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1

CHAPTER ONE

AN IVTRODUCTICKN TO LIZUID

WATER AND AQUEQUS SOLUTIONS

1.1 Introduction

The structure and properties of water and agqueous
solutions are not yef completely understood. It is the aim
of this thesis to interpret evidence obtained from
spectroscopic results and explain more fully the solvating
properties of water.

Existing structural models for ligquid water and aqueous
solutions are discussed and the spectroscogic evidence
analysed. This is followed by an introduction to the wvarious

spectroscopic methods employed and the reasons for using them.

1.2 Structural wodels for liocuid water

veter as a pure liguid is far from being completely
understood although many theories have been put forward. Any
suggestions for structural models which hope to be taken
seriously have to account for the many unusual and possibly
unexpected oroverties of liquid water., ¥or example, its
relting point and boiling point are higher than might be
predicted by comparison with other Group VI hydrides. The
molar volume of the liguid is smaller than fhat of the solid

(ice-1h, at 273" and one atmosphere). On warming, the liguid



contracts up to 277.13K, the temperature of maximumr density,
then expands. The molar heat capacity, Cp, is much higher
for the liguid than the so0lid and has a minimum at 310K,

That water does have '"unusual" properties is perhaps not
sO surprising when one considers the structure of the
unassociated water molecule. It consists of approximately
tetrahedrally disposed protons and 'lone pair' electrons, and
this symmetry enables it to ﬁésociate with other water molecules
forming larger structural units., Water has the ability to
'accept' or 'donate' electrons, hence forming up tc four

hvdroren bonds with adjacent molecules,

Figure 1.1 Tetrahedral structure of water molecules.

A hydrogen bond is an electrostatic interaction between
a partizlly positive hydrogen and the lone pnair of a neigh-
bouring molecule., In a hydrogen bond in ice. the vrctorns are

"eld directly between the oxygen atcms but are asymmetric along



the line.1’2

In the most common configuration of ice, ice-1h,
a more-or-less perfectly hydrogen bonded system occurs. As
the temperature is raised and the solid melts, changes occur
in the symmetry. Whether bonds between molecules actually
break or are merély distorted is one of the differences
between the two main classes of models for liquid water. As
monomeric molecules appear in the gas phase it is reasonable
to supnose that some monomers will be present in the liguid
state and certainly that some molecules will be hydrogen
bonded to less than four neighbours. Structural models for
liquid water have been extensively covered in review articlesj—6
and hence only brief details will be given here,

Models proposed are often pgoverned by the experimental
evidence they attempt to explain but an acceptable model should
account for all properties. The structures for liquid water
fall into two classes, 'ﬁixture' and 'continuum'. Kell’
suggests the following definitigns: "A mixture model is
understood to describe liquid water as an equilibrium mixture
(or solution) of species that are distinguishable in an
instantaneous picture" and "a continuum theory describes water
as having essentially complete hydrogen bonding, st least at

low temperatures but as having a distribution of angles,

distances and bond energies",

Continuvm Model

Continuum models describe liquid water as an essentially
complete hydroren bonded network whose molecular interactions
have a continuous, smooth and single pesked distribution of
enerpies rénging from ice-like at one extreme to almost gas-

like a2t the other. Bernal and Fowler8 proposed the first
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continuum model in which they postulated three different
intermolecular arrangements: (i) Ice-tridymite-like (four
co-ordinated) below U”C, (ii) Quartz-like (four co-ordinated)
between U and 20070, (iii) Ammonia-like, close packed, 200-
3U0MC. These forms pass continuously into each other with
change in temperature and the liquid remains completely
homogeneous. The model proposed by Pople9 suggests that as
ice melts no hydrogen bonds break, they merely distort and

bend.

hixture fodel

The mixture model describes liquid water as an equilibrium
mixture of molecular species with different numbers of
hydrogen bonds per molecule. The simplest mixture models are
those in which only two species are postulated. Properties

of the liquid are then explained in terms of the equilibrium

~@ A Nbulky species © AMEQAdense species
where the bulky species is considered, to be an *ice-like*
cluster of hydrogen bonded molecules, goid the dense species
is assumed to be more closely packed.

Interstitial models are a class of mixture models in
which one of the species forms a hydrogen-bonded framework,
and the other species resides in cavities within the frame-
work. As the temperature is increased, the extent of the
hydrogen-bonded structure decreases while a decrease in
temperature causes an increase in structure. These temperature
changes have led to the use of the terms 'stricture making*
and ’structure breaking*.

A closely related model proposed by Pauling”""*"" suggests

that water foriGs clathrate cages as do inei-t gases or hydro-



cartons. Pauling proposes that liquid water may resemble
the chlorine hydrate with twenty hydrogen-bonded water
molecules forming an open pentagonal dodecahedra in which
non-hydrogen-bonded water molecules reside.

An important mixture model is the cluster model proposed

12,13

by Frani: and ’Yen They suggested that the formation of

hydrogen bonds in water is a co-operative phenomenom.

Clusters

Figure 1.3 Clusters of water molecules as proposed by

Frank and Wen""*AA,

Association of two water molecules by hydrogen bonding

stimulates association with other water molecules. Clusters
of water molecules having a life time in the order of 10""'
seconds are constantly forming and dissolving. Temethy and

Scheraga'® applied a semi-quantitative analysis to the clusters



énd showed that the average cluster size decreased from

91 to 25 molecules in the O to 70°C temperature range,

1.3 Spectroscopic evidence

It should be possible to differentieste between the two
structural models by studying the vibrational spectrum of
liquid water which is a very sensitive probe of hydrogen
bonding. The vibrational time-scale is of the order of 10-12
seconds and can be used to probe direct molecular environments,
The freqguency of an OH Stretching vibration decfeases as the
strength of the hydrogen bonding increases.

The mixture model proposes broken and unbroken hydrogen
bonds "and if this model is correct, each OH stretching band
should consist of two sub-bands, the one due to non-hydrogen-
bonded OH grouvs being at higher freguency. This band should
increase in intensity at higher temperatures.

For the continuum model to be correct, the OH stretching
band should be a single broad band, moving gradueslly to higher
frequencies as the temperature is raised.

| In ovractise, spectroscopy does not prove either model
correct as the bands which are broad and in some cases overlap,
can be interpreted in different ways. Gorbunov and

15

Yaberukhin have explained results in terms of a continuum

model which were previously suggested by the authors as

evidence for a mixture model!

16,17

Falk and Ford studied a dilute solution of HOD in

H20 and D20 and found that each fundamental band showed a
single maximum. An increase in temperature caused a gradual

shift of the entire band and there was a complete absence of
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Figure 1.4 Spectra of the three fundamental bands of

HOD recorded at high and low temperatures (Falk and Ford16)

They concluded that their results fully suppeort a continuum
model and "are incompatible with the existence in water of

any discrete molecular svecies differing in the extent of

hydrogen bonding". Wall and Hornig18-studied the same

system by Raman svpectroscopy and could find no evidence to
indicate the presence of distinct and distinguishable
molecules in liquid water.

The alternative explanation of the Raman bands of dilute

10D in Hy0 and D, 19,20,21 1. rred
4

asymmetry was observed in the bands at 3300-3700 cm~ and
1

O was given by Walrafen

21400-2700 cm~ ' and this was not in accord with a continuum

model. Using an analogue computer, the bands were analysed

into two Gaussian component bands; the peaks at 3630 cm”1
and 2650 cm-1 assigned to non hydrogen bonded OH groups and

1

and the peaks at 3435 en~! ana 2520 en”! to hydrogen bonded

OH interactions, Variable temperature studies produced an

1

isosbestic point at 2570 em™ ' indicating the existence of

components having opposite variations of intensity with



temperature.

>
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Figure 1.5 Spectra of HOD at various temperatures.
(Walrafen19’2o’21)

Thus evidence for water in two environments is provided by

the experimental observation of an isosbestic voint.

However this same data of Walrafen is used by Schiffer22

in claiming support for the continuum model.
Hartman23 observed an 1sosbest1c frequency at 3473 cm-1

from his infrared studies of HOD invD20.

Transmittance —

«—Frequency, cm™!

Figure 1.6 Spectra of HOD in D,0 at various temperatures

(Hartman®d)
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Senior and Verrallzl4 claimed evidence for a mixture
model with their isosbestic point at 2575 en”! in the infrared

spectra of HOD.

15
sépo-
Sos|-
Q
(@]

1
2300 2500 2700
Frequency, cm-!
Figure 1.7 Infrared spectra of HOD at various

temperatures (Senior and VerfallQu)

Overtone bands between 5000 cm™' and 11 000 cm™ showing
isosbestic points have been claimed as evidence for a mixture
model but these bands are more difficult to assign as there
are often combinations of bands which overlap.

Worley and Klotz25 studied the overtone spectra of

1

6M HOD in D,0 and repgfted an isosbestic point at 6812 cm™ .

2
They analysed the spectra into four bands, assigning the

1

well resolved band at 7060 cm~ ' to the free OH stretch and

other bands at 6550, 6425 and 6000 en™! to various overtone
modes of different hydrogen bonded species.

Buijs and Choppin26 studied the water spectra at ~8330
cm-1 associatéd}with the cqmbination \q + 1@ + yB, and assigned

1 to water

three components at 8620, 8330 and 8000 cm~
molecules with no OH groups bonded, one OH group bonded snd
two OH groups bonded respecti#ely. |

The majority of spectroscopisté are in agreement with

the mixture model approach but dicsagree to a considergble
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"extent on the estimations of the percentage of "broken

16

hydrogen bonds" in water. Falk and Ford listed some of

the estimates which vary from 71.5% to 0.1%.

1.4 Vodels for Aqueous Solvation

(i) Non-electrolytes

Non-electrolytes which do not contain a functionsal
group are largely rejected by water and the solubilities
of these solutes are low. In terms of Frank's theory, the
water structure will be modified by the non-interacting
non-electrolytes being accommodated within the local water
structure if they can occupy one or more of the interstitial
sites'within the hydrogen bonded framework. Additions of
small amounts of solute are accommodated by displacing water
molecules from the cavities which then integrate into the
(HZO)bulky species lattice. This structure promoting capacity
depends on the size of the molecule.

If the solute hés either acidic or basic groups it is
likely to form hydrogen bonds with water and consequently
modify the local structure. An excess of (OH)free groups
or of non-bonded lone-pairs may be generated. A molecule
such as tbutanol will hydrogen bond to water through its
OH group and the non-ihteracting group will be accommodated
in the water framework.

Pauling's suggestion of a water hydrate model for
liquid water can be extended to describe ajueous solutions,
Water can buffer the structural interferenée of addition of

solute by enclosing the molecule in a clathrate cage.
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The cages, which can have a variety of sizes and shapes,

may become distorted or water molecules can be omitted to
accommodate the larger‘solute molecules. The cages will be
most favoured at low temperatures and will be more temperature

sensitive than bulk water structure.

~

Figure 1.8 Examples of clathrate cages adapting to

accommodate solute molecules.
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(ii) Electrolytes

. The most common pictorial models for ionic solvation
consist of concentric regions of solvent molecules around
the iomns.

Horne27

suggests four regions which can be identified.
(see Figure 1.9) Adjacent to the ion is its"primary
| hydration' shell of four strongly bound, tightly electro-
stricted water molecules (A). Region (B) is a Frank and
Wen cluster, beyond which (C) consists of broken water
structure., At some considerable distance from the ion, (D),
fhe structure of water resumes its 'normal' fraction of
hydrogen bonding.

Frank and Wen12 suggested a similar model but omftted

the region B described above.

Fipure 1,10 Frank and Wen pictorial model for water

The broken down water structure of region C increases with
ion size, increasing the extent of water structure breaking.
For small ions, e.g. Li* and F~, region C disappears
completely as the ions, which are structure formers are

incorporated in the water structure.
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1.5 Discussion

Many modelsbfor liquid water are designed to reproduce
the property of water under investigation and are then
extended to fit other experimental results. In this manner
the models become contrived. .

Symonszs’zg‘has built up a pictorial model for liquid
water by first considering monomeric water molecules with
two acidic and two basic sites which can interact to give
dimers. A dimer, with six reactive sites will tend to
scavenge monomers, certain sites being more reactive than
others. As the ;inear polymers grow, there is a possibility
of cyclization o§‘chain4branching. Chain-branching can lead
to chain-cros;ihg‘and ultimately, large three dimensional
polymers will be formed. Polymer-polymer interactions will
occur so that pure liguid water at low temperatures could
be considered as a 'sinéle' unit,

Mis-matching will occur rpsulting in very bent hydrogén
bonds or unusually long ones. Distortion will cause bonds
to break and then new ones reform, Non-bonded OH groups
(OH)free will be present due to the absence of non-bonded
lone pairs (LP)free in the vicinity but a perpetual reforming
of the groups will occur. ‘

Any added monomer will be quickly scavenged by one of
the many reactive sites and there is no reason to propose
the presence of monomers in liquid water as some models do.

In a survey of published infrared data30

s No spectroscopic
evidence could be found for monomeric water,

Solvation of a solute molecule with acidic or basic
groups will involve the formation of hydrogen bonds between

water and solute and this will change the concentration of

-(OH)free'
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Cation solvation is via lone pairs, resulting in an
increase in concentration of (OH)free' The two lone pairs
on the water oxygen may both be involved in bonding to the
cation as in Figure 1.11a or alternatively as in Figure 1.11b
the oxygen may also be involved in a hydrogen bond with an

adjacent water molecule.

A4
L 4
'
L4 'o\‘
[

!
O,
T
- et

N Pu : . H. -
' P ho
(a) (b) (c)
Figure 1.11 Cation and anion solvation by water.

Anion solvation is complimentary, forming hydrogen bonds with
water and generating (Lp)free' ‘These (OH)free and (Lp)free
groups are able to interact and the net resul: of electrolyte
solvation will be only‘a small change in the concentrafion of
each species.

Aqueous solvation involves chahges in the water-water
bond strengths and the formation of water-solute bonds,
These bonds can be monitored spectroscopically, using nmr,
ultraviolet and infrared methods., Each of the techniques
has its own merits as they operate on different timescales,
so giving different 'pictures'. NMR operates on a timesdale

of ‘IO-2 seconds whereas the vibrational timescale is of the

12

order of 10~ seconds. Infrared spectroscopy probes

molecular environments and can accurately 'see' the different
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hydrogen bonding environments, although bands are broad and
difficult to interpret. NMR peaks are sharp and well-defined
but they are time averages of all the different bands
contributing to the total resonance.'A

Room temperature infrared bands of the OH and OD
fundamental stretchihg vibrations are broad and overlsp
considerably, making interpretation difficult. The frequencies
of the two fundamental OH stretching vibrations,'v1aqfx5, and
of the first overtone of the bending vibration, 2Vb, lie
close to one another. |

The situation is eased by using isotopically dilute
solution. HOD in H20 or D20 has no intermolecular coupling
of vibrations and the three fundamental bands are well
separated.

More useful information can be gleaned from the spectra
if the temperature‘of thé solution is lowered, causing bands
to narrow and have better resolution.

The other alternative is £o study the overtone spectra
of HOD. Whereas in the fundamental region the intensity of -
the OHbound band is greater by a factor of 20 or more than
the intensity of the (OH)free band,‘in the overtone regions
the intensity of the (OH)free and (OH)bound bands are almost
the same. Also the separation between the two bands is much
larger than in the fundamental, making the spectra easier to
analyse. Experimentally, the pathlength of the cells used to
obtain these spectra are much more convenient;

In the second overtone region &10 000 cm—1) the
intensity differences have changed to such an extent that

only the (OH). __ band is clearly detectable.
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Structure Making and Breaking

The terms structure making and breaking are used
extensively when aqueous solutions are discussed. The terms
were originally used to describe the effect of a change in
temperature on the structure of ﬁater. Bernal and Fowler8
suggeSted that addition of an electrolyte to water causes
either structure making or breaking to occur which to a first
approximation is simiiar to a change in temperature. They
defined the structural temperature, TSTR’ as that temperature

at which pure water would have effectively the same inner

structure.
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CHAPTER TWO

EXPERIMENTAL

2.1 Introduction

Vibrational spectra were recorded using several
instruments. For work in the ultraviolet and near infrared
regions a UNICAM SP700 was used. The infrared spectra were
recorded on a LTICAM SP100 and at a later stage on a PERKIN-
ELMER 580.

ITR shifts were measured on a JOEL 100mHz spectrometer.

2.2 Instrumentation
(1) Unicam S??00

The Unicairi SP700 is a double beam recording spectro-
photometer with a range from 5U 000 to 2800 cm””. Spectra
were run at various temperatures by circulating water at a
desired temperature through the cell mounting block from a
thermostat bath. Temperatures were measured using an
electronic thermometer with its thermocouple attached to the
side of the cell. Temperatures were recorded to an accuracy
of 11K.

Work in the ultraviolet region of the spectrum was
normally carried out using stoppered silica cells of 1, 5 or
10 mm pathlength as appropriate, WIlien shorter pathlengths

were required, demountable cells, as illustrated in Figure



Figure 2.1

20

Demountable cells used for a) infrared

(a)

o

and b) ultraviolet work.,




Figure 2.2
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Outer jacket of the cell holder of the
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2.1b, were used. Twenty and forty millimetre cells were used
in the near infrared for work on the first and second
overtones of water respectively. All cells were thoroughly
cleaned before use by repeatedly washing with distilled water,
rinsing with a readily volatile solvent and applying gentle

heat.

(11) Unicam S?100

Initially the Unicam SP100 infrared spectrophotometer
was used for studies in the hOOO - 3000 cm region as it
had been operated by previous workers for low temperature
research.

Variable temperatures were obtained using a unit
consisting of four main parts:- (i) Outer Jacket, (i1) Cell
Holder and Refrigerant Vessel, (iii) Sample Cell with Thermo-
couple and (iv) a Temperature Control Unit.

The chrome plated nickel outer jacket (Figure 2.2)
united the cell holder and refrigerant ciiamber to the spectro-
photometer sample chamber and v/as vacuum tignt. The jacket
v/as fitted with demountable UaCl windows (1), heated to
slightly above ambient temperature by an external heater (2)
to prevent condensation from the atmosphere. The rectangular
back plate (3) ensured the correct alignment of the sample
cell.

The cell holder (U) was connected directly to the base
of the stainless steel refrigerant vessel (5) (Figure 2.3).
Facilities for vacuum connection (6), heaters (7) end

thermocouple lead (8) were arranged on the top plate (9) of

the unit.



The sample cell used was the Beckman - RIIC FK-01 type
(Figure 2.1a). This was a variable pathlength vacuum tight
liquid cell fitted with appropriate windows. CaF" windows
were used in the i/000 - 2000 cm region and AgCl windows
for lower wavenumbers. Desired pathlengths were obtained
using teflon spacers (10) between the two windows (11).
Filling ports (12) were sealed with stainless steel screw
plugs and teflon washers. In order that the temperature of
the cell could be measured, an access hole (13) in the front
plate (lij.) was used to position a thermocouple junction
adjacent to the cell windows(ll).

The SPECAC 20.100 variable temperature control unit
(Fignre 2.U) heated both the outer windov/s of the jacket and
the internal cell. Usingthe SPECAC unit, it was possible
for the cell temperature to be controlled within the range

88K to 523K to an accuracy of IK.

Low Temperature Soectra

Lewr temperature spectra were obtained by placing a
suitable refrigerant in the refrigeration vessel. In this
work, liquid nitrogen was used in all cases.

The filled sample cell was placed in the cell holder
and locked in position by tightening the clamp screw (16) and
the thermocouple insertedin the hole (17) in the front plate
The cell, cell holder andrefrigerant vessel were placed
inside the outer jacket and rotated until the locating pin
(18) was in position, ensuring that the cell was aligned
square to the optical beam.

A vacuum pump was connected to the outlet (6) on the

top plate and the unit evacuated. %ith the 'windows” heater

2k
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temperature
indicator (19)

WINDOWS CELL

ON ON
OFF OFF

switch

temperature scale

socket for
heater temperature thermocouple
dial (20) socket
Fipure 2.U Temperature control unit

of the temperature control unit at ON, liquid nitrogen was
poured into the refrigerant chamber. The pointer (19)
indicated the temperature of the cell and holder and when the
temperature had fallen below that required, the temperature
dial (20) was set to the required temperature and the "cell"
heater switched ON.

The temperature controller regulated the power supplied
to the cell heater and brought the cell unit to the dial-set
temperature. This v/as indicated by the temperature indicator
showing the same temperature reading as the temperature dial.
When the desired temperature was obtained, five minutes were

allowed to elapse before any spectra were obtained.
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(ii1) Perkin Elmer 580

In the course of this rescarch v/ork, the Unicam S"MOO
broke down and being an old machine took considerable time
and money to repair. In order to avert any discontinuity in
the research, the lov/ temperature attachments were transferred
to another instrument. The Perkin Elmer 580 Infrared Spectro-
photometer had a large cell compartment and by cutting
circular holes in the roof of the cell compartment, the low
temperature jackets were suspended with the cells in the
correct position relative to the light beam.

This machine had several advantages over the U'"ICAK
SP100, particularly as it was much quicker and easier to use.
The absorbance spectra obtained gave a direct indication of
concentration unlike the previous instrument from which only

transmission soectra were obtained.

(iv) Joel 100LHZ spectrometer

The nmr spectra were recorded on a Joel ?S100 ULR
spectrometer i’itted with a variable temperature control unit.
Temperatures were measured accurately with a Comark Electronic
Thermometer. The operating frequencies used were 100 mhz for
H and qO mHz for P studies. Spectra were individually
calibrated using side bands.

Absolute chemical shifts cannot be measured so it is
usual to measure shifts from the resonance position of a
suitable standard.

For the H nnr of the v/ater/base mixtures studied, a
proton resonance of the added base could be used, provided that

it did net shift with a change in concentration. Alternatively,
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a non-interacting internal reference can be added in very lov/

31

concentration. The P nmr shifts were measured using a

capillary containing P*O" as external reference.

2.3 Materials

Water was produced by distillation of deionised water
from alkaline potassium permanganate under nitrogen. DO
was used as obtained from Nerck, Sharpe and Dohme,

Spectrograde methyl cyanide was refluxed over PgO" before
distillation, the fraction between 80 and 82*C being collected
and stored over molecular sieves.

Spectrograde methanol was refluxed over magnesium and
iodine prior to distillation, the fraction between 6+ and 65°C
being collected end stored over molecular sieves.

All other solvents used were analytical grade. Infrared
spectra were run to detect any water present. Distillations
were carried out when necessary and all solvents were stored
over molecular sieves.

Deuterated solvents were used as obtained.

Salts were dried in a vacuum oven at an appropriate
temperature for at least 2+ hours and then stored in a
dessicator over PgO" prior to use.

Salts to be used in near infrared spectral investigations
were recrystallised from DO before drying, in order that any
residual water would be D"O, riot and hence would have no
effect on the spectra.

Salts with replaceable protons were deuterated by
successive recrystallisations from The replacement urocess

was followed by nmr and infrared techniques.
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2,U Preparation of Solutions

All solutions were prepared by weight and the values
used to calculate molal concentrations for salt solutions
and mole fractions for non-electrolyte solutions.

(1) for mnear infrared work.

A standard solution of in D"O was prepared with
the concentration such that, after dilution by of a fixed
aliquot (1.000g) to the final volume (5cm”), the concentration
was 3N HgO in D*O. 'Ahen run against D" a standard spectrum
of HOD was produced, against which all other spectra could be
compared, as all the sample solutions contained the same
concentration of OH oscillator.

Standard concentrated solutions of electrolytes and
non-electrolytes in D"O were prepared. Solutions were prepared
in sets of tv/o Scm™ graduated flasks by mixing suitable
aliquots of electrolyte/non-electrolyte standard solution
with the fixed quantity of standard HOD solution (1.000g).
TC same quantity of electrolyte/non-electrolyte standard
solution v/as added to the reference flask, the HOD omitted,
and both the solutions diluted to the mark with D"O-

Great care had to be taken when preparing solutions and
in particular when adding the fixed quantity of standard HOD
solution. The weight of this solution (I .GOOg) had to be
accurate to three decimal places forthe spectra to have
reproducible baselines and isosbestic points as the spectra
were so sensitive to OH oscillator concentration.

Hence considerable time and effort was spent on preparing
the solutions in order that the resulting spectra were

comparable and meaningful results obtained.
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The overtone spectra of methanol used a 1:10 ratio of
CKMOHrCDMOD versus CD'OD with salt/solvent added in equal

amounts to both solutions.

(11) for infrared work.
Solutions were made as above but using 0.01W HOD
in DgO when looking at the OH stretch and p~0 in H'O when

investigating the OD r.tretch.

(i11) for ultraviolet work.

A fixed aliquot (1.OGOg) of a stock 1”/HeCN solution
(0.5 XI10~"H) was added to each 10 cm’sample flask, varying
amounts of stock cosolvent/KeCN solution added and the flask
diluted to the mark with KeCN. Reference solutions omitted the
1 ”/HeCN solution.

As in the near infrared work, extreme care had to be
taken when weighing out solutions. This v/as particularly true
for the i1odide component in order to obtain reproducible
baselines and isosbestic points.

For the infrared work on the I /solvent systems, the
solutions were prepared in a similar mianner but using higher
concentrations of iodide.

Spectra were recorded as soon as possible after the
solutions had been prepared to decrease inaccuracies caused
by deterioration of the samples. Storage, when necessary,

was in the dark, to prevent tri-iodide formation.
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SECTION A

AQUEQUS SOLVATION OF NON-ELECTROLYTES

Introduction

Aqueous solvation of non-electrolytes was studied by
monitoring the spectral changes caused by addition of an
uncharged species to water. The solvation of bases, alcohols,
amines aend amides was investigated mainly by looking at the
near and fundamental infrared OH stretches of the water

1 34

molecule. H and P nmr spectroscopy (for HMPA) were used

to extend the study.

A.1_ Aqueous solvation of bases

A.1.1 Previous work in the infrared region

Infrared tedhniques are useful for studying hydrogen
bonding between proton donof énd acceptor molecules in 'inert'
media. Mohr et.al.32 studied the infrared spectra of water
plus base in carbon tetrachloride. (Figure A.1) The
symmetrical water molecule exhibits coupled bands_\q (symmetric
stretch) and Y3 (asymmetric stretch). At low base concentration
Mohr identified the 1:1 complex HOH---B having one narrow
ebsorption near to that for OH

free cvfree
absorption, displaced to lower frequencies, characterising

) and one broad
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Figure A.1a The OH stretching region for ~0.14M

pyridazine and ~0.01M water in CC1, (Mohrsz)

the association, cvbonded)° At higher base concentrations, the

species B---HOH---B was identified, for weak bases by two

broad bands in the low frequency region and for stronger

bases by one band, the two vibrations having the same frequency.
In a study of the same system, SaumagneB;, clew ™ and

others found a linear correlation between the values of

\% (\gssociated) and v} (Vfree

for both the symmetric (B---HOH---B) and asymmetric (B---HOH)
.31.35

) plotted against. one another

species. More recently, Bellamy et have extended the
plot to include crystal hydrates where the water molecules

are symmetrically hydrogen bonded to anions. {(Figure A.2)
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Figure A2 Interdependence of x and ‘Qs for water in

various solvents and crystal hydrates. (Bellamy?)

Line « correlates data for unsymmetrical water HOH---X;-

Line p for symmetrical water X---HOH---X and line ¥ represents
xg = \hs and is used for including data for HOD systems for
comparative purposes.

1:1 Complexes A CHBCN/001h; B cyclohexanone/CClu; C DMSO/CClu;

D nitrobenzene/CCIu; E trioxan/CClh; F CHBCN/

u;
J dioxan/CClh; K ethylether/CClu; L n,n-dimethyl-

CClu; G ethylacetate/CClu; H acetone/CCl

formamide/CClu; M pyridazine/CClh; N pyridine/
CClu; P h-picoline-N—oxide/CClh.

2:1 Complexes 1 H20 vapour; 2 Nz—matrix; 3 perfluorobenzene;
4 €C1,; 5 perchloroethylene; 6 1,1,1-trichloro-
ethane; 7 1,2-dichloroethane; 8 ethylene oxide;
9 propylene oxide; 10 1,4 dioxane; 11 tetra-

hydrofuran; 12 NaClO H 0; 13 LlclOu.BH 0;

uo
14 Ba(ClOu)z.BH 0; 15 Ba(C10 )2.H

16 Ba(Br03)2.H 0; 17 Ba(I0 )2.H 0; 18 Ca(Br03)2;
19 Sr(Br03)2; 20 nitromethane; 21 nitrobenzene;

22 dimethy;phthalate; 23 CHBCN; 24 ethylacetate;

25 methylal; 26 acetone; 27 dioxane; 28 ethyl-

ether; 29 n,n dimethyl formamide;.

HOD Hydrate Data a Sr(BroO b Ba(BrO )

3)2 2 H

c Ba(Clo0 )2 2 d NaClOu H20

e Llclou.LlclOu.BHzo.
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Choppin and Hornung'—‘56

.analysed the absorption band of water
in the 6600 - 7500 e region for HZQ/basq/001u systems in
terms of seven components. A model for water involving three
species with O, 1 and 2 hydrogens participating in hydrogen
bonding, explained the resolved spectra.

Gentric et.al.o! examined the bending mode, Vz, at
-1 650 cm-1 of water/base mixtures. The assymetry of the peak
was attributed to HOH---B and B---HOH---B complexes,
the proportion of the species depending on the molecular size
of the base.
38

-Fratiello'and Luongo studied the aqueous solvation of
dioxane by monitoring the shift of the CH stretch, CH
deformation and C-0 stretch in the infrared region across the
entire mole fraction range. The shift to lower frequency of
the C-0 stretching mode indicated that hydrogen bond formation |
was at this site. . |
The fundamental OH stretch for water in the 3000 - L0OO
cm ' region is a broad featureless band and has proved of
little use in spectroscopic studies of solvation. The spectra
can be simplified using HOD but still very little information
can be obtained. Cogley et.a1.39 studied the fundamental
infrared spectra of H20, D20 and HOD in propylene carbonate
and concluded that the units HOH---B and B---HOH---B were
formed in preference to the aggregation of water molecules.
The infrared spectra of binary mixtures of water (HOD and H20)
and four co-solvents (acetonitrile, dioxane; dimethylsulphoxide
and hexamethylphosphoramide)_were studied systematically by
Lo

Narvor, Gentric and Saumagne who found evidence for the
presence of various types of hydrogen bonded COmplexes and

confirmed the existence of 1:2 complexes of water:solvent.
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A useful alternative is to study the overtone spectrum
of water although the assignment of the bandes is not so
clear cut as in the fundamental. The water spectrum at

L4

7000 em™! has been assigned to \%433 by Choppin~' who snalysed
it in terms of three spectroscopically distinguishdble species
with O, 1 or 2 hydrogens bonded. The spectra of acetone/water
and dioxan/water mixtures were similar, the addition of base
having little effect on the component peaks. The conclusion
that the weak bases interacted only slightly with the water
L2

was in opposition to work by McCabe and also Burneau and
Corseztl"3 wko analysed similar spectra and concluded that
HOH-~-B and B---HOH---B units were formed, depending on
concentration.

L

However, Choppin did concede that if base-water complexes
are present it is probable that they would absofb at the same
frequencies as the water molecules with one and two hydrogen
bonds and would therefore be undetected in their analysis.
Bonner and Choihu utilised the Vé+\g combination band
(~5200 cm-1) of water in organic solutes as there were no
interfering water bands at adjacent wavelengths. (This band
is said to be particularly useful for monitoring the effects
of hydroxylic solvents as it avoids interference from the OH
stretching modes in alcohols etc.) 41:1 and 1:2 water:solvent
complexes weré identified for various bases in studies over the
entire concentration range. The positions of th¢ bands varied
with the degree of hydrogen bonding and the basicity of the
solvent. Interactions between water and base wefe found to be
weskest in nitromethane and strongest in dimethylsulphoxide.
Of course, other techniques have beeﬂ widely used to

study these systems. One random example is the work of Foxl"5



37

who studied the n>*rr* absorption band for aqueous acetone

in the ultraviolet, plotting the shift in as a function
of concentration. An initial high frequency shift, found only
at low temperatures was attributed to the enhancement of

water-water interactions.

A.1.2 Near Infrared Results

This work was devised in order to attempt to gain more
understanding of the structure of aqueous solutions and to
produce a description which was in agreement with the data
obtained. Attention was primarily focused on the water rich
region of aqueous solutions of several aprotic bases.

A 3M solution of HOD in D"O produced the spectrum shown
in Figure A.3 in the 6000 - 7600 cm"* region. It is customary”*”
to assign the peak at 7120 cm”” to free OH groups,
as the band at room temperature correlates with that at
7150 cm ~ at high temperatures. The room temperature band
represents the limit of weakly bound oscillators and since
the limit is the free oscillator it must have a contribution
from the completely free OH groups. The shift from the high
temperature value does not prove the presence of weak hydrogen
bonds since the water molecules responsible will still form
three strong hydrogen bonds and the effect of these is to

shift the band due to oscillators slightly to low

frequencies.

The broad maximum at 6600 cm”” is assigned to strongly
bound OH groups, (**)-bound’ the plateau region which lies
between and (OH)*g"*"is considered to be due to

weakly hydrogen bonded OH groups, including all the bent and
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stretched hydrogen bonds which exist in liquid water and are

known collectively as (OH)weakly bound®

An increase in temperature, ss shown in Figure A.3,
resulte in an increase in the height of the peak at 7120 cm™'
(accompanied by a slight shift in Vhax towards the gas-phase
value of 7150 cm™') and a decrease in height of the (OH)bound
peak.

The appearance of the isosbestic point at 6800 cn™!
suggests an equilibrium between the two species (OH)free and

(OH)bound which may be represented as,

—
(Héo)bound ~ (OH)free + (Lp)free
~ I, H”’ \\ 'll H/”
N7 JES— N
;0-H---~-p(: <~ 0—H + Qﬁp:: (1)
H /OH p:d /H

The (OH)free unit and the free lone pair (LP)free are
completely separate from one anbther and are not seen as the
limiting situation of‘very long or weak hydrogen bonds which
occur in some structural models.

For pure water, an increase in temperature shifts
equilibrium I to the right snd will always result in an equal

number of free lone pairs and free OH groups. Hence,

K = _[(OH)free]L(LP)freE] (11)
[(OH)bound]

The controversy, previously mentioned, of the
concentration of (OH)free groups in liquid water cannot be

resolved from these spectra. The entire spectrum at 2500 can
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be considered as a broad envelope of many sub-bands, and at
a particular wavenuﬁber such as 7120 cm—t there will be
dbsorptioné from weakly bound OH oscillators as well as
(OH)free groups. This is illustrated in Figure A.4 which
analyses the spectrum into four components using the Dupont
Curve Analyser. Subtraction of the peak due to (OH)

does not result in zero absorption at 7120 cm-1.

free BYOUPS
The deconvolution shown is not unique, but several
‘subsequent attempts to construct the HOD spectrum gave very
similar residue absorptions at 7120 en™!. The reconstructions
were able accurately to reproduce the temperature effect but
were limited by two factors.
(i) Only four peaks could be used although the spectrum
probably consists of many more sub-bands,
(ii) Gaussian peaks were used in the deconvolution, but in
fact Lorentzian or é Gaussian-Lorentzian mixture may be
more appropriate. This is'particularly true in the region
assigned to (OH)free groups where the speétrum is very

steep sided,

Addition of Base

The effect on the system of the addition of a small
amount of base can be seen in Figures A.5-A.8. Results for
all the bases studied are collated in Figure A.9. It is
difficult to measure the exact loss of the (OH)free peak
because of the sub jective estimate of the tail in this region

from the (OH) oscillators.

bound
In the majority of cases, the peak at 7120 cn”! decreases

in intensity with a corresponding increase in the 6600 cm'b'1

region. This is attributed to a reduction in the concentration
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of (OH)free groups by the scavenging effect of the added base.
It can be seen from Figure A.,9 that for dimethylsulphoxide

(DMSO), hexamethylphosphormide (HMPA), dimethylformamide (DMF),

dimethylacetamide (DMA), tetrahydrofuran (THF) and triethyl-

amine the loss of ('OH)free is approximately the same, within

the experimental érror. Triethylamine is expected to behave

as a monobase due to its single lone pair of electrons and

therefore it is concluded that all the above act as monobases

in aqueous solution.

! ,/’ / e
\\ I H \\ /I H/
/‘o'——H---—p< = 0—H + o< (1)
H I S h:d I
plus Base
l' H”’
\\\l /
. ~O—H---Base + 0 (111)
. /’ " H\\

4

As the base is added it formsa bond with the (OH)free
group of a water molecule. This causes equilibrium (I) to
re-adjust to compensate for the loss of (OH)free groups in the
system and hence the observed decrease in the peak at 7120 cm'1
is less than expected., As it is the loss of (OH)free |
oscillators which is observed the strength of the base does not
affect the spectrum and results for the bases mentioned above
are all similar.

‘There are exceptions in the cases of methylcyanide,
acetone and trimethylphosphate, all weak bases, which show
a gaih, not a loss, in the intensity in the region of the

(oH) peak. In these cases, it is suggested that the increase

free
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is attributable to the OH---B peak. The position of this
band is base dependant énd though for strong bases the band
will not interfere with the measurements, in the case of the
weak bases, the OH---B peak appears coincidentally in the
(OH)free region.

Since the completion of this work a paper has appeared
by Paguette and Jolicoeuru7 which studies the effect of a
range of basic aprotic solvents on one of the overtone bands
of water, (14 + 21%) at 10 000 ecm™'. The overlapping results
compare favourably with those quoted here but they differ
markedly in the conclusions they draw compared to those
suggested in this thesis. Paquétte and Jolicoeur made no
allowance for absorption by the OH---B oscillators, claiming
that these would be so weak in the near infrared region that
_they would not be visible.

While this situatién may exist for strong bases it
certainly will not for the weak.bases such as methyl cyanide
and acetone. As the base strength falls the band due to the
OH---B oscillatofs will‘shift and make an increasing
contribution to the 7120 cm™ oveak.

For weakly basic solvents the effect is so great that
there is an increase in intensity in the (OH)free region despite
the suggestion that the (OH)free groups are being scavenged,
However, Paquette and Jolicoeur did not recognise this and
interpreted their‘increase in terms of a 'structure breaking'
effect,

From the results obtained in this work it is not oossible
to prove the loss of (OH)free groups on addition of a weak
base although the svectra obtained experimentally could be

re-generated using the Dupont Curve Analyser by a decrease in
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the (OH)free peak and the appearance of a.new‘band within the
same region.

The suggestion that the increase in intensity 1is caused
by a gain in the concentration of (OH)free groups can be
disproved using results from the fundamental OH stretching
region for HOD in D,0. On addition of a weakly basic solvent

such as methyl cyanide there is no growth in the (OH)

region of 3660 em™! as shown in Figure A.12.

free
There is, however, evidence for a band intermediate between
the (OH)free position and bulk water which confirms the
conclusion that on addition of weakly basic solvents to water,
weak hydrogen bonding occurs and that bands can be assigned

to this OH---B unit.

A.1.3 Computer Analysis of the Results

As can be seen from the attempt to deconvolute the HOD

spectrum, the height at 7120 cm-1 was not due conmpletely to‘
. ' ) st

(OH)free groups but contained a 'tail' from the (OH)weakly

a peaks. Even if all the (OH) groups- were scavenged

boun free

there would be a considerable residual absorption which the
curve resolver study has estimated to be 60% of the total
" peak height. If the remaining 40% of the peak height is
considered to be equivalent to all the (OH)free groups, the
changes on addition of bases can be re-stated in terms of
'percentage loss of (OH)free'.
Mention has already been made of the controversy

surrounding the estimation of the concentration of (OH)free

groups in pure water with values ranging from 71.5 - 0.1%16.
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An attempt has been made to estimate this concentration from
the near inffared results by computer simulation of the
change in (OH)free concentration on addition of base for

different concentrations of (OH)

free BTOUDPS in pure water.

Considering the equilibrium,

(OH)bound < (OH)free | . (Lp)free

which leads to the equilibrium constant,

K = ROH)free] LE?P)eré] (iI)

E OH )b ound]

with concentrations expressed in terms of the number of OH

groups involved, as distinct from the number of water groups.

(OH)bound ) (OH)free + (LP)free
Initial 1 0 0
concentration
Equilibrium
concentration 1-x X x
.. K = x° ‘ (1IV)
1-x »

On introducing the basé,
(OH)free + Base ——> OH----Base (V)

(the equation is considered irreversible)

If y moles of monobase are added,

(OH)bound (LP) + (OH)free_e LP)free + QOH---Base

free

1-x b X=y X y

s K o= x(x=y) (vi)
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Taking any reasonable value for the percentage of (OH)free
present initially in the pure water, K can be calculated
from equation (IV). Assuming that K does not change
appreciably on addition of base, y moles of base can be added
and (x-y) the new fraction of non-bonded OH gfoups at
equilibrium can be calculated.
The computer program in Appendix 1 was used to do this

by first re-arranging equation (VI).

K(1-x) = x° - xy

K -Kx = x" - xy

x2 xy + kx - K =0

Applying the general quadratic formula x = -b¥*/b“-Lac and
2a

choosing the root which gives a sensible answer, x-y is
calculéted. The computer program allows for addition of
different amounts of base and produces a plot of loss of
(OH)free against added base concentration. This is shown in
Figure A.10 when different initial concentrations of (OH)free
for pure water are considered. The experimental loss on
addition of base is also plotted and can be seen to agree with
a value of about 4-5% for the concentration of (OH)free'

This value would seem a reasonable one but it must be
considered as very approxirate as errors in calculating it
are large. Differences in peak height on adding base are
small, resulting in large errors and the estimation of the
percentage of the peak at 7420 cm”™! being due to (OH)freé
groups is subjective. However, a meaningful value is obtained
and the results are considered to be unique and informative.

L8

Luck and Ditter '~ estimated a value of ca.12% (OH)free

at 25°C from studies of HOD in D,0 in the 7120 en™! region over



52

Figure A,10 Computer plot of loss of (OH)Aree against

added base concentration for different initial concen-

trations of (Oﬂlfree for pure water,

(--- —-—-Experimental Curve )
N
= 80 N
g R
v R
2 %%
o 60 12%
) 0%
(a1
‘5 8%,
[\ 1]
— 6%
g 40
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S 4%
& .
20r 2%,
0 , 1 | | 1 | | 1 i ] |
| 096 092 0-88 0-84 080

Mole Fraction of Water
a wide temperature range. This is considerably greater than
the value quoted here, but is probably an upper limit rather
than a precise value. Their high temperature results relate

to the molecule HOD wpilst the room temperature result is

~
-
N
,D//

Extinction coefficients for the two species will differ and

]
for the species 0—H having three hydrogen bonds,

-

Luck also has the problem of contributions from other bands

to the absorption at 7120 em™ T,
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A.1.4L Infrared Results
9

Brink and Falku conducted a typical study of HOD in

DO with addition of DMSO, by monitoring the fundamental CH

2
stretch in the infrared region. The spectra were very broad,
making small changes difficult té detect, and as no significant
changes occurred, they concluded that DMSO did not have any
notable effect on the structure of water.

This work has been repeated and the same results
obtained but additional information was acquired by freezing
the solutions to glassy solids at low temperatures. Only
solutions exhibiting no phase separatidn on solidification
were used, Where phase separation did occur it resulted in
a sudden break in a smooth band or a distorted baseline and
these results have been ignored., The glassy go0lids were
considered as infinitely viscous liquids and the view was
taken that their structure resembles that of the 'static'
structural features of the liquid.

Although a systematic study of several bases was
impossible due to the difficulty of obtaining good glasses,
some spectra were obtained which showed additional details
from those obtained in the liquid state.

Figure A.11 shows a low temperature spectrum of aqueous

dimethylsulphoxide which has a broad band in the 3300 cm_1

1 and “~3420 cn™! which were

region and shoulders at ~3230 cm
not visible at room temperature.

Spectra were obtained for the water/methyl cyanide and
water/hexamethylphosphoramide systems as shown in Figures
A.12 and A.13 and all three bases exhibited peaks in a

similar manner to one another.
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Figure A.11 Infrared sbsorption in the OH stretching

region for HOD in D,O containing 0,18mf dimethylsulvhoxide
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Figure A,12  Infrarec absorption in the OH stretching

region for HOD in D,C contsining 0.11mf methyl cyanide.
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Figure A.1 Infrared absbr tion in the OH stretching region

for FOD in D.O containing 0.11mf. HMPA A) 25°% B) -25% c)-125%
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As discussed in the preceeding section (A.1.2) the

bases were thought to act according to the equation,

T d
rd

H N
(By0)pu1k < _H /O‘\H
: B A’
lo\

; A Y
4
7 N\

plus Base

\\ /,.’
H pH
0= H---B + o/
- ~ Vd
| N 4
| NN
N\

The major feature at ~3300 cn”! was assigned to bulk
water and appeared at higher frequencies than the pure ice
bénd due to the inclusion 6f a larger range of hydrogen bond
lengtﬁs and bond angles (HOD in D,0 at -125°C has a narrow
band at 3280 cm™).

The shoulders at 3230 cm~ ' and 3420 cm™ appeared to
be independant of base and were assigned to bonds ¥ and p
respectively. Both bonds were due td the free lone psir
groups, the p bond being predicted to be weaker than an
average water bond and so appearing on the high frequency

side of the bulk water band, whereas the ¥ bond will be stronger
1

than average and could result in the band at 3230 cm .
The band (x) due to water bonded to base which would.

be solvent-dependasnt was not observed and it was concluded that

it was concealed beneath the broad, bulk water band on all

occasions. The closeness of the two bands wéuld explain the

lack of shift observed at room temperature and the two (LP)free

bands merely add to the overall width of the band.
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A.1.5 NMR work

Infrared and nmr techniques cannot solve.all the problems
individually, but must be used to complement one another. Most
nmr studies of water/base systems focus attention on the water
protons although some solvent nuclei can be monitored. The
water protons result in a single narrow peék which is an

average of all the signals from OHbound to OHf On

ree’
increasing the temperature, the band shifts to high field due
to a general weakening of all the bonds.

Chemical shifts are measured relative to a reference
signal and both this and the sample spectrum must be displayed
simultaneously. In aqueous mixtures the shift of the water
protons is often measured with respect to some pegk in the
solute spectrum but this method becomes unsatisfactory when
interactions between the solute and water cause the reference
signal to move. Alternafively, a third non-interacting
component may be added as a refepence or an éxternal standard
used, but the need for bulk susceptibility corrections may
decrease the accuracy.

Glew et.al.so measured 1H nmr chemical shifts for aqueous
solutions of several bases and at high solute concentration
observed shifts to high field arising from the formation of
weak water-solute hydrogen 5onds and the loss of strong water-
- water hydrogen bonds. Small solute concentrations showed a
low field shift in some cases indicating stronger water-water
hydrogen bonds due to formation of a water-shell around the
weakly interacting interstitial non-electrolytes.

51

Wen and Hertz also obtained initial downfield shifts

for water/base systems which they decomposed into 'polar' and

51 52

'non-polar' contributions. They and Oakes concluded that
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the initial downfield shift was not simply the result of
a structural effect but had contributions from the basicity

or acidity of the cosolvent relative to water.

S+ Q 8 A
A f s, — A———-QO\H8+

OR

g~ H—/?bg = B-—--H—Ogﬁ
0 - ]

The base B will form hydrogen bonds with the protons
of the water molecule and if the B----HOH hond is stronger
than the normal water-water bond then a downfield shift will
be observed. A further downfield shift will be induced if
it is very strong as this will cause the oxygen lone pairs
to beéome more basic and hence able to form stronger hydrogen
bonds with neighbouring water molecules,

A solute, A, which is more acidic than water will form
hydrogen bonds to the oxygen atoms of water. This will
increase the acidity of the water protons and cause a slight
downfield shift.

In their nmr study of binary solvent mixtures Kingston

53

and Symons interpreted the results in terms of the acid/base
behaviour and the gain or loss of (OH)free groups. All

. solvents were found to have some contribution from both types
of behaviour but in different proportions. Bulky, near-

spherical -groups which induce water clathrates to form, result

in a scavenging of (OH)free groups.
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A.1.6 NMR Results

The results‘dbtained‘in the wafer rich region are
summarised in Figure A.14. With the exception of a few very
weak bases there is an initial plateau region and in some
cases a shift to low field before the subsequent linear trend
to high field. The results are in agreement'with thoée obtained

50,51 and can be interpreted in terms of the

by other workers
loss of (OH)frée groups which was previously detected in the
near infrared.

NMR 'sees' the protons of the (OH)free groups as similar
to the protons in the water monomer and they must make a
considerable upfield contribution to the normal water resonance.
If they are removed by a base the water resonance will be
shifted downfield.

The low temperature infrared results suggested that while

protons hydrogen bonded to strongly basic cosolvents

experienced very little shift, those associated with the

(LP)p e 'BToups' were shifted up and possibly also down. field.
. H H +B H pH
(H20)b 1k < \,O—H + Q/0< \lozﬁ___B + QO/
u S \\ ! H\ L7 \ /1 \H
\ \\ \O/H ~ ~ \ . \\Ox/H \\\
I,’ \I{\\ ’l/ \fi

There are twice as many P protons causing an upfield
shift as there are ¥ protons causing a downfield shift so the
resulting shift of the protons associated with the (Lp)free

groups should be upfield.
In the case of the weak bases such as methylcyanide the

B---HOH protons are shifted upfield and this together with

the upfield shift from the (LP). . . protons outway the loss
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Figure A,14 Proton resconsnce shift for water ac & function

of the mole fraction of aaded bsse,
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of (OH),.. . 8roups causing an immediate upfield shift with no
plateau region being observed. In all cases the loss of

(0H) will not be as large as expected due to the

free
readjustment of equilibrium (I).

Kingston and Symons53

studied the effect of base on
methanol by monitoring the shift in the methanol OH resonance.
The addition of base causes ﬁ rapid upfield shift.with no
initial plateau region. In this instance there is no downfield
'contribution associated, as it was in the water case, with an
initial loss of (OH_)free groups and is in agreement with the
suggestion (see Section B.2) that there are no (OH)

free
groups in methanol at room temperature.

A.1.7 Computer simulation

The nmr resonance for water contains contributions from
protons in environments ranging- from bonded to cdmpletely free,

If the shift for_(OH)free protons is A, and for (OH)

1 bound

protons is A, then the observed shift for pure water is giveh

3

as,

Observed shift = EOH)free]x A+ EOH)bounj_ X Ay
total [OH] total [OH]

To predict a shift for water with added monobase, an OH---Base

shift must be chosen, then

Observed shift = Eon)fm-e}x A, .+ EOH)'gounq] xrAl
total [oH] total [oH]

+ [oH---B] x shift OH---B
~ total [oH]
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The computer program of Appendix Two predicts the shift on
successive additions of base and plots the results as shown',

in Figure A.15 for values of 2, 4, .6 and 8% (OH) in pure_-

free
water., The different curves on each plot arise from taking
different values for the OH---Base shift, as'will occur for
bases of differing strengths.

The following assumptions have to beAmade;

1. The OHbound resonance position does not change over the
0.8—1.0 mf of water studied.

2. The OH---Base resonance position does not change over the
0.8—1.0 mf of water studied.

3. The equilibrium constant, K, does not change.

The shifts show a reasonable similarity with the
experimental curves with an initial d4ip or plateau region
before an upfield shift. This is, however, a very simple
approach and can be made.more sophisticated by deéper

consideration of various hydrogen bond strengths.

‘n 78 ‘w

, , .
\n N
N wh A o A
,O\ e ,0 + . ,O\
’ﬁ H\ ‘< \H ,5’ H
N Mow
N

1-2 VA z

‘Strength of bonds: n=normal, s=strong, w=weak.
Bulk shift = z x shift (OH)free + 2z x shift (og)W +

z x shift (OH)s + 2z x shift (OH)w +

z x shift (OH)é + (1-z-6z) x shift (o_H)n



On addition of y moles of monobase,

’n ”“;, s 8 ,/
0 H H ¥ O H . ‘
N Q. A 8 N A
N = 0\ + ,0. ‘__—L: 0\
,/ ’, , \ ,I
“n N ‘s H{ ‘w H ‘ H,
0 . AN
B
1-2 z zZ-y y

Observed shift

(z-y) x shift (OH)free +yx shift (OH~--B)

+

2(z-y) x shift (OH), + (z=y) x shift (OH)S

+

2z x shift (OH)w + z x shift (OH)S +

({—z—j(z-y)-jz) x shift‘(OH)n

‘The computer plots shown in Figure A.16 are a result
of this more sophisticated approach being employed in the
computer program of Appeﬁdix Three for various concentrations
of (OH)free groups in pure watep. The experimental results,
also plotted, show that a 4% concentration of (OH)free groups
gives the best fit for DMSO, THF and MeCN. The agreement is
good considering the simplistic approach used and the |

assumptions which are made,
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Figure A,15 Computer simulatior of proton resonance

shifts for water ss & function of the mole fraction of

added base, for various concentrations of (OH)
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Figure A,1€ The computer simulations of Figure A.15

corrected to mccount for a more sophisticated approach,
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for a 4% concentration of (OHlfree with the addition

of experimental plots.
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A.2 Aqueous solvation of alcohols

A.2.1 Previous nmr and infrared work

The study of water-alcohol mixtures by nmr techniques
has been limited by the fast rate of hydroxyl proton exchange
on the nmr timescale in the water-rich region. The shift of
the coalesced peak is generally assigned to the water protons
although this is not established experimentally.

Glew et.al. , studying the effects of t-butanol on
water using nmr spectroscopy, found an initial downfield
shift of the averaged hydroxyl resonance followed by an
upfield shift at higher alcohol concentrations.

Subsequent workers™” found that those alcohols which
are soluble in water in all proportions exhibit a minimum in
the plot of nmr shift versus mole fraction which v/as attributed
to an initial structuring followed by a structure breakdown
as the alcohol concentration increased. “Butanol produced
the largest downfield shift in the alcohol series and the
“butanol molecule was assumed to fit snugly within the water
lattice and at the same time ’‘tighten up’ the hydrogen bonding
or increase the amount of it around the alcohol molecule
resulting in an initial downfield shift. There is a limit
to the amount of structuring possible within the water lattice
and once this 1is reached no further increase is possible.
As more alcohol is added there are insufficient water molecules
available to form hydrogen bonded units and a net breakdown
of structure results and hence a subsequent upfield shift.

This explanation is less compelling in the case of

methanol which also causes a shift to lov/ field but does not
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contair a bulky group. Contributions to the shift may come
from the acid/base effect discussed earlier in Section A.1.5
and this possibility waé studied by Kingston'and SYmons53
by monitoring the éfféct‘of temperature. They concluded that
the tbutanolref‘fect was almost entirely structural in nature
but that the methanol/water system had a large acid/base
contribution and a small structural interaction. |

Studies of water and tbutanol using the first overtohe

55

infrared region”’” showed a clear loss of (OH)free groups on
initially adding the alcohol, followed by a region of
insensitivity. The alcohol was assigned the role of structure
maker as its action paralleled that caused by a decrease in
temperature.

Despite Bonner's claimuu that the V2+\3 combination
band of water was particularly useful for studying the effect
of addition of alcohols as there was no interference from
the alcoholic OH groups, he looked at only one alcoﬁol,
1-pentanol, and identified 1:1 gnd 1:2 water:alcohol complexes.

56

Waddington studied the effects of four alcohols on

the OD stretch of D20 in H20 in the infrared, but found»littlé
-or no gxift in the band position. This was because the

oxygen atom of water bonded to the OD oscillatdr was replaced
by arn oxygen atom of alcohol and this WAS'unlikely to have

any dramatic effect on the OD oscillator frequency.
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A.2.2 Near infrared results

Figures A.19 and A.20 show the effect of the addition
of alcohols on the OH oveftone spectrum of HOD in the near
infrared. Addition of the alcohols causes a marked decrease
in the band at 71 20 cn”' assigned to (OH)ppnee OScillators.
Although the drop varies slightly between alcohols, (see
Figure A.21) it 1is within the rather large experimental error
and 1is not considered to be important. The loss is
comparable to that caused by addition of base, reported in
Section A.1.2, and suggests that the alcohois are acting as

mono-bases.

E
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P —
X

8. \\ X :
c 05 \\
%_1.0— ' x\\czlj%OD
g (CH,),COD
(&)

-15}

Figure A.21 Change in peak height as a function of

added alcohol.
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Water has an equivalent number of OH groups. and lone
paifs and can be considered as dibasié andrdiacidic but the
élcohols differ markedly in that they have only one OH group
and two loﬁe pairs. Whilst wateﬁ af room temperature contains
a percentage of (OH)free groups, methanol has only a negligible
concentration, as is shown in the near infrared region where
water exhibits.a peak due to (OH)free but no such absorbance
is visible for methanol. Each molecule of alcohol has two
lone pairs for every OH group so that'any (OH)

: free
immediately be scavenged by the huge excess of (LP)free

group can

groups to give units such as VII.

-—-0—H----- 0—H-----0—H- - —
| VII
|
};{
R—O-- -

Kormally, in the pure liquid, alcohols act as mono
proton donors and acceptors and the effects roughly cancel
but dilute alcohols in water can act as di-proton acceptors
on demand, because of their second lone pair group and the

molecule then appears to be acting as a mono base.
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A.2.3%3 N¥R Results

The problem ofrthe‘rate of OH pfoton exchange for
agqueous soluticns of alcohols has recently-been overcome57
by using low temperatures and largely deuterated solvents,
The results for some simple alcohols are shown in Figure A;22
which displays the low field shifts of the water protons.
Figure'A.23 shows both the water proton resohance and the
methanol proton resonance as s function of the mole fraction
of methanol. Thus, although previously, the initial downfield
shift on addition of alcohol had been assigned to the water

proton851-u

, it had not been established experimentally.

In all cases the ROH resonance is to low field of the
water resonance and this can be understood if the alcohols
are considered to be more acidic than water and hence fprm
stronger hydrogen bonds-to a given basc. This would also
explain the observation that both resorances shift overall
to high field on going from water to alcohol. The water protons
in an alcbhblic environment are more basic and are therefore
to highfield of those in water and the alcohol OH protons in
an squeous mixture are rore gcidic and therefore are shifted
to low fields. There is however no clear agreement on the
relative basicities of water and alcohols and in fact Taft
et.a1.58 have reached the opposite conclusion.

It is important to note that the ihitial downfield
shift of the water proton resonance observed on addition of
tbutanol is also present oh addition of methanol but no initialb
shift is observed for the alcohol OH resonance. Previously
the low field shift of tbutanol had been assigned to the
formation of 'clathrate cages' as at higher temperatures this

shift was reduced to zero, but it is unlikely that methanol
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molecules encourage cage formation.

The éxplanation used far the near-infrared results can
also be used to understand fhe.nmr resulté._ If the alcohol
is considered to be dibasié and if the effects of_mono—donating
and accepting roughly cancgl,'then the alcohols can be

considered as mono-bases.

R ’
\\\ ’,”0\/\ _____ O/H
H\O/H \ f\H\
’/ \\ H\ ,’/ ! \\
o 1

Hence the initial downfield nmr shift can be explained by the
loss of (OH),.., &roups as alcohol is added.

The pésition of the alcohol resonance downfield of that
of the.water resonance can pértly be explained since the
alcohol molecules acting as dibases'will have increased acidity,
resulting in a downfield shift of ‘their OH oroton resonance.
- Initially all the alcohols will behave in this way, scavenging
(OH)free groups, but as the alcéhol concentration increases

they will act as monobases.
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A.3 Agueous solvation of amines and amides

A.3.1 Previous work

a) Amines
Strait and Hréroff59 used the combination bands of NH2 in
the near infrared to study association of the NH2 group of‘
primary amines with recognized donor and acceptor sol#ents.
A ratio, R, of the'dbsorbances of the two band peaks due to
(NH) s oo @nd (NH)bound was used to indicate the changes taking
place upon association. The R value was high for protic.
donors, e€.g. isopropyl alcohol, which interacts with the amine
as the base and was much lower when the amine acted as a
proton donor to solvents with w-electrons or lone-pair
electrons to donate, |

In nmr studies of hydrogen bonding relatively little
has been done to investigate the influence of hydrogen bonding
on the nﬁr shift of the atom which donates the electron pair

60,61

in forming the hydrogen bond. Litchman et.al. studied

nitrogen-15 nmr for 15NH and 15NMe3—solv_ent mixtures and

3
assumed the shifts had contributions from two types of
‘interactions. 1) The interaction of the nitrogen lone pair
electrons with solvent moleculevprotons'and 2) interaction of
solvent molecule unshared electron pairs with the amine'protons.
It was concluded that interactions of the first type.made
much larger contributions to the shifts than did the second
tyre.

A single crystal X-ray study of solid ammonia by Olovsson
and Templeton62‘suggested that each ammonia molecule was

involved in six hydrogen bonds. Each hydrogen of the ammonia

molecule forms a hydrogen bond and the free electron pair
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forms three.

In the infrared region, hydrogen bonging of primary
and secondary aliphatic amines has been studied63’6h using
the NH stretching vibration. Hydrogen bonded and free NH
groups are observed for the amines in CClu whereas thé
overtone spectra only contains an absorbtion due to free NH

groups except at the lowest temperatures.

65

Falk studied the infrared spectrum of dilute HOD in

the so0lid and liquid trimethylamine hydrate, Me,N.101H,.O.

3 2
The OD band differed only slightly from that in liquid water,

showing the same distributions of hydrogen bond strengths in
the two media.

Hydrogen bonding between amines and alcohols in the gas

66

phase was studied by Hussein and Millen®® as it had the

advantage of being free of lattice vibrations or solvent inter-
actions and provides the possibility of observing fine structure.
Frequency displacements of the OH stretching vibratioh provided
a measure of the relative electrbn donating abilities of the

free amines in the order Et3N > Et2NH =’Me3N > MeZNH > EtNH2>>

MeNHz > NH3.
b) Amides

67-70 have undertaken extensive studies of

. A Y
aqueous amide solutions using nmr spectroscopy. With the

Hinton and coworkers

exception of formamide, the first addition of amide to water
produces a low field shift in the water resonance position,
indicative of structure promotion or a 'tightening' of water

hydrogen bonds. Following the model of Glew”C

used to explain
the structure promotion observed with dilute agueous non-
electrolyte solutions, the enhanced hydrogen bonding between

water molecules was explained ty solute molecules stabilizing
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adjacent water into ordered, hydrogen bonded shells. Also
competing is a high field shift caused by amide molecules
hydrogen bonded to water since it is assumed that the water-
amide hydrogen bond is not as strong as the water-water
hydrogen bond.

The shifts measured are the weighted average of these
two effects and the results would suggest‘that the inter-
stitial effect dominates on first adding the amide followed
by a net structure breaking effect with increased amide
concentration. Although the data for the formémide System
do not indicate the presence of interstitial formamide
molecules this does not mean they do not exist. Because of its
small size it is possible that no water expansion has to take
place and therefore only structure breaking is observed.

For all systems except N-methylformamide, N-methyl-
acetamide and N-ethylformamide the high field shift was
continuous on addition of amide. However, for the above three
amides a dramatic low field shift was observed at low field
concentration which would indicate well-ordered, tightly
bonded water molecules, but was not explained by Hinton,

A difference was also noted in the shifts for the cis
and trans NH protons of formamide, acetamide and propionamide
in aqueous soiutions. (The designation is relative to the
hydrogen or alkyl groups on carbon,) The shift of the trans
proton is affected most and although both cis and trans
protons shift to high field, the difference would suggest
stronger hydrogen bonding at the cis position.

Hydrogen bonding at the carbonyl oxygen was suggested
by the resonance position of the carbon nucleus shifting to

low field in aqueous formamide relative to pure formamide.
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A.3.2 NIR results for amines and amides

Figures A.24-26 show the effect Qf the addition of
amines and amides on the OH overtone spectrum of HOD in the
near infrared. Of the three amines studied, triethylamine
has already béen mentionédrin Section A.1.2, as showing a loss

of (OH) groups consistent with the other mono-bases.

free

peak but

Diethylamine produced a similar loss in the (OH)free

also a gain at -6550cm™' which is probably due to (NH). __
groups as diethylamine dilute in CClu gives a peak at 653Ocm-1.
The addition of n-butylamine also Showed.a loss_in the (OH)free
region and the growth of a new pesak at 66OOcm-1. The results
suggested the three amines were acting as mono-bases and the
NH groups were not involved with bonding to the water.
‘Formamide, n-methylformamide, dimethylformamide,
acetamide, n-methylacetamide and dimethylacetamide were the
amides used in this study. Dimethylacetamide (DMA) and
dimethylformamide (DVMF) have already been mentioned (Section
A.1.2) as acting as monobases. Formamide produces a loss of
(OH)free consistent with a mono-base but also shows a gain
of a peak at ~6800 cm_1. Similar spectra were obtained for
n-methylformamide, acetamide and n-methylacetamide which
showed losses in the (OH)free region and the growth of new

peaks in the 6400 - 6800 cm™?

region.
~
The /C:O group is presumed to act as a base and bond
to (OH)fre

as a di-base in different circumstances depending upon

e groups but it could be acting as a mono-base or

concentration and steric hindrance.
An explanation of the spectra can be obtained by

considering the amides to act as mono-bases with the :>C=O
bonding to (OH)free groups and the NH groups remaining free
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and producing peaks in thé 6400 - 6800 cm_1 regon, However,
the NH groups would be expected to bond to the lone pairs of
the oxygen of the water molecule, generated by the OH grouvs
bonding at the carbonyl group. .
In the case of formamide and acetamide, if just one
NH group bonds there will still be a NH gréup free and
responsible for the peaks apbearing in the spectrum, In the
cases of n-methylacetamide and n-methylformamide_where there

are growths in the (NH) region it is possible that the

free
(LP)free groups of water are not able to bond with the NH
groﬁps on the amides due to steric hindrance by the adjoining
ﬁethyl group.

However, for the spectra to show a loss of (OH)free
groups consistent with the monobase line; formamide and
acetamide must be acting as dinases, although why they should

do this, is not obvious,

H ‘ ‘ H ’ H
e _ N\
>C=O\ > =0-- - C=0---
/N\ " AN /N<
H Hfree Ne Hfree Me Me
Me e ¥e Me
Ne—0~ Nee—0 - - - No—
F/C__Q\ /N,C—— _ N/C—-O-——
B MHpooo Me” “H._ ue” “Me

4
Id

It is possible that the lone pair of the nitrogen could
“be bonded to OH groups and this is more likely for formamide
and acetamide which do not have methyl groups bonded to the

nitrogen and this would relieve the’>C=O group of being di-basic.



Jc=0---

free

87



88

A.L4 Aqueous Urea Solutions

A.L.1 Previous work

It has been recognized for some time that agueous
solutions of urea possess remarkable properties, e.g.enhancing
the solubility of hydrocarbohs71, affecting the conform-
ational properties of a wide rangé of water-soluble polymeré?z’73

74

Urea is extehsively hydrogen bonded in the solid state' ™, and

has a suprisingly high solubility in water (>20M at 250)75
with which it forms almost ideal sblutions76’77.

The interest in agqueous urea solutions stems from the
ability of urea to 'denature' biologically active molecules
notably proteins., Kauzmann recognised the tendancy of
non-polar side chains of proteins to adhere to one another in
aqueous solutions, i.e. form hydrophobic bonds, and suggested
that this could be an important factor in the stabilisation
of particular conformations of poiypeptide chains72. The
denatubation of proteins by urea is thought to be brought
about by the destruction of hydrophobic bonds caused by urea
destabilising the water structure. |

Two different approaches have been used to account for
the observed physical properties. of urea-water mixtures.
Stokes76 used the idea of urea association, which in dilute
solutions postulates urea dimerization as the dominant process,
and at higher concentration the stepwise addition of urea
occurs.

MacDonald78 studied the effect of urea on the fluidity
of water, concluding that urea acts as a structure breaker,

and that the concentration depéndance of the results suggested
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clustering of urea at 2 Molar and above., This agrees with
the work of Vold et.a1.79*who studied acid- and base-
catalysed protolysis in urea solutioﬁs by nmr techniques and
found evidence for aggfegates.of urea at 2-3 molar
concentrations.

X-ray diffraction studies by Adams 5

of aqueous
solutions of urea indicated urea-urea interactions qt large
urea concentrations but association was considered extremely
unlikely at low concentrations.

The second model is that of Frank and Franks71'who
assume water to be described as a mixture of distinguishdble
species, co-existing in equilibrium and mixing ideally.
-Because of its geometry, urea

PE——— N
(Hy0)pu9ky < (H30) gense

is unable to be incorporated into the tetrahedrally hydrogen.
bonded bulky species but is allowed to mix with the dense
species. It acts as a diluent and the effect is counteracted
by a shift in the equilibrium from left to right. Urea has
reduced the degree of water-water bonding without replacing '
it by any urea-water hydrogen bonds.

Finer et.al.e1

used their nmr shift and relaxation
results po try and distinguish between the two models. The
upfield shift of the water proton and slight downfield shift

of the urea proton resonance on increasing the urea
concentration were evidenée for slight long range structure
breaking tendanciesJand negligible self-association of urea.

- The upfield shift of the urea resonance on increasing the
temperature suggests the existence of some urea-water
interactions but these are probably short-range and short-lived.

The conclusions fit the model of Frank and Franks with urea

displacing the water equilibrium from a bulky species with
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long range order to a dense species with only short range

structure. Urea closely resembles water in its ability to
form hydrogeh bonds but has the wrong geometry to take part
in extended water struétures. | |

Subramanian et.a1.82 studiéd urea/water solutions by
nmr spectroscopy and found that relative to pure water, the
water proton resonance shows no shift up to an urea
concentration of 7M., Addition of urea to water causes neither
promotion nor destruction of the solvent structure and the
urea molecules may simply be accommodated in the bulk water
clusters via urea—wéter hydrogen bonds.,

Voldsu used nmr spectroscopy to measure the chemical
shifts of the water proton resonance in a variety of aqueous
solutions of urea-related cbmpounds. The results are displayed
in Figure A.27.

Wen and Hertz85 added urea to the H20/tBuOH system
being studied by nmr spectroscopy. The downfield shift of
the proton resonance was enhanced by addition of urea.
Kingston86 examined the system further and concluded that
addition of the urea causes the water structure to be broken
dpwn and the tbutanol caﬁ have a greater effect on forming
new structure,

Barone et.ai.87 extended the work of Finer81 tb include
alkyl ureas. In all the cases studied the water signal was
initially shifted downfield before moving back towards the
value for pure water and then upfield.

Although a large émount of work has been carried out
on aqueous urea systems the effect of the solute on the
hydrogen bonding in water, often expressed as 'structure

making' or 'structure breaking' is still subject to a great
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deal of controversy. Support for urea as a 'structure
breaker' 1is given by the raman studies of Walrafen88 and
the near infrared work of Barone, Rizzo and Vitaglian089
The majority of workers would agree with this view but Abu-
Harndiyyah78 favours structure making although his paper and
the whole concept of structure making and breaking has been
seriously questioned by Holtzer and Emerson90

James and Frost91 92

studied the effect of urea on the
librational band of water and suggested urea bonded to water
through its four hydrogen atoms and carbonyl oxygen and is
suited by symmetry to fit into the water structure although
its size 1is rather larger than that of water.

Swenson™” studied the effect of urea and related
compounds on the (D stretch of HOD in the infrared, but found
only minor shifts in the band position. This indicated that
the strength of the hydrogen tond interactions between solute

and water molecules are similar to those between molecules in

pure water.

A.4.2 NIR results for urea and two derivatives

Figures A.28 and A.29 show the effects of 1,3 dimethyl-
urea and tetramethylurea on the OH overtone spectrum of HOD
in the near infrared. Of the three urea derivatives studied,
urea gives a slight increase in the Prak, 1,3-dimethyl
urea gives a loss consistent with a mono-base and tetramethyl-
urea gives a greater loss. The first two compounds also show
a oeak growing at '--6800 cm ~. Urea is presumed to behave as
a base at the ~C=0 group and bond to either one or two

groups. The FH groups are also available for bonding to lone
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SECTION B

AQUEQUS SOLVATION OF ELEGTROLYTES

Introductiocn

Agueous solvation of electrolytes was studied by
monitoring the spectral changes caused on their addition to
water. Investigation of the near infrared OH stretch of water
was the main technique used but results from other branches of

spectroscopy were considered when drawing conclusions.

B.1 Infrared Studies
!

B.1.1 Previous work

As in the study of non-electrolytes, inert media can be
used for studying solvation by a Single solvent molecule but
it is difficult to extend the results to bulk solvents. Kuntz

and Chenggu

have studied ionic solvation using dilute solutions

of water in aprotic solvents., Infrared bands weré detected

for OH---anion and cation---0H---solvent interactions and

association constants calculated. |
Unfortunately the infrared spectra of electrolytes in

bulk water are not very informative as the bands are very

broad envelopes and no definite conclusions can be drawn.
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I[sotopic dilution by D"O does simplify the spectra, but
except in one or two special cases, addition of electrolytes
does not produce any dramatic effect.

The information available has been summarised in a
recent review”” and Kartman's** study of HOD/D2Q/salt systems
produced a shift in of the OH oscillator for a large
number of different salt solutions. The plot of shift of
band maxima against concentration shows, in general, a shift
to high frequency by alkali halides, the largest by NaClO",
whereas sodium acetate produced a lov; frequency shift,

(See Figure B.1) The general conclusion was that anions
have a much greater effect than the cations and I <Br’<CI"<F*
for order of increasing average hydrogen bond strength in
solution.

While some workers believed that addition of an
electrolyte caused the water structure to be broken, others
suggested that the ions form new bonds to water and become
hydrated.

WalrafenAQA 8 studied several different bands in the
Raman spectra of aqueous solutions and concluded that
electrolytes caused the breakage of OH 0 bonds, the bromide
ion being the most effective and the cations having very little
effect.

In a Raman study of electrolyte solutions. Wall and
Hornig99 found large intensity and bandwidth changes in the
order F~<H20<Cl~<Br~<I~. They concluded that there was no
indication of any ion-water association leading to the changes,
as would be implied by the rigid hydration model.

Wyss and Falk**”* studied NaCl in HOD and could find no

evidence for shoulders or sub-bands in the OH peak, even at
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-30° C. This indicated that the OH ClI bond has a similar
distribution of frequencies to OH 0. The large bandwidths
suggest OK CIl" has a variety of energies due to the water
molecules around CI" having a variety of orientations with

no strong preference for any single well defined configuration.

Recent work'°! has shown that these broad and relatively
uninformative infrared spectra narrow sufficiently to give
reasonable resolution on freezing to the glassy state.
Generally, the OH groups bonded directly to the anions give
rise to narrow components usually on the high frequency side
of the band for pure solvent (Figure B.2). The cation effects
are generally smaller and result in an apparent shift of the
main solvent band.

*Important exceptions to the uninformative, room
temperature spectra mentioned above are those obtained from
solutions of perchlorates and fluoroborates. These show a
resolved CH stretching component on the high frequency side
of the main infrared and raman band. Solutions of perchlorate
with different cations give the same effect and the band
increases in intensity as the perchlorate concentration is
increased. The perchlorate and fluoroborate solutions show
a difference of 16cm * in the resolved peak position
suggesting that the bond strength is dependant upon the
anion. The oeak has been assigned to groups,
to OK groups weakly bonded to the anions,and to
both 106

Walrafen”suggested the peak was due to (OH)"M
groups because HOD solutions exhibit a band in nearly the
same region that grows strongly on warming and is assigned to

(OH)"ree groups. Walrafen thus concluded that perchlorate
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ions are 'structure breakers'.

However other workers have favoured the suggestion
that the high frequency band is associated with water
solvating perchlorate ions. This is supported by
crystallographic data for LiClOu.jHZO which points to a weak
hydrogen bond between water and the perchlorate ions.

Brink and Falk1o7 found almost identical stretching
frequencies for HOD for the hydrstes and agueous solutions
of NaClOu.HZO and LiClOu.3H2O which pointed to a weak
hydrogen bond between water and perchlorate ion.

In an attempt to distinguish between the two hypotheses,
recent work106 has been carried out on the low temperature
irfrared spectra of perchlorate ions in methanol and water.
For methanolic solutiéns at 120K there was no sign of the
band at 3540 c:m-1 and it was concluded that the room temperature
band was not due to (OH)free grouvs. The aqueous solutions
retained the high frequency peak at low temperatures although
the area under the peak was reduced by «50%. This suggested
that at room temverature the high frequency band has
contributions from (OH)free groups and from water solvating
perchlorate ions.

Worley and Klotz25 studied the effect of electrolytes
on the near infrared spectra of HOD in DQO. The sharp peak
at 7 062 cm~' was attributed to all non-bonded OH species and
the absorbance at 6 L¢27cm_1 to all OH groups in a bonded state.
They expressed their results in terms of a quantity R, given

by the ratio Absorbance at 6 L27cm™ .

Absorbance at 7 0620m'1

When the temperature increased, R decreased and the
ratio R was seen as a measure of water-water interaction at

each temperature. When various salts were added to the HOD
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the ratio R changed. Worley and Klotz compared these

changes with those associated with a change in temperature
and produced "structural temperatures", as proposed by Bernal
and FowlerQ. If on addition of salt, R increased, the salt
was called a ’structure maker’, if R decreased, it was called
a ’structure breaker’.

Bunz]l"** studied the effect of tetra-n-alkyl ammonium
bromides on the water band at 10 OOOcm"”, concluding that
(C*"HM”NBr and (C*H")"NBr were structure makers, (CH”")"NBr
a structure breaker, and (C2H")"NBr has little overall effect,

The sensitivity of the overtone infrared spectra
to added electrolytes increases with temperature and Luck109
utilised this with temperatures up to 1I].0°C, discussing the
results in terms of structural temperatures.

Difference spectra are obtained by placing an aqueous
solution in the sample cell and pure water in the reference
cell. The mis-match in the concentration of water in each
beam is corrected by using a variable pathlength cell and
adjusting accordingly.

Jolicoeur et.al. 110

used difference spectra to study
aqueous solution of organic salts in the overtone region.
Bu"NBr showed a loss in the region, while NaBRh"
showed a gain. Using the concept of Bernal and Fowler,
BU"N* was assigned a structure maker and BPh"" a structure
breaker. A further study111 assigned RANT (R = M to nBu)
as a structure maker and noted that "“structural decreased
as the solution temperature increased.

McCabe and Fisher112 used difference spectra of

aqueous solutions of alkali halides versus water 1in the

-1 . .
7 000cm  region + The spectra were resolved into
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two components, one representing the hydration of the solute
and the second the volume of the hydrated solute, and from

these, hydration numbers were calculated.

113-5

Bonner and co-workers have investigated the

IR Y band at 8 000 - 9 000 em™!

several electrolytes and observed all cations as 'structure-

for aqueous solutions of
makers' in the order H+>Li+>Cs+)Rb+'>K+')Na+ and all anions as

'structure-breskers' in the order PFG— = Clou- = N03-> 15 Br
>C1>F.

B.1.2 Near Infrared Results

The effect of various electrolytes on the near infrared

spectrum of HOD in D20 at 25°C can be seen in Figures B.3-11.

1

Isosbestic points apvear at 6 800cm” ' and are accompanied by a

gain or loss in the (OH)free peak at 7 120em™!. The results
can be displayed, as in Figure B.12, with the change in peak
height versus concentration for many different salts. From
these graphs, the change on addition of 1 molal of salt can

be found and these are tabulated for all the salts studied in
Table One. The value for Clou- salts is not included because,
as was discussed previously for the infrared data, this change
is not thought to be simply a measure of (OH)free groups but

to have a contribution from a weak bond between 01ou’ ard water

which appears coincidentally in this area.

A simole model for the solvation of electrolytes can be
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considered in which the cation bonding to the oxygen of water
via its lone pairs will produce (OH)free groups and the anion
bonding to the hydrogen will cause a loss of (OH)free groups.
When an electrolyte is dissolved in water the nett effect willy

be either a gain or a loss in the (OH) peak,

free
The present work began with the observation that the

effect of sodium tetraphenylboride was opposite to that for the

tetra-alkylammonium salts116. Sodium tetraphenylboride greatly -

enhances the (OH)free concentration and to a first

epproximation, the reason for this is that only the cations

are solvated and these bond to lone pairs, generating an

excess of (OH)free groups.

N H - \\ Hl
A~ N/
———

(OH)b ound < ,’O\H + o\H

. . , \
\\

+CJr

\\\O/H

¢ MH

On addition of tetrabutylammonium bromide to water the

anions are strongly solvated and they bond to OH groups.

(0H)pouna ,’O\\H * 7
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The B*h”" and ions are considered to have only a small
effect on the concentration of

This is in complete contrast with the conclusions of
other workers”who have attributed the loss of (OH)free
to a structure-making effect of the ion and have ignored
the role of the anions. The results presented here disagree
as they show a clear anion effect with the l:lelectrolytes
but no trend with the size of the alkyl group, R.

When measuring the change in concentration of
groups the same problems arise as in Section A, as a complete
loss of does not correspond with zero absorption at
7 120cm . Hence the change in peak height has been measured
in arbitrary units and no attempt has been made to estimate
absolute values for the concentration of (*")fpee* Some of
the changes measured are small, therefore errors are large
and it has been necessary to use concentrations of greater
than 1 molal for most salts in order to obtain reliable data.

I[f the changes are additive, as is suggested, then the
salt shifts can be separated into contributions from each ion.
With the arbitrary assumption that B?h® and R"N* both have
slight structure breaking effects at 25°C, individual ion
shifts are calculated and displayed in Table Two. The values
reproduce all the salt shift data recorded, within
experimental error.

It is possible to obtain rough values for solvation
numbers for these ions if the spectral change 1is related to
the first solvation shell of the i1ons. Using this crude
approximation, it is solely the primary solvation number that
controls the concentration and not the strength of

the bonds. TIons such as Li and F are both expected to have



Experimental changes

Salt

NaBPh"
NaNOj
NaF
NaCl
Nal
KNO*

KOI
KBr

KI
CsNCy
CsCl
CsBr
LiCl
LiBr
Klv'nOU
K'e"NCI
Et"NCl
Bu"NCl

Me,NBr
Et"NBr
Bu,NBr

MeS(gi*

TABLE ONE
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in the peak height at 7 120cm ~ of HOD

in DO at 2570 on addition of salts

Experimental change

for IW solution (cm)

+

+

+
X —

+ m

_|_

B

1.9
5

o)

- O

V)]

oSO =, O O O O o o

Predicted change

1.9
0.7
0.1
0.2
0.65
0.9
0.3
0,4
0.5

0.85
0.8

0.3
0.4
0.15

0.25
0.0

0.75

0.65

Error

+ 0.25

+ 0.05

0.05

+ 0.05

- 0.17

- 0.03
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Table One contd.

Salt Exoerimental change Predicted change Error
for 1M solution (cm)

KZSOM + 0.87 ‘ + 0.87
Na2003 + 0.35 + 0.35
RbI + 0.95 + 0.95
AgNo3 + 0.65 + 0.65
CH5COOK - 0.05 - 0.05
CH,CO0T1 - 0.2 - 0.2
KCNO + 0.8 + 0.8
KCN + 0.5 + 0.5
Nal0; + 0.4 + 0.4

K CrOh + 0.6 + 0.6



a)

CKN

Cro

NOZ

Qe
MnO}4

2~
Crou

CH_COO™

Individual

Ton Shift(cm)

1.4
1.6
1.5
1.35
0.45
0.5
1.3
1.2
1.1
0.75
0.7

1.2

Solvation Number

L.7
5.3
5.0
4.5

L.3
4.0
3.7
2.5
2.3

4.0
4.5
5.7
4.8
7.7
8.1
3.7
2.7
3.3
5.3
8.7
5.5

118
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solvation numbers close to four, so if a value of +3 units
is assigned to the gain or loss of one (OH)free group then
the solvation numbers of Tsble Two are derived.

These results are in agreement with the studies of
non-eiectrolytes in Section A, as the loss Ofv(OH)free
calculated for the chlor?ﬂgiion is four times that previously
noted for the monoAbases.% Considering the simplistic
approach used, reasonable solvation numbers have been obtained
which bear comparison with the results of other workers.

A more sophisticated apprcach would consider the
possibility of a cation such as Mg2+ bonding to both lone

pairs of the oxygen, hence liberating double the number of

(OH)free groups.

o

Mgt -- o7 g2*- - -0

H \H\

Previous workers117 have found the nitrate ion to be
assymmetrically bonded. The oxygens may be bonded to none,
one or two OH groups and the value of 2.3 quoted here suggests

some combination of these different possibilities.,

gl N
o
0—N ’
. /O“H\\; _
\O/H ol
N H

» \

N\
Ny N\

¥any of the workers quoted previously in this Section

do not calculate solvation numbers from their spectroscopic
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studies but are content merely to quote changes in 'structural
temperature' or to classify salts as structure-makers or
breakers.

However, comparisons can be made with results obtained

in other areas of chemistry. The neutron diffraction studies

118

of Soper et.al. produced a solvation number for chlorine

of between five and six. The X-ray diffraction results of

119

Licheri et.al. suggest that six water molecules are

/™

octahedrally displaced about the bromihé ion and Maeda et.al.!2?

4

suggest solvation numbers of four and six for sodium and
iodide ions respectively. Narten apd coworkers121 suggest
solvation numbers of six for chloriné and four for iodide

whilst Licheri et.al.l2»123

give vélues of six or eight for
calcium, six for chlorine and six for bromine.

The results quoted here are comparable with those found
by other workers and it would appear therefore that this
method does have some contribution to make to furthering the
study of the solvation of electfolytes, despite the many

potential sources of error and the very simplistic approach

used.
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B.2 Near Infrared Snectra for NVethanolic Solutions

The overtone region for methanol solutions is less
useful to study because of the absence of any resolved peaks
assignable to (OH)free grouvs. This is because of the
scavenging of potentially free OH groups by the huge excess

of 'free' lone pairs to give structures such as

Me Me Ve Me
——-6——H---6;7H--—q-—H—-—O-—H--—
- | (VIII)
H
Me—0

Figure BA3 shows the effect of temperature on the OH
stretching overtone of CHBOH in CDBOD. No clearly defined
(OH)free peak is visible (cf. the peak at 7 120cm” for (OH)free
in HOD), merely a plateau region (6 800-—7 2OOcm-1) similar
to that associated with '(OH)weakly boung 10 the water spectrum.

Addition of Na3Ph, results in a broad peak at 7 010cm™ .
It seems unlikely that B?hu— woﬁld form hydrogen bonds with
methanol, but Na+ can bond to the methanol lone pair, thus
creating an excess of OH grouns. These can bond to the methanol
chains as shown anﬂ and the 7 O1Ocm-1 band is assigned to
the OH groups marked «.

' Addition of sodium perchlorate to methanol produces

a relatively narrow band at 7 050 em™! which is assigned to
OH groups bonded to ClOu- ions. This is weaker, but better
defined than the « band probably because the negative charge

helps to make the bonding more precise,
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On Structure Kaklnp and Breaking

Since Bernal and Fowlerg introduced the term 'structural
temperature' the effects of electrolytes and non-electrolytes
on the properties of water have often been discussed in terms
of 'structure-making* and 'structure-breaking* which
correspond to a fall or rise in temperature. The results
presented here are not expressed in terms of equivalent
temperatures as the concept is believed to be unsatisfactory
and incorrect conclusions can be drawn.

'Structure-making' is generally defined by vibrational
and nmr spectroscopists as causing a loss of groups
and a 'structure-breaker' as a generator of groups.

When water is heated the structure is genuinely broken
as the increase of groups is equal to the increase
in (LP)fpee groups. However, on addition of a base the
(OH)f"ee groups are scavenged, producing an excess of
Infrared techniques studying the concentration of
groups would deduce that 'structure-making' had occurred, but
had attention been focused on 'structure-breaking'
would have been declared.

Similarly on dissolving an electrolyte in water, cations
scavenge groups and anions scavenge groups,
the nett effect depending on the solvation number of the ions.
On dissolving RANCl salts in water there is a marked fall in
(OH)free concentration compared to an increase for NaBPh,k.
The overall reason to a first approximation is that for R"HCI
only the anions are strongly solvated and bond to OH groups
while for NaBPh" only the cations are solvated, bonding to lone

pairs and generating Obviously the terms 'structure-
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making' and 'structure-breaking' are misleading, as, if

attention had been focused on (LP) the signs of the

free
equivalent temperatures would be reversed.
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SECTION C

SOLVATION OF IODIDE IONS

Introduction

The solvation of iodide ions has been studied using
ultraviolet and infrared spectroscopy.

Addition of a protic solvent to iodide ions in methyl
cyanide was monitored using the OH oscillator of the cosolvent
in the infrared and the charge transfer to solvent spectra of
the iodide ions in the ultraviolet region.

Attempts have been made to calculate equilibrium constants
from the spectra and the two methods are consistent within
experimental error.

The addition of certain solvents to aqueous iodide was
investigated and attempts made to understand the causes of

solvent and salt shifts.

C.1 Ultraviolet Studies

C.1.1 Previous work

Although early spectroscopic studies of solvation were
mainly in this area, ultraviolet spectroscopy has not been
very widely or significantly applied to the study of aqueous
solutions., Probably the most studied system is that of aqueous
iodide ions.

The ultraviolet absorption spectrum of iodide in solution
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contains a well resolved doublet which has been shown121’L

"to be due to transfer of an electron from the ion to the
surrounding solvent. Hence the spectrum belongs to the
general group known as charge transfer to solvent (C.T.T.S.)
spectra.

Since the ground state is the solvated ion, it is
considerably influenced by the solvent as is the excited state
in which the solvent plays an integral part. Thus, C.T.T.S.
transitions are unusually environment-sensitive and
consequently are useful to probe changes in solvent structure
with temperature, pressure and on addition of solvent or
solute.

An important advantage of C.T.T.S. spectra is that
information is obtained for a single ionic species, in contrast
with many studies of salt solutions in which problems arise
when assigning contribufions from cations and anions.

A review of experimental»findinps and theoretical
models for C.T.T.S. transitions was published by Blandamer

end Fox 22

and although a large amount of data is available the
proposed models are only moderately successful. The two main
classes of models used in quantitative treatments will be only
briefly mentioned. All models have the common conceprt of the
excitation of an electron originally on the ion into a new
orbf;\éxtending over a region of solvent molecules, Boﬁh
classes of models use the same cycle és their starting point

and assume that the arrangement of solvent molecules around

the ion is the same in both the ground and excited states,
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E E |
- 1 - 2 -
1 (HZO)X———> (HQO)X + :[gas—%(ﬁzo)x + Igas * €as
E
max E3
- Eu -
(I +e )(H20)x=< I-(H20)x * Coag
From the cycle it follows that,
Emax = E1 + E2 + E3 + Eu
126

The diffuse model proposed by Stein and Treinin

produces the following equation for an aqueous solution at 25°C.

E . (eV) = I.P. - aHJ(T) + (17.8e2/Rd) - 36.L

where I.P., = ionisation potential of the iodide ion,
AH:(I-) = Enthalpy of solvation.

Rd = radius of solvent cavity.

The important term is the third one which corntains a radius
parameter defining the ionic cavity, this being characteristic
of the ground state.

The confined model proposed by Smith and Symons"27-8

produces an equation of the same form but much simpler.

_ 2
Emax" I.P. + h .
8mrO
where I.P, = jionisation potential of the iodide ion.
h = Planck's constant.

m = mass of the electron.

r, = radius of the potential energy well.

The excited electron was placed within a potential energy well

with infinitely steep walls. Thus in this case Emax depends



Figure C.1 The shift in band maxima (E sl for the

CTTS speﬁ??iof 1~ a8 a function of added solvent.
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on the radius of the potential energy well defining the
excited state and on the ionisation ootential. The expression
for contains no terms which relate to the ground state.
The two models differ as to whether alterations in Ema
can be attributed to changes in the ground or excited state and
as to the extent to which the excited state is localised.
Rd in the diffuse model is the distance between the ion-centre
and the inside edge of the solvent molecules whilst r* is the
distance between the ion centre and the inner surface of the
potential energy well.
Quantitative treatments of C.T.T.S. spectra have, mainly,
attempted to correlate the variation of E*”* with changes in

temperature, pressure and solvent. Little attention has been
given to bandwidth and intensity.

Bandwidth is governed by the range of ion-solvent
structures present and can be taken as a measure of precision
of solvation, the narrower the band, the more precise the
solvation. Widths increase with temperature in oarallel with
the shift in E* * as hydrogen bonds become longer and the number

of different units increases.

Dépendance of EA” on solvent

E*ax iodide shows extreme sensitivity to solvent as
shown in Figure C.1 . In general, ions in protic solvents

exhibit nigh energy bands compared to aprotic solvents.
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Dépendance of on temperature

"“he sensitivity of the absorption maxima to temperature
is the most notable feature of C.T.T.S. spectra. shifts
to lower energies with an increase in temperature. Shifts are
linear and C.T.T.S. spectra for a given ion in a given solvent
can be characterized by the slope in dE”ax/d?' Figure C.2

shows that solvents giving a low E have a large dEm /dT

X S X

and vice versa. This can be explained using a model in which
ion-solvent separation varies with temperature and controls
the energyof the transition. The proton donating solvents
form short hydrogen bonds to iodide which are only slightly
affected by temperature whereas solvents forming only weak
hydrogen bonds can move further away from the ion at high

temperatures.

Deoendance of Ejrax on Pressure

Changes in pressure at constant temperature produce
linear shifts with the exception of aqueous solutions129
The shifts are to high energies asthe pressure increases
and can be interpreted simply as acompression of the solvent
cage surrounding the ion.

For aqueous solutions, after an initial ’normal’ shift
the pressure effect is reduced. The iodide ion seems to be

buffered against more pressure changes in an unusual manner,

possibly due to the three dimensional structure of water.

Effect of added co-solvent

The absorption spectra in mixed solvents show a gradual
transition between the values of EITSLX for the two pure
A
solvents1 0. A olot of Emax against mole fraction is not a

straight line and suggests that enerally, iodide prefers an
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Figure C,2 Band maxima (Ewax) for the CTTS spectra

of I~ as a function of ite temperature sensitivity

ngmax/dT) for a range of solvents (« is for KI crystals)
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environment having a different composition from that of the
bulk mixture.

The behaviour of aqueous solutions is more complex131
as shown in Figure C.1. The sharp initial high energy shift
caused by the addition of dioxan has been interpreted as an
increased orecision in the way water surrounds easch ion as
the iodide is forced into a special type of water lattice
and also as a loss of one water molecule from the solvation
shell causing the remaining hydrogen bonds to become stronger.

Addition of low concentrations of tbutyl alcohol shifts

132 and narrows it in»a

the absorption band to high energies
way which closely resembles that of lowering the temperature.
A limit is reached at ca. 0.05 mole fraction of alcohol and
no further changes occur until there is an excess of alcohol.
This has been interpreted as a tightening of the iodide-
hydrogen bonds as solvation becomes more specific.

The causes of these, and other, solvent shifts will be

discussed later in more detail.

C.1.2 Ultraviolet work and results

The system chosen to probe the causes of solvent shifts
was iodide in methyl cyanide (NeCN) with added protic solvent.
Methyl cyanide was considered suitsble as it is a basic, aprotic
solvent which is transparent in the ultraviolet., Methanol,
water and ethylene glycol were used as the protic solvents
and methylene chloride was used as a nearly inert aprotic
solvent for comparative purposes,

When a solute is dissolved in two solvents the spectra of

the solute gradually changes frcm that observed in one pure
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solvent to the other., There are two limiting ways in which
this change may occur. PFirstly, the absorption spebtrum

may gradually shift from-its position in one oure solvent to
its positioh in the other without any sudden changes in band
shape or position and is described as a "band shift".
Secondly, the initial absorption spectrum may be seen to
decrease at the expense of a new band and an isosbestic noint
will be generated suggesting an equilibrium between the two
species responsible for the two bands.

The C.T.T.S. spectrum for iodide ( 0.5 x 10'3

M KI) in
methyl cyanide at 25°C is a Gaussian band with a maximum
at LO 7OOcm—1 as shown in Figure C.3. (Emax for the low
energy component of the doublet was monitored, it being
assumed that Emax for the high energy band behaves in a
similar manner.) Great care had to be taken when running
these spectra as they afe so susceptible to minute changes in
solvent composition and tempergture. The weighing of the _
stock and sample solutions was accurate to 0,001g and reférence
solutions were prepared with egual accuracy and to the same
comnosition as the sample solution but omitting the iodide.
Each set of spectra were run using the same stock solution
to try to eliminate inaccuracies.

Addition of low concentrations of protic solvent resulted
in a loss of the band at 4O '700::11\-1 and the growth of new
bands at higher energies, with the generation of isosbestic
points.. The results can be seen in Figures C.3-C.5.

Further additions of the protic solvents resulted in shifts

to higher energies as shown in Figure C.6.
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C.1.3 Discussion

The MeCX and ¥eOH system

The C.T.T.S. band for iodide in methyl cyanide at

1

4LO 700cm™ ' at 2590 was raplidly lost on addition of small

concentrations of methanol and a new band was generated at

Iy 900cm-1. Even before this second band was fully developed,

a further band began to appear at ca. 43 000cm™

but was never
very well defined as further additions of methanol shifted the
peak to higher energies.

The band at 41 900cm™]

was assigned to an iodide ion
hydrogen bonded to one methanol molecule and the second band
at ca. 43 OOOcm-1 to an iodide ion hydrogen bonded to two
methanol molecules. After 0.3 mole fraction of methanol the
shift became linear and no evidence could be found for the
gain or loss of individual bands.

The initial shift of 1 200cm™' and the overall shift of
L 7COcm.-1 tempts one to suggest a solvation number of four for
iodide. This is however, too simple a situation and one has

to consider that secondary and tertiery solvation must have

an effect on the strengths of the hydrogen bonds formed to

iodide.
: secondary
|
B A
i Me & O0S-___
O/ H\/O
\ye primary e tertiary

Evidence for this comes from recent work on the low
temperature infrared spectra of electrolytes in methanol133-u.

The OH peak for a single methanol molecule bonded to a halide
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ion was in a different position from the OH peak due to
methanol bonded to the same ion in bulk methanol. Also in
a.very concentrated solution a number of bands were found
on either side of that obtained from dilute:solutions.

It was inferred from these results that as primary solvation
increased, the hydrogen bonds became weakef, whereas an
increase in secondary solvation caused stronger hydrogen
bonding by methanol molecules directly bound to the ion.

It is likely therefore that successive additions of primary
solvent molecules will produce progressively smaller shifts
but these will be increased by the addition of secondary
methanol molecules. There 1is also no reason to suppose that
primary solvation has to be complete before secondary
solvation commences,

Hence the trend to high energies between 0.3 and 1.0
mole fraction of methanol is attributed to successive
additions of primary, secondary and even tertiary methanol
molecules,

The NMNeCN and HZO system

Additioﬁ of small concentrations of water produced a
similar effect to the addition of methanol although the
presence of a second new band was less convincing. The first
new band appeared at 41 500cm'1 which was less than the
initial shift for methanol. This suggests that water forms
a weaker hydrogen bond to iodide than does methanol but one
has to consider that the water molecule also forms a bond to
the methyl cyanide which will weaken the bond to the iodide
ion. That is to say that VeCN---FOH---I" .appears weaker
than MeOH---I" but this does not mean that HOH---I" and

MeOH--~I" would be so different.
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The values for the C.T.T.S. peak positions of iodide
in bulk methanol (45 35Ocm-1) and bulk water (4L 300cm™')
also suggest that iodide forms a stronger bond with bulk
methanol than with bulk water but this’may arise because of
a smaller primary solvation number.

The initial shift of 800cm-1 compared with the total
shift of 3 600cm™! would suggest a solvation number of 4.5 but
here again secondary and tertiary solvation affects the shift

by incréasing the strength of the hydrogen bonds to iodide.

]
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The linear shift between 0.3 and 1.0 mole fraction of
methanol was not observed for water. In the 0.8 to 1.0 mole
fraction of water region, no shift was observed except for a
slight shift to high energy in the regicn close to pure water.
This was in agreement with previous results for other agqueous

systems and will be discussed later.

The keCN and (CHQOH)Z system

The addition of ethylene glycol was studied because of
the possibility of finding evidence for chelation. As the
initial amounts of glycol were added an 1isosbestic peint was
observed but the initial shift in band maxima was far more

rapid than for methanol or water (Figure C.5 and C.6)

1 1

The new band at ~42 55Ccm”~' with a shift of 1 850cm -
from the methyl cyanide value was assigned to structure (a)

with a small contribution from structure (b).



114

0 0

_ T e, _ A7 e,
1-: | I~- |
RN CH,OH~-~-NCle
(a) (b)

The initial rapid shift, almost complete by 0.5 mole fraction was
was thought to be caused by the chelate effect. The inter-
action of iodide with one molecule of glycol will produce

two hydrogen bonds giving a greater shift. Loss of a glycol
molecule is much less likely because both hydrogen bonds have

to be broken,

The CHZQ_l2 and }lMeOH system

fhis system was studied to provide a.contrast with the
previous ones as methylene chloride probasbly forms weak
hydrogen bonds with iodide but methanol forms clusters in
preference to bonding with methylene chloride.

The iodide peak at LO 800cm™

in pure CH2012 disappeared
ranidly on addition of methanol and the high energy shift

gave no suggestion of an isosbestic point. This suggests

that the iodide ion interacts with a methanol cluster rather

than individual molecules. The overall shift behaviour is

shown in Figure C.7.



142

Figure C.7 Shift of the band maximum for iodide

ions in methylene chloride on adding methanol.
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C.2 Infréred Studies

C.2.1 Infrared work and results

St
Infrared spectra were run(gf/}he system studied above

in order to confirm the proposed assignments. Different
solutions were used as the iodide concentration had to be
increased and isotopic dilution of water was necessary for
reasonable spectra to be obtained.

The OH stretching bands for water, methanol and ethylene
glycol in MeCK are shown in Figure C.8.

The two hydrogen bonds of the MeCN---HOH---NCMe unit (357Ocm-1)
are seen to be weaker than the single hydrogen bond of the
{eOH---NCMe unit (3540cm™"). On addition of R,N*I” new bands
appear at ;’»L;LLOcm—1 for water and 338Ocm."'1 for methanol,
indicating a stronger bond between iodide and methanol than
between iodide and water and confirming the C.T.T.S. results,
although it is recalled ﬁhat the comparison is between
MeOE---I" and MeCN---HOE---I",

Ethylene glycol in MeCN has a band at 3530cm ' which on
addition of iodide ion shifts to 3&5Ocm_1, a much smaller shift
than the other two systems. This is more evidence for
chelation, since when an anion forms hydrogen bonds with two
solvent molecules the strength of each hydrogen bond will be

reduced.

C.2.2 Equilibrium constants

Attempts were made to calculate equilibrium constants

from the ultraviolet and infrared spectra for the reaction,

1‘(1-.zecn)x + ROH =—> I'(MeCN)x_1(R0H) + NeCN
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Figure C.8 Infrared spectra of methyl cyanide/

protic solvent systems on addition of iodide ions.
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Using the method of Ryall , and assuming that the

concentration of methylcyanide is effectively constant,

K = II'gROHﬂ -
[17][ Ren]

From the ultraviolet spectra, the loss of intensity of the
I-(MeCN)x band and the gain in intensity of the I-(MeCN)x_1(ﬁOH)
band were used to calculate K. In the infrared the loss of
intensity of the ROH-~--NCMe band and the gain in intensity
of the ROH---I" band were used. But due iinforicunately‘to
overlapping bands the intensities of these peaks could not
be read directly from the spectra and Dupont Curve Analyser
had to be used to obtain bands which when increased or
decreased, combined to reproduce the experimental spectra.
It was the intensities of the deconvoluted peaks which were
used in the calculationé.

In all cases several different spectra were used to
calculate the equilibrium constants and it‘is the average
value for each system which appears in Table 3. (More
details of the calculations are to be found in Appendix 3).

Using the procedure followed by Ryall it was extremely
difficult to obtain reasonable results and great care wasi
taken, The deconvolution of the spectfa was likely to cause
many errors and other overlapping bands added to the problems.
For the methanol systems, the ultraviolet and infrared results
were in good agreement but it was found impossible to obtain
consistent and meaningful results from the infrared spectra
obtained for the H20 and ethylene glypol systems,

However, the ultraviolet data does provide us with

equilibrium constants which in the case of methanol is
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supported by the infrared data all of which is presented
in Table Three.

The results for water and methanol are similar and well
within the experimental error. That the result for ethylene
glycol is so much greater supports the suggestion that it
forms tv/o bonds to iodide.

It has previously been shown that K(25°C) for the
formation of I~ HOMe in CCI™ is ~19.0"7.  This value 1is
much larger than that quoted here due to competition from the
competing hydrogen bond to methyl cyanide (MeOH NCMe)
whereas in CCI® the alcohol molecules are virtually free and
readily available to bond to iodide. Kuntz and Cheng
calculated K»2 for 1” and water or methanol in MeCN using
Bu”NI but a higher value of -9 when using Lil. The difference

is probably due in part to the solvating of the Li'* ion.
Li*MeCN)* + ROH Li*"ROH)(MeCN)* ~  +  MeCN

For the ultraviolet results presented here the salt
concentration was so low (0.5 x 10”"M) that the cation would

have a negligible effect.

C.2.3 Water rich studies

At the water rich end of the mole fraction range the
ultraviolet results for MeOH and H"O differ, as shown in
Figure C.6. As MeCN is added to I~ in water, there is a
small initial shift to high energy before the rapid trend to
low energy. In the methanol case there is an immediate low
energy shift. This initial high energy shift has been observed
previously for aqueous solutions with alcohols, particularly

N
tbutyl alcohol1 2 and for aprotic solvents such as dioxan.
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but not for the corresponding methanol SOIutioh.

Previously”” the ‘butyl alcohol result was explained
using the clathrate effect as the introduction of the I  ion
into a well defined cage structure would produce a higher and
better defined solvation shell of water molecules. However this
is hardly likely to‘be the case with MeCN and so it is .
suggested that the addition of the basic cosolvent scavenges

the (OH)free groups in water.

E——N
(OH)boundﬁ< ) (LP)free + (OH)free

+B
OH---B
so the -equilibrium
- -
I (r120)x = 1 (HZO)X_1 + (or{)free IX

moves to the right. The loss of one molecule of water from
the solvation shell will result in the remaining molecules
bonding more strongly and forming a better defined shell,

which will give rise to a narrower ébsorption at higher energy.
Further additions bf cosolvent gives direct solvation which
results in a rapid low energy shift,

This explanation can also be used to account for the
smzll high energy shifts in the C.T.T.S. band of jiodide on
addition of electrolytes126. Tetra-alkylammonium chlorides
cause a much larger sﬁift to high energy than LiCl or NaCl.

The major part of the shift is a dehydration of the I~ ions
caused by the C1~ ions. The overtone infrared studies (Section

B.1.2) showed a rapid loss of (OH)free when tetra-alkyl-
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ammonium halides were added to water as d4id the addition

of basic solvents, generating an excess of (LP)free and
pushing equilibrium IX to the right. When LiCl or NaCl are
used the effect of the cations interacting with the lone pair
groups almost cancels the effect of the anions and hence the

tetra-alkylammonium halides show a much larger effect.



addition of base and plots

value.

00100
00110
00120
00130
00140
00150
00160
00170
00180
00190
00200
00210
00220
00230
00240
00250
00260
00270
00280
00290
00300
00310
00320
00330
00340
00350

APPENDIX ONE

This program calculates

/JOB

JMH2,T20,CM36000.
USER,JMH,JMH.
CHARGE,CHEM,CHEM.
FTN,L=0.
ATTACH,CGKOST/UN=LIBS.
LD3ET,LIB=CGHOST.

LGO.

RETURN,CGHOST.

REWIND, GRIDFL.

REPLACE,GRIDFL=JMHGRID.

GOTO,77.

EXIT.
77,DAYFILE,JMHDAY.
REPL.4CE, J}'HDAY1 .
/EOR

PROGRAM PLOT(INPUT,OUTPUT,TAPEI, TA?E2)
DIMENSION Y (100),XJ(100),X(100)

CALL PAPER(])
XMIN=1.0
XMAX=0.e
YMIN=0.0
YMAX=100.0

CALL NAP(XMIN, XMAX, YMIN, YMAX)

CALL BLEPEN
MF7

the change

the result % of the
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initial



00360
00370
00360
00390
00400
00410
00420
00424
00430
00440
00450
00460
00470
00480
00490
00500
00510
00520
00530
00540
00550
00560
00570
00580

10

20

DO 20 1=1 M
F0=2.%1/100.
FK=F0»F0/(1 .-FO)

NP=1 00

DO 10 J=1 ,NP

X(J)=1 .-(J-1 .)/500.
YJ=.5/X(J)-.5

7=0.0%YJ

A=l .

B=FK-YJ-Z

C=YJ*Z-FK
XJ(J)=(-B+8QRT(B*B-4.*A*C
Y(J)=100.*%(XJ(J)-YJ)/FO

CONTINUE
CALL PTPLOT(X,Y,INP,-2)
CONTINUE
CALL GRNPEN
CALL GRATIC
CALL BLKPEN
CALL CTRMAG(IO)

CALL AXES
CALL GREND
STOP
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This program calculates the predicted shift of the OH

APPENDIX TWO

proton of water on introducing a monobase.

00100
00110
00120
00130
00140
00150
00160
00170
00180
00162
00184
00190
00200
00210
00220
00230
00240
00250
00260
00270
00280
00290
00300
00310
00320
00330
00340

/JOB

JMH2,T100,CM36000.

USER,JMH,JMH.

CHARGE,CHEM,CKEM.

FTN,L=0.

ATTACH,CGHOST/UN=LIBS.

LDSET,LIB=CGHOST.

LGO.

RETURN,CGHOST.

EXEC,LPPROC.

EXEC,CCPROC.
REWINT),GRIDFL.

REPLACE,GRIDFL=JMHGRID.

GOTO,77.

EXIT.

77,DAYFILE,JMHDAY1.

REPLACE,J 1.:HDAY1 .

/EOR

PROGRAM PLOT( INPUT, OUTPUT, TAPEI, TAPE2)
DIMENSION Y(100j,XJ(100),X(1CO)
Al=1.
A2=3.6?
A3=5.5
A4=5.78
A5=5.0
CALL PAPER(l)
XMIN=1.0

153



00350
00360
00370
00380
00350
00400
00410
00420
00430
00440
00450
00460
00470
00480
00490
00500
00510
00520
00530
00535
00540
00550
00560
00570
00580
00590
00600
00610
00611

00620
00621

XMAX=0,8
YMIN=5.3
YMAX=4.6

20 CALL MAP(XMIN,XMAX,YMIN, YMAX)

10

12

11

M=10

F0=.04

FK=F0*F0/(1 .-FO)

CALL BLKPEN

NP=100

DO 10 J=1 ,NP

X(H=1 .-(J-1 .)/500.

YJ=.5/X(j)-.5

A=l.

B=FK-YJ

C=-FK
XJ(D)=(-B+SORT(B*B-4.*A*C))/(2.¥A)

CONTINUE

DO 11 1=l M

A2=13.12

A5=5.5-.5%]
A3=(5.-F0O*A1)/(1.-FO)
DO 12 J=1 ,NP
YI=.5/X())-.5

X1=XJ(J)

H=X1-YJ
Y(1)=H*A1+YJ*A5+(1.-XI)*A3
CONTIITE

CALL PTPLOT(X,Y,1.NP,-2)
COLTIIJJE

CALL REOPEN
DC 32 J=1,3
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00622
00623
00624
00625
00626
00627
00630
00640
00650
00660
00670
00675
00676

00677 .

00678
00688
00690
00700
00710
00720
00730

30

32

401
403
404
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READ(1 ,403) N

DO 30 1=1 ,N

READ(1,404) X (1),Y (1)

CONTINUE

CALL ?TPLOT(X,Y,1,N,-2)

CONTINUE

CALL GRIfPEN

CALL GRATIC

CALL BLKPEN

CALL CTRKAG(IO)

CALL AXES

CALL PLACE(1,1)

CALL TYPECS(31HNMR H20 PROTON SHIFT SIMULATION, 31 )
CALL PLACE(l ,2)

CALL TYPECS(25HFOR WATER-MONOBASE SYSTEM, 25)
CALL GREND

FORMAT(20A4)

FORMAT(1615)

FORMAT(4F10.5)

STOP

FAD
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APPENDIX THREE

The method used for calculating the equilibrium constants

was that of Rya11135.

MeOH---NCMe + S=——=> MeOH---1 + MeCN

K = [MeOH---I"][MecN]
[17] [veon---xce]

Let [I-]total = x = Fixed amount.
[MeOH]total = ¥y = Range of values.

[tecx] = Constent.

At equilibrium,

YeOH---NCMe + I~ == MeOH---I  + MeCN
y-o ' X -t ‘ -4
S, K = o< [recy]
(x-0¢) (y-o¢)

From the optical density of I ,
O.D.(I-)=51c(1-)l

From the optical density of NeOH---I"
0.D. () =€ ,¢,1

where £ = extinction coefficient, c=concentratiorn, l=length of cell

Assuming that the extinction coefficients are equal,

O.D.(I-) - O.D.Q!)
C(I-)l Co(l
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C(I_) = X-%, and ¢, =

O.D.(I-) = O'D"(o(l
X-K oK

Rearranging gives,

o ,= ' R O.D._(og).x

0.D. (I—) + 0.D. (D()

For the ultraviolet work, x was constant at 0.5 x 10-3M, the
optical density for iodide ions was taken from the spectra

and the optical density for YeOH---I  was obtained for a series
of solutions as methanol was added in increasing concentration.

A typical calculation for a solution containing 1.56) of methanol

and 18.54¥ NeCN for which the O.D.(u) was 0.53, gives

> = 0.53 x 0.5 x 107> = 0.23 x 107
0.53 + 0.6
o x- = 0.5 x 107 - 0.23 x 107
= 0.27 x 1077
Y-k = 1.56 - 0.23 x 107>
= 1.55977
Jo K = 0.23 x 10 2xx 18.54 = 10.15

1.55977 x 0.27 x 107

Hence, on addition of successive amounts of methanol, equilibrium

constants could be calculated and the average found.
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Svectroscooic Studies of Agqueous Solutions

Susan E, Jackson

The work of this thesis was carried out in order to try
to understand more fully the structure and solvating prooerties
of water. Several forms of spectroscony were used to gain
information on the effect of non-electrolyte and electrolytes
on the structure of water.

The spectra of water and agueous solutions are generally
regarded as being uninformative as the bands are broad and
insensitive to additives. However, the work in this thesis
overcomes the »roblem by isotopic dilution of H2O by D20 and

by greatly lowering the temperature of the solutions to form
'glassy solids'. The bands become better resolved and
information can be obtained from the appearance of sub-bands.

A water molecule is cavable of forming four hydrogen-
bonds, tetrahedrally disvosed, but this ideal situation does
not exist in liguid water and hydrogen-bonds will be constantly

. . Das ,
breaking to give OHfree and Lone Lalrfree groups. The presencq

of the OHfree groups was monitored in the near infrared as a

function of temperature and added electrolytes and non-
electrolytes. In the infrared, at low temperatures, bands can
be identified due to OH groups bonded to additives.

Using these resuits, this thesis attempts to explain
the manner in which water solvates and also to calculate the

percentage of OH#ree grouvs which are oresent in pure water at

room temperature. Results compare favourably with those of
other workers although conclusions often differ.

Ultraviolet spectroscopy was used to study the CTTS
spectrum of the iodide ion in methyl cyanide when solvated by
water, methanol and ethylene glycol. Equilibrium constants
were obtained from the spectra which gave good agreement with
those of other workers.



