that 'free' acetone in an environment of mainly bulk methanol 

is less perturbed than by bulk DMSO. Hovever, if totally 'free' 
acetone, as in the case of an inert solvent system, vere being formed 
ve should expect a band at around 1722 cm"\ This is clearly not the 
case and the difference can be accounted for by bulk interactions, 
e.g. dipolar, etc., with the bulk methanol. In the previous argument 
we have only considered 'free' and 'bound' acetone, however ve can also 
make seme deductions as to the structure of the 'bound' species.

Acetone has two lone pairs of electrons on the oxygen, that are avail
able for hydrogen bonding to methanol. As we have seen in Chapter 1 
methanol can be considered as having a chain-like structure and so it is 
conceivable that two such chains may be bound to acetone or just one, as 
shewn by structures I and II:-

Me

Disolvate MezCO'

y-'-H-o-
Me

Me Me
Mcnosolvate MezCO-—  H — 0 ---H— O   I \

If VB take a type I system and add a basic cosolvent two major events 
may take place, (a) stripping off of parts of the methanol chain by 
breaking jyfeCH— O— bonds or (b) desolvation of the acetone by breaking 

the acetone-methanol bonds. Clearly (b) will have a greater effect on 
the carbonyl stretching frequency and one wculd ej^ct to see bands 
corresponding to II, I and 'free' acetone as each methanol chain was 
removed. Removal of methanol units from the chains would be expected to
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produce only small changes in the carbonyl frequency, the result being 
seen as a progressive shift to higher values.

What we see is a single step, loss of one band with gain of another 
at higher frequency followed by a slight shift due to bulk interactions 
and overall we interpret this as being due to structure II in pure 
metlianol being desolvated by added base with a bulk dipolar shift of 

'free' acetone to its final position in pure aprotic base. Vfe see no 
evidence for structure I in pure methanol.

Ey band deconvolution (see Appendix 1) it was possible to plot the 
loss and gain of various species over the mole fraction range (Figures 
8, 9 and 10). It can be observed that the rate of loss of methanol fron 
acetone is only partially affected by the base strength of the cosolvent. 
All the bases have roughly the same initial effect whereas their strengths 
are significantly different. This probably arises due to a buffering 
effect such as

Me
(WeOH)n + B ^  B —  H— O  + (Ip) free .... (iii)

vhere (Ip) free indicates a terminal methanol with a free lone-pair of 
electrons. This (Ip)free will be the same for all bases and in the 
dynamic exchanging system of a methanol - rich mixture will be the 
controlling 'base' for desolvation of the acetone. However, on increasing 

the concentration of base, direct removal of the acetone becomes inport- 
ant. Hence the cross-over point where 50% of the acetone has become 
'free' is related to base strength. The weaker base requiring a higher 
mole - fraction than the strong base to effect the same degree of removal.

(c) Ethane-1,2-diol with aprotic solvents
A single symmetrical band was observed for acetone in ethane-1,2-diol, 

the shift induced being greater than that for methanol (Figure 1). With
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Figure 3.8
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Figure 3.9
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Figure 3.10
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Figure 3.11
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Figure 3.12
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Figure 3.13
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methanol structures I and II were the major possibilities but with 
ethane-diol there is a third, i.e. the cyclic structure.

Me2C=0^ III
CHz

However, on adding basic cosolvents as for methanol there are only two 
species seen, i.e. bound and free (Figure 11). After deconvolution and 
plotting the fall and rise against mole fraction diol a different picture 

to methanol appears (Figure 12) but if allowance is made for the excess 
OH groups by plotting against relative mole fraction OH groups the 
picture is very similar (Figure 13) . It is concluded that ethane-diol 
is behaving in the same way as methanol and that only structure II is of 
any significance in the pure solvent case.

(d) Water with aprotic solvents
The carbonyl band for dilute aqueous acetone is a symmetrical single 

band indicating either all structure I or all structure II for the 
acetone. In view of the water equilibrium, viz.

(HzO)^^2k ^  (OH)̂ ].gg + (Ip)free .... (iv)

that has been discussed in Chapter 1, it would be reasonable to assume 
that small quantities of bases such as acetone will be solvated to their 
maximum extent. An inspection of Figure 1 reveals that the carbonyl band 

shifts in roughly equal steps: Aprotic —  ^kOH —  H2O which suggests a
system 'Free' —  Mono-bound —  Di-bound. Other work (see Chapter 7) also 
indicates this sequence for acetone. Figures 14, 15 and 16 show the 

effect of adding aprotic cosolvents to aqueous acetone. It can be seen 
frcm these that three distinct regions exist in the spectrum, at 1697 cm"\
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Figure 3.14
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Figure 3.15
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Figure 3.16
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Figure 3.17
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Figure 3 .18
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Figure 3.19
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1705 an“  ̂ and the aprotic region.

If we interpret these changes in terms of structure II vhere the 
acetone is mono-basic, we have a situation similar to the methanol case. 

There is only one water-acetone hydrogen bond to break but many water- 
water bonds, a single loss/gain situation would be expected for the 
desolvation of the acetone but a slow shift for the progressive removal 

of water molecules from 3D chain structure. This is not vhat is observed.
However, if we consider - structure I vhere acetone is di-basic, we can 

envisage two main desolvation steps for the acetone, i.e.
Structure I — ► Structure II — ► 'free'

or, possibly, a progressive shift due to loss of water from the 3D chain 
system. It is most likely that both situations will arise, the major 
steps being due to desolvation of the acetone with minor shifts due to 
the water structure being broken at higher aprotic mole fraction.

The deconvoluted bands plotted against mole fraction (Figures 17, 18 
and 19) show the progress of the three bands clearly. The rate of 
de solvation of the di solvate appears to depend on the basicity of the 
aprotic base rather than base strength. This is interpreted as being due 
to the system in water(V). This will have the effect of shifting equation 

(OH) free + B  ̂B ----H — O'' .... (v)

(iv) to the right so increasing the amount of (Ip)free / this and not the 
basic cosolvent (vhich is almost all bound to water) is the de solvating 
agent, even for fairly weak bases. Obviously the basicity of the 

aprotic cosolvent will determine how much excess (Ip)free is formed and, 
therefore, the rate of desolvation. As the mole fraction of aprotic 
base increases, so the influence of base strength will increase and the 

effect of basicity will decrease. This can be seen in the way that the

-44-



irmosolvated band is related to mole fraction. For a strong base the 

deconvoluted band height passes through a maximum at a low mole fraction 
of base. As the base strength decreases so the position of this maximum 
moves to higher mole fraction.

(e) Water with methanol

Figure 20 shows the effect of adding methanol to water. Wë see only 
two main bands with a loss of the band at 1697 cm’  ̂ and a gain of the 

1707 cm~^ band. Small shifts are also observed throughout. If we 
suggest structure I type for acetone in water and structure II for 
acetone in methanol, a scheme as belcw indicates the various routes 
available for interconversion:-

Me
Me

,c=o:

jyfe

\/

/\

Me

\/
Me,

\/

Me/ C=0'
Me /

C=0'

II

Me /
c=o:

'H\ 0,

IV Me

As structures I and IV are so similar no infrared spectroscopic technique 

could distinguish them - likewise III and II - there is therefore no 
evidence from this work for any of these routes to be preferred.

However, as water and methanol both have a tendency to f o m  hydrogen 
bonds where possible, the direct route frcm I to II involving exchange
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and desolvation simultaneously would appear unlikely in any mixed solvent 

system. Also structure III would require desolvaticn before exchange 

and this would be unlikely in such a system.

3.3 CONCLUSIONS
From the work described in this Chapter and information from the

literature, it can be seen that acetone is. a useful probe into its own
solvation and that of many other systems. It has been demonstrated that
acetone is likely to be disolvated in water, mainly, monosolvated in

o cc a s i o n e dmethanol and other alcohols, this state of solvation beingj|by hydrogen 
bonding. In solvents where no hydrogen banding can take place, any 
interaction is with the bulk medium via dipolar coiç>ling, etc. These 
bulk medium effects obviously have an effect within hydrogen bonded
systems but only of minor inportance.

The excellent correlation with nitroxide studies suggests that the
information about solvated states is applicable and may be of use in the
interpretation of the e.s.r. data. This will be discussed further in 
Chapter 6.
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CHAPTER 4
TRIETHYliPHOSPHINE OXIDE PROBE STUDIES



4.1 INTRODUCTION

chemical shifts for phosphine oxides have been shown to be very 
sensitive to solvent effects. This was utilised by Gutmann [1] for the 
determination of his acceptor numbers (AN) [for values see Table 1 in 

Chapter 7] .
The P=“ 0 stretching frequency in the fundamental infrared (around 

1150 cm“M  was found also to be solvent sensitive [2] and a study of this 
together with ^^P n.m.r. shifts was undertaken as part of our studies of 
probes.

Triethyl phosphine oxide was chosen for several reasons, (a) this was 
the compound used by Gutmann, (b) it is stable and easily handled, (c) 
interaction occurs only via the oxygen lone pairs or by dipole-dipole 
effects. In Chapter 3 it was shown that the infrared work on acetone 
could be used to gain a greater understanding of previous nitroxide 
e.s.r. studies. N.m.r. studies usually suffer frcm time-averaging 
problems in the same way as e.s.r. It was therefore desirable to be able 
to interpret the n.m.r. results in the light of information about solva
tion states. In the case of acetone the infrared shifts correlate 
linearly with ^^C n.m.r. shifts for the carbonyl carbon. A similar 
correlation would be expected for ^^P shifts and P— 0 stretching frequency 
shifts for the phosphoryl group of triethyl phosphine oxide.

The P— 0 stretching frequency for phosphine oxides occurs at very low 
wavenumbers caipared to most phosphoryl ccmpounds, indicating a highly 
polar P — O bond [3] . Most authors use P = 0 without indicating any 
polarity, however in this thesis P— 0 will be used. indicating only partial 

TT bond character with a large degree of charge separation, such that the 
true picture is closer to p'̂— o'̂  , and will be indicated by the dotted 
line.
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4.2 RESULTS AND DISCUSSION
4.2.1 Pure Solvents

The band positions, Vmav, for the P = 0  stretch of triethyl phosphine 
oxide in various solvents, are shown in Figure 1. For most solvents a 
single band was observed, but for alcohols there were two bands.

The correlation of these values with the ^^P chonical shifts shows a 
very good linear relationship (Figure 2). However the alcohol data 

straddle the line. If a value 'a' for the weighted mean infrared 
position is determined for each alcohol and plotted, it is found to lie 
directly on the line. This is taken as evidence that the two states seen 
by infrared both contribute to the ^^P shift value by fast averaging.
The individual ^^P shifts for the two species can be taken directly frcm 
the correlation and used to give AN values for each state.

As for previous probe studies, it can be seen that the solvents can be 
grouped into two separate classes, (a) aprotic, with degrees of dipolar 
interaction, and (b) protic H-bonding solvents. The various shifts also 
form a pattern where

Free Alcohol shoulder Alcohol main band Water band

with intervals i, ii and iii being of similar magnitude. This is inter
preted initially as 'free' — ► 'mono-bound' — ► 'di-bound' — ► 'tri-bound'. 
The relatively large shifts of dimethyl sulphoxide (EMSO) and methyl 
cyanide (MeCN) are assigned to strong dipolar interaction. However, the 
6+ve phosphorus is not exposed, being surrounded by three ethyl groups, 

so that specific 'side-by-side' dipole effects, as postulated for planar 
molecules such as acetone, etc., with DMSO, would not be expected, so 
placing it on the line for dipolar aprotic solvents. Trichloromethane 

(CHCl 3 ) induced an exceptionally large shift coipared to its effect on
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Figure 4.1
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Figure 4.2
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other probes. This is interpreted as probably di-solvation. 1,2-Ethane- 

diol gave a shift similar to the main alcohol band indicating a di- 
solvate, vhereas water induced a very large shift indicating tri- 

solvation. The alternative possibility for water wculd be di- or mono- 
solvation but with very high 'acidity' of water protons giving a much 

stronger H-bond than the alcohols. However, wcrk by other authors [4] 
has shown similar bonding abilities by bulk water and bulk alcohol which 
supports the idea of tri-solvation.

4.2.2 Mixed Solvent Svsteans 
a Methanol with aprotic bases

Figures 3, 4 and 5 show the effect on the v P *»»0 stretch of adding 
various bases to methanolic solutions of EtgPO and Figure 6 shows the 
effect on the shift of the same and other bases. It is observed that 
initially the main infrared band diminishes vAiilst the minor band 
increases, and that, subsequently, this band gives way to a third, 
characteristic of EtaPO in the pure base. This is interpreted as 
'Di' — ► 'Mono' — ► 'Free' . The shift in n.m.r. position follows the 
apparent basicity of the added aprotic bases in the initial stages with 
relative base strength becoming more prevalent in the later stages. This 
is illustrated in Figures 7, 8 and 9 vhere the deconvoluted bands are 
plotted; basicity is responsible for the 'di' — ► 'mono' stage and base 
strength more relevant to the 'mono' — ► 'free' stage.

This situation arises due to the equilibria

Me Me
I I

B + (^OH)bulk ^  B - H - 0 ....H— 0 ---   (1)
+ (Ip)free

(Ip)free +Et 3PO(MsOH)2 (MeOH)bulk + EtsPOCMsOH)   (2)
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Figure 4 .3
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Figure 4.4
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Figure 4 .5
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Figure 4.6
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Figure 4.7
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Figure 4 . 8
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Figure 4 . 9
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Figure 4.10
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B + Et3PO(MeOH)2 ^  B(]yfeOH) + Et3P0(^0H)   (3)

Because equation (1) is strongly to the right it is unlikely that in a 

methanol-rich system any base is free to participate in equation (3). 

Whereas (Ip)free groups are readily available. Any initial removal of 
methanol frcm the probe would occur therefore as equation (2 ). Ihe 

amount of (Ip)free would be determined by the basicity of the base 
added.

Eawaver, as the mole fraction of added base increases direct attack 
by base will become more likely as in equation (3).

It must be realised, however, that basicity for a given base in water 
is different frcm that in alcohol. Water has an excess of OH free so 
allowing full solvation of the base. Alcohol, however, requires the 
base itself to break i:p the alcohol chains and so, depending upon the 
strength of the base, the solvation will be only partial. Ihe basicity 
of oyiSO, therefore, is 2 in water but probably only 1 in methanol.

By transposing the various bands corresponding to 'Di', 'Mono' and 
'free', into shifts using Fig. 2, it was possible to reconstruct the 
n.m.r. shift vs mole fraction curves for each base (Fig. 10) . A 
comparison of these curves with those of Figure 6 shows excellent 

quantitative agreement. Uiis is believed to be the first time that 
infrared spectra have been used successfully to interpret n.m.r. results. 
Previous work at this laboratory [5] had been partially successful but 
agreement was only qualitative.

b Water with aprotic bases

Figures 11, 12 and 13 show the effect on the P = 0  stretch of adding 
various bases to aqueous Et3P0 . Figure 14 shows the effect of the same 

and other bases on the ^^P shift. Unlike methanol, however, four distinct
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bands are observed in the infrared through the mole fraction range, viz. 

band A observed in pure water, bands B and C that occur irrespective of 

the base and at positions similar to those for Di and Mono bound 
methanol, and band D for the pure base, position dependent upon the base. 
Ihis is interpreted as Tri — ► Di — ► Mono — ► Free in terms of H-bonded 
species. Further evidence is provided by the deconvoluted infrared bands; 

over the full mole fraction range, each experimental band envelope can be 
constructed fran combinations of four conponents v^ich correspond with 
bands A, B, C and D. Plots of these various deconvoluted bands against 
mole fraction of added base, can be seen in Figures 15, 16 and 17.

The rate of initial loss of tri-bound solvate with concurrent growth 
of di-bound solvate occurs to a very similar extent for each base studied. 
This indicates that desolvation is due to attack by (Ip)free groijps 
rather than base itself. Vfe can write : -

(H20)bulk OHfree ■*" Ipfree 

I + B
B --- H— O + Ip free .... (4)

clearly the amount of dp) free is dependent upon the basicity of B not 
ipon base strength, but it is also buffered by the first part of the 
equilibrium. Unlike methanol, therefore, there is an excess of (Ip)free 
available whatever the base, so it is not purely a 1:1 or 2:1 situation. 
The rates of desolvation of probe should therefore be expected to be 
similar v^atever the base.

Base strength becomes apparent in the di-bound to mono to ' free' 
situation. It can be seen that a strong base such as EMSO desolvates 

the di-bound and produces mono and 'free' states at an earlier position 
on the mole fraction scale than the weaker bases. In fact for MeCN 'free'
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Figure 4.11
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Figure 4.12
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Figure 4.13
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Figure 4.14
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Figure 4.15
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Figure 4.16
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Figure 4.17
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only becomes apparent at the extreme end of the mixture range with a 

mole fraction >0.97 MeCN.
Following a similar procedure to the alcohol case and transposing 

* Tri ', ' Di ', ' Mono ' and ' free ' states into  ̂̂ P shifts, reconstructed 

n.m.r./mole fraction curves were produced for each base (Fig. 18) . A 
carparison of this with Figure 14 shows the same excellent quantitative 
agreement vindicating the interpretation used.

c Trends in band positions
It can be observed frcm the infrared spectra of the mixed solvent 

systems that in addition to the major loss/gain situation there are also 

more subtle shifts of the various band maxima taking place. Ihis occurs 
in both the aqueous and methanolic systems and can be understood in 
terms of loss of tertiary solvation. A series of structures I, II and 
III for the methanol case help demonstrate the concept.

Me Me Me
I I I.HO--- HO---HO

EtaPO;

II EtsPo:

HO---HO--- HO
I I IMe Me Me

Me Me 
I I HO ---- HO

HO HO
I I Me Me

III EtsPO.... HOiyfe .

Structure I is the situation for dilute EtgPO in methanol where there are 

mainly di-bound species. Long chains of methanol molecules ensure that
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the probe to methanol H-bond is of maximum strength. By increasing the 

concentration of a basic cosolvent we will remove methanol molecules 
fran the chains so ^preaching structure II. Ihis will slightly weaken 
the probe-alcohol H-bonds leading to a small shift to high frequency.

Ihis shift will be small caipared to that caused by loss of primary 
solvation and is unlikely to be resolved. Ihis process will continue 
for disolvate and monosolvate until the limiting solvated structure III 
is reached. Ihe only step left is then to 'free'. For water the 

situation is more catplex due to the 3D nature of bulk water H-bonding 
but loss of tertiary waters will produce small high frequency shifts in 
the same way. Ihe se shifts were incorporated into the reconstruction of 

the shift plots.

d Water with methanol and other alcohols
Figure 19 shows the change in the P— O stretch band on adding methanol

to aqueous phosphine oxide solution. Ihe change is uniform resulting in 
the loss of the water band and growth of the methanol bands. A similar 
situation was observed for the water plus t-butanol system, Fig. 20. If,
however, we catpare the plots of deconvoluted bands against mole fraction
(Figs. 21, 22) we observe a much greater effect by t-butanol than 
methanol in the low mole fraction region. Ihis is also observed in the 
^^P n.m.r. against mole fraction plot (Fig. 23) vhere the effects of 

ethanol and isopropanol are included. Several explanations can be 
proposed for the different rates observed.

A major consideration must be the size of the hydrophobic groups on 
the alcohol molecules. As alcohol is added to water any bulky hydrophobic 

group must be accarmodated into the water structure. In the case of t- 
butanol, a pseudo-clathrate structure has been previously proposed [6 ] 
where the 0-H group is involved in hydrogen bonding and the t-butyl group
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Figure 4.19
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Figure 4.20
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Figure 4.21
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Figure 4.22
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Figure 4.23
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Figure 4.24

First overtone spectra of OH 
stretch for different alcohols.

MeOH

EfOH

w

I Pro

j-BuOH

[ Q H l ' b o u n d ’[QHl ' free

75(7̂7J(7(7 nm.

— 8 0 ~



is surrounded by a 'cage' of water molecules. This 'structuring' of 

the water would lead to equilibrium (4) moving to the left and so 'de- 
solvating' the basic probe.

However, in general, clathrate structures in aqueous systems tend to 

be very temperature dependent, only being stable at lover temperatures.

In the case of the probe system plus t-butanol raising the terrperature 

by over 40 °C produced no effect on the apparent rate of de-solvation.

An alternative approach would be based on the possible difference in 

basicity/acidity of Methanol and t-Butanol. Any monohydric alcohol has 

three possible sites for hydrogen bonding, two lone pairs and one acidic 

proton. For the short chain alcohols in the pure bulk state one lone 
pair and the proton are involved in hydrogen bonding producing long 

chain-like structures. This leaves one 'free' lone pair per alcohol 
molecule, making it an effectively mono-base. On adding alcohol to water 
the two lone pairs would scavenge two CH (free) 's from the water and the 
OH fran the alcohol would scavenge one Ip (free) frcm the water giving 
the net effect of a mono-base. If, however, the basicity at the oxygen 
and/or the acidity of the proton were increased and/or decreased 
respectively, then the effect would be the same as for a multi-base.
There is much evidence to show that for t-Butanol relative to Methanol 

this situation occurs, t-Butanol is classically a veaker acid than 

Methanol [e.g. less reactive with metallic sodium] also a spectrum of the 

first overtone band for 0-H stretch of the alcohols (Fig. 24) indicates 

the large amount of CH (free) groups present in the pure t-Butanol relative 

to methanol. The trend is for increasing CH (free) Methanol — ►Ethanol 

— ► i-Propanol — ► t-Butanol. Subsequently, adding t-Butanol to water 

would result in a lesser scavenging of Ip (free) water groups and, there
fore, a greater net increase of Ip (free) water groijps than for Nfethanol.
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This would produce a greater de-solvating effect on the probe molecule. 

Ttenperature should, however, have little effect on this phenomenon, as 
is the case.

4.3 CONCLUDING REMARKS
Triethyl phosphine oxide has proved to be a remarkable probe for the 

study of solvation. The relatively large spectroscopic shift of the 

P— O stretching band have enabled a full carparison with n.m.r. data.

The interpretation of the various solvated states of this probe in 
alcohols and water has given valuable insight into the respective 
structures. This also allows a link to be made between solvent structure 
and the various scales of solvent polarity, etc. This is discussed 
further in Chapter 7.
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CHAPTER 5
SIMPLE AMIDES - PROBE STUDIES



5.1 INTRODUCTION

The use of a carbonyl catpound (acetone) as a probe molecule was 
demonstrated in Chapter 3. It was desirable to extend this use of probe 

molecules and amides offered several interesting features in the context 
of our solvation studies.

Amides as a class of catpounds are very irrportant in that they can be 
considered to constitute a large percentage of biological systons 
through the polypeptide chains. The carbonyl group in amide carpounds 
can be considered as a base and, as such, should be akin to ketones in 

their behaviour in solvent systems. However, seme modification would be 
expected due to the acidic proton sites found in secondary and primary 
amides.

Many studies of amides have been undertaken over the years [1-5] , 
usually several amides have been catpared with each other as regards to 
a particular property or a single amide studied within a particular 
interacting system by several different methods.

Of particular interest is the water-amide system having the greatest 
similarity to biological situations [6]. N.m.r. has been used extensively 
to study aqueous amide systems, the results however have generally been 
interpreted in terms of the 'making' or 'breaking' of water structure 
[5,7]. By making use of the probe technique using infrared spectroscopy 
a greater understanding of the solvation involved should be possible.

Vfork has previously been done within this laboratory both using amides 
as the acid site in the determination of halide-hydrogen bonded carplex 

equilibrium constants [8 ] and also investigating the water/amide system 
directly in the light of (OH)^^^^ and (Ip)^^^^ scavenging [9] . In this 
study three types of amide were used as probes, ternary, secondary and 
primary; as a useful adjunct urea was also given a preliminary investiga-
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tien, however the results of this will be mentioned in Chapter 6 .

5.2 RESULTS AND DISCUSSICN 

A Pure Solvents
The infrared carbonyl stretching frequencies for the various amides 

studied in the range of solvents are depicted in Fig. 1. In most cases, 

for a very dilute solution of the amide, a single symmetric carbonyl 

band is observed, however for methanolic solutions distinct shoulders 
are seen. These bands are easily explained in terms of mono/di solvation 
as in previous chapters (3 and 4). One very interesting feature of these 
schemes is the distinctly enhanced sensitivity of the substituted 
acetamides over the substituted formamides. A possible explanation lies 
in the sirrple difference between the proton and the methyl group vhich 
lay adjacent to the carbonyl. The methyl group has a significant 
inductive effect, potentially releasing electrons into the carbonyl, this 
will allow a greater degree of polarisability of the >C=0 bond, hence a 
more sensitive solvent effect relative to that of the formamides. This 
effect is demonstrated very effectively by Figure 2. The linearity of 

most of the amide carbonyl stretching frequencies vdien plotted against 
the carbonyl stretch for acetone in various solvents, as in Fig. 2, 
illustrates also that any effects on the C=0 stretch due to hydrogen 

bonding via the N-H protons may be minimal. However, a truer test of 
this would be a plot of the carbonyl stretch for the protic amides against 
the carbonyl stretch for a non-protic amide such as Dimethyl acetamide, 
this is shown in Figure 3. Whilst seme general scatter is observed the 
linear trends are followed, further indicating the insensitivity of the 
carbonyl to any change in the N-H environment.
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Figure 5.1
Carbonyl band positions for various amides in solution.
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Figure 5.2
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Figure 5.3

o Ac e t  amide

•  Formamide

□ DM F

■ NMF 

^  NMA

T
20 30 UO 50 60

A y  C=0 DMA cm-1

V C=0 stretch of various substituted amides 
plotted against v C=0 stretch of Dimethyl 
acetamide, for solution in various solvents, 
[Key as Figure 5.1]

-89-



B Methanol with Aprotic Base, Mixed Solvent Svstens

Four different amides were used as probes in the mixed solvent 

sy Stans ; Figures 4 to 7 illustrate the effect on each probe by methanol 
and cyanonethane mixtures. The similarities between these systems is 
apparent with an initial loss of the di-bound species, growth of the 
mono-bound and a later loss of the mono-bound with gain of the 'free' 
species for all the probes on going through a mole fraction range frcm 
methanol to cyanonethane. The Figures 8 to 10 show the deconvoluted 

spectral results for one of these probes in different methanol/base 
systems. It can be seen that as in the previous probe work (Chapters 3 
and 4) the ronoval of methanol from the hydrogen-bonded ccnplex is 

achieved by (Ip)free groups, determined by the basicity of the aprotic 
base added.

One interesting observation frcm the Figures 4 to 7 is that in the 
initial stages of base addition a shift to lower wavenumbers is noted for 
the mono-bound band. The explanation for this is unclear, however the 
most likely suggestion stems frcm the fact that only strongly dipolar 
bases show this effect. It would therefore be reasonable to assume that 
the mono-bound complex throughout the initial stages of additions of 
base are subject to a strong dipolar interaction in addition to their 
normal hydrogen bonding interaction, this should cause a shift to lower 
wavenumbers for the.carbonyl band in the same way that it does for the 
'free' amide.

C Water with Aprotic Bases

Again the effect of the mixed solvent systems on the carbonyl stretch 
of the selected probes can be demonstrated using a typical solvent 
system. In Figures 11 to 14 this is shown for the water to cyanonethane 
system using the same four amide probes as before. It can be observed
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Figure 5 . 4
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Figure 5.5
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Figure 5.6
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Figure 5.7
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Figure 5.8
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Figure 5.9
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Figure 5 .10
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Figure 5.11
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Figure 5.12

(/) t ■
’E
ZD

(_ru
_o(_
ro

OJw
c
fU
_oc_
O
(/)JD<

Mole f r a c t i o n
0-000

Spectra showing the change in the C=0 stretch of di
N-Methyl Acetamide in a mixture, Water (D2O) to Cyano
methane.

-99-



Figure 5.13
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Figure 5.14
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that three main bands are predaninant throughout the mole fraction range, 
these can be interpreted as 'di-bound', 'mono-bound' and 'free'. This 

is caused by the ' (Ip)free ' production on adding base to water and has 
been described in previous chapters. However, on close examination of 
the various spectra sets, a very interesting effect is observed for 
N-methyl acetamide (NMA.) probe. A fourth band appears during the initial 
mole fraction mixtures, a fairly distinct isosbestic point.distinguishes 

it frcm the initial di-solvate state of the carbonyl. This effect is 
echoed by N-methyl formamide (NMF) probe to a much less well defined 
degree but not at all by the fully substituted di-methyl amides (DMA and 
DMF) .

As this new band is so well defined it is difficult to assign it to 
secondary solvent effects such as the loss of water further into the 
bulk water structure, an explanation used for the small gradual shifts 
observed in most of our probe work (see Chapter 4) . Hovever, there is 
much evidence to suggest that these amides have a planar structure [10] 
and at least in the solid state exist in a preferred cyclic hydrogen 

bonded aqueous structure [11] . If this is the case, then an initial
attack by the base at the relatively weakly hydrogen bonded N-H site
would produce ' (Ip)^^^^ ' and N-H base. This then would break the
cyclic nature of the system, possibly with a change in conformation about 

the C-N bond. Whether the shift in band position (approx. 5 cm"M is due 
to the loss of the cyclic structure, a change in conformation or a 
combination of both is open for discussion. However, the shift measured 
is almost exactly that observed for the difference in band position from 
a hexane solution to a water solution for NMA relative to that for the 
fully substituted DMA, between the same solvent solutions. A similar 
comparison is also valid for NMF probe relative to DMF probe with a shift
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difference of approx. 3 cm" ̂ . This extra band for NMA probe is 
illustrated further in Figures 15 and 16.

Returning now to a typical system of 'Di-bound' to 'Mono-bound' to 
'Free' these vhen deconvoluted and plotted in the usual manner are 
shown by Figures 17 to 19, using DMA probe. These plots are entirely 

consistent with previous aqueous base systems studied via other probes 
■ (see Chapters 3 and 4).

D The N-H Hydrogen Bonding System
As seen frcm the previous study the carbonyl stretch of the amides is 

fairly insensitive to any hydrogen bonding at the N-H proton. There are 
two more infrared group frequencies that can be used to good effect, 
namely the N-H stretch (approx, 3400 cm“M  and the C-N-H bend (Amide II 
band approx. 1600 cm"M.

We used the N-H stretch only as a proof that any N-H was totally 
bound vhen the amide was in solution in aprotic bases. The free N-H 
stretch is a sharp narrow band at 3460 cm"^ with any bound bands being 
much broader and at lower wavenumbers depending upon base strength.

The amide II band was relatively easy to observe along with the 
carbonyl stretch for the secondary amide probes in various systems. 
Figure 20 shows the band positions in various solvents for NMA. The 
positions given for unassociated NMA, i.e. in Tetrachloromethane and 
Hexane are found only in extreme dilution, any significant increase in 
the NMA concentration giving rise to bands at higher wavenumbers due to 

various self-associated polymers being formed.
Two major considerations must be observed for the amide II band study. 

Firstly, the planar nature of the probe with delocalisation of the n 

electron system over 0-C-N [10] . Secondly, the amide II band is a 
strongly coupled band comprising the C— N—H bend (in plane) and the C-N
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Figure 5.15
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Figure 5.16
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Figure 5.17
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Figure 5.18
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Figure 5.19
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stretch, for NMA. this has been calculated as approximately 60:40 respec
tively [1] . The non-associated bands occur at lowest frequency with the 
various aprotic bases interacting according to base strength to give 

bands at higher frequencies. Methanol and water at first appear to give 
exceptional shifts, however these protic solvents also strongly hydrogen 
bonded to the carbonyl group as described earlier in this chapter. Due 
to the delocalisation of the carbonyl it system through to the nitrogen, 

along with the covpled nature of the amide II band, any strong inter
action at the ojQ^gen would produce a strong change in the amide II band 
frequency. In addition there is also the possibility of a cyclic form 
in aqueous solution as postulated earlier for NMA and NMF.

When observed for the mixed solvent systems methanol to base, the 
amide II band can be observed and follows a siirple loss/gain two band 
sequence. This is illustrated in Figure 21. The effect of going frcm 
methanol to several bases is illustrated in Figures 22 to 24 in the form 
of deconvolution data versus mole fraction. Base strength appears to be 
the deciding factor in the rate of exchange from protic to aprotic bound 
systems.

5.3 CONCLUDING REMARKS

The carbonyl stretching frequency of amides is a useful tool in the 

study of amide solvation. As probes the amides follow the general 
pattern observed for other carbonyl carpounds. The use of the amide II 
band is obviously complicated, however, seme useful information can be 
gleaned as to the solvation of the N-H protons.
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Figure 5.20

Amide II band positions for N-Methyl Acetamide in various 
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Figure 5.21
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Figure 5.22
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Figure 5.23
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Figure 5.24
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CHAPTER 6
MISCELLANEOUS PROBE STUDIES



6.1 INTRODUCTION

Many ccmpounds are suitable candidates for use in probe studies.

They may have particularly useful infrared frequencies, ultraviolet/ 

visible bands, unpaired electrons or a suitable nuclear spin for n.m.r. 
measurements. On the other hand, they may have unusual solvation states, 
or structural peculiarities making their study of particular irrportance. 
During the course of this work many such carpounds were investigated, 
the more inportant and informative have been discussed in their 
relevant chapters. However, mention must be made of those others that 
premise to provide more detailed information after further study. To 
this end each will be discussed under its individual heading with a 
resume of the ejq)erimental results obtained.

6.2. DIMETHYL SULPHOXIDE (DMSO)

The apparent similarity of laviSO to acetone suggested it as a suitable 
probe molecule. It is a strong aprotic base and has an S-0 stretching 
frequency that is easily detected by infrared or Raman studies. A useful
outline on the infrared of sulphoxides in general is given by Bellamy

■<
[1] . He describes the S-0 bond as a mixture of a strong a bond plus 
weak interactions between the oxygen p-orbitals and the sulphur d-orbitals, 
This gives rise to a strongly dipolar bond but slightly less basic at the 
oxygen than would be expected on purely charge separation terms.

The structure of CMSO is pyramidal with sulphur at the apex and oxygen 
and the two methyl groups occupying the three other comers of a 
triangular-based pyramid [2] . This means that the S-0 dipole is very 
exposed allowing strong dipolar interactions in addition to hydrogen 
bonding effects. [See Chapter 3.] The EMSO-Water system has been 

studied by a wide variety of techniques including infrared [3] , Raman [4]
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Figure 6 .2
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and neutron inelastic scattering [5]. There is, however, considerable 
disagreement on the type of interactions deduced from the experimental 
results, with sane workers arguing for purely dipolar interactions and 
others for fully hydrogen bonded systems. Work in this laboratory, 
however, supports the view of EMSO being dibasic and doubly hydrogen 
bonded when dilute in aqueous solution [6] .

If we consider Figure 1 this shows the band positions for S-0 stretch 

in different solvents. Plotting these positions against those for the 

C=0 stretch of acetone probe produces a linear relationship but with 
methanol significantly off the line. However, a similar plot against the 
C=0 stretch of N,N'-Dimethyl Acetamide probe shows that di-bound probe 
in methanol is consistent with the linearity. These plots are shown in 
Figure 2. The suggested interpretation is, therefore, that dilute DMSO 
in water and in methanol exists as a di-bound hydrogen bonded species.

There are, however, severe limitations on the use of sulphoxides as 
probes when using Raman or infrared S-0 stretch. The band position 
occurs in a region of the spectrum where many other bands fran solvents, 
such as C-H bending modes, interfere very strongly. Consequently, future 
work will require a large portion of care and luck in order to utilise 

this potentially useful probe.

6.3 CYANGMETHANE (MeCN)

The -C EN stretching frequency of various nitriles occurs in an other

wise very clear area of the infrared spectrum. This makes such carpounds 
obvious candidates as probes for solvation studies. Cyancmethane is a 
small linear molecule, weakly basic and with a strong dipole. The 
general infrared frequencies associated with nitriles are discussed by 
Bellamy [1] vho demonstrates that there is seemingly little relationship
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between bond length and force constant. Cyancmethane is an inportant 
solvent, particularly for ionic species and has been studied in its 

interactions with water, alcohols and salts [7,8,9]. Fran one of these 
studies [9] there is evidence that vhilst a strong interaction can be 

observed between cyancmethane and cations via the nitrogen there is also 
an interaction with anions through the methyl C-H*s.

Figure 3 shows the positions for (a) CEN stretch of cyancmethane,

(b) C-H stretch of cyancmethane,(c) C E N stretch of t-Butyl nitrile, in 
dilute solution in various solvents. It can be observed that there is a 
solvent dependence of the C-H stretch vhich indicates sane interaction 
between solvent and the methyl group, possibly dipolar. This supports 
the anion interaction work. The dependence of the CEN stretch is seen 
to behave differently to previous probes studied. In fact, the strong 
dipolar aprotic solvents produce a low frequency shift vhereas the protic 
solvents produce a high frequency shift, fran the value obtained in an 
inert medium. Methanol and water produce very similar shifts suggesting 
that their interaction is very similar, possibly singly hydrogen bonded 
to the CEN nitrogen. The reason for the unusual shifts are unclear, it 
may be a purely mechanical restriction of the CEN stretch by 'end-on' 
hydrogen bonding. Alternatively, there may be sane change in the 
bonding character of the CEN bond produced by hydrogen bonding through 
the nitrogen lone pair. However, this effect is not restricted to 
cyancmethane, all alkyl nitriles show similar trends. If we use MeCN as 
a probe between water and OyiSO, a simple two-band system is observed. 
Figure 4. This is further evidence for a singly hydrogen bonded species 

in water.
Nitriles are obviously useful probes, however a greater understanding 

of the CEN bond is needed in order to realise the full potential of such
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Figure 6.3
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Figure 6.4
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as cyancmethane.

6.4 HEXAME7rHYLPH0SPH0RAMIDE (HVIPA)

The success of the Triethyl Phosphine Oxide probe work pratpted an 
investigation into other phosphoryl group containing coipounds. One 
such was HMPA, vhich vhen used as a strong base during various studies 

at this laboratory [10-12] had lead to sane fairly unusual results. As 
with EtaPO both the infrared P— 0 stretch and ^^P n.m.r. techniques were 
used for the study. Figure 5 shows the linear relationship between the 
two measurements. On the other hand, a plot of ^^P shift against 

Gutmann's Acceptor Numbers [13] shows a marked deviation fran linearity 
(Figure 6). In order to produce a linear plot estimated acceptor numbers 
for water and methanol must be used vhich correspond to a five-bound 
solvent state for water and a tri-bound state for methanolic solutions. 
This, however, is in agreement with Smith [12] vho fran water second 
overtone OH studies estimated HMPA to be 5 basic. Also during the Et3PC 
probe work (Chapter 4) the rate of initial loss of Et3PC 3 .H2O on the 
addition of HMPA to an aqueous solution of Et3PC, observed by following 
^^P shift, occurs at about 2^ times the rate for the addition of DMSO.
If EMSO is taken as a di-base, HD#A then is estimated at 5 basic.

The P = 0  stretching region of HMPA is however corplicated by several 
bands of uncertain origin, allowing a detailed study in mixed solvents 
only vhen a greater understanding of the nature of this region has been 

reached.

6.5 UREA

During the work on Amides (Chapter 5) various amides were utilised, 
having 0, 1 or 2 exchangeable protons. Urea having four such protons was.
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Figure 6 .5
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Figure 6 .6
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number showing effect of assuming higher 
basicities, of HMPA. [Solvents as Figure 5.5]

Pent

O T e tra

60 —

Tri o

O  Mono

OMF

73 q ,, 4 5 6

A  ^ T  sh i f t  [ppml
20 1

-126-



therefore, an obvious extension to that study. The possibility that this 
compound would produce the same effect on our water model, i.e.

HzObulk Ohfree Ipfree .... (1)

as a di-acid by scavenging 2 x OH free arid 4 x Ip free with a net increase of 
2 OH free has been studied by Jackson [14] and other workers at this 

laboratory. The results fran this work suggest that urea is still acting 

as a base in water with only a minor Ip free 'scavenging' effect by the 
protons. As for the previously studied amides a linear relationship was 
observed for the carbonyl band positions in various solvents against 
those for a fully substituted amide, shown in Figure 7. However, 
several problems arise, namely (a) urea is not very soluble in many 
inert solvents,, (b) for urea in water the carbonyl spectrum is carplex, 
the main band laying on the line but with a shoulder at higher frequency,
(c) the carbonyl band for urea in methanol is also a doublet, with a 
similar (but slightly larger) separation than that in water, the high 
frequency band is the one on the line this time. No suitable explanation 
is available, however the carbonyl bands observed for urea are probably 
not pure C=0 stretch and may well be coupled strongly to C-N stretch or 
H— N-C bending. Any effect such as hydrogen bonding with a cyclic 

structure utilising both the C=0 oxygen and the N-H proton may well lead 
to new bands. It is interesting to note that for the deuterated compound 
in deuterated solvents this complexity does not arise, single carbonyl 
bands are observed in both cases, giving also a linear plot against DMA.

6.6. DI-TERT-BUTYL NTTROXIDE (DTBN)

This stable radical has been extensively studied by e.s.r. techniques 
both as a spin label in biological systems [15,16] and as a probe for 
solvation studies [17,18] . The usual quantity measured for solvent
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studies is the nitrogen hyperfine coupling constant A(^‘*N). This was 
studied by Smith [18] for many pure solvent systems, and in many mixed 
solvent systems, however during the EtgPO probe work on alcohol-water 
mixed solvent systons it was considered useful to have further information 
drawn fran other established probes. To this end several mixed solvent 

systems, involving DTBN as probe, for alcohol/water mixtures were studied 
by e.s.r. The resulting plots of A(^‘*N) versus mole fraction of alcohol 
are shown in Figure 8, with a typical spectrum shown in Figure 9. It is 
observed that the initial gradients are very much of the same order 
relative to each other as those found in the n.m.r. studies of 
Chapter 4 (Figure 4.23) and, therefore, adds support to the arguments 
presented therein. The main problem associated with the use of such 
probes is that the e.s.r. technique as for n.m.r. suffers fran time- 
averaged signals. Individual solvated states are rarely seen and most 
arguments are thus- based on assumptions about the various structures 
involved.

6.7 CONCLUDING REMARKS

It is obvious frcm these previous exairples that there is a vast number 
of possible probe molecules. The main limitations are lack of a suitable 
observation technique and/or lack of imagination by the worker. Much 
information about the probe itself and about its environment can be 
obtained by this type of study, although care must be exercised when 
dealing with time-averaged quantities.
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Figure 6.8
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Figure 6.9
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CHAPTER 7
SOLVENT SCALES



7.1 INTRODUCTION

The fact that chemical reactions are significantly affected by the 
solvent in vhich they take place has been realised for over 100 years 
[1]. It would therefore seem desirable to be able to predict these 
effects and to this end many investigations have been undertaken [2-5].

Most studies have been designed to measure seme experimental quantity 
and hence to produce enpirical scales of solvent behaviour. Theoretical 
calculations involving molecular electrostatic interaction models or 
quantum mechanical methods have generally proved to be unsuccessful.

The classically measured quantities for solvents such as dipole 
mcment y, dielectric constant e, only appear to apply to the behaviour 
of selected groups of solvents. Sane correlation between these parameters 
and other measured quantities that have a wider application appears to 
exist [6] but must be treated with caution vhen specific interactions 
occur.

Because of the difficulties involved with classical and theoretical 
quantities many workers have turned to the more enpirical approach of 
measuring solvent behaviour as a function of such parameters as rate 
constants for a known reaction, electronic transitions or infrared band 
shifts for reference caipounds, etc.

Many of the parameters measured during the probe studies covered in 

this thesis fall into the empirical categories mentioned above. It was 
therefore considered a useful exercise to carpare these measured 
quantities with the scales of other authors and to try and throw seme 
light on the applicability of these scales to mixed solvent systems.

7.2 MAJOR SCALES OF SOLVENT BEHAVIOUR

(i) Z-values

-134-



Kosower proposed a scale of 'solvent polarity' [7] based on the UV 
spectrum of 1 -ethyl-4-carbomethoxypyridinium iodide.

COOCH

hi/   (1)

The solvent induced changes in the charge transfer energy are considered 

to be an errpirical measure of the electrcphilic properties of the 
solvent, since interaction occurs via electrcphilic bonding to the 
iodide ion of the ion pair (I). For values see Table 1.

(ii) E^-values
A very similar scale to that of Kosower was proposed by Dimroth and 

Reichardt [8]. This was based on the energy of the lowest electronic 
transition of pyridinium-N-phenol betain III.

Ill

This has a large tt electron systan and although neutral overall has a 

highly basic oxygen site. This allows electrophilic attachment by 
solvent with the UV spectrum sensitive to this attack. For E»p values 
see Table 1.
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(iii) Y-values

An earlier system devised for following the electrophilic properties 
of solvents was given by Winstein and Grunwald [9]. They considered the 

solvolysis of t-butyl chloride.

(Œ3)3CC1 ^  (CH3)3C®C1® —  Products   (2)
Ion pair. Polar 
transition state

The stabilisation of the transition state will essentially depend upon 
electrophilic interaction of solvent with the halide ion. The 'Y' value 
was defined by an equation relating the first order rate constants in a 
solvent S to a standard solvent S°:-

Y = log k2_

The standard solvent chosen was ethanol : water 4:1 by volume. Seme Y 
values can be found in Table 1.

(iv) G-values

Allerhand and Schleyer [10] noted that the X-H stretching frequency 
for the infrared spectra of X— H —  A caiplexes was solvent sensitive and 
correlated linearly with stretch (for probes in the same solvents). The 
more usual measure is one of solvent nucleophilicity and results in a
shift of X-H stretch (vapour or totally inert solvent) to the X— H B
complex, i.e. free — bound [11]. The shifts reported by Allerhand and 
Schleyer should, however, be independent of specific interactions and be 
a measure of bulk and/or dipolar effects.

a G = (v° -V®)
V®

.... (4)

with v° - the X-H stretching frequency of the complex in the 
vapour
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v^- the X-H stretching frequency of the conplex in the 
solvent

a - a function of the infrared oscillator

G-values were then calculated using shift of the methanol-ether and 
phenol-ether caiplexes (0 -H— ether stretch) and /C=0 stretch of 
benzophenone and dimethylformamide with also / S - 0  stretch of dimethyl- 
sulphoxide, in various solvents. See Table 1 for quoted G-values.

(v) g and g - scales

Taft and co-workers [12-15] used vhat they called a "solvatochronic 
comparison method" in order to produce scales of hydrogen-bonding 
capability of solvents. In essence this is based on the idea that a plot 
of spectral shifts for an electrophilic probe against those for a 
nucleophilic probe in non-hydrogen bonding solvents should result in a 
linear regression. All hydrogen bonded solvents will lie off the line, 
the magnitude of their deviation frcm the line being a measure of their 
hydrogen bonding capability either as a donor or acceptor.

The direction of deviation frcm the regression line wculd depend upon 
v^ether the hydrogen bond former is an electron donor or acceptor. For 
most applications it is easier to use the plot of an anpiphilic probe 
against that of either the electrophilic or nucleophilic probe. Thus a 
single deviation is observed for hydrogen bonding due to the electron 
donating or accepting properties of the solvent respectively.

For the 3-scale of solvent basicity, i.e. electron donating capability, 
Taft measured the shifts of the electronic transition for 4 -nitrpaniline 
(egi. 5) against that of the N ,N-diethy1-4-nitroaniline. The former 

compound is both electrophilic and nucleophilic vhereas the diethyl 
ccmpound is only nucleophilic. 'The plot correlating the twD for various 
non-hydrogen bonding solvents is linear with the hydrogen bonding solvents
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.... (5)

IV V
displaced down the nitroaniline axis. This displacement is then used to 
calculate the relative basic strengths of the various solvents, denoted 
as 3-values. See Table 1 for values.

Several caipounds were used to construct a corresponding scale of a- 
values, i.e. the electron acceptor capability of the solvents. Sane of 
the main caipounds chosen were those used by other workers such as 
Dimroth [8] , Kosower [7] , Brooker [16] , etc.. The shifts of the various 
electronic transitions of these caipounds were correlated with the 
shifts for the electronic transitions of 4-nitroanisole (VI).

VI
The deviations of the various hydrogen-bonding solvents are along the 
various caipound axes rather than the 4-nitroanisole axes indicating the 

electrophilic character of the solvents, i.e. their relative acidities. 
These relative acid strengths were denoted as a-values, a selection of 
vÈïich are seen in Table 1.
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(vi) Donor Numbers (DN) and Acceptor Numbers (AN)
The concept that solvent interactions are akin to the classical Lewis 

acid-base situation was proposed by Gutmann and co-workers [5,17,18]. 
They suggested that solvent attack on a solute could be described by the 
scheme

6+  6-
S --------- ► A— B  ► S .... (6 )
nucleophilic electrophilic

action action
electron pair electron pair

Donor Acceptor

A suitable measure of the electron donor strength of a solvent was 
suggested as, "The molar enthalpy value for the reaction of the donor 
with antimony pentachloride SbCls as a reference acceptor in a 1 0“  ̂M 
solution of dichloroethane".

D + SbCls ^  D.SbCls (-AHo.SbCls   (7)

It was also found that there was a linear relationship between these 
donor numbers and ^^Na n.m.r. shifts of NaClOî  in various solvents [19] 
and n.m.r. shifts of CF3I in various solvents [2 0] and also ^^Si 
n.m.r. shifts of silanols in various solvents. This has enabled the 
range of donor numbers to be extended.

The measure of the electron acceptor strength of various solvents was 
pursued using a probe that should only act as an electron donor. The 
carpound chosen was triethylphosphine oxide EtgPO. The bulky alkane 
groups prevent nucleophilic attachment at the phosphorus but allow 

electrophilic attachment at the oxygen. The effect was followed by 
n.m.r. and a solvent acceptor number (AN) defined by:-

™  ' «corr (SbCls.EtaPO) *

AN = 6corr * 2.348 --- (8 )
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6 c o r r  values are chemical shifts of the of EtgPO extrapolated to 
infinite dilution and measured relative to hexane solution.

<Scorr (SbCls .EtaPO) is the shift of the antimony pentachloride adduct in 
dichloroethane at 10"^ M.

The AN for this adduct was arbitrarily assigned a value of 100 and 
the other AN values scaled accordingly. Donor numbers and acceptor 

numbers can be found in Table 1.

7.3 RESULTS AND DISCUSSION

Triethyl phosphine oxide was chosen by Gutmann [5] as a good n.m.r. 
probe on which to base a scale of solvent acceptor numbers. This 
carpound was also studied in our work as an infrared and n.m.r. probe. 
The linear correlation between infrared and n.m.r. was dononstrated in 
Chapter 4. It would therefore be expected that AN would correlate with 
the infrared shift of the P=™0 stretching frequency (Fig. la) and this
indeed is found to be the case.

However, if a similar plot is constructed for the infrared shift of 
the C=0 stretching frequency against AN (Fig. lb) , it is immediately 
obvious that significant deviations occur fran linearity. These 
deviations occur primarily for the protic solvents and can be explained 
by considering the solvent-probe interactions. The AN scale is based on
EtgPO as probe and as we have already seen in Chapter 4 vAien in an
aqueous environment this is a 'tri-bound' situation, i.e. 3 hydrogen 

bonds to the probe. However for acetone as probe in an aqueous syston 
only a 'di-bound' situation is observed (see Chapter 3) . For alcoholic 
systons EtgPO is mostly 'di-bound' and acetone 'mono-bound'. By 
correlating these various states observed in the infrared P— O stretch 
(see Chapter 4) region, with the ^^P shift or AN, an approximate AN for
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Figure 7.1

•  MeOH
E t  OH 9 ^

•  MeNO 
MeCN

^ ' • T H F

y
Hexane

0 10 20 30 SOA.N.
1680"^

w

OII
w

1700-

THFf.

b.
Plot of acceptor number AN versus 
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of triethylphosphine oxide and (b) 
C=0 stretch of acetone.
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the di-bound and mono-bound species can be obtained. Plotting these 

values against infrared C=0 stretch gives a good linear relationship 
(Fig. 2). This example illustrates the danger of applying such solvent 
parameters without considering the solvation differences between 

differing solutes. Other probe studies lend further weight to this 
argument (Figs. 3 and 4).

Donor numbers, on the other hand, appear to be more generally 

applicable. For simple acceptor solutes such as alcohols a linear 
relationship is found between the infrared OH stretch and DN (Fig. 5).

Many of the other solvent scales result in very inconclusive 
correlations when plotted against the various infrared and n.m.r. shifts 
observed during the probe studies, a selection of plots illustrates this 
point (Figs. 6 to 9). This lack of overall agreement is probably due to 
many different factors. The 'bulk' effect scales can generally be seen 
to be applicable to only certain groups of cotpounds. The spectroscopic 
scales appear to be very dependent upon the type of probe and type of 
transition being observed vM.ch makes interrelation very difficult. Two 
types of scales stand out as having a reasonable degree of correlation 
with the type of work included in this thesis, namely 'Gutmann's' 
Acceptor and Donor numbers and 'Taft's' a and 3 numbers v^ere attempts 
have been made to separate the nucleophilic and electrophilic solvent 
effects.

Mixed solvent systems present a scmevdiat different situation. Whilst 

various solvent parameters for the pure solvents may be irregular, one 
may expect a fairly uniform change occurring upon mixing through a mole 
fraction range. This may well be the case for a bulk property of a 
mixture of two dipolar aprotic solvents. However, vdiere specific inter
actions occur such as hydrogen bonding, marked deviations from linearity
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Figure 1 . 2
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Figure 7.3

Plot showing acceptor number versus infrared C=0 
stretch for Dimethyl acetamide (DMA.) and N-Methyl 
acetamide (NMA).
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Plot showing acceptor number versus 
e.s.r. hyperfine coupling constant 
of di-tert-butyl nitroxide radical 
A(^‘*N) in various solvents.
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Figure 7.5

Plot showing donor number DN versus infrared 
OH stretch for alcohols.
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Figure 7 .6
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Figure 7.7
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Figure 7.8
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Figure 7.9
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Figure 7 .10

Plot showing change of acceptor number for mixed 
solvent systems, Water to Base.
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are observed. A prime exairple of this is the change in AN for a mixture 
of water to aprotic base (Fig. 10). Obviously this plot is akin to those
of shift versus mole fraction of base for water/base systems in
Chapter 4 with partial linearity only occurring fortuitously for the case 

of water/CMSO.

7.4 CONCLUDING REMARKS

It has been shown that no one scale is generally applicable'to all 
solvents. Certain carefully prepared scales, however, are very useful 
pointers to solvent behaviour with a particular solute. It must also be
appreciated that vhilst these scales appear to be very catprehensive they
must be used with extreme caution especially vhere specific interactions 
are known to occur.
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CHAPTER 8
ACETONE CLATHRATE HYDRATE STUDIES



8.1 INTRODUCTION

The propensity for water to form 'cages' of fully hydrogen bonded 

molecules around inert solutes in the solid state has been well known 
for many years [1]. A hypothesis invoking similar 'cage' like structures 
has been suggested in order to explain many experimental results from 

liquid phase studies. For exaiiple, the intense ultrasonic relaxation 
effects measured for water and tert-butanol mixtures [2] were e5p»lained 

by 'cage' formation. Studies of solutions of m-Dinitrobenzene anion 
using e.s.r. [3] have shown that in aprotic solvents both nitro groups 
are equivalent. However, in aqueous solution an asyrrmetric situation 
arises vhich can easily be understood in terms of partial 'cage' 
formation around one nitro group and hydrogen bonding to the other 
(Figure 1) . This 'cage' structure slows down the rate of charge transfer 
between the nitro groups, observed frcm the e.s.r. linewidths. Other 
e.s.r. studies involving di-t-butyl nitroxide radicals in aqueous 
solutions gave results that can be interpreted in terms of 'cage' 
structure around the bulky alkyl groups [4,5].

Acetone forms a well-defined clathrate hydrate [6 ] in the solid state. 
The similarity already demonstrated between acetone and di-t-butyl 

nitroxide solvation (see Chapter 3) and the explanation of some acetone 
results in terms of 'cage' formation [7] indicated that an infrared study 
may prove to be a useful probe of the fluid and solid systems.

8.2 RESULTS AND DISCUSSION

Two experimental routines were found to be successful in forming the 
acetone clathrate.

Firstly the classical method involved lowering the tenperature of a 
suitable acetone/water mixture and holding that tenperature (-30°C) for
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Figure 8.1
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a) Combination of the ground state ^g(l) and a low-lying 
excited state ips (2 ) for m-dinitrobenzene anions to 
give two asymmetric levels ^Ag(l) and i|̂ as(2). These 
can be thought of as being primarily located on one 
or other nitro group. The asymmetric wavefunction 
being stabilised by asymmetric hydration - hydrogen 
bonding and partial cage formation shown by b) .
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several hours. The clathrate slowly formed over this time (Fig. 2).

Secondly a slightly more involved but faster procedure involved 
lowering the temperature of a suitable acetone/water mixture to around 

“100 °C and then slowly warming at a constant rate (1° min"M . The 
clathrate was seen to form rapidly on attaining the lower stable 
taiperature (-40°C). On continued warming a sudden dramatic loss of the 
clathrate was observed at the upper stable temperature (-19°C) (Fig. 3). 
Holding between these temperatures, or freezing frcm this range to lower 

temperatures retained the clathrate. The temperatures quoted agree 
excellently with those in the literature [1].

A study of the infrared band positions and shapes for the various 
observed states (Fig. 4) is extremely informative. It is noted that the 
band for the fluid aqueous acetone (1697 cm M  is completely separate 
and distinct frcm that for the clathrate. This indicates that little or 
no true clathrate is present in the fluid state. On cooling the band 
broadens and shifts to higher wavenumber (1705 cm"^ — 1712 cm“M; this 
is indicative of a loss of seme hydrogen bonding to the acetone. It has 
already been shown that in water the acetone is di-bound, the new band 
on cooling cdvers a region assigned to bulk (self-associating) acetone 

(1715 cm"M/ mono-bound (1708 cm"^) acetone and di-bound (1697 cm"M 
acetone. This broad feature is probably a result of partial phase 
separation with ice forming and an .enriched fluid region of acetone and 
water.

When the clathrate forms, it shows a clean and total transition to the 
new band centred at a position (1722 cm"M almost identical to that of 
acetone in a totally inert medium such as n-hexane. This indicates that 
the acetone is in a 'free' state with no hydrogen bonds and even no 
self - interactions, i.e. dipole-dipole interactions.
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Figure 8.2
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Figure 8.3
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b) -19° ^ +25°C - 'melting' of clathrate.
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Figure 8. 4
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The line-shape of the clathrate band is also different fran that of 
the cooled bulk and liquid aqueous systons. The C=0 stretch band for 
acetone in the liquid aqueous system is Gaussian, indicating a range of 
different structures for the hydrogen bonded system, i.e. long bonds, 
short bonds, sane bent bonds, etc. The clathrate band, however, is 
Lorentzian, suggesting a high degree of rotational freedom for .the 
oscillator. This degree of freedom would only be available if there 
were no hydrogen bonding to the acetone, the clathrate formed having a 

true clathrate structure, with one guest molecule per 'cage'.
Together with the infrared, and ^^0 n.m.r. studies were undertaken. 

As shown previously (Chapters 3 and 4) infrared and n.m.r. data follow a 
linear correlation for and ^^0 with C=0 stretch. For studies 
of the clathrate system distinct n.m.r. signals were obtained for the 
di-bound, mono-bound and pure bulk acetone. However, due to very long 
accumulation times, low signal-to-noise and the expected broadening of 
any clathrate band, no such separate band was observed.

The on the other hand, provided signals identifiable with all the 
above species plus a distinct band for the clathrate. The fact that the 

clathrate band was no broader than the liquid state bands confirmed 
the high degree of rotational freedom of the acetone in the cage.

The correlation of n.m.r. and infrared data for the aqueous acetone 
system is shown in Fig. 5 v^ere the room temperature mono-bound methanol 
system is also included. Allied to the theory of clathrate formation in 
the solid or liquid is the idea that 'cages breed cages' [8 ]. The 
behaviour of t-Butanol in aqueous solution has often been explained using 
a cage model [2]. It was, therefore, interesting to examine the effect 
that this had on the formation of the acetone clathrate. As a catparison 
methanol was also used as this normally shows no tendency to participate
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Figure 8.5
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in cage formation.
The method eirployed was that using the formation of the clathrate 

during the warming cycle. At a constant rate of tenperature rise the 

spectra were monitored for mixtures containing known mole fractions of 
alcohol with the same mole ratio of water to acetone. Figures 6 and 7 

show the effect of t-Butanol and Methanol respectively.
At first glance the results appear to be opposite to those expected, 

with t-Butanol seemingly destroying the stability of the acetone 
clathrate and Methanol enhancing it. However, the lowering of the 
terrperature at v^ch the clathrate begins to form, by methanol and the 
raising of the temperature by t-Butanol is probably due siirply to the 
increase and decrease in fluidity, at low temperatures, of the mixtures 
by the respective alcohols. Both alcohols appear to have a similar 
overall effect on the formation of the clathrate in that at concentrations 
above 22 x 1 0“  ̂mole fraction no clathrate was observed during the warming 
cycle for either alcohol. The observation that t-Butanol does not seem 
to enhance the formation of the acetone clathrate may provide seme 
evidence against the 'cage' idea for the solvation of t-Butanol although 
this is slender. A possible true clathrate of t-Butanol has been 
reported [9] v^ere the alcohol is totally 'free' in its cage. The 
formation of this should enhance the formation of cages suitable for the 
acetone clathrate. If, however, hydrogen bonding effects predominate, 
it is probable that the ' structuring ' of water into true cages suitable 
for the acetone clathrate to form is not possible with the alcohols 
present, any alcohol having a generally similar effect. This does not, 
however, rule out the partial cage structure of water around the t-Butyl 
groups in fluid aqueous t-Butanol solutions.
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Figure 8. 6
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Figure 8 .7
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8.3 CONCLUDING REMARKS

The main result of this work indicates that the solid clathrate 
structures have no foundation spectroscopically in the liquid phase.
The predominant effect upon liquid structure of aqueous systems appears 

to be hydrogen bonding. However, seme partial 'structuring' may still 
be invoked to explain solutions of bulky hydrophobic molecules.
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CHAPTER 9
SOLVOLYSIS OF MONOHALOALKANES



9 .1  INTRDDUCnON

The solvolysis of monohaloalkanes has been the subject of several 
investigations [1-4]. Many mechanisms have been suggested generally of 

the SnI or Sn2 type, depending upon the monohaloalkane under review.
For the bulky t-butyl halides the SnI type mechanism is generally 
accepted as being a fair approximation. There are, however, several 

questions arising from this mechanism that required further investigation. 
This was undertaken by Blandamer et [5] in order to explain the non- 
linearity of the Arrhenius plots.

R-X  ̂ R‘‘‘X" products .... (1)
k-2

with rate constant

k(obs) — ki .... (2)
1 + kzAa

The initial part of the mechanism requires the formation of ions from 
the pure haloalkane and the existence of a 'transition state* in vtiich 
the ion pairs become solvated and thence separated. The lifetime of 
this transition state, however, is exceedingly short (~1 0"^ sec) and 
for solvation to take place within this time span would require very 
rapid rearrangement of solvent molecules.

An alternative approach, invoking attack by (CH)free in aqueous 
systems is outlined below:-

R-X + (OH)free ^  RX H0 $    (3)

R-X— -H-0 + (CH)f_ ^  RX:% ,   (4)iree ''-HQ.-

R-x:;' R" +  X'solvated • • • • <5 )

— 17 0 —



where X is halogen and stage (5) is the rate determining step. Stage 
(3) is the formation of a hydrogen bond with the monohaloalkane and, 
spectroscopically, such bonds should be capable of observation.

The favoured method for the study of hydrogen bonds is by observing 
the CH stretching frequency of dilute alcohol or water in various 

solvents and solvent mixtures [6-8] . In fact, the protic component can 
be viewed in a similar way to the aprotic probe studies of previous 
chapters.

The relationship between infrared spectral shifts and energy of 
interaction was described by Badger and Bauer [9] and is known as their 
rule. This requires a linear relationship however, but much evidence 
siç>ports a non-linear dependence for very weak interactions [1 0 ,1 1] .
The Badger-Bauer rule was applied to the results of this work as further 
proof towards the existence of hydrogen bonds in the monohaloalkane- 
protic systems.

9.2 BASIS OF CALCULATICNS

Most of the calculations of equilibrium constants (K) and subsequently, 
free energy of interaction (AG) were undertaken on methanolic systems. 

Very dilute methanol in aprotic solvents exists as the monomer and a 
plot of absorbance against concentration is linear for the OH oscillator, 
both for fundamental infrared and for first overtone near infrared.
This shows observance of the Beer-Lambert law and provides a rapid method 
for the determination of ccncentraticns of methanol in mixed, interacting 
solvent systems.

If we write the equilibrium in a mixed system such as tetrachloro- 
methane and monohaloalkane:-
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m C M  + RX lyfeOH... XR   (6 )
free monomer bound monomer

we can determine the equilibrium constant as

K = .... (7)(tfeCHl [PX]

However, if we use this equation there are systematic variations in 
the values of K as the concentration of RX changes. The probability is 
that interactions are occurring between the methanol and either the CCI1+ 

or itself. As the Beer-Lambert law is obeyed and very dilute solutions 
were used, the possibility of self-association is eliminated. However, 
there is evidence that methanol is hydrogen-bonded with CCI4 albeit very 
weakly [12,13] . The equilibrium then becomes:-

jyfeCH-—  CCI4 + RX ^  Mb CH XR + CCI4 ___  (8)

and K determined from

^ _ [MeCH XR][CCl4] /q\
^ -CC1,][RX] ........' '

We can determine [MeOH XR] and [̂ feOH CCI4] from the Beer-Lambert
law:-

A = G C L ...(10)

vhere A is absorbance at Vmax/ G is the molar absorptivity and constant, 
L is the path length of the cell, also constant and C the molarity.

From the absorbance values for vqh in CCI 4 using the Beer-Lambert
plot we get [MeOH CCI4] for any addition of RX. The difference
between these values (A2) and the initial absorbance for methanol in 
pure CCI4 (Ai) will be proportional to the amount of bound methanol, 
hence

[MeŒ---- CCI4] = ̂  ... (11)
eL

[lyfeOH---- XR] = A 1-A2 = M  ... (12)
eL eL
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Co±)ining (11) and (12) with equation (9) we get:-

K = ^  ^ [CCI4]   (13)
A2 [RX]

[OCI4] and [RX] are directly measured quantities. This equation (13) 
was used throughout the work and gave consistent results.

9.3 RESULTS AND DISCUSSICN

Figure 9.1 shows the position of the CH stretching frequency for 

methanol and water in different solvents. The inert very weakly inter
acting solvents give the highest frequency absorption whereas the 

stronger basic solvents shift the absorption to lower frequency. An 
almost identical picture emerges if we plot the first overtone values in 
the same manner. TWo points are apparent from these frequency shifts:-
a) Tetrachlorcmethane shows a substantial shift from the more inert 

solvents such as cycldhexane. This supports the idea of a 
methanol CCI4 interaction proposed by Mizugai et aJU [12].

b) The monohaloalkanes all shift the OH peak substantially and there 
appears to be an order of interaction, i.e. RI > RBr > RCl.

It is possible to suggest two major types of interaction that would 

account for the shifts as observed, either dipole-dipole interactions or 
hydrogen bonding. If the former were operating then for a mixed solvent 

system a gradual shift of band maximum would be expeoted. For the 
hydrogen-bonded system only two states would be observed with a loss of 
one band and a simultaneous gain of the new band. Fig. 9.2 illustrates 
this point with the tetrachloromethane -iodomethane system. A distinot 
isosbestic point is observed, with only two bands. This is also 
observed for the same system in the overtone region (Fig. 9.3), and all
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Figure 9.1
d Z? ç de f  ahf jklm n

3700

B
b c

3650 3600 cm
d e f  ij gho kmp

-1
n

3550

7150 7100 7050 cm-1

f  hj i n

7000

3650 3600

f  hj i

— r
3550

n

cm-1

D

3500

3750 3700 3650 cm-1 3600

a H e x a f lu û ro b e n ze n e  

b C yc lohexa  ne

c Tetrachl oromefh ane

d Z -C h lorop ro pane  

e 1 -C h lo ro p ro p an e

f  t - B u f y l  chlorîde

g Bromoethane 

h 2-Bromoprcparm 

i  Nitromethane  

j  f  Buty l  bromide 

k Iodomethane

I lo d o e th a n e  

m 2 - lodopropane  

n Cyanomethane 

0 1 ̂ Bromopropane

p 1 -  lodopropane

A ^  OH Methanol  

B 1 2 OH 1st overtone Methanol 

C 2 2 jO H  Water  

D 22^OH Water

Plot showing relative Vmax OH stretch for dilute 
methanol and water in various solvents.

-174-



Figure 9.2
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Figure 9. 3
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of the other mixed solvent systems studied.
The reason for using methanol as a simpler system than water is 

illustrated in Figure 9.4 where water OH bands are resolved for the 

corresponding mixed solvent system. The water spectrum is, however, 
more conplex, having two coupled bands - the Vi synmetric stretch and 

V 3 asymmetric stretch. There is also the possibility of two different 
species being formed on going from a weakly interacting solvent to a 

stronger interaction, namely B-— ^-0-H and B — H-O-H— B units. This 
accounts for the different shifts observed for Vi and V 3 bands, and is 
in agreement with expectation, and with the results of Bonner and Choi 
[13] who indicate that H-O-H— B is a stronger interaction than 
B— H-O-H— B. The latter is only likely, therefore, to be formed in 
very dilute solutions of water in a moderate to strong base.

The equilibrium constant K was determined for a series of monohalo
alkanes. Figures 9.5, 9.6 and 9.7 show the experimental fundamental 
infrared curves used for this. For catpariscn, cyanomethane and nitro
methane were also used as these are accepted as weak l:^drogen bond 
formers. The results are summarised in Table 9.1, including the 
corresponding results from the overtone study. As the new band being 
formed is often overlapping the initial band, deconvolution was used to 
obtain accurate absorbance values. Figure 9.8 shows a plot of equilibrium 
constant against spectral shift of the new band. IWo different curves 
are seen for infraired fundamental and overtone. The reason for this is 
not entirely understood but is believed to be mainly due to anharmonicity. 
The theory behind this has been discussed in Chapter 1. As neither the 
fundamental infrared band shape nor the overtone band shape follow the 
true energy distribution profile for the OH oscillator, (the fundamental 
favours the stronger bonds whereas the overtone favours the weaker bends)
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Figure 9. 4
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Figure 9. 5
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Figure 9. 6
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Figure 9. 7
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Table 9. 1

FUNDAMENTAL OVEPJONE

Cosolvent K ± error K t  e rro r

2-Chloropropânû 1-7 0-7 0-95 0 '6
1-9 0-5 1-25 0-3
2-0 OA 1-21 0-2

2^Br omopr opane 3-7 0-8 2-2 0-2
' 3-1 0 '6 1-9 0-3

3-1 O S 1-9 0-3

2^Iodopropane k-5 0-9 3-7 0-3

U-0 0-7 3-6 O S
- 3-9 0-6 3 S 0-3

Cyanomethane 6-8 0-9 6 S OA
7-2 0-9 7-1 O S
7-5 0-9 6-9 OS

Nitromethane 2 - 9 0 -7 3 -1 0 - i
2 - 7 0 -7 3-1 0 - i
2-8 O S 3-0 0-3

Calculated equilibrium constants for the 
2-halopropane series plus cyanomethane and 
nitranethane.
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Figure 9. 8

C
ro4—
{/)C
ou
EZ)

8 -

7 -

6 -

5 -

4 -

i -

c_

O"LU
; -

0

a 2 Chloropropane 

b 2 Bromopropane  

c 2  lodopropane  

d C y anomethane  

■ FUNDAMENTAL 

•  OVERTONE
r

80

cm-1
120

The correlation between equilibrium constant and 
spectral shift for the 2-halopropane series plus 
cyananethane and nitromethane.

-183-



a larger shift in frequency might be expected to occur for weakly 
interacting species in the overtone region.

An analogous plot to the Badger-Bauer rule can be obtained by con
verting K into -AG^y the free energy of interaction (Fig. 9.9). It can 

be seen that there is a relationship, albeit non-linear, between -AG®” 
and shift indicating the validity of the scale of interacticn 

RI > RBr > RCl. This scale is at first surprising as for the case of the 
halide ions the reverse holds true [14], i.e. Cl">Br">l”. However, 
two factors can be used to explain this effect. Firstly, we are dealing 
with covalent neutral molecules and the bond strengths C-X decrease 
along the series C-Cl > C-Br > C-I. Seccndly, the ability of the C-X 
bond to polarise increases along the series C-Cl < C-Br < C-I allowing 
the halogen site a partial charge and hence making any hydrogen bonding 
stronger along the series.

Further support for hydrogen bonding comes also frcm the spectral 
shifts observed for the ^C-Cl stretching mode in the infrared on going 
from cycldhexane solutions to methanolic solutions, (Figure 9.10) . 
Although the shifts are small (approximately 10 cm" ̂) they, are deemed 
significant. They correspond to câ . 2% change vhich is approximately 
twice that for the relative OH stretching change. The shifts observed 
are towards lower frequency indicating weaker bonding and hence that the 
system is moving towards heterolytic cleavage (stage 2 of the proposed 

initial sequence for the SnI mechanism).

9.4 CONCLUDING RBYIARXS

The data produced from this work gives strong support for the initial 
state solvation theory of the SnI type mechanism for the solvolysis of
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Figure 9. 9
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Figure 9. 10
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monohaloalkanes. The concept of hydrogen bonding to these haloalkanes 

has been demonstrated.
It most also be borne in mind that the interactions shown here are 

between monomer alcohol or water and the haloalkane. Any interaction 
between bulk alcohol or water and the haloalkane will be c^. twice as 

strong and this is the situation for the Sn I process described.
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APPENDICES



CURVE DECONVOLUTION TECHNIQUES APPENDIX I

Introduction

Most types of absorption spectra contain regions v^ere several bands 
overlap. This is particularly true v^ere the same transition is being 
observed for different solvation states. In order to ccirpare individual 
bands sane method of analysing the overall envelope into its conponents 
is necessary.

Many methods are available v±iich are applicable to all types of
absorption spectra [1]. These can be categorised
a Visual Inspection 
b Analogue curve fitting 
c Digital curve fitting
d Carputer methods involving mathematical convergence.

Visual inspection is effectively only another term for guesswork, 
however with experience and a knowledge of the system it can give a 
useful starting point to the curve fitting techniques.

The analogue method is that used by the 'Du Pont' curve resolver [2]. 
Several function generator channels are used together , each producing a 
single distribution function (Gaussian, Lorentzian, etc.) and jointly 
capable of reproducing the experimental curve profile. The individual 
channels can then be inspected and plotted as necessary.

The synthesised curves are produced on a cathode ray tube and caipared 
via a series of mirrors with the original spectrum. This can lead to 
errors due to different viewing positions. There is also no direct 
check on the validity of the 'fit' between the experimental and synthetic 

curves, this relies entirely on the skill of the operator.
Digital curve fitting techniques operate along similar lines to the 

analogue methods. Curves are synthesised by sunming mathematical band 
functions. Display of the various bands and curves is usually on a
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'refresh graphics' screen and the fit achieved by trial and error. Most 

of the main disadvantages of the analogue method are eliminated by the 
digital technique, but a certain amount of operator subjectivity is 
still apparent.

For good curve fitting several rules need to be observed:- 

a Use the minimum number of bands possible, 

b The bands used must correspond to the model for the system.

Pure computer methods of curve analysis are also available. These 
eliminate operator subjectivity but can lead to other errors such as too 
many or too few bands. In general, the curve to be analysed is fitted 
to seme polynomial function which is then reconstructed using the sum or
product of various band functions. The computer converges on the line-
shape by a series of steps, each new set of parameters being calculated 
from the previous set. There are several methods of convergence in use 
and a good example of their various applicabilities is given by Pitha 
and Jones [3].

Visually Displayed Curve Analysis -VIDCA
The VIDCA program was written by N. G. M. Pay [4] for the analysis of 

overlapping absorption bands. This is a digital curve fitting technique 
with sane refinements.

The absorption profile, usually in the form of a pen trace on a sheet 
of chart paper, is turned into digital form using a computer controlled 
digitising table. The program VIDCA v^en activated first displays this 

curve profile with axes and defined baseline. Band functions are then
defined by the operator according to requirements by means of band height,
width at half height, position on abscissa and composition. The composi

tion of the band is on a scale from pure Lorentzian to pure Gaussian 
function as 0— ^100% Gaussian. When several of these bands are displayed
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and CŒiibined the required 'fit' can be achieved by adjusting all the 

respective parameters. Various 'error' procedures are available in 
VIDCA, this enables the operator to apply his or her own adjustments 
in order to ' converge ' on a 'fit' within pre-set error limits over the 
vhole or part curve.

When a suitable fit has been achieved the various bands with their 
respective parameters and overall envelope can be plotted onto a sheet 
of paper for inspection.

An example of this is shown in Fig. 1.

General Garments
Throughout the work of this thesis the VIDCA system was used for most 

of the curve deconvolution. Where only a rough idea of bands was 

required the Du Pont curve resolver was used.
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REFERENCING IN N.M.R. MEASUREMENTS APPENDIX II

As for most spectroscopic techniques it is desirable to measure signal 
positions with a high degree of accuracy. Absolute positions of nuclear 
resonances are difficult to determine and so sane reference signal must 

be used and signals measured relative to those of the reference. For 
standard n.m.r. work the most canmon reference signal is that fran 
the protons of tetramethylsilane (TMS) . This is a single sharp line at 
a field usually higher than most observed signals and often is given an 
arbitrary position of 0 ppm. However for other nuclei and for aqueous 
solutions TMS is unsuitable and other reference materials are used - 
these have been mentioned in their various chapters.

There are two basic methods of referencing, internal and external, 
each having its merits and shortfalls.

a Internal Referencing
Here the reference material is mixed homogeneously with the sample. 

Obviously there must be no direct interaction and for sane samples and 
reference materials this is not always possible. A good example of 
internal referencing is the previously mentioned TMS addition to samples 
for ^H n.m.r.

b External Referencing
By placing the reference in close proximity but external to the sample 

material any chemical interaction is eliminated. However, because sample 
and reference are in a magnetic field, each affects the field experienced 
by the other. This is due to the magnetic susceptibility of each. In 
practice it is usual to use coaxial tubes with the reference material in 
the outer annulus and the sample in the inner tube (or vice versa).

The equation generally used for calculating bulk susceptibility 
effects [1] is:-
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^tru6 ” ^obs 2 R “ Xv S) .... (1)

This assumes a cylindrical tube arrangement with length »  diameter. Xv 
is the volume susceptibility and is related to the mass susceptibility 

(Xm) by:-
Xv = Xm P .... (2)

p is the density and Xm is either a literature value or measured by use 

of a Goiy balance. It must be noted also that ô values are measured in 
arbitrary units of ppm but the ^  (XvR-Xv S) term is not and must 
therefore be modified by 10® in order to turn it into the same units.
The factor ~  is related to the tube shape, i.e. a cylinder, in fact if 
perfectly coaxial spheres are utilised the factor becomes zero and 
susceptibility corrections are unnecessary [2].

The above examples apply primarily to the measurement between signals 
from the same nuclei. However most modem Fourier Transform instruments 
use a reference nucleus as a lock signal that is different from the 
nucleus being observed. This heteronuclear lock is usually a deuterium 
nucleus. As with the previously mentioned referencing it may be external, 
i.e. in a coaxial tube or a separate probe, or it may be internal and 
mixed with the sample. If it is external then the usual susceptibility 
corrections using equation (1) apply but if it is internal other factors 
need to be considered [3]. In order to maintain a lock signal a second 
field (as a radio frequency) is applied and, as this is not at the 
resonance frequency of the nucleus under observation, this nucleus 

experiences a slightly different magnetic field; hence it has a slightly 
different resonant position. Also the lock nucleus will experience a 

different field due to the radio frequency applied to the observed 
nucleus. These effects are in addition to the susceptibility effects
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which are new seen as different shifts of the two different nuclei. The 
equation then takes the fom:-

6correct = &obs + C + ^  (Xr - X s ) .... (3)

where C is a value derived from field changes and screening constant 
differences between lock and observed nuclei.

C is best determined experimentally using a second externally situated 

lock nucleus. It has been found that, for sane cases, C nay be greater 
than the general susceptibility corrections and is therefore not to be 
ignored if using this method.
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