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ABSTRACT

An investigation has been carried out of the reactions
of some cobalt (IIX) complexes with organic ligands, with emphasis
on the rates and mechanisms of reaction.

A literature review is given of the development of the
theory and practical study of reaction rates and mechanisms,
leading on to a discussion of reaction rates and mechanisms in
solution, and the reactions of transition metal complexes in
particular.

Nucleephilic substitutions are discussed, first at carbon
atoms and then at transition metalg. It is seen that very little
work has previcusly been done on the rates and mechanisms of sub-
stitution at transition metals by uncharged nucleophiles, other
than solvation studiese.

Solvation studies are limited in scope by the fixed concenw=
tration and great excess of one reactant, the solvent, and so it
seems desirable to investigate substitutiens by uncharged nucleo=
philé@ other than the solvent.

The substitution of pyridine intc fzans dichlorobis(ethylengs
diamine) cobalt is investigated spectrophotometrically in methanol

solution. Before this is done, a spectrophotometric investigation

iii



of some cobalt (I11) complexes is made, and the results discussed
in relation to the investigations of other workers on similar
compounds. A number of new assignments are made for infrared,
vigible, and ultraviolet spectra.

The substitution of pyridine into the cobalt complex is
shown to be methoxide catalysed, either directly oxr via a cobalt
(11) species. Unbuffered pyridine produces enough methoxide
from the solvent to enable reaction to take place, but the addition
of acid suppresses this. Reactions other than substitution take
place, including the reduction of some cobalt (IIX) to cobalt (II).

The reduction of cobalt (IXI) to cebalt (II) by pyridine

is investigated and shown not to be photochemical.
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PART 1

DEVELOPMENT OF THE THEORY AND PRACTICAL STUDY

OF REACTION KINETICS
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The study of thermodynamics, including chemical equilibria,
is concerned only with the initial and final states of the system.
It indicates the stable state of the system, but does not give any
indication of the rate of approach to that stable state. A
reaction may be thermodynamically feasible, but never observed to
occur because the rate of approach to equilibrium is immeasurably
small. Two cases of this are the lack of reaction between hydrogen
and oxygen at room temperature and the inertness of the hexammine
cobalt (III) ion to attack by boiling dilute acids. In each of
these reactions, as shown below, equilibrium lies almost entirely
to the right. The logarithms of the equilibrium constants for
the reactions are respectively 93°1 (1) and 22 (2), but no reaction

has been observed.

2H, + 0O, o 2H,0 (liguid)

[ co(mﬂ3)633+ + mso'*' I [c:@(HQo)é]S”’” + 61\1}-14"”

R

The large majority of reactions are not simple one step

reactions where the step 1s expressed by the stolchiometric equation
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for the reaction. For example, the reaction of aqueous ammonia
and chlorine takes place by a number of simple steps, not by an

eleven body collision as might be thought from the overall equation:

8NH, + 3C1

. + -
3 G 6NH4 + 6C1  + N

2 2

In the study of kinetics, interest centres on the intermediate
steps in the reaction, rather than just on the initial and final
states.

Sometimes alt@@native reactions are possible for given
reactantse. The products which would be obtalned, were the system
allowed to come to equilibrium, are determined by the thermodynamics
of the reaction, However, the reaction system may not bhe in
equilibrium, and the products are detexmined by the relative rates
of the variocus reactions. An example, of industyial importance,
is that of the oxidation of ammonia. Two possible reactions are

shown below.

4NH3 + 3@& —— ‘2N2 + 6H20

e

4NH3 + 5C§ ook 4NO -+ 6H20

The logarithms of the equilibrium constants are given by
Cotton and Wilkinson (3) as 228 and 168 respectively. Thus for
an equilibrium system, nitrogen and water would be almost the sole

products. However, the latter reaction is selectively catalysed
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by platinum at elevated temperatures and nitric oxide is formed
as the system is not allowed to reach equilibrium.

Studies of reaction kinetics enable the formulation of
reasonable mechanisms for given reactions and can sometimes
completely rule out certain mechanisms. However, Daniels and
Alberts (4) point out:s “"The deduction ¢f reaction mechanisms
from various types of kinetlc data cannot be completely certain
because it is impossible to rule out the possibility that there
is another mechanism which could also account for the experimental
data.”  An example of this which will be discussed later (see
page 53 ) is the impossibility of distinguishing between the two
following mechanisms for the isotopic exchange of chlorine in

tetrachloroplatinate (II) ion in waters

. sl@w -, -
[ptc1, T " [ptcL,]” + Cl
1
fast
- - T P
[PﬁClgj + Cl —==% [PtCl, Cl]
P slow -
[Pt@l4] + H0 S [Pt613H20]
2

fast

L % L - % QM
J—— o
[PLC1H,0]" + "Cl > [PtCL,CLT7T + 10



2. Experimental Technigques of Study of Reaction Kinetics

Before discussing the manner in which experimental data

are used, an account of methods of obtaining these data wlll be
given.

Chemical reactions may be followed by the change in any
property (usually chemical or physical, but occasionally biological)
as the reaction proceedss A large number of properties have been
used for measurement, and some of them will be considered later.
Either discrete samples may be taken for determination of concenw
trations of materials alt particular times, or continuous methods
of obtaining observations may be employed. The former method 1s
not sultable for the study of fast reagtions, and only a limited
number of points are available per run, However; the equipment
may be excessively complex for continuous studies,; and also the
method of measurement may affect the reaction rates. For example,
continuous exposure of materials to light (e.ge in polarimeter
tubes) may accelevate the reaction. This acceleration does not

appear in the inversion of sucrose

Glzﬁmﬂz (sucrose) + Hy0 = C.H, O (glucose) + CJéHmO@ ‘(frm;mgse)

which was first studied by L. Wilhelmy (5) in 1850.

However, Brown and Ingold (6) found that the loss of optical

(83



activity in the reaction,
le cis J@oemZCl?Zﬁ et dele cls ﬁ306n2C123+ 9

was accelerated by light of the wavelength of the sodium D lines.
It is often important to measure independent properties
and to note if the rates of reaction calculated from each method
are the same. Were only the total pressure measured during the
decomposition of ethane, and the rate éf reaction calculated from
this, erroneous results would be obtained as other reactions alsd

take place.

CoHy = C,H, + H, (main reaction)
but nCyH, === (Cﬁz)zn (polymerisation of ethene),

!

and other products also foxms

a) Methods not suitable for continuous monitoring of reactions

(1) Gravimetric Analysis

This is a simple technique, but is nct used as much as
the more convenient volumetric analysis. However, gravimetric
determination of the reactant complex ion concentration (as the
insoluble hexacyanocobaltate (II1)) was used by Kilpatrick (7)

to study the aquation of hexakis (urea) chromium (III) in water:

DSr(urea)6]3+ +6H0 [Cr(H20)6]3+ + 6 urea.



(11) Volumetric Analysis

This method is often employed. Detexminaticn of halides
or pseudohalides with silver ion is frequent, but results tend to
be too high., This 1s due to the rapid aquatlon of many halide-
containing complex ions resulting in halide release (8, 9), and
also to a specific attack by silver lon upon the comple#es (10).

Mathiéu (8, 9) used cold methanol as a solvent to reduce
the eryrors when determining the cencentrﬁtion of ionic chloxide
in reaction mixtures of cobalt (I1I) complexes, while Brown and
Ingold (6) further improved thevmethod by using cold acetone/
- methanol mixtures in Similar woxrke However, when Baldwin, Chan
and Tobe (11) considered similar systems in their work on the
équatien of dichloro and chloroaquabis(ethylenediamine) cobalt
(II1), they first passed the samples through a cooled cation |
exchange column and then determined the hydrochloric acid in the

effluent.

(iii} Chromatographic Analysis

Much work has been done by a number of workers (18, 19, 20,
21, 22) on the separation of metal ions by chromatography on a
number of media. Some of the few examples of reactions followed
byvﬁhis means are the aquation and base hydrolysis of hexammine
and several pentammine and tetrammine chromium (II1) complexes by

Jdrgensen and Bjerrum (22).



(iv) Other Methods
Other less frequently used methods include changes in

freezing point and changes in coagulation value (12).

b) Methods Suitable for Continuous or Discrete Observation
(1) Polarimetry

This was the first method ever used for the study of
homogeneous reactions, being employed by Wilhelmy (5) in 1850 (pp5, 14)
By taking measurements of light rotation at several different wave-
lengths of light, a number of independent obsexrvations can be made,
enabling one to characterise a mixture of several species (previding
all are optically active and the optical activity of any one is

not a linear function of the optical activities of the others).

(ii) Spectrophotometric and Colorimetric Analysis

Like polarimetry, a number of independent obsexrvations on
each sample ma? be taken by simply changing the wavelength of the
light employede Treatment of such data will be discussed later
in this thesis (see pagel28). Unlike polarimetry, it is not
restricted to optically active materials, but cannot be used to
follow racemisation reactions. Examples of the use of this method
are the study by Johnston and Yost (13) of the disappearance of

the brown nitrogen dioxide in the reaction

2N, + Oy =2 WO, + O,



9
and the study by Nyholm and Tobe {14) of base hydrolysis and
aquation of halegeno and nitrate bis(ethvlenediamine) cobalt (III)
ions.

The use of infrared and ultraviolet radiation has extendad

the use of specirophotometric methods. The solid state reaction,

p;(m143)5(0m) 7‘312 — [Ce(mzaa)ﬁ(moz)]cm,:z R

was followed by Beattie and Satchell (15) by observation of the
change in the absorption of infrared radiation of 9.5 millimicrons

wavelengthe

(ii1) Measurement of Change in Pressure or Volume
This method has been extensively used for gas reactions.
However, independent additional evidence 1s needed to enable the

reaction scheme to be characterised (see page 6 ).

(iv) Potentiometry

The potential between two electrodes has often been used
to follow the progress of reactions. The method is usually limited
to reactions involving the following ionss H', C1~, Br~, I, NCS~,
as other reference electrodes are rarely reversible.

Selbin and Bailar (16) followed the reaction,

2 "‘é« " .l -wi‘ ol . 3
gig [Cr enyCl, " + 2H,0 —=> [Cr en,(H,0)C1 ]2 + €17+ Hy0

!

"lg'/{
+ )
[Cr exaz(ﬂzc))z;]g + 201 R

by the use of a silver/silver chloride electrode in the reaction
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cells The concentration (actually the activity) of silver ions

was given by

a 3
Potential = %E in mmgﬁzmmﬁéﬁggﬁ
2 01”7 standaxd N

Usually the change in potential of a system is studied as a function

of time, but Wilkins (17) followed the reaction,

s

fNi(teﬁrameen)?jz e [Ni(tetrameen}]z% + tetrameen,

which results in the release of the basic tetrameen (2, 3 dimethyl=-
2, 3 diaminobutane) by adding acid so as to keep the potential of
the hydrogen electrode constant and measuring the volume of acid

as a function of time.

(v) Conductance

Although every ilon has its characteristic conductance, the
conductance of equally charged lons of like nature is very similar,
and so the use of conduéﬁance as a tool foxr determining the extent
of reaction ls best limited to cases where the charge of particles
in solution changes. Early use of this method included that of
Mathisu (8, 9) on the equation of dichloxobis(ethylenediamine)

cobalt (III) ions.

(vi) The Use of Isotopic Labelling
Some studies of reactions use lsotoplc tracers as a convenlent

manner of measuring the overall kinetics of a reacting system. The
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concentration of the isotopic tracer in a material may be deter-
mined by radiocactivity, spectrophotometry or by density measurement.
The common isotopes available of hydrogen (ZH)9 nitrogen (lsm),
and oxygen (180) are not radicactive, but hydrogen is available
.alsm as tritium (3H) which is radicactive. Most other elements
can be obtained as radio-isotopes.

The non=radiocactive deuterium, nitrogen 19, and oxygen 18
can be detected by infrared spectrophotometry as the absorption
bands of thelr compounds are at lower frequencies than those of
the analogous protium, nitrogen 14, and oxygen 16 compoundss
Deuterium can also be detexmined by density measurements.

The reaction rates of the heavier isotopes are genexally
lower than those of the lighter isotopes, and the magnitude of
this effect can give fine detalls of the reaction mechanisme. For
example, Cahill and Taube (23) studied the reduction of hydrogen
peroxide by a number of reducing agents, using oxygen 13. Calcuw-
lations indicated that the isotope effect, the percentage difference
in the rate constants, for the reduction of leaawléﬂmﬁ and
leéﬁwlémwﬂ would be 6.1% 1f the oxygen=oxygen bond was severed
in the transition state. Obsexrvations showed the isotope effect
to be 6% when the reducing agent was iron (II), tin (II), or copper (I),
but only 0.5% when the reducing agent was titanium (III). This
showed thal the oxygen~oxygen bond was broken in the transition

state in the former cases, but not when the reducing agent was



titanium (II1).
The absolute labilities of compounds can also be determined

by isotope exchange reactions (see page ng)e

(vii) Other Methods
Changes in dielectric constant, refractive index, viscosity,
and thermal expansion coefficlent have also been used to study

reaction kinetics (24, 12),.

c) Spegial Methods for Fast Reactions

These are the subject of a discussion (25) and will be only

briefly mentioned here.

(1) Flow Reactions

The reactant solutions are rapildly mixed in a specially
designed mixing chambers They may then be passed through an obsere
vation tube along which measurements are made (e.gs spectrophoto-
metri@ally) as a function of distance rather than time. Alternatively
they may be "instantaneously” quenched or stopped and analysed after

a particular flow~time.

(11) Nuclear Magnetic Resonance Studies

Electronic transitions are vexy rapld compared to the rate
of vibrations of atoms {(Franck-Condon Princige). However, the
transition of a nucleus in a magnetic field is comparatively slow,

taking of the oxder of lOmz segonds. This time may be of a similax
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order of magnitude to the half-life of a fast reaction. If a
different peak is given by each of the reactants, then the resultant
nuclear magnetic resonance spectrum is not a simple sum of these
two peaks. It shows an averaging effect, and the magnitude of

this averaging effect can be used to determine the reaction rate.

(111) Relaxation Techniques

Unlike the flow reaction method, relaxation techniques are
not limited by the rates of mixing of the materials.

Systems in equilibrium are taken, and the equilibrium is
disturbed by a rapid variation of some physical parameters The
chemical reaction lags behind the variation by the "relaxation"
time, and there is an observable displacement from equilibrium.

The usual parameters varied are pressure, electric field intensity,

and temperature.



3. Early Studies of Reacltion Kine

The first quantitative investigation of any aspect of the
rates of reaction antedates the first quantitative study of equilibria
(26)s  In 1777 C.F. Wenzel experimented on the rate of dissolution
of metals in acids, but it wasﬁnat until 1799 that Cels Bexrthollet
ohserved the reversibility of reactions, which was to be written

tigue Chimique" two years later (27).

in his "Essal de Sta
Wenzel found that if the temperature was kept constant and
the same area of metal exposed each time, then the rate at which
the metal dissolved was directly proportional to the concentration
of the acid. |
Reactions in heterogeneous systems such as those studied by
Wenzel are complicated by diffusion effects, and so the studies of
homogeneous systems are less liable to exwvor. The first investi-
gation of kinetics of reaction in a homogeneous system is that of
Wilhelmy (%), who studied the inversion of sucrose (see pages 5, 8).
Wilbelmy found that if the concentration of sucrose alt time t was ¢,

then

%% = wklc s where kl is a constant now known as the
' rate constant.

In 1862 Marcellin Berthelot and Pean de 5t. Gilles investi=

gated the thermodynamics of the reversible hydrolysis of esters

14



such as ethyl acetate,

H,0 + CH,CO0C,H, —o=® CH,CO0H + G,H.OH

This was followed by the expression by Guldberg and Waage
of the principle of dynamic equilibzium, whereby equilibrium is
considered to be pot the cessation of reaction bult the c@hditi@n
in which the forward and the reverse reactions are of equal speeds.
Van't Hoff then stated the equilibrium constant was the ratio of

the forward and reverse rate constants,; l.e. for the reaction

k

£
Reactants ;mgﬁ Products s equilibrium constant K,
k
T
ke
K = = (24, 27).
T

In suceeeding years, A.V. Harcourt and W. Essen studied
the reaction between potassium permanganate and oxalic acid, in
which the rate 1s dependent on the concentration of both reactants,

and also discussed consecutive reactions (24).



4s cimental Results
‘ e C..
If for any reaction the rate of attack of a reactant, wmggh s

ig found to follow the relation

d )
w1

i=1

dt

where the concentration of reactant i 1s Cys then the order of the
n 3

. . S

reaction is defined to be a; » The order of the reaction
=l

is an empirical number, which is not necessarily integral. It is
not necessarily the same as the molecularity of any step in the
reaction, ie.es. to the number of molecules of reactants which form
the transition state (activated complex)s A particular case of
this is discussed later (see page 53).

The molecularity must be an integral number. It cannot be
observed directly, and applies to the theoretical mechanism of the
reaction rather tham to the observed data.

Neither the molecularity nor the reaction order is necessarily
the same as the number of molecules of reactants inm the stoichiometric
equation.

Most simple reactions are of first or second order kinetics,

although a few are third order. Some examples of reaction schemes

16
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are glven below. Except in the simplest cases the mathematical
forms are not worked out below. They are given in detall by

Moore (24), who also mentions still more complex reaction schemes.

(a) First Order Reachions

These are characterised by the rate equation

gt = wk1 % ¢ where x is the concentration of the

reactant at time t.

Then X t

{d

‘—-%::mk Sdl‘,
0

o

a

where the concentration at time t = 0 is a.

Thus, 1n§ =kt

If the concentration of a product, one mole of which is
formed for each mole of the reactant destryoyed, is vy,

then X B a=y

and B
in P klt R
o"» k
a 1 t

90x " 1510

I
2303 °
Ky
o0 19glox %'lcglg a = §T§5§ %

A graph of 10¢,sx is drawn against t. If the reaction has firvst
=k
1

order kinetics, this graph is linear and is of slope —
26303
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(b) Second Order Reactions
A+ B E%m@ C + D
Concentration of A at time t = O is a.
Concentration of B at time t = 0 is b.
Concentration of C and D at time t = 0 is O,

Concentration of C and D at time t is v

Then g% = kz(@wy)(bwy)

This is the gensral eguation for s second order reaction.
Two particular cases are of interest.

(1) b a, so that (bwy) can be considered constant.

The equation,

bg'  

In &;b”Y}

a=p
reduces to %g in QL?%XA = kb

e

In ey = kb t .

ie@e



This is similar to the first oxrder ecuation,

in g%; = k; t , with the equality kyb = k.

However, in the case of the second oyder reaction, the psesudo-

first order rate constant would wvary directly with the concentration
b of Be

(14) a = b. Put concentration at time t of A or B = x.
dx _ . .2
Then at k2 *
x 6
Qa@ g QQ& = £ ‘{
| & | Ky T
) )
a Q)
. L. . ke
e " = kgﬁ +

Thus for a second order reaction with the concentrations

of both reactants equal, a graph of the reciprocal of the concen~

tration against time would be linear, A particular example of

this is when A and B ave the same compounds for example, in the

decomposition of gaseous hydrogen iodide (see page 21 ).



(¢) Ihixd Oxder Reactlons
There are very few of these, and all are of the form
24 + B o productse

They include the combination of nitric oxide with chloxine,

bromine oxr oxygen, designated XQ in the reaction below.

ONO + X, e 2 NOX

2

and also recombination reactions in the gas phase, sugh as

1 + €1 + Ar == (Cl. - Ar.

2
In the latter case the presence of the third atom serves to carry

off some of the excess energy which otherwise would cause redis~

sociation.

The product of one reaction may be the reactant fox
another.,  An example of two successive first order reactions is

the aquation of cis [Gr @n2612]+, studied by Selbin and Bailar (16).

[Cr @ngcj,:%]”‘” + H0 I en:a(ﬂza)c:l]w

1 {2:3“ ]3"’%

[Cr @,}2(;{2())(3 + HO [Cr en, (H,0),, +C10 .

If one reaction is much slower than the others in a reaction
sequence, the kinelics approximate to a simple first order rate law,

with the rate constant equal to the constant for the siowest step.
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(e) Opposing Reagtions

All reactions ave, in principle, reversible. However, in
many yeactions, the position of the equilibrium is so far on the
product side thalt only the forward reactions need be considered in
kinetic studies.

If the free energy of the reaction is not very great, then
the forward and the backward reactions are both of importance.
An example 1s the hydrolysis of esters mentioned previously. (see
page 14)e

Opposing first order reactions have been studied extensively
by Kistiakowsky and Smith (28), while the first studies on opposing
bimolecular reactions was by Bodenstein and Mevyer (29), who investi~

gated the system

T ool
2HI —==> M, + I, »

(f) Parallel Reactions

These may be alternative paths through which a rescticn
may proceed, and the amount of each product depends upon relative
reaction rates, not upon the thermodynamic stability of each product

(see page 3 )e



%» lhe Theozy of Reaction Rates

The temperature dependence of equilibrium constant for any
reaction, K, is related to the change in internal enexrgy of the

system, AE, by the following equation, which is due to Van't Hoff (30).

dinkK _ AE

d7T sz

Also the equilibrium constant, K, is related to the rale

constants kf and kr for the forward and reverse reactions,

k
K = “§£ (see page 15).
T
ke
Arrhenius (31) then substituted Eﬁ for Ke
T
. d inlke/k ) _AE
aT me
or,; putting HE = Ef o ﬁr ’
iy St S S
d T d T RTQ RTQ

22



Van't Hoff suggested this could be split to give

din k
da 7T

E
& wden  + B

RTZ

£

d in kx hr

d T - RT2

Experimentally 1t was found that the best value for B was

ZOX0w This result then showed

d ln kf
= and =
dT 2 qT 2 s

oy more generally, d In k

AT

aT g

o0 id n k = im@m aT
v

Jr1?

I Ea is not dependent on temperature,

= [
Ink = mﬁfﬁm + G where T is a constant

%

- E
mgiww + Iln A where In A =

#

I«
s
Lo

- T ]
or logygk = Z3p3Er + 1090h
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A graph of loglok against % is approximately linear, with slope

8 $ . . P 4 5 =
e and intercept on the o = 0 line of l@glgk lmglgA.

fo

In exponential form,

- B
R
RT

k= Ae

Arrhenius suggested that there existed an equilibrium
between "normal® and "active" molecules, and that only the latter
could take part in reaction. If th@ difference between a noxmal
and an active molecule is that the latter has a greater heat
content, then an equation of the above form would be expected.
Arrvhenius's interpretation was that molecules had to have an excess
energy (“activation energy”) of Ea to be capable of reacting, and
that the exp@a@ntiallfactar waﬁ the fraction of molecules having
this excess energy. The great increase in speed of many reactions
with increase in temperature is due to a larger fraction of molecules
having the excess energy, not to an increased number of collisions.
Our present interpretation of the activation energy is still much
the same as that of Arrhenius, although the significance of the

pre-exponential factor, A, 1s now clearer.
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The collision theory equates the rate of a reaction to the
product of the number of collisions of molecules and the probability
that each collision will result in reaction.

The simplest case to consider is that of a bimolecular homoe

geneous gas reaction between two different substances.

(1) Number of Collisions
Kinetic theory shows that the number of collislions per unit

time per cubic centimetre of gas, 212, is

pok Ak
7 23/@ dQ e 7 TE/AL 2 N. N

12 - 12 172 °

where Nl is the number of molecules of component L per cubic centimetre
N, is the number of molecules of component 2 per cublc centimetre
dl is the molecular digmeter of component 1
<:;1;2 is the molecular diameter of component 2
my is the molecular mass of component 1
My is the molecular mass of component 2

k is Boltzmann's Constant,

m M g e

ml + m2

28

At room temperature Z is of the oxder of 107" collisions per cublc

centimetre per second.
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(i1) Effectiveness of Collisions
As reaction occurs in general for only a small fraction

of the collisions, we assume there is a function, P(E), defined

)
1

. . B .
on the set of posgible molecular energies, T o where L is Avagadro's

Number, such that

212 P(E) = g%w = pumber of molecules reacting per

second per cublc centimetre.

In the simplest case only consider the energles in two
degrees of freedom, the components of translation of each molecule
along the line of approach to each other. Also, assume that P(E)

is a step function, and that there exists a value, Ecg of E such that

P(E)

&

0 for E é“Ec

and P(E)

#

L for E D E.

That is, assume that if the’energy of two colliding molecules is
greater than a fixed value iﬁ they will always react, but otherwise
will never react. This assumption is very crude, and more refined
approximations are often employed.

The fraction of molecules which have a relative head=on
velocity greater than ¢y, where ¢ is the veloclty corresponding to

enexrqy Ec (ioe0 EG m'éij@cz) is given by

1 (-E)
B(E) = é %; o (R g _ o (RO
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(11i) Predicted Value of Rate Constant
Thus the number of molecules reacting per cubic centimetre

per second is

(-E)
| (RT)

dan

at = 1o ®

The number of gram moles reacting per litre per second is

=B
(-E,)
( RT)
3
%% - i%m ) 219 s Where % is the concentralion of a
product in gram moles per litre.
9x k., %

But dt = Ko ¥ %y

(103Nl) (10%N,)
5T (T
ws
-
d 2 AP RT
it
foged Alie @
10 ./
=E
J
/o RT
k. = A T¢ e

This is quite similar in form to the Arrhenius equation

=E
g

RT
kz = A e s except that the collision theory predicts
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a value for the pre-exponential factor, and inserts a term repre-

senting the temperature dependence of the latter.

din k E_, %RT
oo 2 m&mié {(Collision Theoxry)
RT
dIink E
———1 - (Arrhenius)
dT CR1?

Thus E = E_ 4+ 4R,

The derivation above assumes that the activation energy is
independent of temperature. This may not be so. The energy of
the overall reaction, AE, is temperature dependent, and Eg may well

be so t00.

{iv) Test of Theoxy

It is found that the insertion of a probability or stexic
factor, p, is necessary. Originally p was meant to represent the
probability that the reactants, in addition to being of the right
energy, were spatially arranged in a sultable manner for reaction.
However, calculation of values of p‘fxam such considerations have
been unsuccessful, and p is now only a measure of the agreement
between theory and experimental results.

For the reaction

Hy + I, ——> 2HI,

o

p is 0.33, and the cellision theory agrees falrly well with experiment,



The agreement is very pooxr in many cases of addition

reactions,; such as

CH,
H

ch o 0 = GH3 + HC s (CH3)3061

The value of p, taken as before from a table by Moore (32),

s 3 x 1070,

{v) Collision Th@@ry of First Order Reactions

After much discussion as to the mechanism of filrst oxder
reactions, in which activation by radiation was suggested, Lindemann
(33) in 1922 showed how a collisional mechanism could lead to first
order kinetics. He suggested that a time lag occurred between
collisi@nal activation and decomposition, during which the energy
of the molecule was rearranged among the various modes of excitation.

The reaction scheme envisaged is:
k

A+ A2 p o+ ] (excitation)
k
-2 @kl (decomposition)

B+G

The approximation is made that gﬂéil = {

dt
then Sl = rraf

2
ky k &{L@w
k_o [AT * kg

b
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dt -
ky
= &2 Eajg N
If ok, A1k s

ap) . g BT
at =~ kAT

g

k
2

k [A]

1k,

H

#

k, [A]

The first and second order kinetics are just special cases

of a more general kinetic law.

Collision theory assumes hard body collisions, bul this is
a very rough approximation. There is no sharp line between inter-
action and noneinteraction between molecules. For example, when
a molecule of hydrogen approaches one of lodine, the hydrogen atoms
begin to interact with the lodine atoms, while at the same time

the hydrogen=hydrogen andfiodinewiodine bonds begin to loosen. In
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most cases the repulsion is such that the hydrogen and iodine
molecules separate, but sometimes the hydrogen=iodine bonds continue
to strengthen, while the hydrogen=hydrogen and iodine=iodine bonds
loosen. The reactlon is thus a smooth and ocntinuogs trangition

between reactants and products,

HeaF
H--H
' H H
S— f ey | i
* S 1t 1
Jwl

and details of reaction mechanisms may be investlgated.

The transition state theoxry of reaction rates is largely
due to Eyring and co-workers, and is, together with the theory of
other "rate processes", the subject of a book by Glasstone, Laidler
and Eyring (34).

The energy of the system can sometimes be expressed as
"eontour maps" showing the relationship of energy and bond distances.
n s o ! 2
For example, the energles of the system H .. ..HeeosoH are shown
by the graph below from Glasstone, Laidler and Byring (35).

The axes are drawn at a particular angle such that an object
sliding smoothly on a solid model would have the same distribution
of translational and vibrational energies as a system of atoms at
the corresponding point in phase space.  Thls makes such diagrams
very useful for calculating translational and vibrational energies
of molecules in reactions.

The position of maximum energy at the top of the barrier is

known as the "activated complex" or "transition state”.
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The rate of a reaction,

, *
A+ B =me=3 [AB] =3 producis,

where [AB]% is the activated complex, is equal to the concentration
of activated complexes, multiplied by the average velocity with which
they pass over the energy barrier.

The rate of passage over the barrier is the frequency’y with

which the activated complexes disintegrate into products.

y = ”%w where € is the average energy of the
vibration leading to separation.
The vibration is completely excited, and so
€ = kto
Thus the frequency at which the activated complex disintegrates is

KL .
h

The concentration of activated complex 1s usually calculated
by assuming that it is in equilibrium with the reactants. This
assumption is not veally justified, and calculations have been done
without assuming equilibriume Present (36) has shown that for
reactions with high activation energies, the assumplion does not
introduce measurable errvors. For the very low activation energy of
EC = HRT“ 3 koal m@leml at room Lemperaturs, thé rate constant
calculated on the basis of equilibrium is 9% higher than the true

value. The erroxr is thus only significant for reactions with very



low activation energles, such as

NO o+ 03 Rt d NC)2 + Qg

#
A+ B —=> AB

k3

rras™1 = «° [A][B]
tws AL o e K

1

Algo 1‘«“{%%@1 =k, [A][B]

Thermodynamic theory shows

A = BT 1n K
3
=G
‘ BT
3
: ® K = e

(EQ = 2,3 keal molem}’)m

¥
where A G is the standard free energy change.

=06
% oLa |
B B 2 h )

kT

s
where A S°" is the entropy of activation

AH® g the enthalpy of activation.
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It is necessary to insert another factor,il , the transmission
coafficient, which is the probability that the activated complex will

disintegrate to products rather than to the original reactants.

Y
- R BT
o« s MW
Thus }{2 ] h =] &
A L Pt
kr. R R
= h ] 2] 9

#* .
where HS° / = ékso% + R 1nk .

The transmission coefficient cannot be determined directly.
It is usually included with the entropy of activation, and ngo%/ is
quoted rather than ﬁa$°%@ This does not introduce a great error
as ¥ is usually between 0.5 and 1.

For reactions in the solid and liquid phases (where the

change in volume of the system during reaction is small),

dink, A" 4Ry
dT RTJ
cafe Arrhenius
dink
RTZ
:@ A HQ% = E el RT @



Caleulation of Results

A .
R
KT
k2 3 h @ @
P AN
. B RT
Mk
T* h @ 2]
He 3
. L), s e ()
) (h) R R (T)
C e ) A At
. Y910 (T ) 910 h 2.303R 2.303R (T)
(k) 1
Thus a graph of loglg (?ﬁ) against T is linear, of slope
= * k XXSO%/

mmé;}mmmm B g o g u];Y. o i s —
3091 » an@ intercept on T 0 of lnglﬁ n + 5

The constants Ry, k and h are well known, and so

* %
AHT and AS® / can be calculateds
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Entropy of Activation

If the entropy of activation is negative, this shows thatl
the complex is more ordered than the reactants, while a loosely
bound transitianyﬁtate is indicated by a positive eniropy of
activation,

Agcording to the collision theory many combination reactions,
A+ B =3 AR are abnmrmal‘becaHS@ of their low steric factors.
(see page29 ). These low steric fagtors are the results of increases
in order, and therefore decreases pf entropy, in forming the transe-

ition state.

UL
A+ B=——-> BB]" o> ap,
For example, the entropy of activation for the Menschutkin Reaction

RoN + R B == RN Br ,

is betwesn = 3% and = B0 kcal moleml.

Reagtions in Solution

Reactions in the gas phase are understood much better than
those in solution. In part this may be due to the lack of an
adequate model of a liquid.

Many first order gas reactlons, such as the isomerisation
of pinene and the decomposition of dinitrogen pentoxide, dichlorine
monoxide and di=iodemethane, occur at aboub the same rate Jn solution

as in the gas phase., This appears to indicate that collisions with
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solvent molecules have the same effect in activating the molecules
as collisions with other molecules of the reactant. In addition
some second order reactlons have rate constants of about the same
magnitude as those for gas phase reactlions. The number of encounters
between molecules of reactants is fewer in solution, but reacting
molecules in solution are trapped by a solvent cage and collide
repeatedly. There are also reactions in which the observed liquid
phase rate constant is as low as 10“9 or as high as 109 times the
calculated gas kinetic ¢mn$tanto

Noxrth (37) considers reactions in solution as composed of
two processes: the formation of "encounter palrs”, pairs of reactant
molecules sufficiently close to interact, and reactlons in the
encounter palrs.

The formation of encountexr palrs is a diffusive process and

is governed by the law relating diffusion coefficients, D, to

temperature,
- TR ST - BN
% RT * T2 * T3 Toesee
D=alTl e
=B,
BT
A e 9

as the T % in the pre-exponential texm roughly balances out the

contributions to the exponential tewrm by powers of T lowexr than ~1l.
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This may be applied to collislon theory or to transition

state theorys The reaction can be envisaged as

K *
AB K .
At B As B oo [AB] ey PTOAUCTS,
(encounter (transition
pair) state)

The concentration of the encounter palrs is calculated by
assuming them to be in equilibrium with the reactants, while the
activated complex 1ls assumed to be in equilibrium with the encounter
pairs. Similar calculations to those done in the simple transition=-

state theory (see page 33) lead to the following equation:

: R RT
kabserved = h

where ﬁ}HAB is the enthalpy of forming the encounter palir AsB

ﬁigAB is the entropy of forming the encounter palr AB

I H is the enthalpy of forming the activated complex
*
[ABT from the encounter palr A:B
NS ig the entropy of forming the activated complex

*
[AB] from the encounter pair A:B
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be small compared with JﬁS% and zﬁﬂ%g this is not reason for
assuming them to be negligible, nor constant for a series of
reactions."

He later considers the meaning of the observed enthalpy
and entropy of reactions, AH and A8 in terms of fundamental
energies and quantities, such as the energy transmitted during an
encounter, the energy needed for diffusion to permit an encounter
to take place, and the frequency of vibrations of atoms in the
"cage" of molecules surrounding theme.  The reﬁultan%zEHAB may be
up to three kilocalories per gram mole.

In spite of these considerations, he concludes that a
completely satisfactory theory of reactions in liquids has vyet to

be formulated.



6. Studies of the Reactions of Transition Metal Complexes

Transition metal complexes have been known for many years.
The first one made was probably Prussian blue, used by artists
since the beginning of the 18th centurye. The first compound to
be recognised as different from ordinary salts was hexammine
cobalt (II1) chloride, COClgaéNHBQ first discovered by Tassaert
in 1798, It was not understood how stable compounds of saturated
valence, cobaltic chloride and ammonia, could form another stable
substance. During the succeeding decades other such complex
compounds were made. Many of these were lablle and gave the
reactions of thelr constituent simple molecules, but a few gave
strange reactions.

For example, a range of ammines of cobalt (III) chloride
was prepared. It was found that each gave a different number of
jons. A. Werner (10) was the first to explain this satisfactorilye.
He postulated that an atom has two kinds of valence (in modern
terminology, oxidation number and coordination number). He formulated

Coll 96NH3, CoCl QANH39 and CoCl‘aaNH respectively as

3 3 3 3°73
[Co(NHg) L1y, [Co(NH,) CL]CL, s [Co(NH,) ,C1,]C1, and [Co(NH,),Cla] »

+5NH,5 CoCl

in agreement with the observatlon that they dissociated into,

respectively, four, three, two, and zero lons.

4}
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Werner, S.M. Jdrgensen, and others concentrated on making
many different complexes, and it is only recently that detailed
studies of the thermodynamics and kinetics of reactions of trans-
ition metal complexes have been mades  The thermodynamics of such
reactions are the subject of a chapter by Rossotti (39),’while
Stranks (40) and Basolo and Pearson (41) have written about kinetics

and mechanisns.



7. Interpretation of the Data of Kinetlcs of Reactions

Details of reactions can sometimes be gained by conslder«
ation of the dependence of reaction rates on various parameters
of the reacting system. The determination by the use of isotoplc
labelling of whether bonds are broken or not was mentioned earlier

(see page 11).

a) Iemperature

The effect of temperature on the rate is detewmined by the
enthalpy of activation, but both the enthalpy and the enltropy of
activation determine the reaction rate, and it 1s important teo
consider both. For example, electron exchange reactions of the type

1T P@IIL

Fe™ ™ <+ 111 o+

(complex) =3 Fe Felt (complex)

usually have second order rate constants of betwsen one and ten
mole™ second™! at 0°C.
. . 2+ 2+
If the irvon (III) complex is [PeNgj or [FeOH]“", then the

3 and 1.0 x 10° mole™ second™ respectively

rate constants are 1.8 x 10
at 0°C. A similar mechanism might be postulated for these two
cases 1f Tthe comparison was only made at 0°Ce However, the respective
enthalpies and entropies of agtivation are 13,7 kcal molewl and

1 1

6 keal mole™ degree ", and 7.4 kcal mole™ and =18 kcal mole™

degreanl, clearly indicating that the mechanisms are not very similar.
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The entropies of activation depend on the entropy change in
partially replacing one ligand by another, and on the variation
in the amount of order of the adjacent solvent molecules due to

the variation of the charge of the complex in the transition state.

b) Ionic Stxenath

| For reactions between ions of charges Zp and Zps the theory
of Debye and Hlickel predicts that the rate constant, k, at ionic
5trength/wﬂis related to the rate constant, kgy at zero ionic strength

by the relation
+ %
loglo ko= loglo k@ QAZA zé/f

A is a parameter dependent on the dielectrlc constant of the solvent,

A oC (DeEoCa) ¥/2
and for water at room temperature, A = 0.3,

For example, if the rate determining steps of the attacks by
silver ion, water, and hydroxide ion on chloropentammine cobalt (111)
ion are as shown below, the rates should increase, not alter, and

decrease respectively with increasing ilonic strength.

g 2% + + J 3+

‘;:Q(Nﬁs)ﬁcx Ag' ====3 Co{lH,)geeeCleaedg

| Co (1 |2+

) 1O e o (] 12+
3’5017 + H,0 > (o () (H,0)C1]

[Go(u ) CL]#F + o == [co () (om)CL]

3)5



45

In some cases it may be possible to differentiate between
solvation and attack by other nucleophiles by observing the rates
of reaction as a function of lonic strength.

For ionic strengths above about 0.01 {and sometimes even
below this), the Debye=Hlickel theory falls as lon pairs and triplets
forms It was once thought thal perchlerates did not form ion
pairs and so they were used for ilonic strength variation. Perchlorate
ion pairs and even perchlorate complexes are now known, the first
being detected by Sutton (42).  The buffers used to keep solutions
at constant pH mav interfere by substituting intc complexes or at

least forming ion palrs.

c) External Pressure

For a reaction in which the molar volume of the reactants
increases by ﬁﬁv% in the transition state, the rate constant, kl,
at external pressure Pl is related to the rate constant, kg, at

external pressure PQ by

%
In (g;) = v e

*
providing the pressure is sufficlently small for AV to be regarded
as constant.
% o
The change in volume, AV , is the sum of the change in

volume of the reactants and the change in volume of the surryounding
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solvents There is a close relationship between the change in
volume of the solvent and its change in order, and so there is often
a correlation between the molar volume change of activation, i&V%Q
and the entropy of activation, ﬁxg%g (see page 44). The sign and
magnitude of KKV% can give information about the transition state.
In particular they may sometim&g be used td diﬁtinguish between an
SNI and an $N2 mechanism for agquation, the former haviﬂg &V%

*
positive and the latter having AV negative.



8e DNucleophilic Substitutions

A nucleophilic reagent or nucleophile is an entity which
is attracted to a particle with a deficiency of electronsy such as
an atomic nucleus. Nucleophiles have at least local excesses of
electronse They may be negatively charged, neutyal, or even

positively charged, like leammonium=2=amino-ethane (NH’2 - GH2 maﬁzuﬁﬁg)
2

but some part of the molecule must have an excess of negative charge.
In nucleophilic substitutions, a free nucleophile replaces
a nucleophile bound to another atom. Nucleophilic substitutions
were first studied in detail al saturated carbon atoms by C.K. Ingold
and co=workers, and a satisfactory theory of such substitutions was
drawn up. The study of such reactions at transition metal atoms
is more complicated because of the greater complexity of the stereoe
chemistry and bonding properties po&éibl@ in the latter case. As a
result of this, theories of nucleophilic substitulons at transition
metal atoms are tentative only.  As the former are belter understood
nucleophilic substitutions at carbon atoms will be discussed, and
then an account given of present theories and knowledge of substitution

at transition metal aloms.

a7
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a) Nugleophilic Substitutions at Satuz:

ted Caxbon Atoms

In a nucleophilic substitution, the nucleophile leaving
the carbon atom may do so either after, during, or before the other
nucleophile becomes attached to the carbone These three possie
bilities were respectively suggested as the mechanism of substitution
by Fischer (43) and Wernexr (44), by Le Bel (4%), and by Lowry (46).
For the replacement of X in the general compound RSCX by Y,

the reaction schemes envisaged were respectively:

R R, R R
j, ??rl ’ 1 )?. i R2‘
S 5 S S I T
X =G + ¥ > X ¢ Y
. !
ﬁ:g Rg
; R R, R
(3 3 ) % 'l » l 1:2 .
PRy ey e
W oo (:,"” »-{»-Y ey XQDO (é; ) Y o
KN !
R3 RB
(111)
BB
i o D - “‘a}% '«fj’
X e G = X + c
Rg RB
followed by El, j&? , ‘,Rl Rg
) Cﬂi‘ B R A I A L and
| N
R:B Rg
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It became apparent that mechanism (1) was unlikelye
Hughes and Ingold developed the tﬁeary of mechanisms (ii) and (11i),
and the subject is dealt with by Ingold (47). Hughes and Ingold
found thal a nucleophilic substitution, SN in the notation of Ingold,
can take place by two different mechanisms.

One of these is a one step reaction, involving the simule
taneous making and breaking of a bond (mechanism (3ii) shown above).

The other 1s a two stage processe The former slow stage
is the hetexolytic breaking of a bond between the carbon atom and
the attached nucleophile, X+  The second step, which is fast, is
the combination of the resultant positively charged species
(carbonium ion) with another nucleophile, Y.

As these are r@ﬁp@@ti?@ly bimolecular and unimolecular
reactions, they are designated SNQ and SNl respectively. The
subscripts apply to the molecularity of the slowest step of the
reaction, not to its kinetic order.

If both reactants, RgCX and Ymg are present in small
concentrations, the kinetic form of an SNQ reaction is

Rate = k, [RyCX][ Y] (5,2 typical)

*
Howevers, if Y is present in constant excess, then

s ]
k,, [Y'] = constant = k;

. ,
o Rate =k, [R,CK) (82 limiting)

* @oge if ¥ is an important constituent of the solvent
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Thus bimolecular substitution can give either second or first order
kinetics (or a mixture of both).
Unimolecular substitution gives a carbonium ion Cﬂg

rate constant of whose formstion is kh’ which may react with either

g the

X" or Y and so form either the product R?CY or regenerate the
reactant RBGX, If the specific rates foxr these two possibilities

are in the ratio & 4 then

Rate = k~ [R.CX] Ll ($N1 typical)
AXTHEY)
"This equation [using different nomenclature] expresses the
typical kinetic form of reactions having the SNL mechanisms: when
it can be clearly distinguished from its simpler limliting forms,

it is highly characteristic of the mechanism.” (48)

Wheno [X7] <C[YT]

Rate = k= [RyCX] (s mmimng)

and first order kineltics are found.

When«([X1>7 (Y]

Rate = kh
fﬁ[x J
ek [R CX] %! % (SNl limiting)

I1f [X7] is constant,

8 o =
Rate = k {RBGX} [y"] (SNl limiting)
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Thus either bimolecular or unimolecular nucleophilic substitutions
can give first or second order kinetics, or moxe complex forms.

From the diagrams of the reactions (see page 4g ) it can
be seen that the SNZ mechanism implies inversion of configuration,
while the $N1 machanism, which involves a planar intermediate,
Gﬁg+, proceeds by an equal amount of inversion and retention of
configuration (i.e. racemisation). This effect is umed for
studies of substitution using optically active reactants, GRleﬁgx
and polarimetric observations.

The SNZ mechanism implies that one nucleophile approaches
the carbon atom as the other one leaves, and that in the transition
state both nucleophiles are fairly close to the carbon atom (though
. further away than the other attached groups). The SNl mechanism
reguires the nucleophile leaving to be completely separated from
the carbon atom before the other nucleophile begins to a@proach.
Intermediate cases are kﬁowng and are made manifest by a mixture of

inversion and racemisation during the reaction.

b) MNugleophilic Substitutions at Transition Metal Atoms

As early as 1911, Werner (44) studied nucleophilic substi=-

tutions at cobalt atoms such as

cig [Co en2018r3+ + Br™ — trang [GCo @n?Br2]+ + 1"

and  gis or tzans [Co eny(scn)c1]’ + NH, =

]24°

¢is and trans [Co en,, (NH, ) (SCN) + c17,



Many atteﬂ@ts were made to relate the steric course of
reactions to those of substitutions at carbon atoms, but these
were not successful. The coordination number of carbon is usually
fours the bonds arve arranged tetrshedrally, and there is a one to
one correspondence between steric course of a reaction and mechanism
(SNl or SN2)° However, most transition metals have ogtahedral
goordination, and there is pol a one to one correspondence of
mechanism and steric course in substlitution reactions.

In spite of this difficulty in determining the steric
course of a reaction, the nature of reactions has been Investigated,
and while no one theory can be regarded as satisfactory in explaining
all substitution reactions al transition metal lons, progress has
been made,

Unlike the case of substitution at a carbon atom, the
mechanisms of reaction are not clear for even simple cases where
the rate constant does not contain terxms for concentrations or
active areas of catalysts, and the reaction is effectively irreversible.
Consider the replacement reaction

R + I == RL + X

Two simple cases arise.

(1) oL Rl

The reaction is first order; i.e. mmwzymmm” = ky [RX]

The reaction may be slow $Nl heterolysis
RX ey Rk X (slow),
followed by rapid attack of the ligand L on R.

L+R =3 RL (fast),
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or it may be slow S 2 solvolysis of RX,

W2
RE 4+ § w3 RS 4 X (slow),

followed by fast SN2 attack by L on the solvated species RS.

RS + L = RL + S (fast).

If the measuredrate of solvation of the species is the
same as the rate of substitution of L into RX, then 1t is impossible
definitely to tell which mechanism applies. This applies to the

rate of chloride exchange in tetrachloroplatinate (I1).

=

[Pt C1,])" + 017 == [PtClCL)T 4+ a1,

-

in which the aquation rate completely accounts for the chloride

exchange rate (49).

For the reaction

[PE(H,0)CL]" + 1" === [pt(n,0)"cL €1,]” + @,

the rate of substitution was found by Grantham, Elleman and Martin

(50, B1) to be much faster than the rate for the aguation

[Pt(H,0)CL,]" + H,0 —==> [Pt(H,0),C1,] + C1I7,

thus showing that the fermer did not proceed via prior solvation

of the complex.
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(ii) The reaction is second order.

A direct bimolecular substitution may apply
RK + I = RL + X SNQQ

A pre=equilibrium may exist, followed by a bilmolecular

substitution

RX s DY (fast)

g i

+ L =¥ RI, 4+ X $NRa

D 2

If L is basic and RX contains an acidic proton, then we

can have the mechanism exemplified by

2+ - . , , +
[Co(NHS)SGl] + OH o [%(N}i3)4(bll{2)Cl] + H0 (fast, Ka)
! + N Db we
[CG(NHB) 4(z\aH2)c:13 o [ag(mug) 4 (H,) ] + Cl (slows kyop)
. v ¥ 2+ 2‘%" b
[Co(NH,) ,(NH,)1*" + Hy0 =—>[Co(NH,) (OH)]"" + C1 (fast)
H,0 e 1T 4 O (fast, K )
2 — e K,
-1
kobs@rv&d leB Ka Kw

This is koown as the SNl CB (unimolecular nucleophilic
substitution of the conjugate base mechanism).
Other possibilities include unimolecular substitution into

jon pairs (SNl IP), suggested by Pearsen, Henry and Basolo (52),
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unimolecular substitution with second order kinetics, suggested
recently by Jordan and Sargeson (53) but similar to that mentiﬁn@d
previously (see page 50) as a limiting case af the SNI mechanism,
and the formation of stronger nucleophiles from reactlons of basic
anions and the solvent.

Brown and Ingold (6) found that the replacement by azide
of chloride in gig dichlorobis(ethylenediamine) cobalt (III) in

methanol showed mainly second order kinetics,

i oL N + -
¢is [CoenQGLQJ Ny ey [Ccenz(l\}s)(?l] + Cl

; - i
Rate = k2 [NS 1 [COQHQCIQ_] 9

and interpreted this as an SN2 reactione

Pearson, Henry and Basolo (54) showed the reaction was
slowed by adding acetic acid, and the kinetics became first oxder.
They suggested that the azide formed methoxide ions which substituted
inte the complex, the acetic aclid removed the methoxide ions, and
that acetate lons substituted only very slowly intoe the complex.

Much expeximentation has been carried out in oxder to
investigate the mechanisms of these reactions, but no conclusion has
been reached. Evidence has been put forward by Basolo and Pearson
(41), Jordan and Sargeson {(53), and Baldwin, Chan and Tobe (11)
supporting the different theories. Water has been the most common

solvent, but is itself a strong nucleophile. Other solvents have
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been tested in attempts to observe genuine SNZ reactions. These
also pose problems: most are dipolar and substitute into the
complexes. (e.gs Tobe and Watts (5%) found the presence of a solvated
species when studying the isomerisation of dichlorobis{ethylenedianine)
cobalt (I1I) in dimethyl sulphoxide),and the formation of ion pairs
is often troublesoms.

Most studies have been of solvation reactions, but apart
from these 1little work has been done on non-isotoplec exchanges
using neutral ligands {see page 59 ).

Some of the most valuable work is the study of isotope
exchange reactions. Most reactlons take place with changes in free
energy, and in a serles of simlilar reactions the free energies of
activation may parallel the free energies of the r@actionsa Thus
the rate of reaction depends not only on the nature of the ligand to
metal bonds in the reactant complex, but also on those in the product.
The heat change in isotoplc exchange reactions 1s very small, and so
the free energy change 1s almost entirvely due to the entropy of
mixing.

Thus the rate of an isotopic exchange reaction is a measure
of the absolute kinetic labillity of a complex.

When a normal chemical reaction does not appear to proceed,
this may be due to an intrinsically slow reaction, such as the
decomposition of hexammine cobalt (I1I) by dilute acids at room

temperatures
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) 43 - 3+ +
[Co(NH,), 17" + 6H0 + 6H —> [Co(H,0),°" +em”

or to an unfavourable equilibrium, such as the attempted solvation

of chlorotriammine platinum (IT) by allyl alcohol (56).
Immeasurably slow isotope exchanges can only be due to

intrinsically slow reactions. e.¢. the attempted bromine exchange

in 1 = bromotriptycene described by Sykes (57).




PART 11

EXPERIMENTAL WORK



1. Sgope of The Investigation

Although many studies have been made of the rates and
mechanisms of substitutions in transition metal complexes (see
pages 42 and 51), very 1ittle work has been done on the reactions
of complexes with neutral ligands, with the exception of solvation
reactions, in which the effect of varying concentrations of the
nucleophilic substituent cannot be found (see page 49).

Zvagintsev and Karandasheva (58), Banerjea, Basolo, and
Pearson (56), and Banerjea and Tripathi (59) studied some substi=
tution reactions in square planar complexes of platinum (II) and
palladium (I1) complexes. They found that some reactions were

of first order kinetics, and some of second orders

For example, Banerjea, Basolo, and Pearson (56) studied
the reactions

Lo

tpans PE(NH),CL,] + X ==—> [Pt(NH,), Xc1]© + 17,

where X was glycine, anilina, pyridine, allyl alcohol or ammonia.
They also used oxalate ion for compavison purposes. Thelr resulis
showed the first three reagents gave slow first order reactions,
allyl alcohol and ammonia reacted falrly slowly with second order
kinetics, while oxalate reacted much more rapidly with second

order kinetics.
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Enthalpie& and entroples of reactions have been calculated
- for a very few reactions of platinum (II) complexes by Zvagintsev
and Karandasheva (58).

Even fewer studies have been made of the substitution of
neutral ligands into octahedrally co-ordinated transition metal
species (other than solvation)s Bjerrum and Poulsen (60) used
visual observations of the changes in colour of complexes at low
temperatures (mlOOGtg m7500) to determine the kinetics of reactions
which are too fast to measure by conventional means at room tem=
peratures. They found that the aquated nickel (II) ion reacted
slowly with pyridine and ethylenediamine at =75°C, but that the
aquated copper (IT) ion reacted in a few seconds with ethylene-
diamine at =100°C and “instantaneously" with pyridine and ammonia.
Approximate Arrhenius activation energies and frequency factors
were calculated.

In this investigation it was decided to study the reaction
of pyridine with the dichlorobis{ethylenediamine) cobalt (IIL) ion,
[Co @nzalz}é, as results could then be directly compared with the
many resmlfs reported on the substitution of anionic ligands into
both the gls and irans isomers of this species. in order to lessen
the amount of solvation, Brown and Ingold (6) used methanol as a

solvent to study the reaction

N 4 o + -
gig [Co enyCl,]” +X 7 [Co eny¥c1]” +C17
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L) e s L L3 ] % L3 Lo
where X was CH%O s N, » NO2 s SCN , Br , Cl ox NQS, and this

3
solvent has also been used by Pearson, Henry and Basolo (52),
Chan and Tobe (61), and Sward (62).

Tobe and Watts (63, 64) studied the gis =¥ trans isomer=
isation of [Co en,Cl, ?’in other solvents; dimethyl formamide,
dimethyl acetamide, and dimethyl sulphoxide, and summarised the
results of other workers.

Although Pearson, Henry and Basolo (52) found that up to
0.5% water had no effect on the rate of reaction, Sward (62)
considered that there was a marked acceleration of both the
¢ig > trans isomerisation and chloride exchange by waters. He

postulated that the reaction for the isomerisation ilnvolved the

shtapss

is + ey o4 2+ -
gls [Co enyCl,1" + H,0 > gig [Co en,(H,0)C1)"" +C1

trans[Co enC1,]" H,0.
‘As a result of these considerations, it was declided to use
anhydrous methanel as the solvent in the present investigations.
It was decided to follow the substitution reactions by
spectrophotometric means, if possible, and so some work was first
done on the absorption spectra of cobalt complexes containing

pyridine and/or ethylenediamine as ligands.



Other methods do not in general seem sultable for this
type of study. Potentiometric determination of chloride ion
appears impossible as pyridine forms complexes with silver/silver
chloride and mercury/mercurous chloride electrodes. Simple
volumetric or gravimetric methods of determining chloride are
unsuitable for similar reasons. In addition, as found by Werner
and co~-workers (10), silver ions attack coeordinated chloride.
The method used by Baldwin, Chyn and Tobe (11), viz. ion exchange
followed by determination of chloride, could be used to follow
the gross replacement of chleride by pyridine, but the species

present in sclutien could not be detexmined.
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2. Preparation, Purification and Examination of Materials

R 2R i

The reagents were prepared, and the expected products
made directly and examined,

a) Drying of Methanol

For all substitution runs except the first, analyitical
reagent methanol was dried by the use of amalgamated aluminium

foil by the method of Walden, Ulich and Laun (65).

b) Puzification of Pyridine

Pyridine was distilled with the aid of a fractionating
column, and the fraction bolling at 114=115,%°C was taken and
analysed acidimetrically by potentiometric titration against
standard acide Different batches varied from 99 to 99.5% pure,
and thelr refractive indices were aboul 1.506, instead of 1.5080
which is the value for pure pyridine (interpolated from values
given by Timmermans (66)3.

For use in substitution runs, the water present was removed
by treatment with anhydrous calcium sulphate and filtered, as
described by Hammond and Winthrow (67, 68). Titrations showed
the pyridine content to be 100,0% to within experimental error
(about f 0.2%), while the refractive index was correct to the
fourth decimal place. Evaporation of a sample of about twenty

millilitres of the filtrate left no apparent residus.
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¢) Purification of Ethvlenediamine (1, 2 diamincethane)

AT AN i e

Crude ethylenediamine was fractionally distilled, and a
114=118°C cut was taken. The distillate was probably a mixture
of ethylenediamine (Ngzm(cqz}zmwﬂz)g and its monohydrate, which
have similar boiling points (116-117°C and 118°C respectively),
but different densities (0.8994 and 0.963 gm/ﬁlo at 20°C respec=
tively) (69).  The distillate had a density of 0.912 gm/mle at
2&@,amﬁﬁms&l@é%%ammmwsmh&%m(mmhwmi%rtM}
manufacture of ifyrans dichlorobis{ethylenediamine) cobalt (III)
chloride hydr@chlo&id@) needed 72 ml of the distillate in 600 ¢gm
of solution, assuming no contraction or expansion on mixing

ethylenediamine and its hydrate.

d)} Preparation and Purification of Dichlorobis{ethvlenediamine)
Cobalt {II1) Chloride

The hydrochloride of itrans dichlorobis{ethylenediamine)
cobalt (II1) chloride was prepared by air oxidatlon of an aquecus
solution of cobalt (II) sulphate, ethylenediamine, and hydrochloric
acide  The hydrogen chloride was removed by heating the complex,
leaving crude trans dichlorobis{ethvlenediamine) cobalt (I1I)
chloride, some of which was dissolved in water and evaporated to
give the crude g¢gis isomexrs. The method is described by Bailax (70)
who, unlike Jdrgensen (71), and Chan and Tobe (61), does not
mention that the ¢ig isomer 1s a monohydrate; +the trans isomer

is anhvdrous.
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The reactions are, where en is ethylenadiamine,

0,

>
[Co(H,0) 6]2“"’ + 2en + gac;t”(wf» tzang [Co en,Cl,] Ty 61,0
air) - “

+ oy ® s &3 al
trans [ Co @n?m(f}lZ] +Cl + HCL =% trang [Co en,Cl,]Cl » HC1

heat

trans [Co en,CLICL o HCL —=» trans [Co en,C1,]Cl + HCL
heat

trans [Co @nzclz}:,n + H,0 —s ois [Co en,Cl,]Cl « H0

The purple gis dichlorobis{ethylenediamine) cobalt (III)
chloride hydrate (hereafter gis [Co en2612]81aﬁgo for brevity)
was dissolved in the minimum volume of water at 25°C and cooled
in an icebath. No crystals appeared, and so small portions of
ethanol and diethyl ether were added, and the solution further
cooled in an ice/ethanol bath. The resultant crystals were
removed by wvacuum filtration, washed with ethanol and sucked dry
on the filters The wash liquor was added, together with a little
ether, to the filtrate, and the process repeateds The different
crops of crystals were kept separately, and each was then examined
at 8 to 160 magnifications with a stereoscopic microscope. Those
crops which showed the presence of yellow crystals (probably of
[ Co @n31613) in addition to the vielet glg [Co enQCLQJCl»HQO ware

rejected.
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cl Co
Found 33.4 9 366 1905, 1907, 16,2
Calculated for [Co en,Cl,, ]El.!-{zo 3501 19.4

The green trans [Co enzclszl was purified in like manner.

C1l . ‘ Co
Found 3844 5 37.8 2042, 20.85
Calculated for [Co en,Cl,]C1 37.3 20,65

Several preparationsyof the expected products were made
by refluxing [Co en2012§Cl with pyridine. Sometimes charcoal
was used as a catalyst, and sometimes methanol or water was used
to dilute the pyridine and to lower the boiling point 6f the
mixtures The boiling point of methanol/pyridine mixtures at one
atmosphere pressure was determined by Dickenson (72) whose results
are shown In figure 2. The boiling point of the azeotrope of
water and pyridine, containing 57% (by weight) of pyridine is
given by Timmermans (73) as 93°C at atmospheric pressure.

The preparations usually used the gig isomers. It has
been found by Friend and Mellor (74) that solid irans isomer changes
into solid ¢gis isomer in h@t pyridine before reacﬁing with the

pyridine.



67

FIGURE 2
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(1) Ten millilitres of pyridine was refluxed with 0.5 gm. of
gz [Co enRClzfﬁlgﬂzﬁ for seven hours. The product was washed
with methanol and then with diethyl ether. Examination under a
stereoscoplc microscope showed it to consist mainly of a pink

powders but with yellow, purple, red, and blue crystals also presente

(2) Ten millilitres of pyridine plus ten millilitres of methanol

were refluxed with 0.5 gm of gis [Co enECIQ]GIgHQO aﬁd a little
charcoal for eleven hours. A pink powder resulteds This was
purified by recrystallisation, as described for gis [Co enQClnglaHEQ@
The analyses and spectra of this showed it to be gis[Co engpyﬂljﬂlg

where py represents pyridine.

Gl Co
Found 29@2’29 2859 155 3 16.4
Caloulated foxr [Co @ngpyCl]CXQ 293 1662

(3) In order to determine whether pyridine would substitute into
[Co enEClQ]+ in the presence of methanol only, reflux (2) was
repeated, but without charcoals After four hours a similar pink
powder was filtered off frem the orange solution. The filtrate
was evaporated by gentle heating, and vellow and blue crystals
(pexhaps [Co @nzprJGlg, and a cobalt (II) species respectively)

were depositeds
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(4) Although Bailar and Clapp (75) found that [Co en,py, 1, did
Cl,

not form when [Co en yzjﬁl was ground with agueous pyridine, the

2
work by Numn {76) and Gee (77} suggests that it may form in
solutions A half gram sample of gis [Co en,C1,] CleH,0 was heated
under reflux with twenty millilitres of pyridine and an equal
volunme of water, together with a little chyrecals. Vacuum evaporation
of the orange solution gave a small quantity (about £ifty. milligrams)
of yellow cxrystals. The solution remaining was treated with ethanol
and ether in an attempt to produce more cryvstals. However, a brown
sludge formeds

No analyses were carried out on the vellow material which is
thought to be [Co @nzpyz]ClS, as, after the use of some of the

material for spectrophotometric work, insufficient remalned for

analysise

Experimental Methods of Analysis of Coball Complexes

Total Chloride
Wernexr {44) showed that many complexes containing halogens
of pseudohalogens formed addition compounds with sllver ions, @ege

[Co &ngGl(SCN)J% + Ag+ e [AGCLC0O @ng(SCN)jﬁ+ R

and the silver halide or pseudohalide was only removable by bolling
the solution of the complex. Therefore, chloride was determined
gravimetrically after boiling samples of the complexes with acidified

silver nitrate solution for an hour.
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Free (Ionic) Chleride
Attempts were made to analyse materials for lonic chloride
by cooling concentrated aqueous solutions of the complexes to o°c,
adding an acidified ice cold solution of silver nitrate in methanol
plus acetone, and immediately filtering off the silver chloride
and walghing its  The results were invariably high and compl@tely

unreproducible.

Cobalt

Samples of the complexes were welghed into crucibles and
repeatedly evaporated to dryness with sulphuric ox sulphuric plus
nitric acids at 470°C. However, even seven such trealtments did
not suffice to oxidise all the carbon. Heating the samples with
altric acid was next tried, and it was found that two treatmenis
removed all the carbone. The resulting coball nitrate samples
were evaporated to dryness with sulphuric acid at 470°C and the

solids welghed as cobalt sulphatle.
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Spectroscopic Exauination of Materials

The complexes were examined specitroscopically in the

infrared, near infrared, visible, and ultraviclst regions.

The

following table indicates the relationship between the present

investigation and previous work.

SPECTROSCOPIC INVESTIGATIONS

Ultraviolet

Visible
400 to 725 mac

clis
m@nzﬁlg] C1aH,0

| r&mm
,,c;oen2c212361

cls
’[COanpyCl]blz

anenzpygjﬁlg

s
[Copy ,C1 Jau6H,0

2

Charge transfer
Bands III and IV
Band IV split

4

Bands 11T andIV
{Band IV not

split
3

3

Spin allowed
Laporte forbidden
Bands I and 11X
Slight splitting
of 1

3

Bands 1 and II
Band I greatly
split

3

Bands I1I and IV Bands I and II

Band IV not
split

1
(250 to 400 mu)

Band II

Band I slightly
split

1

Bands A and I

1. Studied only in this investigation

Neaxr Infra-red
D.725 to za@juf
4

Spin forbidden
Laporte forbidden
Bands A and B
(0.725 to 1.1u)

4

Bands A and B
(0.725 to 1,%ﬁ%)

2

Bands A and B
(0725 to 1.0 1)
Vibrational
motions of en, py
(Combinations
and overtones)

1

Infrared

2.6 to 221

: 3

i

Vibrations
of en, H,0

03
Vibrations
of en 1

1

Vibrations
of en, py

1

Overtones and com Vibrations
binations of vibrs-of en, py
tional motions of i
en, py ;
: l :
Vibrations

2. Knowledge extended by this investigation
3. Studied by this investigation, confirming observations of othexr workers
4, Not studied in this investigation.
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frared, Visible, Ultraviolet Spectrs of Cobalt Complexes

Experimental

The spectra were measured of aqueous or methanolic solutions
of the cobalt complexes within the range 215 millimicrons to 1125
millimigrons.  Aqueous solutions were used for the near infrared
part of the spectxum (750 to 1125 millimicrons) as the complexes
were insufficiently soluble in methanol for the very weak absorptions
in this region to be apparent, Reflection spectra were also measured
of the complexes containing pyridine in the range 250 to 2600
millimicrons.

The machines used were a Perkin-Elmer "Spectracord"
recording spectrophotometer, a Unicam S P 500 non=recording spectro=
photometer, and a Bausch and Lomb "Spectronic 20 Colorimetexr" (a
small non=recording spectrophotometer)s The ranges over which these
machines can be used are respectively 215 to 2800 millimicrons, 215
to 1000 millimicrons, and 340 to 630 millimicronse As discussed
latexr, the Perkin-Elmer "Spectracord" was not sufficlently accurate
in measurements of optical density. Because of this and the fact
that the Bausch and Lomb uses a falrly large band-width (about 20
millimicrons), the spectra shown come from measurements using the
Unicam S P 500 wherever possible, but with the observed wavelengths
corrected to true wavelengths by the use of spectra of standard

materials (rare earth glasses).
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For spectra embracing a wide range of densities, a simple
optical density versus wavelength or frequency graph is unsuitable.
The regions of high optical density completely overshadow those of
low optical density. The extinction coefficients of the absorption
bands for the solutions considered range from about 0% to about
25,000, and only a logarithmic scale can give a reasonable graph
of such extreme values. Alsc when the wavelength considered varies
from 250 millimicrons to 2.5 microns (or wavenumber from 40000 cmml
to 4,000 en™) neither a scale linear in wavelength nor a scale
linear in wavenumber is suitable. The foimer compresses the ultra=
violet end of the spectyum and unduly emphasises the neaxr infrared,
while the latter has the reverse effect. In order not to have to
change the scale of the abscissa or the ordinate partway through a
graph, logarithmic scales have been used for some graphs. When it
was required to use a logarithmic scale for the abscissa, the octaval

of the radiation was plotted. The definition of octaval given by

Shurcliff (78) is

Octaval (in CRU) = 100 (10@2

Discussion of the Near Infrared, Visible, and Ultraviolet Spectra
of Cobalt Complexes

The energy diagram foxr the dé configuration, due to

Tanabe and Sugano (79) and reproduced from Dunn (80) is shown
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below.
FIGURE %.
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Fic. 11. Complete energy diagram for the configuration d8.

With the sole exception of hexafluorocobaltate (III), all
cobalt (III) species have 10 Dq / B (the ratio of the splitting
energy of the d orbitals to the Racah parameter) greater than
twenty, like all Ni (IV) and unlike most Fe (II) complexes. Thus
the ground state is the singlet 'Al. The transitions observed in

the spectra of hexammine and halogenopentammine cobalt (III) complexes

are described by Linhard and Weigel (81, 82).
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There are two very weak transitions (log ¢ = «0.6 to + 1.5)
usually in the infrared or red known as Bands A and B. These are

2
These are Laporte forbidden, as there is no change in electric

respectively due to the 3Tlé?~w lAl and the ST e lAi transitions.

dipole moment as a result of the transition, and also spin forbidden,
as the spin multiplicity changes from one to three. The B band,
which is at the higher frequency of the two spin forbidden bands,
cannot always be observed because it is often overlain by a stronger
band which is known as Band I and is the lower frequency of the two
spin allowed bands in the visible region. These bands are of
moderate intensity only (log € = 1Q4 to 2.1) as they arve still
Laporte forbidden.

Lowering of the symmetry of the environment of the atom, by
replacing two of the six equivalent ligands in a regulaxr species
such as [Co(NH,), 13" results in an observable splitting of the first
(‘r,
splitting is greater for the Lrans isomer. Laporte's rule applies

<= 14,) but usually not the second (T, “— 1A ) band. The

to environments with a centre of symmetry, which is the case with
the irang isomer: of complex [ Co X4 YQJ, but not with the g¢ls lsomer.
Thus the intensities of the A, B, first, and second bands are usually
greater far the gis isomer.

In the ultraviolet reglon two charge transfer bands occuls
The one at longer wavelength (band IJI) has logf '3, while the one
at shorter wavelength (band IV) is fully allowed with log € greater

than 4e
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The spectra of ions of the type [Co enz(amine)(halide)jz
have been discussed by Yasui and Shimura (83), who assign the

bands in these species in a similar manner.

Results and Discussion
Cis lkb~en2pyClIClza~nThe solution spectrum of this material
was measured in the ultraviolet, visible, aﬂd_hear infrared regions

from 215 to 1125 millimicrons (figures. 4, 5, 6).
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NEAR INFRARED TO ULTRAVIOLET SPECTRUM OF [Co enbpyCl]Clz IN SOLUTIONs

BAND POSITIONG, INTENSITIES AND ASSIGNMENTS

Yasui and ? mieies
Shimura E
PN N~
I q [l % 42 ::' éé; o ’g 4P
ort o & o o) e EW o
Loy opd ap=) [ h g uped a
8 B 8§ K it &
B & Gy = T & £ ()
@ ol Gog Pl [} wd e apd
t ¥3 B3 % 8 | %% 3
- = ] < = & it 2
1040 347 0,25 Ethylenedianine vibra-
| ; tion (see page )
842 0,54 A 850 318  0.53 Band A, °T) e 14,
52545 76 Ta 525 248.5 77 ‘Band Ia. T, e A, This
466 31 Ib ' ' band showed marked lack of
i symmetry and indicated the
fpx@senca of Band Ib at
| f ; | about 470 millimicrons.
368  8l.5 11 368 197 8l ‘Band 1T, 'T, &= ')
281 870 III 985 160  ~900 ‘Band 1II. Charge transfer.
7 ‘ Only a small variation in
slope is present so the
‘position and intensity can-
not be determined precisely
without mathematically sep=
~arating curves.(The position
: is similar in Band I)
233 2.4 x 107 1V | 232 131 2.2 x 10* ;Band IV. Charge transfer
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These results quite well agree with those of Yasui anc
Shimura (83), but they did not report a band at 1040 millimicrons.
The maximum extinction coefficient of the band is lower even than
the extinction coefficient of the minimum between any other two
bands, and the band is off the sga1@~of thelr graphse At first
the writer thought it could be the doubly spin forbidden 5T2%““ lAl
transition, but its intensity seems too large foxr thise It is
now thought to be a vibrational motion of ethylenediamine. A
vibration of @thylenediamin@ with optical density of 0.95 in a
one centimetre cell was found at 1040 millimicrons for ethylene=
diamine (see page 92). This corresponds to a molar extinction
coefficient of 0,065, As there ave two ethylenediamine groups in
the complex, a molar extinction coefficient of 0.13 would be expected
for [Co enzpy01fb129 but the actual value is higher, being 0.25
Apparently the altered environment on co=ordination results in the
vibration being less forbidden than in the free material.

- The near infraxed portion of the spectium required the use
of concentrated solutions (of the order of 0.1 molar) even in cells
of ten centimetres path=lengthe The 1literature (81, 82) indicated
that the othexr complexes likely to be present also have only very
weak near infrared absoxption. None of the complexes is very
soluble in methanols These two facts showed that the reaction
scheme could not be investigated by the use of near infrared spectra,
and so the infrared solution spectra of the other complexes were not

deterningd.
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The reflectance speétrum (figure 7) was taken in the
region 250 to 2550 millimicrons. It is qualitatively similar to

the solution spectrum and shows the following electronic transitions.

éWavel@ngkh Octaval Classification % Assignment

§ (u%a) (Cru) ‘

820 313 shoulder  Band A

5 495 | 240 strong ] Band 1

% ~3T5 200 shoulder | Band II

é 292 | ~w164 shoulder Band II1

L | § ; I »

The weak band at 1050 millimicrons was not observed. However, as
well as the bands due to electrenic transitions in the complexes,

other relatively narrow bands were observed in the near infrared.

Cis and trans [Co en,Cl,|Cle==The solution spectra of gis
and izans [ Co en2612]01 were measured in the visible region,350 to
750 millimicrons, and that of gis [Co en2612}$1 was also measured in
the near ultraviolet, 215 to 350 millimicrons (figures 5 and 6).

These are similar to those of Sward (62), Linhard and Weigel (81, 82),
and Brown and Nyholm (84). Unless otherwise indicated, the values
given below for these workers are read from their graphs (in the

case of Linhard and Weigel a logarithmic graph). They-are therefore

approximate only.
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The present work shows the previously unobserved second
charge transfer band (Band 1V) in gis [Co enyCl,]Cle  The lower
synmetry of the cation, compared with tzans [Co en2612]+ and

]3+ results in the splitting of the band into two components.

[Co eng
The band at the longer wavelength is here called Band IVa, and
the band at the shorter wavelsngth Band IVb. Band IVa 1s centred
at about 270 millimicrons, with an extinction coefficient of
approximately 9 x 103» Its exact position is hard to find as it
is overlain by the stronger Band IVb, with maximum extinction
coefficient of 1.7 x .1,04 at 232 millimicrons. The splitting of
Band IV into Bands IVa and IVb as a result of low symmetry of the
molecules has not previously been observed.

It was found by the writer to be very difficult to measure
'tha extinction coefficients of the,complexes in the ultraviolst
region to better than : 10%, most probably because of the extremely
low concentrations needéd (of the order of two milligrams per
hundred millilitres of solution)..

Pyridine absorbs in the ultraviolet, and in addition any
ion pairs formed in solution would alter the ultravioletl absorption
spectrun of a reaction mixture. For these reasons it was decided
to follow the reactions by measurements of the change of the visible

spectrum only. Therefore the visible absorption spectrum only

of [Co en,py,]Cl, was determined (figure 5)e
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It shows only one‘abscrption maxima in the visible region
at 472 millimicrons, of extinction coefficient 86.5. This is
most probably Band I in the above classification, corresponding
to the 1T1 s IAl transition. It is not noticeably split, as
pyridine and ethylenedlamine have very similar positions in the
spectrochemical series. The position of this band is very close
to that of the first band (465 miliimicrons) in [Co en,]Cl, as
found by Linhard and Welgel (81, 82).

The very weak A and B bands are probably in the visible
region, at similar wavelengths to those for [Co eng]Gla, which
were found by Linhard and Weigel (82) to be at 720 millimicrons
and 605 millimicrons respectively, bul no attempt was made to
find these by the use of concentrated aqueous solutions.

The reflectance spectrum was taken in the range 250 to
1125 millimicrons (figure 8). It shows that the band shown by

the solution spectrum is Band 1 as expecteds The electronic

transitions indicated ares

' Wavelength Octaval  Classification | Assignment 1
(maa) (cru) ‘
650 280 Weak  Band A
470 233 Strong ~ Band I
342 287 : Strong ' Band 11

As was the case with [Co enzpyCl]Glz, other bands were

present at longer wavelengths arising from vibrational transitions.
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As mentioned previously, narrow bands were observed in the
near infrarved rvegion of the reflectance spectra. An attempt was
made to assign ihesa bands to specific ligand (pyridine and
ethylenediamine) vibrations, or to vibrations of any water presente
The spectra of theﬁe three liquids were measured, bul only those
of water and ethylenediamine are shown (figures 9 and 10). Most
bands of the pyridine showed too much fine structure to be readily

reproduced by hands
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NEAR INFRARED SPECTRA OF PYRIDINE, ETHYLENEDIAMINE AND WATER

BAND POSITIONS AND INTENSITIES

Pyridine

Wavelength gﬁﬁJ Optical Density of 1 cm Sample
0.870 0.03
1.14 0.58
1.15 0,46
1.40 25
1.43 2.8
145 3.0
1.47 3.0
1.63 1.4
1.68 7.0
1.7 3.9
1.74 1.1
1.7% 0.9
1.76 0.74
178 0.84
1,79 0.71
1.80 0.76
1.82 0.64
1.90 1.28
1.94 4.3
2015 12,0
2,18 10.0
2620 De2
2623 6.9
2627 4.2
2029 4.0
235 6.0
2436 6.4
2+38 66
2045 220
2651 848
2:54 6.3
267 11.4

27 20



Ethylenediamine

Watex

Wavelength ;ﬂﬁ)
104

1.19
1.21

1.48 (shoulder)
1.53
1.59

1715
1.78

2601
2e11
2620
2229
233
2.37 {shoulder)
2¢41 (shoulder)
2.47 {shouldexr)

2.55 (shoulder)
227

Wavelength ()

0.97

Optical Density of 1 cm Sample
0.95

0.8
1.0

2.8
11.8
23

35
248

19.4
14.8
10.6
17.7
19,0
17.8
15
10,7

10,2
320

Optical Density of 1 om Sample
0e5
0.8
13
»20
220

.92
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The positions of these bands of water agree with the results
of Collins (85), but the intensities are not the same. This is
probably related to poor performance of the Spectracord, as noted
on page 134.

The extremely weak bands (E 1 em<” 0,03 and 0.04) at 0,76
and 0.8% microns found by Collins were not observed, as a one
millimeter cell was used, and the peak heights would have been less
than the instrument nolse.

Assignment of the bands to specific vibrations is gémexally
impossible as they are overtone and combination bands, and not
all the bands in lower energy regilons than the present study have
been unambiguously assigned even in the free bases. Partial
assignments of thevbands in pyridine have been made by Kline and
Turkevich (86), by Corrsin, Fax, and Loxd (87), and by Wilmshurst
and Bernstein (88),

The infrared spectra of co=ordinated pyridine have been
studied by Gill, Nuttall, Scaife, and Sharp (89) in the range
400 to 1700 cn™.

No detailed infrared study of ethylenediamine appears to
have been made. The peak at 1.53 microns is clearly an NeH
stretching overtonee‘ Its intensity of an optical density 1.2 in
a one millimetre cell corresponds to a molar extinction cecefficient
of 0,76 or an equivalent extinction coefficient (i.e. extinction

coefficient per N=H group) of 0.19. Liddell and Wulf (90) found
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equivalent extinction coefficients of between 0.3 and 0.6 for
aliphatic monoamines, and 0,18 for ammonia. The result observed
here is thus of the same order as for other amines, though rather
low.

The near infrared reflectance spectyum of ¢ls
[ Co @ngpyci]Clzg together with that of the yellow product from
prolonged reflux, is discussed below. On the basis of the
reflectance spectrum and the infrared absorption spectrum (see
page 99) the yellow material is considersd to be bis(pyridine)
bis(ethylenediamine) cobalt (III) chloxide. The near infrared
reflectance spectra of two pyridine complexes, [Mo py3013] and

[ Cr pygclag, have been discussed by Wedd (91).
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NEAR INFRARED SPECTRA OF COMPLEXES AND THEIR CONSTITUENT GROUPS:
BAND PCSITIONS (/i) AND ASSICNMENTS
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NEAR INFRARED SPECTRA OF COMPLEXES AND THEIR CONSTITUENT GROUPS (Cont.)
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Infrared Spectra of Cobalt Complexes

SO e i

Experimental
The infrared spectra of trans [Co pydglzjﬁlaéﬁ?c s
gis [Co enyCl,]C1.H,0 4 trzans [Co en,Ci, 0L, gis [co enzpyfl?l]@'lg , o
and [Co enszZ]CLS were taken in the range two to twentyfive microns,
using a Grubb=Parsons spectrophotometer. Nujol mulls were used, and

hexachlorobutadiene mulls were used in the r@gions where Nujol (a

heavy paraffin oil) absorbs.

Results and Discussion

The spectra of ¢is and trans [Co @nzﬁlg}ﬁl agree with those
found by Morris and Busch (93) who discussed the infrared spectra
of cobalt (I1I) species of the type [Co enzxzjhg where X, was en,
(NOZ)Z s O 612 « The infrared spectra of pyridine in different
environments (but not in any cobalt (III) complexes) have been
studied by Gill, Nuttall, Scaif@y and Sharp (89), who concluded
that, with the exception of the pyridine in the pyridinium ion,
the spectrum of pyridine is changed only slightly by QQFQrdimation:
one new band at about 1235 to 1255 cmml appears, and other bands
shift slightly.

An attempt was made by the writer to assign the observed
bands in the infrared absorption ép@ctra of trans [Co py4612]Cl.6H20
cig [Co enzpyCl]Cl2 and [ Co enzprJngs This was partially
successful, but it was complicated by the fact that the absoxption

bands of the pyridine and ethylenediamine parts of the molecules
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overlapped. The spectzum of [Co enzpygjﬂlg was poorly resclved,
as the material did not mull properly. This was particularly
troublesome with the hexachlorobutadiene mull, and it is probable
that many smaller peaks in the 6.5 to 9.5 micxons (1535 to 1050 amwl)
and 2.5 to 4 microns (4000 to 2500 cm“l) reglons exist but were
not observed. All peaks observed for this material were very
weake

The bands which could be assigned to specific vibrations
are shown below. The observed spectra of g¢is and trans

Lt

[Co en Cl, ICL are similar to those of Morrls and Busch (92).
2+t
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INFRARED SPECTRA OF
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GH2 wag

9a
co=ordinated py
ba -+ 10b

NH2 deformation
(symmetric)

CH2 bend
19b
19a
8b

NH, deformation
(antisymmetric)

Ba

1 + 6b or 6a +12
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INFRARED SPECTRA OF COMPLEXES (Cont.)

371 w§

2950 2851
2085 2920
2950
3012 3090
3226 3190
3279 3260
3478 w 3416 s

. 2850

3070
3175

3355

3495

3078
- 3200

3375

en CH, stretch
en ; NH2 sﬁxetcht
water Eﬁ% stretch

1. Ethylenediamine is represented by en, and pyridine by py.

2. . Numbers refer to the vibrations of pyridine and follow

the scheme of Kline and Turkevich (86). Thelr scheme,
which is also followed by Gill, Nuttall, Scaife, and

Gharp (89), writes, for example, Y, as 4 for simplicity.

In addition some bands were observed which cannot be

assigned.
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PY,C1,]CL.6H,0

Trans [Co

102
INFRARED  SPECTRA

UNASSIGNED BANDS IN COMPLEXES
BAND POSITIONS (em™t) AND COMMENTS
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575 = 580 579 578 | Related to band at 506
| em™} in free ethylene-
; diamine?

1216 1218 CH, wag in en, or 9a in
PY-

1232 1233 CH, wag in en, or

| - co=ordinated pyridine
1576 1576 é NH, deformation (asym)
. in en, or vibration
8b in py.
1613 - NH, deformation (asym)
~ in en, or vibration
~ Ba in py.
2275 | 2275  Combination or overtone?
2355 2355 Combination or overtone?




4. Kinetics and Mechanism of Replacement of Chloride

in [Co en,Cl,] * by Pyridine

Experimental

For each run several samples were bottled and then suspended
in a darkensd oilbath, maintained at various temperatures (io.oaoc),
Samples were withdrawn one at a time at intervals of usually about
thirty minutes. After its removal from the bath, each sample was
imnediately transferred to the cell of a visible region spectro=
photometer. The optical density at a number of wavelengths was
determined, and from these results the concentrations of the reactant
and the products were determined (see page-l128).

The spectrophotometers used were a Perkin-Elmer Spectracord
recording double beam spectrophotometer, a Unicam 5 P 500 non-
recording single beam spectrophotometer, and a Bausch and Lomb
Spectronic 20 Colorimeter ( a simple single beam non-recording
spectrophotometer).

It was found by Friend and Mellor (74) that the reaction
of solid trans [Co enzclékﬂwith pure pyridine involved the priox

formation of the gls compound.
trans ICOen2612301 + py —> g,iﬁ[@oenZClszl + py ==> [foen,pyCl]Cl,
(solid) (solid) (s0lid)

103
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For the first run, gis [Co en,C1,]C1.H,0 was used in a
5 % 10"4 molar solution. This was a preliminaxry run to see what
reactions occurred. The solvent, which was not anhydrous, was a
mixture of equal volumes of pyridine and methanol, which was
therefore about 6.2 molar in methanol. The complex did not
dissolve rapidly, and hence zero-time was not established accurately.
The appearance of the solutions, which turned yellow brown, showed

that the reastion scheme

gts [Coen,C1, 1" + 2 py — [Coen,pyc1 #* + C17 + py —fCoenypy,1%" + 2 17

(purple) (red) | (yellow)

could not be correct, and this was borne out by the measurements of
optical densities at the binary isosbestic points 416, 436, and 613
millimicrons. Results calculated on the assumption that the only
coloured species weie ¢is [Co en2012]+, ¢is [Co enzpy01]2+, and

]3+ were ridiculous, with the apparent concentration of

[Co en,py,
one of the species becoming minus twenty times that of the original
concentration of starting material. The product at three days had
an absorption spectrum characteristic of an indefinite mixture
(figure 11).

In order that zero-time should be established more accurately
and to avold attack of the complexes by water, it was decided to
dissolve the cobalt complex in anhydrous methanol first, bring it

to temp@rature; and then add anhydrous pyridine. The cis~— trans

isomerisation was found to proceed quite rapidly (half life about
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ten minutes at 55°C)in dry methanol. It was at least as fast as
the replacement of chloride by pyridine, and so the stable tzans
isomer was used for all further work. A solution of trang
Co en2612T31 was prepared in methanol, pyridine added, and the
mixture bolled under reflux for twelve hours. The visible region
spectra of the liquid and of a solution of the solid which had
formed were measured (figures 12 and 13). The former was almost
a lineaxr combination of the spectra of tyaps [Co en2612]+'andk
cis [Co enzpyaljg+, but the latter showed some other species to

be present in small amount. This suggested that the reaction
g 4 + > 2 24' bl
trans [Co en,Cl,]" + py = gis [Co engpy01] + Cl

could be the maln reaction, with some other reaction of lessey
importance.

Several runs were made with solutions of txaps [Co en2612361
(2 x 10™° molar) and pyridine (uswally 0.3 molar, but in one case
0.8 molar). The spectra of samples were taken on the Spectracord.
In order to use a large number of points on each spectrums and so
damp out errors in reading only two or three points from each, a
method of calculating concen%rétianﬁ of m components from n
readings (n) m) was developed by the writer (see page 128),

Graphs of the logarithm of the concentration of [Co enaalzzﬁ
against time were lineaxr for the first few percent of the reaction,

but the slope of these lines varied depending upon the wavelengths

at which measurements weye taken to caleculate the concenitration.
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This showed that even in the first few percent of the reaction,
during which time 1t was thought that very little of other products

such as [Co enzpyzjﬁls would be present, the observed spectrum

was not a linear combination of the spectra of trang [Co en2012]01
and ¢is [Co emzpy613012.

The writer had previocusly found that Beer's Law was obeyed
both for the reactant, trans [Co en2012]81, and the product, gis
[Co @nzpycl]Clz (using the Unicam S ? 500 single beam spectro=
photometer). Beer's Law obedience had alse been found by Yasui
and Shimura (83) for ¢is [Co enzpy01]€12 and by Nunn (76) for
[Co enzprJClaa Thus the observed spectra were anomalous, and
checks: were made of the Spectracord. These showed systematic,
but rathe; unreproducible deviations from the correct results
(see pagel35). It was found impossible to obtain sufficiently
accurate or precise results from this instrument, and later runs
were followed by the use of the Unicam single beam spectrephotometex.

Even using this instrument, svstematic deviations from
linear combinaticns of the spectra of trans [Co en2012]+ and
cis [Co enzpydlj2+,were observed. For example, the results for
- run VIII showed that the mixtures abscrbed more at 436 millimicrons
and less at 525 and 610 millimicrons tham mixtures of Ltrans

[co 9n201?j+ and gis [Co enzpy61]2+o From the calculated concen-

trations log ~ was calculated, where ¢ is the concentration

G
¢ +p
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of trans [Co empﬁlgj and p is the concentration of gis [Co en?pyCI:F .
The second, third, fourth, fifth, and sixth points could be fitted
to a straight line, of slope corresponding to a first order rate

4 min™t, However, the first and seventh

constant of 5.2 x 10°
points are not on this line, and it did not pass through the
origin (see figure 14).

Other runs gave even more ridiculous results. TFor example,
the calculated values for run IX, at 470800, are shown on figure
1%. Values for run VIII are tabulated (see page 136).

As mentioned previcusly (see page 55) basic substituents
may react with the solvent to form more strongly nucleophilic
species. For example, Brown and Ingold (6) found that the substi=
tution of nitrite and azide in gig [Co enQCIQ]Cl in methanol followed
second order kinetics, and from this suggested an $NQ mechanism.
However, it was %hawn by Pearson, Henry, and Basolo (%4) that the
second order kinetics was due to formatlon of methoxide ion, its

attack on the complex, and its fast replacement by azide oxr nitrite.

- - S - 3

i.e. NO,” + CH,OH s HNO,, + CH,0 (fast)
o o+ . o - o

CH O™ + [Q@@nQClQJ = [anmz(QHSO)Glj + C1 {slow,

Sy2 or $,1 CB)
" vy 7 o \ ot -
[Coen, (CHg0)CL]™ + NO,™ = [Coen,(NO,)C1]™ + CH O (fast)
In order to determine whether the substitution of pyridine

into fyans [Cmen2019]+ was methoxide catalysed, run XI employed
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the same conditions as run VIIT, except that acid was added.

The conditions for these runs weres

Temperatures 36.6°C
Concentration of complexs 3 x 10~ molar

Free pyridine concentration: 0.33 molar

Run XI was C.44 molar (total) in pyridine, but was also 0.1}
molar in paxs toluenesulphonic acids This acid was found by
Watts (94) not to noticeably substitute into [Co eng012]+ ér
similar specles.

It was found that only an extremely slow reaction took
place in run XI, this being characterised by an inducticn period
of about two hours (see figure 14). The reaction thus appeared
to take place via methoxide catalysis.

The spectrum of the solution of run VIII was taken again
after several weeks. It showed a mixture of trans [Co enzalzjcl,
cis [Co enzpyCIJGlzg and some other material. (see figure 16)

To three sampleg of the solution were added some tetraethylammonium
ch}aride, lithium chloride, and hydrochloric acid (one of these

in each). The solutions turned cloudy, and so it was impossible

to tell if cobalt (I1) species were present. If there had been
cobalt (II) species it was expected that they would have combined
with the added chloride to form deep blue tetrahedral species

such as [ Co prClzj!cr [90014;?“. Lacking centres of symmetlyy,
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these specles show intense bands gfmax of the order of 500) at
between 600 and 680 millimicrons, as shown by Katzin and Gebert (94).

To further test the effect of basic ions on the substitution
reaction, a concentrated solution of trans [Co enQClZJCl was made
in water plus pyridine at room temperature. A few millilitres of
sodium hydroxide solution were then added. The solution turned
brown and became cloudys. About five minutes after adding the
sodium hydroxide the mixture was filtered and a small amount of
yellow=brown residue was retained. The brown solution had turned
red by the time another five minutes had elapsed, but still had a
brownish tinges

To a sample of this solution was added some lithium chloride.
The solution turned purple, indicating the probable presence of
cobalt (I1) compounds. Methanol and ether were added to another
sample, and a plnk precipitate formede. This appeared to be gis
[Co engpy017012, and the infrared spectrum confirmed that it was.
After the ¢ig [Co en

2
of a green precipitate was formed. The infrared spectxum showed

py@l]@la had precipitated, a small quantity

this to be trans ICo en?ClQ]Clo

The filtrate was a clear blue. Its visible absorption
spectium was run, and it showed only one absorption band, from
570 to 670 millimicrons (half peak heights), and peaks at 575,
607, 637, and 665 millimicrons. (see figure 17). This definitely

shows the presence of a tetrahedral cobalt (I1) species in solution.
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It was clear that the reaction
" + ; a2 -
traps [Co en,Cl, ] + py =* gis [Co en,pyCl]*" + Cl

and alse the reduction of cobalt (II1) to cobalt (II) were
accelerated by hydroxide ions in water. A solution of irans
[Co en,Cl,]Cl was made in methanol (not anhydrous) and a few
millilitres of pyridine, followed by alcoholic sodium hydroxide,
were added. Within a few minutes the solution (at room
temperature) changed colour from green to red. The addition of
ether and petroleum spirit to a sample of the solution caused
the precipitation of a small amount of a pink powder, most
probably c¢is [Co enpr61]Clgo

The spectrum of the solution was run in the visible region
after the additlon of concentrated hydrochloric acide This
reagent would convert cobalt (II) to the deep blue [60014]2"a‘
The spectyum showed an abserptimh band centred at 620 millimicrons

after allowance for the absorption due to g¢is [Co enzpy01]2+ and

a small amount of txaps [Co @n20123+ o

4 gL

Brown and Ingold (6) found that in damp methanol the rate

of racemisation of optically active [Co emZG12J+ s the rate of
¢is — trans isomerisation, the rate of chloride exchange, and
the rate of substitution by nitrate, bromide, and thlocyanate
were all equal, of rate constant l.4 x 1074 sec™ at 35.8°C.

This corresponds to a half-life of l.4 hours.
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The rate found by the writer for the gis = trans isomere
isation in anhydrous methanol is similar to what would be expected
for the reaction in wet methanol at the same temperature. This
result shows that the gis =% trang isemerisation of [Co @n2012]+
does not, as is claimed by Sward (62) proce@d via an aquated
species. It could proceed via a penta co~ordinated species, as
suggested by Brown and Ingold (6), or via an unstable methanol
complex. The methanol complex would be expected to have a visible
region absorption spectrum like the corresponding aqua complex,
and this could explain the "aquée species" in solution reported by
Swarde

The substitution of pyridine into [Co en2012]+ has been

shown by the writer not to be a simple one stage reactions
. + 2+ -
cis or trans [Co en?GLZ] + py =2 gis [Co enypyCl]™" + C1

Other reactions take place, including the reduction of
some cobalt (III) to cobalt (II)s The substitution and the
reduction are both catalysed by methoxide ion.

Further discussion of substitution and reduction reactions

is given in Chapter 6 of Part Il of this thesis (see pagel25).



5. Redugtion of Cobalt (III) to Cobalt (II) by Pyridine

As stated above the writer has found that alkaline acqueous
or methanolic pyridine reduced cobalt (IIX) in the form of trgns
dichlorobis(ethylenediamine) cobalt (IXI) to cobalt (I1).
Previously it had been found by Friend and Mellor (74) that pure
pyridine reduced a number of cab§lt (I1I) chloro complexes to
cobalt (II) with the evolution of chlorine gase They suggested

that an unstable complex, perhaps [Co py5®1]2+'0r [Co py@]3+

?
formed and then oxidised chloride lon to chlorine.

Tobe and Watts (63), when studying the isomerisation of
[Co @ﬁQGlz]+ in dimethyl formamide and dimethvlacetamlide, found
that cobalt (I1) species were slowly formed, but did not investi=-
gate the mechanism of the reduction.

The reduction of coebalt (III) in complexes of the type
[GQ(AB)3]0135 where AB is ethylenediamine (1, 2 diaminoethane),
1, 2 diaminopropanes or 2, 3 diaminobutane, has been studied by
Klein and Moeller (95), and Taylor and Moeller (96)s The products
observed were aldehydes, amines and diamines, but not chlorine.
The solutions were orange to red and showed general absorptlon

in the visible region. They suggested the reaction was a photo=

chemical oxidation-reduction reaction with cobalt (II1) and the

119
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diamine, accompanied by reaction with the solvent.

It was declded to investigate whether the reduction of
cobalt (I11) to cobalt (I1) compounds by pyridine was also photoe
Gh@micéla Dichlorobis(ethylenediamine) cobalt chloride was
unsultablg as a mixture of products forms, and so Lrans dichloxoe
-tetmkig(pymdﬁ,ne) cobalt (I1I) chloride was used instead.

A small sample {%~gm) of this compound [Co py4012361 was
heated in pyridine under reflux in the dark, and concurrently a
similar sample was heated under similar conditions but in laboratory
lighte.

The compound dissolved to give green solutions. After 24
hours reflux, both sclutions were clear blue, and the reaction
appeared not to be photochemical.

This blue solution turned green, then orange=brown on
coolings  Reheating to 40°C reversed the colour changes. Evapor
ation of the cold or the hmt‘soluti@n gave pinl crystals which
turned green and then blue as they dried. These blue crystals
turned pink whenmoistened with water, bult again became blue when
the solvent evaporated.

Both the dry (blue) and demp {pink) crystals were scluble
in benzene, toluene, ethanol, chloxroform, butanol, pyridine, and
water. The solutlons in benzene, toluene, and ethanol were
coloured blue from 0°C to the boiling point of the solutiong the

. . 0
solution in butanol was vellow=green at 0°C, blue~green at room
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temperature, and blue at about 30°C and over; the solution in
pyridine was orange~brown at room temperature and below, but turned
green and then blue on warming to 40065 the solution in watex was
orange~brown at all temperatures from 0°C +o 100%.

The spectrum of the orange=brown solution in pyridine at
room temperature was xun in the visible region. It showed traces
of the maxima at 595, 630, and 665 millimicrons overlain by general
absorption, which increased with decrease in wavelengths

The spectra of a solution in pyridine (which was green when
the first run was made) were recorded repetitively as the sample
cooled., They clearly showed the disappearance of the (probably
tetrahedral) blue species as the temperature fell (see figure 18).

The equilibria between the blue and red forms of cobalt (II)
in different solvents as a function of temperature has been studied
to a small extent by MacWaltex and Barratt (97) and Ablov and
Nazarova (98). They find the concentration of the blue form
increases with increase in temperature, in agreement with the
present observations.

The spectrum of the blue solution in chloroform was deterw
mined in the ultraviolet and visible regions. In the visible
region it shows an absorption band with half peal helght wavelengths
of 585 to 685 millimicrons with peak positions at about 595, 630,
and 665 millimicrons. In the ultraviolet region it shows a band

with peak positions at 251, 256, and 263 millimicrons. This visible
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region spectrum (figure 19) is similar to the spectrum of the
reduction product of [Co en2612]01, but with a slight shift to
longer wavelengthse Probably the species formed are similax,
and the variation is due to solvation.

Work by Katzin and Gebert (93), Furlani and Gexoni (99),
Porai=Koshits and Antsishkina (100), Antsishkina (101), and Gill
and Nyhols et al (102) indicates that blue cobalt (II) species
are those in which the cobalt has a tetrahedral arrangement of
ligands, while violet or red species are those in which the

cobalt is octahedrally co~ordinated.
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It has been found by the writexr that the ¢ig —% trans
isomerisation of [Co en2012]+ in methanol does not proceed via
an acuo intefmediatea

The substitution of pyridine into irans dichlorobis
(ethylenediamine) has been found to proceed, in the main at least,

by methoxide ion catalysis. The reaction may be

[Co en201?3+ + OCH,” = [Co enz(ocng)cx]+ + C1” (slow)

3

[Co 902(00H3)013+ +py == [Co enzpyCl]2+ + OCH,” (fast)

3

It could be studied further by buffering the mixture to
different methoxide concentrations and observing the rate as a
function of methoxide concentration. For a simple scheme like
that shown above, the rate would be expected to vary directly with
the methoxide concentration.

The catalysis by hydroxide or methoxide of the reduction
of cobalt (III) to cobalt (II) by pyridire was also observed,
while the reduction was found not to be photochemicale In view
of the differences between the reduction of cobalt (III) to
cobalt (II) by different organic compounds, as found by Tobe and

Watts (63), Friend and Mellor (74), Klein and Moeller (95), Taylox
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and Noeller (96), and the writer, it would be of interest to try
the reduction using different agents and analysing the products
in details

Another possible mechanism for substitultion is the alkali
catalysed formation of a ecobalt (11) species, reaction of this to
give [ Co @napyleﬁ', (this step would be fast as Co(Il) complexes
react much more rapidly than the analogous Co(I111) compl@X@@)g
followed by electron exchange between [Co @ngpy,ﬂl]+ and
[Co en,Cl, . Ellis, Wilkins and Williams (103) found the
exchange of [Gg(phen)3]3+ and [G@(dipy)3]3+ (where phen is grtho
phenanthroline and dipy is grtho dipyridyl) with isotopically
labelled phen or dipy took place by catalysis with cobalt (II)
as an impurity, acting through rapid Co(I1)/Co(III) electron
transfer.

This mechanism could be checked by introducing a cobalt
(11) species (esge G@Glz) into a buffered solution of itrans
[Co @n2612}+ and pyridine in methanol and observing if reaction

takes place.
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1. GCalculations of Concentrations

The calculation of the concentration of materials from

the least possible number of observabtions suffers from the
disadvantage that a single small error (e.g. random fluctuation
in measurement) can exert a large effect on the result, and so
scatter results which could otherwise be concordant. If, however,
more than the minimum possible number of observations are made
and the concentrations worked cut from all the possible combinations
of the observations, then a number of slightly varving answers
will probably be found. A satisfactory method of averaging the
results and expressing them as a single result, together with the
discrepancies between the observed and calculated results, is
needed. A "least squares" fitting method was devised by the
writer, and has been converted to a computer programme by Baxter (104).
Since its writing, a similar caleulation has been made and a computer
programne published by Blackburn (105).

If Beex's Law applies to the solutlons, the absorption
spectrun of a mixture of components is a linear combination of the

absorption spectra of the components. That is

y ) =af () + bg () tch () 4 eiens
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Thus a stationary value of G is given by solving the
m x m matrix shown below ( m is the number of components assumed

present, m{nje

a2 A AN
.41}4 fj /0 ;fj gj >‘;ijhj o690 j' /}_)M!, ij ‘\
! i
| i \
Tig. 0.2 g, eees | D Sy |
RN A 2373 i R A i
Ve, Dah  Th? | | Ty, |
<50 A9 Ly Tt LAY |
/
/
@ L] & & L] & @ ® L4 & & ® L. & & ® Z‘ -9 A ;

As this is a set of linear equations, it has, providing
the equations are linearly Independent, one and only one solution.
Also

)2g T2 "
S a2y £, %> 0, and similarly

are all intrinsically positive.

Thus the solution to the matrix is unique, and corresponds
to the minimum. For the case m = 2, calculations can bhe carried
out by hand, but for m } 2, this is excessively tedious. The
programme of Baxter (10%) can be used for m = 3 or 4, while that of
Blackburn (106) can be used for even more complex systems. The

former programme also calculates the variance, to show if

-
n=l ?
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the fit of calculated results to observed results is reasonable,
and, if desired, prints out the oxrder palrs (yj $ @ fj + b gj + @ hﬁ + o)
i.@s the observed and calculated optical densities.

As thils uses discrete values, fj’ gj, etc. there is no need
for them to come from continuous curves or, indeed, to be anything
but independent Qbﬁervaﬁions@ All that is required is that the
property is additive (for example, melting point is not a suitable
property)s Any property p should be divided by a fixed number, Np,

N

such that for all p, the absolute error in EB iz approximately

constants. This appropriately weights each set of observations.

3

s ) 1 N2 .
Putting £ = 1 = &, g = A = Xy h= A% 1= 2% etc. gives

%,
e
R e
a vertical least squaves fit of a polynomial, yoa + bA+ch™ + ..,
An interesting case is for refining values for A, B, and C,

the cell constants for an orthorhombic cell, where., h, kgﬂ s AT

the indices of the lines, andé is the systematic errors

2, ;2 2

- )
AbT +BK +Cl® +Dd% sin © @
On the basis of the first few lines, h, k,/ indices ave

derived. We wish to find A, B, Cs and D, such that

2 i
2 C,fj“ %-Déﬁ)]g is minimiseds

2 L2
G= ., [sin “@, = {A h,” + B,
= 2, [sin 795 ~ {4 b i

This is exactly analogous to the general case, except that

hj’ kj s and ’{53 are always integrale



2e¢ Spectrophotometexr Checking

Wavelength Check

As most measurements of optical density were made on sloping
parts of the spectral curves, uncertainty in the wavelengths could
cause considerable error in the caleculations. The spectra were
thus run twice of two rarve earth glassess. The resulis were in
reasonable agreement with each other, and also with similar spectra
run on the same machine a year previously, The observed valuas,
together with the accepted reference values of Dodd and West (106)
are tabulated below.

SPECTRA OF BRARE BARTH GLASSES:
POSITION OF ABSORPTION MAXIMA (9m)

Dodd and West  17/7/64  29/7/65 g@/%/é$” t
40244 | a2 403 40245
43049 | 430 ; 431.5 431
44546 M35 M55 4.5
4534 452.5 435 453
459.7 4585 460 460

5728 | 571 é 572 572
585, 1 | 583 E 586 583
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Extinction Check

Sope

As stated above, Beer's Law was found to hold for the
complexes being considered. Solutions of Lyans [ Co en3612]01
of different concentrations were run on the Spectracord. It was
found that Beer's Law was not obeyed; the discrepancy was
greatest for optical densities greater than l.1 . For further
chacking, the spectra of standard substances were run. Those
solutions used as 5£andard$ were copper sulphate in a 14 solution
of sulphuric acid in water, cobalt ammonium sulphate in a similaxr
solution, and potassium chromate in 0.5 normal aqueous potassium
hvdroxide solutions  These three substances are recommended in
a volume edited by Mellon (107)e Florkin and Stotz (108) also
recommend alkaline potassium chromate and agueous potassium nitrate
aabﬁtanaard$a As the latter absorbs in the ultraviolet but not
in the visible region of the spectrum, and only visible region
spectra were dealt with, it was not used as a further check. The
results show clearly that the measured absorbance does not vary
directly with the concentration, even with these substances which
ar@.knawn to obey Beer's Laws  Typical values are shown in figure
20

Adjustments were made to the Spectracord controls, but the
trouble persis%ed; and it was apparent that the Spectracord was

not suitable for the precise measurements necessary.






3o Lypical Results for Bun

Run VIII

; , ‘ o
Temperature: 366°C
Molavity of pyrldines 0e33
. - " E ]
Molarity of trans [Co engmlzj : 3% 1070
Elapsed Extinction  Caleoulated
Time in Coefficients Cmnmentratio&sg
Minutes (molarity x 107)
,..!...
o
“lwr-ww, ey
=t
—_ %,
S o,
o N
o oy
8 8
\ ¢
3 3 = N =
ﬁ%\, : i {E x ! :"’gp
< w0 el 3 ©

13%
173
220

0,308 0,120 0,447 2,942 0,011

0,312 0,145 0.447 2,913 0,089
0,303 0,155 0.433 2,799 0,132
04315 04178 0,435 | 2,806 0,204
0,305 0,188 0,427 | 2,721 0,24l
0.311 0,202 0,420 | 2,678 0,292
0,312 0,212 0,423 2,681 0,321

«

g

¢ = molarity of transg [Co @n?612]+

B AR SR

i

p = molarity of ¢is [Co en,pyCl
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[ 10@10

¢+ p

]2“3'

0.0017
0.0131
0.0201
0.0304
0.0368
0.0450
0,0492
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