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SUMMARY

This thesis is concerned with the effects of. anions
on the reactivity of d6 transition metal complexes.
These complexes include trans—Iren2C1+; trans—Rhen2C12+,
cis—Coen2C12+, tris-(1,10-phenanthroline)iron(II), tris-
(ferrozine)iron(II) and a new low spin iron(II) complex,
in which the ligand is the hexadentate Schiff base derived

from bhenyl 2-pyridyl ketone and triethylenetetramine.

Rates of substitution at trans—Iren2C12+ and at
trans—Rhen2C12+ show a marked dependence on the
concentration, and a small dependence on the nature, of
the incoming ligand. These results have been interpreted
in terms of ion pair formation. Rates of aquation of
cis—Coen2C12+, in 60%, 40%, and 20% dioxan-water, as in
aqueous solution, show very little dependence on the
nature and concentration of added anions. However rates
of aquation of Fe(phen)32+, and its 5-nitro and 4,7-
dimethyl derivatives, in 60%, 40%, and 20% dioxan-water
are markedly sensitive both to the nature and concentration

of added (non-substituting) anions, indicating an

important role for ion pairs in these systems.

Low spin iron(II) complexes react directly with
hydroxide, cyanide, and peroxodisulphate; kinetic
parametefs for these substitution and redox reactions
are reported and discussed for the complexes of ferrozine

and of the hexadentate Schiff base mentioned above.



The dependence of reactivity on solvent composition
has been investigated for bromide substitution at

trans—Iren2C12+ (ethanol- and dioxan-water) and trans-

Rhen2C12+ (dioxan-water), for aquation of cis—Coen2C12+

2+
;-phen) Z*,

and Fe(4,7—diMe—phen)32+ (dioxan-water), and for the

. . 2
(dioxan-water), for aquation of Fe(phen)3 +} Fe(5-NO

reaction of the iron(II) complexes of ferrozine and of

the hexadentate Schiff base with cyanide (ethanol-water).
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CHAPTER 1

INTRODUCTION

1.1 Substitution Mechanisms

The term substitution in organic and inorganic reactions

means the replacement of one group by another as shown below
MX + Y ~ MX .Y + X (1.1)

In the inorganic field most of the early work was
devoted to non-labile transition metal complexes whose
kinetics are easy to follow by conventional techniques1
In recent years the development of a variety of stopped flow
and relaxation techniques has permitted the intensive study

of a large number of substitutions at labile centresz.

Substitution mechanisms may be classified into homolysis

i.e. free radical reactions
M : X —> M’ + "X (1.2)

and heterolysis

M : X —» M + X (1.3)

The former is principally important in the gas phase
and inert solvents; the latter is more usual in polar
3

solvents -~ though radical reactions are not unknown in these”.

Heterolytic substitution includes two main categories -



electrophilic substitution, S and nucleophilic substitution

E’

SN. Electrophilic substitution is comparatively rare in

reactions of transition metal complexes; one normally expects

Sy attack at the positive metal centre. However electro-

philic attack is important in metal-ion-catalysed aquation of

d6 metal complexes, such as Co(NH3)5C12+, in the presence

of Hg2+. Nucleophilic substitution, S can be subdivided

N’
further (as originally in organic chemistry) into Sy 1
(substitution, nucleophilic, unimolecular) and SNZ

(substitution, nucleophilic, bimolecular). The following

reactions represent the two possibilities of SN

My —SLow iyt 4 o xT ]+ v —E3st puy (1.4)
MX —Y [ yMX ] fast o My + x (1.5)

In S,.1 the rate determining step is the dissociation of

N
the metal ligand bond M - X i.e. rate determining formation
§f a transition state of reduced coordination number followed
by rapid reaction with the incoming nucleophile. On the
other hand SNZ proceeds via the formation of a transition
state of increased coordination number followed by loss of
the leaving group X - equation 1.5. The above reactions
correspond only to the limiting SNl and SNZ mechanisms but
often borderline mechanisms between SNl and SNZ are
encountered. The conceptual distinction between associative
and dissociative mechanisms can be made by the timing of bond
making and bond breaking. If they are synchronous it is then

associative, but if bond breaking precedes bond making it is

then dissociative.
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As far as the mechanism of substitution of inorganic
complexes is concerned the solvation of the ions in solution
is also very important. All ions in solution are surrounded
by solvent molecules or in other words by an outer-sphere
solvation‘shell. The presence of any cations or anions in
this soivafion shell represents the formation of ion pairs.
The latter may change the kinetics of substitution; often
an ion pair has a higher reactivity than the free complex.

‘This can be illustrated from the following schematic diagrams:

X
S OH\
S, 1 2
N < X

!

+Y | \ +Y

syl IP O‘___‘-_"‘ Y

substrate transition state product

)

l

DIAGRAM 1.1

The solvation shell is represented by a circle. 1In the

case of the free ion the first step in substitution involves
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dissociation of the ligand X Lo form a {ive-coordinate
intermediate folltowed by one of Lhe {following three
possibilities, a) reverse recaction and re-formation of the
original ion, b) attack by one of the solvent molecules in
the solvation shell, c¢) the intermediate will last long
enough for a ligand Y to enter the solvation shell and take
up the position in the coordination shell to give substitution.
On the other hand if there is a ligand Y in the solvation
shell the situation will be different. At least, from the
statistical point of view, it will retard the reverse
reaction of the dissociation and enhance the substitution of
X by Y, so the apparent reactivities of the free‘ion and the
ion pair will be different even though the mechanism is uni-
molecular. Relative reactions of free ions and ion pairs arec

discussed in more detail in section 1.5.2 below.

Similarly the bimolecular or associative mechanism can

be illustrated by the following schematic diagrams

S, 2IP

<

substrate transition state product

DIAGRAM 1.2
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In the aBsence of any active potential nucleophile in
the inner solvation shell the only choice for the free ion
is the formation of a seven-coordinate aquo intermediate
which is followed by the rapid dissociation of the leaving
group X. On the other hand in the presence of a potential
ligand Y there would be two possibilities, either the
formation of an aquo intermediate or, by direct attack of
the nucledphile Y moving from the outer solvation shell to
the inﬁer coordination sphere, formation of the product. It
is therefore to be expected that for a bimolecular recaction
the rate should be éensitive to the nature and concentration
of the incoming nucleophile. This mechanism will be called

S..2 IP to differentiate it from ordinary SNZ.

N

An alternative classification of the substitution
mechanisms which in its emphasis on the role of solvation
shell is particularly suitable for inorganic complexes in
aqueous solution was suggested by Langford and Gray4. This
provides a more informative definition of the limiting
SNI, SN2 and borderline mechaniéms. The terms SNl and SNZ
are replaced by dissociative path (D) and associative path
(A) respectively. Now the five-and seven-coordinate species
are real'intermediates, albeit very transient. 1In addition
the borderline mechanisms are called concerted or
interchange mechanisms (I) where the leaving ligand is
moving from the inner to the outer coordination sphere as

the entering ligand is moving from the outer to the inner

sphere with no formation of an intermediate

MX eenn.. Y — M Yo..... X (1.6)



~O=-

The difference between the limiting D and A, and the

interchange, I, mechanisms can be illustrated diagrammatically:

AG

—>

reaction coordinate

DIAGRAM 1.3

In this diagram (1.3) path (a) corresponds to an I

mechanism, path (b) to D or A;

The intimaté_interchange mechanism can be dissociative
or associative or anything in between depending or whether
or not the activation energy is affected by the requirement
of the dissociation or the assistance of the entering group.
The former case is called dissociative interchange (Id)

whereas the latter is associative interchange (Ia).
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For complexes of the amminehalocobalt(III) type,
nucleophilic substitution always goes via anaquo intermediate.
The only possible exception is reaction with the conjugate
base of the solvent, e.g. hydréxide ion in water, or acetate
ion in acetic acid. Study of the base hydrolysis of the
penta-amminechlorocobalt(III) complex shows that the rate

dependence upon the concentration of the hydroxide ion is

d [complex]

- = Kgpo [ complex][ OH ] (1.7)
dt
which is consistent with an SNZ mechanism. This mechanism
has been discussed by Tobe and Pearsons. Pearson argued

that it involves a conjugate base, in other words is an
Syl CB mechanism (D CB according to Langford and Gray
nomenclature) where a water molecule acts as the entering

group subsequent to the rate-determining step

K
2+ -
Co(NH,) ;C1 + OH === Co(NH

(NH2)C1+ + H.0 (1.8)
fast

304 2

k

Co(NH,)  (NH,)C1T + H,0 ———-)CO(NHB)SOH2+ + c1” (1.9)

3)4

Equilibrium (1.8) is a simple proton transfer from NH3 to
OH . This is followed by the slow dissociation (1.9) of

the Co-Cl bond; The observed rate constant kobs in equation
(1.7) is

kObs = kK (1.10)
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The operation of this mechanism has further been
established by the hydroxide independence of base hydrolysis
rates of complexes lacking an acidic pr'oton6 such as
Co(OAc)z(bipy)2+. The base hydrolysis of tris-(1,10-
phenanthroline)iron(II) énd related complexes7 is another
example where there is no acidic proton and the mechanism
cannot be SNI CB. Likewise there is evidence for associative

cyanide attack at some low spin iron(II) complexes.

Some criteria including stoicheiometry, stereochemistry,
rate laws, variation of rate constants and effect of solvent

can be used as diagnostic tests of the mechanism

1.2 Bonding in Coordination Complexes

Because both associative and dissociative substitution
mechanisms involve bond stretching in the transition state,
the nature of the bonding between the central metal ion and
the coordinated ligands contributes to a large extent towards
the reactivity of the metal complexes. Of particular
interest to bonding theory are the electrostatic and
covalency contributions. The former is governed by the
charge or dipole and size of the ligand; and the size and
charge of the metal ion. The latter, covalency, depends on
the extent of orbital overalp of the central metal ion and
the ligand. Another aspect of particular importance to
transition metal complexes is the crystal field effects.
For symmetrical octahedral complexes there is a difference

in energy between tzg (dxy’ d > dyz) and e (dx2_y2, dZZ)

levels



A
= ------- -~ ---100q(A)

]

spherically octahedral
free ion symmetrical field field

DIAGRAM 1.4

Electrons in the tZg levels thus have a stabilisation energy
of 4Dq each. In five- or seven-coordinated transition states

there will also be a splitting of the d levels by the ligand
field. Rates of reaction will be affected by the crystal
field stabilisation energies (CFSE) of the initial state and
of the transition state; the crystal field activation energy
(CFAE) is the difference between CFSE of the initial and

transition states.

Table 1.1 shows the variation in the activation energy,
Ea, and crystal field activation energy, CFAE, for tris-
(1,10-phenanthroline) complexes of the first transition
series. From the electrostatic point of view there should

be a uniform pattern consistent with the systematic change

2+ 2+

in size from V to Ni complex ions.
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TABLE* 1.1
System Complex Ea,kcal CFAE, Dgq
a3 V(phen)32+ 21.3 2
d5 Mn(phen)32+ 10 * 0
d6 Fe(phen)32+ 32.1 4
d7 V Co(phen)32+ 19.4 0
a Ni(phen)32+ 26.2 2

reference 1, p.150.

p . .
P. Moore, personal communication.

The situation in Table 1.1 contradicts this view. This
fluctuation in activation energy,Ea,may be explained on the
basis of the 1oss’in crystal field stabilization energy. In
any particular series the reactivity of the cation depends on
the number of electrons in d orbital. Special attention must
be drawn to the inertness of d3, d6, (and to a lesser extent
d8) electronic configurations where the loéses in crystal
field stabilization energy are large. It has been argued

that if one of the t orbitals is unoccupied (as in do, dl,

2g
dz) the substitution of the complex will then be fast via a
dissociative or an associative intermediate with a minimum
loss in crystal field activation energy. To conclude the
above discussion one should say that if the CFSE of the
activated complex is higher than that of the coordination
compound there would be a gain in CFSE and consequently low
activation energy and rapid substitution. On the other hand

if the CFSE of the activated complex is less than the

coordination compounds the opposite trend is expected.
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There is an increase in inertness as one descends any
transition metal group from 3d to 4d to 5d series. The
splitting energy (Z& ) increases by about 50% for the second
transition series and by about 100% for the third series.

As the radii of the third row transition metal cations are
equal to the radii of their second row analogues, this
latter increase in Z& must be attributed to the differing

properties of the 4d and 5d orbitals.

So although the contribution of the crystal field is
very small towards the bond strength it is moderately
successful in explaining the relative reactivity in any
particular electronic configuration for similar complexes

where other factors are approximately equal.

The high stabilization caused by neutral ligands such
as 1,10-phenanthroline in Fe(phen)32+, rather than charged
ions cannot be explained only on the basis of the
electrostatic theory. To ameliorate this situation some
other aspects of bonding such as 7/  bonding, which is not
considered in simple crystal field theory, can be taken into
account. In the case of tris-(1,10-phenanthroline)iron(1I)
there is donation of electrons from the nitrogen atoms in
phenanthroline to the empty orbitals in iron(II)
(s,p,dxz_yz,dZZ) forming (~ bonding. In addition there can
be back donation of electrons from the filled t2g orbitals
on the iron(II) towards the unoccupied -7/ * orbitals on the
phenanthroline to form 7/ - bonding as shown in the diagram

below :
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2OQ Q&
AT —

DIAGRAM 1.5

An empirical approach to correlating relative stabilities
of complexes is the hard and soft acids and bases (HSAB)
picture developed by Pearson9 from Ahrland, Chatt and

Davies'slo‘class "a"™ and class "b" classification of ligands.

TABLE* 1.2

(A1l figures are log Kl)

Acceptors Relative affinities

Class (a) F ~ > cl1- > Br— > I~
3t 3.78 2.36 2.01 1.64
Class (b) r- 4 ca- < Br— < i
Hg?t 1.03 6.74 8.94 12.87

#* reference 10, p.271.
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Hard or class (a) acids prefer to bind to small, non-
polarizablelligands-such as F and HZO i.e. to hard bases.
Soft or class (b) acids prefer to bind to large polarizable
ligands such as I and RZS i.e. soft bases (see Table 1.2).
In terms of the 7] - bonding theory hard acids are considered
as a potential 7/ bond acceptor while soft acids as a
potential d or p-electron 7/ bond donors. Such effects

which are fairly small in magnitude in comparison with ¢ -

bonding interaction increase the bond strength.

1.3 Low Spin Iron(II) Complexes

Although both Co(III) and Fe(II) have the same d6
electronic configuration one finds that almost all Co(III)
complexes (with the exception of Co(OH2)63+ and C0F63_) are
low spin and inert while the latter Fe(II) forms only a few
low spin complexes. The only ligands which can cause spin

. . 2+ . . . .
pairing in Fe are cyanide ion and heteroaromatic amines

C—C
‘ “ON

terpy and Schiff bases of the following formula

containing the structure N7 such as phen, bipy,

/\'c X

V4

Thus, for example, the magnetic moments for Fe(phen)2+,

Fe(phen)22+, and Fe(phen)32+ are 5.2, 5.2, and O respectively.
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The logarithms of the respective stability constants are
5.85, 5.25 and 10.012.k This very unusual high stabilizalion
as the number of phenanthroline increcascs from two to three
is related to the large increase in the splitting energy

( A ) which makes it energetically more favourable to pair

electrons in the t levels rather than to have unpaired

2g
electrons in the upper eg levels. While in general one needs
three bidentate heteroaromatic ligands of the phenanthroline
type to cause spin pairing, there are a few examples of low

spin complexes of formula Fe(LL)z(X)Z- Thus for LL = 1,10-

phenanthroline, X = CN—, CNO , NO. or RSO. the complexes

2 2
are low-spin, whereas for all other X the complexes are
high—spinlS. Similarly the ligand field effect of cyanide

is sufficiently great that Fe(CN)4 (en)z— is also, like

Fe(CN)64-, low—spin14p

It is difficult to make direct comparisons of kinetic
parameters between say, penta-amiinechlorocobalt(III) and
tris-(1, 10-phenanthroline)iron(II) because of the difference:-
in the electrostatic charge and also in the bond strengths

of Fe-N and Co-Cl.

1.4 Effects of Anions

These can be classified into two main categories either

direct or indirect effects.

1.4.1 Direct Effect - This is sometimes called
normal substitution. It is more common for square planar
d8 metal complexes e.g. Pt2+. It is also known although

rare for some d6 complexes. This can be illustrated by the



action of (:y.'m'i..d(_‘%l and hydl'ox.i.dv7b on l’~‘n(l.l.)-32+ wheroe LL

phen, bipy, terpy or a Schiff base of the type

R
— | e
C
/ N
WalaY
1.4.2 Indirect Effect - This effect is often

observed in the substitution reactions especially for d

metal complexes. This can be illustrated by the substitution
reactions in transition metal complexés e.g. the acid
hydrolysis of penta-amminehalocobalt(III) complexes. Even
though at high concentration of the haloacid the net chemical
reaction is the substitution by the anionic species in
solution, the reaction itself proceeds via an aquo
intermediate as shown below

3+

2+ N -
CO(NHS)SCl + H,0 &= CO(NH3)5H20 + C1 (1.11)

2

3+

- 2 +
Co(NH;) (H,0 + X =2 Co(NH;) X + H,0 (1.12)

The effect of various anions on the acid hydrolysis of

15 and other complexes of the type Menzcl2 +,

the above complex
. . 1

where M = RhIII, IrIII, has been discussed in the literature 6

in terms of ion pair formation. The effect of ion pairing on

the reactivity of the complex will be discussed separately in

section 1.5.2.
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1.5 Ton Association

1.5.1 Theoretical Approach - Tons in solution are

sensitive to their environment and can interact with any
other ionic species in solution. - The general effect of
added electrolytes on solutions (salt effect) can be
divided into either primary effects where the activity
coefficient of the complex ion changes or secondary effects

which are called common ion effects.

The former is the more relevant as far as the present
work is concerned and will be dealt with in more detail.
The dependence of the activity coefficient ‘ﬁi on the ionic

strength can be illustrated by the Debye-Huckel formula17

sty @
1 + By~

I

(1.13)

- log ~6i

where Z is the charge of the ion, (‘ is the ionic strength;

A and B are constants.

Equation (1.13) can only be used for dilute solutions
with ionic strength less than 0.1M. For strong solutions
equation (1.13) can be modified either by inserting a term
linear in (‘ , or one can keep the ionic strength constant
by adding an inert electrolyte such as sodium perchlorate
and to assume any change in the ionic strength due to
replacing part of the sodium perchlorate by a reagent is

negligible.

The more specific effect of adding ions of opposite

sign is the formation of ion pairs :
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+ - Kip

A + B ;5====:£§- A+, B
[+0]
Kip = = E
[+] []

where KIP is the ion association constant.

There have been several attempts to calculate KIP values
and each method has its limitations. Bjerrum's appr-oach1
was based on a purely electrostatic assumption and required

the definition of an arbitrary distance "q" at which the ions

are considered to be in the form of ion pairs. The relation
is
2
4 7 N L z2,z.€
Kpp = ————— exp (2B ) rfar (1.14)
1000 ' DrKT

However the modified equation by Fuoss19 avoided the
difficulty encountered by Bjerrum's "q" value and assumes
that only ions in actual contact as forming ion pairs. The

equation is

3 2
47rr N -z z_e
Kip = ————  exp ( AB ) (1.15)
300 DrKT

Equation (1.15) has a wide application in predicting the

variation of KIP with the solvent dielectric constant D. It

has been proved experimentally that there is a linear

. relationship between log K and the reciprocal of D. But

IP
still this electrostatic approach is not good enough. For
instance it cannot explain the lack of evidence for ion

pairs in the ions Coen33+ and Fe(CN)ég_(20).
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It is possible to estimate ion associalion constants
directly from kinetic results21. Thus, for example, ion
association constants for chloride with cis—Coen2C12+ in
methanolZIa, and for a fariety of anions with divalent
transition metal cations in waterZIb, have been determined
from the variation of reaction rate with added ion
concentration. The former system is analogous with those

discussed in Chapter j3; a method of deriving ion association

constants from kinetic results is detailed here.

Assuming the following substitution reaction can occur
by two routes either direct replacement or via ion pair

formation

KIP

trans-Men,Cl, + X s==——> trans-Men ,C1, X

N A

trans-Men XCl

where M can stand for Co(III), Rh(III) or Ir(III)

k is the rate constant for reaction of the free ion

kIP that for reaction of the ion pair

KIP the equilibrium constant for ion pair formation

Eon pa1£]
Kip =
fr'ee 10%[ ]
[ion pair] = KIP Eree ior] [X_:l (1.106)
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E}ans—Men2C1£] [%ree io{]v + [}on pair
= (1.17)
E?ree ion] + K Efree ion [X]

Therefore
trans—MenZCl2

[}ree io{} = (1.18)
1+KB]

Also

I

Hence
d[%rans—MenZXC{] /dt = k[%ree ioé] + kIP[Eon pair | (1.19)

Substitute for the concentration of the free ion from

equation (1.18) into equation (1.19).

: Erans—Menzclz:l —IErans-MenzCl2
dE;rans—Men2XCl At = k 4 + kIPK[X_J
1 + K [%i] 1 + K [%i]
k + k K [%E]
ip 1P trans-Men Cl
- 2772
1+KB] -

kobs Er'ans-MenZCl;I (1.20)

k + kIP KIP [}:]

where kobs = , B (1.21)
1+KB]

Equation (1.21) can be rearranged to give

I

1 : 1 1

+ (1.22)
kops — K (kpp = k) Kyp [%:] kip - K
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Thus a plot of 1/(kObs - k) vs 1/[X-]should give a

straight line whose slope is equal to 1/(k - k) Kip and

IP

intercept equal to 1/(kIP - k) and hence K p can be obtained
from dividing the intercept by the slope. This method is by
far the most useful one for treatment of the kinetic data in

Chapter 3.

1.5.2 The Stoicheiometry and Reactivity of Ton Pairs -

The role of ion pairs in affecting the rate of reactions is
well established. Methods of detection of ion pairs together
with their stability constants have been reviewed by Beckzz.
In 1953 kinetic evidence was presented for the presence of
ion pairs during the anation of aquopenta-amminecobalt(III)

23

with sulphate ion It has been shown5 that for isotopic

exchange of chloride with cis—Coen2C12+ in methanol the rate
constant increases as the concentration of added nucleophile
increases until finally the rate is constant (limiting rate)

upon the addition of more reagents - as shown in the diagram

below.

[Y ]
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This is the typical behaviour for a mechanism in
“which ion-pairing plays a significant role. With
increasing concentration of added anion, there is an
increase in the concentration of ion pairs with a
corresponding increase in kobs up to a limit beyond which
further addition of anions does not change the effective
concentration of the ion-pairs. The stoicheiometry of
the aggregates could be 1:1, 1:2 or even 1:3 as in
for gxample trans—Coen2N02H202+, which associates with
three bromide ions3 in acetone at ZSOC. The maximum
number of anions in the aggregates represent a limiting
stoicheiometry that is achieved when the repulsion
between the anions are greater than the attractive

force holding them together. However 1:1 ion pair

formation is most common as will be discussed later in

Chapter 3.

The enchanced reactivity of ion pairs in kinetic
studies could be interpreted in terms of the effective
charge on the central metal ion. The presence of a
negative anion Y in the solvation shell of the complex
reduces the effective charge on the central metai ion
which in turn weakens the metal ligand bond and hence

a higher rate of substitution would be expected.
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DIAGRAM 1.7

K=&

DIAGRAM 1.8

It can also be seen from the above diagram 1.7 that the
displaced group X in the transition state can return to its
original position i.e. retention, whereas this is less likely
in the presence of ligand Y in the solvation shell (diagram
1.8). This explains the difference in reactivity between the
free ion and the ion pair in the interchange process of a
unimolecular reaction. The presence of an anion in the
solvation shell of the complex and formation of ion pairs
does not necessarily lead to an associative mechanism. As
mentioned previously the timing of bond breaking and/or bond

making is the critical factor.
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l.o Solvent Etfectls

The influence of solvents on reaction rates was early
studied for aliphatic substitution and elimination by Hughes
and Ingoldzs. The various aspects of solvent effects on
rgaction rates and mechanisms have been reviewed by Am1826
and with special reference to organic reactions by Leffler
and Grunwald27. Variation of rates may be ascribed to

differences in the free energies of solvation of the initial

states and of transition states.

AG AG / AG
-~
;7 \\\ / / \\
/ /
/ \\ ’L // \
\ \
r.c /] r.c. r.c
/ / '
DIAGRAM 1.9 DIAGRAM 1.10 DIAGRAM 1.11

If the transition state is more solvated than the
initial state (diagram 1.9), the free energy of activation
IQG# required to overcome the energy barrier will be reduced
in magnitude and a faster rcaction is expected. On the |
contrary if the initial state is more solvated than the
trénsitibn state (diagram 1.10) e.g. in the Menschutkin
reaction28 of trimethylamine with methyl iodide the reaction
rate will be slowér. However, there are cases where the

solvation of the initial and transition states is of
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' X 2 X ..
comparable importance ) (diagram 1.11) such as in the

reaction between tetraethyltin and mercuric chloride.

Some other thermodynamic parameters which reflect the
effect of solvent structure on the kinetic behaviour are
enthalpy and entropy of activation. The variation of the
activation parameters AG%, AI—I?é and -T AS?é as a function of
mol fraction of methanol is shown in Figure 1.1 below for

the reaction of nickel(II) with bipyridyl30.

[ o
T
3

W
1
tog l'
3

%&

025 0% 075

2+ {MeOH] / mt
ot
&

o1 03 05 07 09
A & [MeOH) / m.. ¢ DE}

Ficure 14 Kinetic parameters for reaction of Nit* with 2,2’
bipyridyl in methanol-water mixtures. Values of AH* and
AS* are relative to water. The curve labelled P is from
Pearson and Ellgen. Inset: Rate profile at the boiling points
of the solvent :

a

The free energy of activation AG’ can be measured more
accurately (from kinetic data) than AH?é and..AS%. Neverthe-
less it can easily be seen from Figure 1.1 that the activation
parameters AH% and ASi‘é are much more sensitive to the
environment than is the free energy of activation AG%. A
similar conclusion was drawn for the dissocation of tris-

; 1
(1,10-phenanthroline)iron(II) in aqueous t-butyl alcohol3 .

However, solvation of the reacting species is governed
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to a large extent by the polarity of the solvent which in
turn determines the order of the intermolecular forces |
between the solvent and the solute. Some considerations
have been given to the electrostatic interaction of the
dielectric constant D. The relationship between the rates

and the dielectric constant of the medium has been expressed

8532

Ink=1nk - U —o— (1.23)
2D + 1

where k and ko are the rate constants in media with
dielectric constants D and 1 respectively. U is a constant

which is independent of the solvent.

A linear relationship between 1ln k and D-1/2D + 1 or
simply 1/D (where D > 1) was established33. But in some
other cases the correlation of rates with dielectric constant

34

was found not fully satisfactory This is because the:
dielectric constant is macroscopic and not microscopic. Also
the solvating power is not controlled only by the dielectric

constant macro or micro but also by the nucleophilicity and

ionizing power of the solvent.

More comprehensive measures df the solvating power of
solvents are provided by the empirical parameter532 zZ, ET
(spectroscopic) and Y (kinetic). The most relevant
kinetically based parameﬁer to the present study is the Y

value, which like Z and E,, incorporates both polarity

T

and nucleophilicity of the solvent. The relationship between

the logarithm of the rate constant and Y values was
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originally formulated by Grunwald and Winstein35 in 1948.

log;g kA/KB = m (YA - YB) (1.24)

where kA and kB are the rate constants of an SNI solvolysis
in solvents A and B; m is a constant at a given tempefature
and depends on the sensitivity of the compound being

solvolysed towards a change in the ionizing power of the

solvent.

Values of Y were derived by choosing the SNI solvolysis
of a standard compound, t-butyl chloride, in a given solvent
A and in 80% ethanol. The value of Y in 80% ethanol was

fixed as zero and m is 1.00. Thus the general equation is
log,, k/kO = mY (1.25)

where k and k0 are the rate constants in the given solvent
and 80% ethahol, under the same conditions, respectively.
Equation 1.25 is a linear free energy relationship since
log k is proportional to the free energy of activation.
Recently the choice of t-butyl thoride as a reference
compound was criticised36 due to the possible elimination
reaction which might occur in parallel with solvolysis.

1 - Adamantyl halides of the following chemical fqrmula

X
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were claimed as better reference substrates, for rearward

nucleophilic attack and elimination are impossible.

Values of Y have been reported for several solvent
mixtures and the superiority of these empirical mY
correlations over others such as those with functions of the

34

dielectric constant have been demonstrated”’. For an SNZ
reaction'the plot of log k Xﬁ Y for one pair of solvents
is a curved one with a mean slope (m) less than one. The
ratio of the rates of soivolysis in two different solvents
which have the same ionizing power Y but different
nucleophilicity (e.g. 40% ethanol and 92% formic acid) has
been used to test the molecularity of the rate determining

37

step For phosphoryl compounds RIRZPOCl,(where R, or R

1 2
= Me, OEt, MezN) the ratio of solvolysis rates R was
compared with those for the typical SNl and SNZ solvolyses
of t-BuCl (R=0.689) and MeBr (R=200) respectively. The
conclusion was tﬁat solvolyses of all these phosphoryl
compounds are bimolecular. However, it is noteworthy that

the ratio for Me(OEt)POCl is 11,000 which is remarkably

larger than the ratio of 200 for MeBr.

The Grunwald-Winstein mY plot was originally used to

correlate the solvolysis rates of organic compounds and then

38

extended to include the above phosphorus-chlorine® , and

39

sulphur-chlorine ; compounds. It has also been applied to

the isomerization40 of Pt(PPhS)Z(C2C14) where the rate

determining step is the solvolysis of the chloride,

Ph Ccl Ph,P CCl =cCCl
Phop - CCl, P Cely ) P 5
Pt > Pt + Cl —p Pt
Ph_P CCl Ph_P CCl Cl PPh
3 2 3 ¢ 3
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followed by rapid attack of chloride on metal ion. It has
been shown that mY plots are of particular interest in the
study of transition metal-halide complexes41. There is a
good correlation between log k and Y for several
amminehalocobalt(III) complexes42 in various mixed aqueous
solvents. The slope (m) has a value ranging from 0.23 to
0.36 for a dissociative mechanism of Co-Cl bond breaking.
The lower values of m compared with those of organic
chlorides can be attributed to the lower solvation require-
ment of the inorganic moiety. The value of m is slightly
lower for Co-Br than Co-Cl, as for C—Bf compared with C-Cl.
For reactions involving Cr-Cl bonds values of m are still
less than for Co-Cl, being about 0.1 to 0.2, but the
situation for Cr-NCS complexes is confused43. Thus although
a lot of study has been devoted to the use of mY plots in
cobalt(III)-halide complexes extension to other systems with

very different leaving groups e.g. Fe-phen should be made

with some scepticism.

Many organic cosolvents, i.e. alcohols, acetonitrile,
dioxan, carboxylic acids affect the structure of water44.
The effects of nature and concentration of alcohols on the
structure of water have been reviewed by Franks and Ives45.
Spectroséopic and relaxation techniques46 showed that t-butyl
alcohol enhances the structure of water when present at
mole fraction of\$;0.04, whereas, above this limit disruptive
action on water structure was noticed. The disruptive effect
on water structure is reflected and well illustrated in the
kinetic behaviour of some transition metal complexes. For

example in the aquation of tris-(1,10-phenanthroline)iron(II)

. 1 . ,
and some ligand substituted derivatlve53 in aqueous t-butyl
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alcohol there is a break in the continuity of the rate
constant trend at mole fraction of‘ég 0.04. Recently the
action of methanol on the structure of water has also been
described in conjunction with the kinetic study of the

formation of the mono-(2,2'-bipyridyl)nickel(II) complex30

An extra difficulty which arises in mixed solvents is
selective solvation. An N.M.R. method for determining the
preferential or selective solvation of Cr(III) complexes

A7, 1n

has been developed by Behrendt, Langford and Frankel
aqueous acetonitrile Cr(NCS)é}-was found to have preference

‘ for acetonitrile.

.Unfortunately this method cannot be extended to
cobalt(III) and iron(II) complexes; there is no direct way
of monitoring the éomposition of the secondary solvation

shell of these species.
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CHAPTER 2

EXPERIMENTAL

2.1 Preparation'of‘Complexes

2.1.1 cis-Bisethylenediaminedichlorocobalt(III) chloride

- trans~[§oen2C1;]Cl was prepared by the published method48.

60 cmd of 10% ethylenediamine was added to 16.0 g of

CoClZ.6H20 in 50 cmsiwater. A vigorous stream of air was
drawn for 10 hours followed by the addition of 35 cm
concentrated hydrochloric acid. The solution was evaporated
until a crust formed and left to stand overnight. The bright
green crystals were filtered, washed with alcohol, ether and

dried at 110°C.

trans—[éoenZCl;]Cl was converted to the cis form by
evaporation on a water bath to almost dryness. This process
was repeated twice to ensure that all the solid was in the

cis form.

2.1.2 trans-Bisethylenediaminedichlororhodium(III) chloride

- tfans—[%henZCl;]N03 was prepared by the method of Johnson
49 '

and Basolo 1.0 g of RhCl3.3H20 and 1.0 g of ethylenediamiﬁe
dihydro-chloride were dissolved in 50 cm3.water cqntaining
0.426 g of potassium hydroxide. The mixture was refluxed until
the solution was clear then a solution of 0.426 g of potassium
hydroxidé in 50 cm3 water was added in § cm3 portions. The

resulting golden yellow solution was evaporated to half its

original volume on a water bath, then 20 cm3 concentrated
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nitric acid were added with stirring. After two hours the
yellow precipitate was filtered off, dissolved in the minimum
amount of water and filtered into ice-cold concentrated nitric
acid. The product.was collected and washed with cold dilute

nitric acid, ethanol, and ether, and air-dried.

trans—[%hen2C1;]N03 was converted into the chloride or
bromide form by passing through an:-anion exchange column of
De-Acidite FF X8(100-200) in the chloride or bromide form as
required. The solution was then evaporated in vacuo and

the product was kept in a desiccator.

2.1.3 trans-Bisethylenediaminedichloroiridium(III) chloride

- trans—[%renZCl;]ClO4 was prepared by a similar method to
that of Bauer and Basolosq. 3.0 g of IrC13.3H20 was dissolved
1 _

in 30 cm” water and heated until all the residue disappeared.
4.3 g of ethylenediaminedihydrochloride was added in small
portions with continuous shaking. After boiling for a few
minutes 0.2 cﬁ3 of hypophosphorous acid was added as a
catalyst and the solution boiled for another 10 minutes. The
colour of the solution turned brownish green. 4.0 cm3 of
concentrated hydrochloric acid was édded to complete the
precipitation and the solution boiled until the final volume
was about 20 cm3. The solution Qas left overnight and the
green precipitate filtered off. This intefmediate, 3.6 g,
was transferred into a 108 cm3 round bottom flask. 3.6'cm3
of ethylenediamine was added in two portions and the solution
boiled under reflux for one hour, then evaporated to 10 cm3.

After cooling, the solution was neutralized (litmus) with

concentrated hydrochloric acid, boiled for 5 minutes, cooled

and 2.0 cm3 of 70% perchloric acid was added. The yellow
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precipitate was filtered off’, washed with cold water and
recrystallised from hot water by adding 1.0 cm3 of 70%
perchloric acid and lecaving to stand overnight. The yellow

crystals were collected on filter paper, washed with cold
water, ethanol, and ether, and then air-dried. The yield

was 0.76 g.

trans—[%renZCl;]C104 was converted into the chloride
or bromide form by passing through De-Acidite FF anion

exchange resin as described above for trans—[ghenzcl;]Cl.

2.1.4 Low spin iron(II) complexes : 1,10-phenanthroline

and related ligands - Solutions of all the iron(II)

phenanthroline or ferrozine complexes were prepared by
mixing iron(II) ammonium sulphate (AnalaR) solution with
slight excess of the reagents51 (1,10-phenanthroline, 5 nitro-
phenanthroline, 4,7-dimethylphenanthroline, 1,ld—phenanthroline—
3-sulphonic acid, or ferrozine) to avoid the formation of mono
and bis complexes. The mixture was shaken and allowed to
stand for a while. The solution was then filtered to remove
any undissolved impurities, and diluted to the required
concentration before using it for any kinetic runs. All of
the complexes mentioned above have charge transfer spectra
Fe—pLL of maximum absorption in the visible”region befween
500 and 600 nm. Values of the molar extinction coefficients

(E€) are shown below.
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Complex - E . A/nm RefA
Fe(phen)32+ | 11100 510 52
Fe(5—nitrophen)32+ 11500 510 52
Fe(4,7—dimethylphen)32+ 14000 510 53
Fe(3-sulphonato-phen) ,** 10840 517 54
Fe(£z) 4 ' 27900 562 55

2.1.5 Low spin iron(II) complexes : Hexadentate Schiff

base ligand - The method used here is similar to the

general preparation procedure for Schiff base complexes of

the type Fe(SB)32+ where

SB

A e @
<

/
=z

2 g of AnalaR iron(II) ammonium sulphate was dissolved in

3 of

10 cm3 water followed by the addition of 7.3 cm
triethylenetetramine. The reactants after being shaken
gave a reddish brown colour. 9.3 g of 2-benzoylpyridine was

3

dissolved in 10 cm” of methanol and added to the reaction
mixture. The mixture-was left overnight at room temperature,
when the colour changed to dark blue. The intensely
coloured solutiqn was filtered to remove any unreacted
reagents. The hexadentaﬁe Schiff base cohplex (Chapfervé )
was precipitated from aqueous solution in the presence of
high concentration of sodium perchlorate. The crystals were

filtered off and washed with several portions of water and

left to dry in vacuo.
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Analysis C H N
Calculated for [%Q(C3OH32N6i] (ClO4)2 : 49.3 4.4 11.5

Found : : 48.9 4.6 11.9

2.2 Labelling of Complexes with Chlorine-36

2.2.1 trans—rahonZCl;]Cl -~ About 0.5 g of
L ==
3

3

trans- RhanCl:]Cl was transferred to a 10 em™ flask, 1.0 cm

2
of 0.2 M —}I3OCL(40 MCi) was added and the volume made up to
the mark. The flask was sccurely stoppered and shaken until
all the solid had dissolved and then left in a water bath at
80°C for three hours. The solution was passed through
De-Acidite FF X3(100-200) in the chloride or broﬁide form as
required to exchange all active chloride outside the complex
with inactive chloride or bromide. The resin was washed with
two column volumes of water to cnsurc that no complex remained
absorbed on the resin. FElectrophoresis of a sample of the
product showed that there was no active anionic chloride.

The solution was evaporated in vacuo and the solid was stored

in a desiccator.

2.2.2 truns—[}renzgl;]cl - About 0.7 g of
| - 4

't,r-mm—[lr'enz(l l;ICl was mixed with 50 (Ur(‘,i H 3

6Cl and the
solution was left in a water bath at 900C for two weeks. A

similar procedure to that mentioned above for

trans—[}henZCl;]Cl was followed.
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2.3 Radiochemical Determination of Rates of Isotopic

Exchange and Substitution Reactions

2.3.1 Kinetic experiments - The kinetic runs were

carried out by taking an accurate weight of the labelled
trans- ErenZCI;-]X or trans—ElhenZC'ng, where X = ‘C1-, Br
or NO3—’ to make a 5.())(10—3 M solution, which was transferred
into a 10 cm3 standard flask, to which the correct amount of
HC1l, KBr or KNO2 was added. The volume was made up with
water or water and organic cosolvent, dioxan (scintillation
grade) or ethanol, according to the desired volume percentége-
of the mixed solvent. The flask was securely stoppered and
left to stand in a constant temperature bath controlled by
contact thermometer and relay box. The bath was filled with
water covered with a layer of paraffin oil of about two cm
thickness to minimise evaporation of water. It was necessary
to standardise the techniques employed to reduce the number
of variables. A 1 cm3 aliquot was withdrawn from the
reaction mixture at suitable time intervals, depending on the
rate of substitution at complex in question. The aliquots
taken during each run were usually made up to 10 cm3 in
standard flasks. .The acﬂivity of each_aliquot was first
measﬁred and then the solution was transferred to a beaker
and all ionizable chloride and/or bromide precipitated by
adding a small excess of a standard silver nitrate solution.
The precipitate was filtéred off through Whétman 42 papers.
The precipitate:was washed with several portions of water and
3

the filtrate collected and made up to 25 cm* in a standard

flask. 10.0 cm3

aliquots of this latter solution were
transferred to a Geiger-Miller tube for counting the activity.

Each kinetic run was repeated at least twice.
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2.3.2 Analysis - The method used throughout this work
for the measurcement. of chlorine-360 was dircet beta-counting.
A Geiger-Miller probe was used in conjunction with a Philips

Scaler PW 4032. The voltage was kept at 570 volts as this
was found to be near the centre of the plateau of the Geiger-
Miller probe. Regular checks were made of the background and
theefficiency of the counter. The total counts were usually
ot the order of 10,000 to minimise the statistical error dué
to the random nature of radioactivity and correction for

dead time was always madc. Each counting was repeated three

times and the average was taken.

2.4 Spectrophotomctric Estimation of Aquation Rates of

Cobalt(I1T) and Iron(II) Complexes

The most convenient technique to study aquation of
cobalt(IIT) and iron(IT) compléxos is spectrophotometry,
provided that. the complex has characteristic absorptibn
peaks with sufficiently large molar extinction coefficients.
It is advantageous to study the spectra in the visible région
i.c. 750 - 350 nm rather than ultraviolet because of the
problems associated with the very high absorption of some

- o - 57

anions such as NO3 s Br or I if present in solution™'.

All the spectra were recorded using an SP 800 A
recording spectrophotometer fitted with an SP 825 Series 2
Programme Controller. The cell compartment of the spectro-
photometer was thermostatted by running water through it
from a water bath whose temperature was maintained constant

by a contact thermometer and relay controlled heater. The
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Lemperature inside the cell was checked periodically by Lhe

itse off a thermocouple.

2.4.1 CiS[EOCHZCI;]Cl - An accurate weight of
= <

cis[Eoen2CL;]Cl to make 2 XIO-2 M solution was dissolved in
water or dioxan-water mixture (20%, 40%4and 00% v/v) containing
the desired amount of acid or salt and previously thermostatted
at 350C. The solution was transferred qﬁickly to a one cm
spectrophotometer silica cell and the spectrum of each solution
was recorded periodically in the visible region i.e. 750 =

350 nm.

2.4.2 Iron(IT) complexes - For kinetic runs involving
the iron{(11) complexes the following method was uéed. All
component solupions and solvents, viz., dioxan, iron(II)
complexes, acids of different molarities and water,vwere
thermostatted separately before mixing. The appropriate
volume of cach solution was transferred by a pipette into the
onc c¢m cell placed in the thermostatted cell compartmentlof
the spectrophotometer so as the total volume in the cell is

3.

3 c¢m The optical density of the solution was recorded
periodically e.g. after 5 minutes intervals for tris-(1,10-
phenanthroline)iron(II), 10 minutes intervals for tris-(4,7-
dimethyl—l,10—phenanthroline)iron([I) and continuous
recording for tris—(S—nitro—l,10—phenanthroline)iron(II)'
complexes at fixed wavelength, 510 nm. In all cases the
coloured solutions became colourless at the end of each

kinetic run indicating that the reaction proceeds to

completion.
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2.5 Trecatment of Results

2.5.1 Ligand substitution - The rate constants of

Ligand substitution were determined from the following

cquat ion

- kU N e— - (2.1)

The initial activity, a,of the labelled complexes,
Men2012+ where M = Rh(1I1) or Ir(III), was measured as well
as the remaining activity after substitution, (a - x),.at
time t. The results obtained were found to give a good
lincar relationship between logarithms (a - x)/a and time t.

The rate constant, k, was calculated from the gradient.

2.5.2 1lsotopic exchange - Isotopic exchange data

were treated in accordance with McKay's equation

nab
- Rtt = ————— 1n (1 - F) (2.2)
na + b
- k]t = 1In (1 - ) (2.3)
R(na 4 b)
where k, = (2.4)
nab
R is the ratce of exchange; a = concentration of the complex
(mol dm_B); b = total concentration ot chloride ions
(mol dm_3); n = number of chloride ions in the complex ion;

F is the fraction exchanged al time t. F was calculated
from the equilibrium concentration or in other words the

activity of the complex at equilibrium as follows. The
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total act ivity of th(® solution was nieasur'C'd before precipi-
tation of ionic chloride with silver nitrate (see section
2.3" 1)* The XUl librium activity i.e. maximum activity of
tlu' complex due to tlu' exchange of inactive chloride from

inside by act ive chloride from out.side the complex Is

(oru (Ultratlon of chlorldfi ions
("Guill br iuin total in the complex

activity act 1wty t,otal concentrat Ion of chloride

uut.side the complex

rh(M' (d'or<", I' - actdvLty of the complex at time t

("(luilibrium activity

wluui valiK”s ol' log (1 - F) wer<' plotted against time ¢t,
straight 1lines pass ing through tlhl' origin were obtained for
ov('r hO% of Ifact ion exchangi'd. From the value of the
gr’idi('ri( k* was obt airu'd and kuu < k* for (he (xchange of
one chlLorich' ion ol (h(" com[)1('x was (ailculated i'rom the

("(le (ion

All results loi' isotopic exchange' and substitution
riac tions wel'c proc('ss('d on a Honeyweli series 200 computer
using a 1('ast-nu'an-scjuares programme, to give the rate

const,ant.s with tl<'ir standard di'viations (see Appendix 1).

2.5-3 \civat ion of cis-|"0('n, 1" C1 - The a ({nation
i'('act ioils w('r(" followc'd sjieitr'ophotonu't rlLeal 1y u[> to at
I('ast 70% of (omp Ietc' reaction. Th(' r.ita' constants were

calculated from tlu' absorbancc” readings at 560 nm, a
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kt - In —-——————= (2.6)

A

wher (' A" and arc® the absorbance' r(ladings at time zero,
t and infinity respectiveiy. Values o' log @A~ - A")/ (A" - )
wer € ()lo(.ted aga rust time t and the rate constant was

calculéat, ('d fi'an the gradient.

2.5%4 Aejuat i(jn of iron (11 )-phe”nanthroline complexes -
liv' a(fuat ion of 1hk' diron (II)-1, I0-plicnanthroline complexes
was also iollowc'd spee'tro|)hot.om('ti'ically, at the® res{)ective
wave' lengths of maximum absor ption in the® v Isible' region (see
sc'ction 2.1.4). In all water-dioxan mixtures used in this
investigat ion, tlu'se® ae{uation rc'aetions {)ioceede™d to
complc't ion; the' optical density at the c¢'nd of each run was
zc'fo. Rat € constants w're', theuedore, calculatt'd from the

gradient,s of plots of logarithms of absorbance against time.

2.5.5 Acti vation parametc'rs - FEnergies of activation.
Ah 5 with the'ir standar d deviat ions, we'rc' alculatc'd by a
standard Ie'ast-me'an-sejuares [irce cdure', using the' programme
in Appe'iidix 1. Enthal {ieis of activation, A" *, wu'ch

ea IcIllatc'd from

Ai/ AN = ki

g
Entro{)i('s of activai ion, A 'S , w'i'e' tiu'n deprived from these

act ivat ion e'mtha lpie's and res|) 3ctive rate' constants using
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the wusual (rails i( ion-state’' e'xpre'ssion

c ,r A//RT (2.7)

wlu're kj,, k and h are the rate constant, Boltzmann constant

and Planlc's constant respectively.
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CIIAPTER 3

AR 1) 14IM( 1 11),RIIODI (IM( 1 11)AND COBAET'i 111 ) ( OMPI IiXES

3.1 Inti'oduct ion

Tin' study of isotopic exchange' and substitution reactions
at eh IoreiainilU' ediiij) Ie'xes of iridLum( ITII), rhodium (III), and
e—obaltl 111) in mi x'd solLve'nts was carrie'd out t=& throw more
light on two as{)ce ts ol' kine'tic impeirtance. These are the
sol vat Lon e'FEf'ct s and also the effects of the nature and
conce'iitratigu of anieins on reaction rates. Comparison of
the'se' kine't ic le'sul ts 1is interesting as far as the me'chani sm
gl the' r'ae tion is eenicerued inshowing trends in the group
cob.ilt (111), rhodinm(lll) and iridium (111). Since the
solvat ie)u ol' the' ini tial armul trans it ion states ef sueli
egjirple'xe's eontribntes to a large' e'xtent towards eletermining
the rate's ef the'se' re'actions, the' influence' of solvent
eompeis it ion &ii the' rates and mechanism was also investigated,
ike' original elolee' oi dieixan as organic cosolvent was made
for thred re'aseins. iirstly, it is mise;ible' with water, has
re'asemable' soi ve'ut pi'operties and can be use”d in radiochemical
weirk, 1i.e'. e'st i.nation of ~"Cl by se.intilIation counting. But
unfortuna te'ly it was feiund that 1ielUid scint illation assay was
not a reliable' me'theiel be:)cause of the preseince ejf quenching
age'uts in ) Intion sue h as silver nitrate'. Seexinelly, it is
suit able' fe)i' k ire't, ie work since it cannot ae;t as a reducing
ag'ut, edri|)are'el wi th me't haneil er c'thanol. Thirdly, it is

re'jnet .int to eoorelinate' te taans ition me'tal i.ejns.
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3.2 1.s()@©)i< lx<h.uuog' and Snbst. i(itbon Ke'actJems of

AN AN

Toerf' have' boon preparative”'” and kinetic studies of
ligand subst]j (ution of eis- and trans-Iren”~Cl2” e Bauer and
Basolo6I found the'rate off igaud substitution to be
inde'penden t ef the'nature'andeoneentrat ion of the inceirning
nilele'eiphilC'. Althe)ugh they were' not able; to distinguish
ke'twe'e'U associatiw* and dissociative me'edianisms from their*

e'xe'r* ime'Utal rc'sults, the'y eiai ne'd the formation of an ae}lO

inter-mediate (3-0 us the* rate determining step followed by

last interchange' (3°2).
tr.ins-T re'y,,CI 1 12~ " trans-1 ren”Cl1OH """ ! (3*1)
tfans-1 ren”Cl10l11.”'" h X —p» trans-iren”Clx'’ (3-2)

In vie'w of the* t®'lue tance' of haloarnminefridium( i11)
complexe's t.o unde rgo any ded ectable aeiuation, except in the
pie'se'nee of' a ha logeneiphi le' sueh as mercury (11 ), the above

iiU'chanism se'e'ins un Iike iy .

Recent work on isotopic exchange) of eis- and trans-
Mon.jCL"', whe'ce* M R1i(111) or* Ir(lll), in asiuc'erus solutions
was inlerpre'fel in Idrms of 1Or-matiem of ion pair-s. The
gilemc'tr-y of Id' comp Iex, eis exr trans, was also found to
have* a signii'ieant c'fl'ect on the' rates of exchange; exchange
rale's at the' cis e:ampl exes were fastc'r than at the trans

ana Iogue-s .

the' variation of rate constants of chloride exchange,

and bromide and nitr*ite substitution in trans-Ire'n”Cl 27" in
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a(lu('ou,s and a|iicons-d ioxan inixlniu's, ;is a iiinctdon of
concent rat Lon o' the respective nucleophile is shown in

Figures 3-1 and 3-2 and Tables 3.1, 3.2 and 3.3.

TABLE 3.1

Rat( constants of isotopic exchange at trans-lren”Cl

at 90~C
% dioxan ~“Cl ] /M 10™k/s
0.017 1.5+
0.027 1.9+
0.053 2.5+
0.100 3.2 +
0.500 4.2 +
20 0.012 0.55 £+ .12
0.010 0.051.14
0.102 0.90 1 .12
0.370 1.00 1 .13

0.925 0.98 + .13
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10d

Tot,al [B- ] M

f-1CBRF, 3.1 Rates of suBst itiitdon in (rans- Ire'n"C i2 as
a function of bromide conce'Ut rat ion at 9OOC
in: O acjueous sol ut, ion; O 20~ v/v dioxan ;
Q 40:® v/v dioxan; gg 00% v/v dioxan :

v (0% v/v dioxan and at SO
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TABLE 3.2

Variation in rate constants of substitution at
irans-Iren,”Cl2"' with bromide at diffenént temperatures and

solvent compositions

io .u.,.aqueous <<,mpo..e.U, /0j. 10"k/s"”
(v/v dioxau) I J !

20 0.0168 7.0 <% 0.2

0.0486 9.2 4, 0.2

0.1084 10.6 4+ 0.3

0. 202 11.9 0.3

0.493 12.9 & 0.3

0.856 12.8 + 0.2

20 90 0.01378 3.4 0.2
0.0478 5.5 + 0.4

0.0996 9.5 + 0. 2

0.4639 9.8 0.1

0.971 9.1 + 0.2

40 90 0.112 3.9 + 0.1
0.523 4.9 - 0.2

1.007 4.9 4 0.01

60 90 0.0174 2.2 0.2
0.038 2.7 4 0.1

0.085 3.1 0.1

0.442 3.7 0.2

0.9007 3.9 0.2

no 80 0.0163 0.7 + 0.1
0.0210 0.8 0. 1

0. 10 59 1.2 + 0.1

0.204 1.3 ¢ 0.2

0.399 1.6 + 0.3

0.762 1.6 + 0.4

1.004 1.8 + 0.1
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TABLE 3.3
Nal (" (oust .M (s ol sul)siiliiLioil a I rsiiis-1rri,*(’] witii
nitrdto in wator* at
[no~* 1/ M 10/ x / s ~
0.000 5.9 + .2
0.010 77 = A1
0.024 9.6 T .3
0.105 10.9 + .4
0.445 11.3 £ .2

1.00 10.9 T .1

In all cast's sl-udit'd the rate constant varies with the
incom ing Ligand concent rat inn, rt'aching a limiting rate at
an incoming Ligand concentration above approximately 0.2 M.
This bt'haV Lour t'choes the trends observed for chloride

of 5
('xchangt' at ('is-Coe'ii.,C1l ~ in met hanol and at tcans-1ren, , Cl1l*

Iy

in water

There are two predominant mechanisms which need to be

considert'd before attempting to explain these results

a) l)issociat ive mechanism D (s~1) in which tlie rate
determining stop is control led by the dissociation
of th(' iiK'taI-halogen bond. The rate Law for tliis

proci'ss is

d ~ (OmpI ex j
- x . compd ('x J
(It
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In this <a.s(' OIK' would expect the* r*atc' to he* invar iaiit

as the (OIK Ql(rat ion of tiu' incoming iiuc Tooph 11(' vai' ies
h) Associai iv<' mei han ism \(s*2) or forma t ion of an

in t(‘'riiu'd ia 1(' ol’ a higher cooi-d ina I ion numhir .ihe rate

Law is

Ih'cc' ln(' rate wi 11 sliow a first-order dependence'’ on
tiu' cone ('litrat ion of th (' nuc Li'ophile
iTu' rc'!'su It,s in Table's 3-1 to 3-3 and iLlustratc'd in
I igurc's 3-1 and 3-2 conform to ne ithec'r o £ Lh(' above' mechanisms.
ilu' k iiK't ic p:itt('rn which best fits tlie prc'sent results
is that- of ion pair formation, in a similar manner to the

b('haviour

Cis-(are

incoming

by the

trans-1lrc

This will

interchan

tran s - 1i’(

or by dis

('onc('i val)

d [compic'x]

_____________________ = k complex j nucleoplLii lej

previously r('ported for isotopic exchange in
T . 5 .
n I2 in methanol . as the concentration of the
nncle'ophile x incr*'as('s, more' ion pairs are formed

rapidly est.ibrii slu'd pr('-(C|Uilibrium (3-3)

i Ip L

TUALM , ! X - trans-1 127 ,x (3-3)

('1th('r b<' followed try r*atc'-d('tei*ml ning ligand

ge (3—4) within the ion pair.

'n2c 1 R S 4] ~ trans-Iren2ClX~, C1 (3*4)
sociat iv(' int ('C( hangc' with the' X-Ligand, or
ly Irom Ilu' pr imary so Lva t ion slu'll (see sec* tion 1.1)
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Tilt' la(( law i>
- (I'.in.-,-1i t"ii,,( 12"]/d L *d,]). [ t'uns-1i'(ii,,c 1 'j
where* as de se rihe'd earlier in section I.5*1 Is given

1)y (fi(' following ('(juat ion

As will he shown later there is a good correlation between
*ol)s~* ve'rsiis [ X j Tiiis gives support to the assumption

oi' ion p.iir format, ion as a relevant aspect of the present

mt'c'hanism.

ilowe'ver, it is dii'ficult to distinguish between the
associadat ive ion pair or- dissociative ion pair mechanism
me re'ly on the basis of tlie* present kinetic results. One

possible apl)roae h to this problem is to compare rates of

anation or substitutiomn with those of water’ exchange. This

approach has suggest e'd that there is some degree of

assoe iat ive' chai’act e'r to substitution in some iridium(111)
e'ompl exes'***; it is howe''wver not possible’ to apply here since
t he re' are' no suit able~* reactions for suedi kinetic comparisons.

Ai though Bauer* and Basolo” ~ have not reported a

significant iern pair' e'ffect in kinetics of substitution at

I o
trans -1re'ii-~c1 2 in acjueous solution at 130 ¢ the evidence

now exists for ion pairing involving Men 2C1l 2+ in non-

1 16

aqueous solvents for cobalt (IITI) and aqueous solution for

rhodium (IT1) and iridium (IITI). At higher temperature, 130°cC
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ion pair formation is less likely to occur, albeit the
change in association constant is small with temperature

variation, due to the thermal energy of the solvent.

TABLE 3.4

Variation of rate constants of substitution at
trans—Iren2C12+ with the nature of incoming
nucleophile at 900C

- 7 -1
X 10 kIP/s
c1l~ 4.3
Br 12.6
NO, 11.2

I 14.5

The results in Table 3.4 show the dependence of the
limiting rates of exchange and substitution on the nature
of the incoming nucleophile. The rates increase in the

following order

c1” <:'No; <: Br <::'I'

7

The rate constant for iodide substitution, 14.5X10 ’s

was derived by interpolation of the Bauer and Basolo61
results at 0.2 M iodide concentration. The difference in

magnitude in rate constants (kIP) for different incoming

anions is relatively small; it is highly unlikely that the

mechanism is fully associative. It is of interest in this

-1

b
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connection to note the very large variation in rate constants
with varying the nature of anions for purcly associative
compared with dissociative substitution reactions of the

hexa-aquairon(III)cation (Table 3.5).

TABLE 3.5

Kinetic data for the substitution reactionsi of

3+ - : ‘ 2t

Fe(H20)6 + X —> Fe(Hzo)Sx + H,0

X~ kz/lmol'ls'1 1<1/s'1
cl™ 9.4 18
Br 20 31
NCS~ 127 _ 20
F 5400 -
s0,2" ' 6400 -

4
% from reference 63 : kl is the rate constant

for dissociation; kz:lsthat for nucleophilic
attack. '

The effect of the nature of anions on substitution in
platinum(II) complexes64 brovides another e#ample of
behaviour typicél of an associative mechanism. The increase
in rate constants for substitutiop aﬁ trans-Iren2C12+ as the
incoming nucleophile changes from Cl- to I is the opposite
trend to the one expected for an associative mechanism1
Since the smaller the size of the hydrated nucleophile and

greater its charge the easier will be the nucleophilic
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attack and also the formation of a seven-coordinated ihter—
mediate will be enhanced because of the smaller expansion

required.

However, the unexpectedly low rate of nitrite ion
substitution, based on the size of the hydrated nitrite ion,

may be due to steric hinderance in the interchange process.

TABLE 3.6

Variation of.rate constants for bromide substitution

at trans—Irenzcl; with temperature in 60% v/v dioxan

Temp/°C 107k/s—1
76.5 0.6 + 0.1
80.0 0.7 +.0.2
85.3 1.8 .i 0.1
90.2 - 2.4 + 0.2
96. 4 ' 4.7 + 0.3

The effect of solvent composition is shown in Figure 3.1
where there is a systematic decrease in the limiting rate

constants kI as the perCentage of dioxan increases from 0

P
to 60%. This is the expected trend since a decrease in the
dielectric constant of the solvent mixture causes an increase

in the free energy of activation for an ionic reaction as has

previously been mentioned in section 1.6.

The effect of temperature was studied for bromide

substitution in 60% dioxan. The enthalpy of activation
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AH7é and entropy of activation zﬁs# were calculated as has

been described before in section 2.5.5. From the results in
e |

Table 3.6 the enthalpy of activation is 26.5 + 1.5 k calmol

1mol—l. " These

and entropy of activation is - 16+ 5 cal deg
are quite similaf to the corresponding values for isotopic

exchange16 at trans—Iren2C12+ in water.

The ion association constants KIP were calculated,

from the reported rates of isotopic exchangé and substitution,

from plots of k_ -1 15,[X-]—1 (equation 1.22, section 1.5.1),

bs
illustrated in Figure 3.3. There is always a good correlation
The applicability of equation 1.21 in these systems is
consistant with a mechanism in which ion pair formation is a
dominant feature. Table 3.7 shows that the values of KIP
increase in the order Cl <:'Br_ <:’N02—. This might be

expected, as the softer anions could lead to higher ion pair

formation

TABLE 3.7

Jon association constants, for

Kios
4 - IP
trans—IrenZCl2 ,X din water at 90 C

1P
c1 ) 28
Br - 80
'NO,, 207
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3.3 1Isotopic Exchange and Substitution Reactions of

+
trans—Rhenzglzav

Several studies on hydrolysi365 and substituti_on66
reactions of trans—Rhen2C12+ have been attempted to
establish the similarities as well as the differences
between rﬁodium(iII) and cobalt(IiI) complexes. Rhodium(III)
like iridium(IITI) complexés are easier to study ﬁhan the |
corresponding cobalt(III) complexes because of the lack of
complications arising ffom stereochemical rearrangements.
However studies of substitution at rhodium(III) can be
complicated by the operation of both aquation and ligand
exchange reactions. Rates of substitution of halo-amine
rhodium(III) complexes were found to vary slightly with the
nature and concentration of the incoming nucleophile66.
There is a controversy in the literature about whether
associative or dissociative behaviour predomihates for
amminehalorhodium (III) complexes, and the matter is still
open for further discussion. For instance some workers
argued for the formation of an aquo intermediate as the
rate determining step based on the evidence that the rateé
of substitution are almost equal to the rates of hydrolysis.
The formatidn of an aquo intermediate, however, does not
indicate whether an associative 6r a dissociative process
is the major operating mechanism. However . the formation
of a five-coordinate intermediate was considered é as
another likely possibility. The reactions can be summarized_

in the scheme
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. 20 - S . -+ ~ 2+ -
Rh(u2XOH2 X <~ Rh(,nzx2 g Rhen2X + X

S 24

RhenZXY+

The present work on bromide substitutionzﬂ;trans—Rhen2C12+
shows that ion pairs -play an important role in the mechanism
of these reactions. There is a uniform pattern of raté
debendence on bromide concentration in water, 20% and 40%
dioxan as shown in Table 3.8 and illustrated in Figure 3.4

together with the isotopic exchange curve for comparison. .

TABLE 3.8
..Rate constants of substitution at trans- RhenZCl2 +

with bromide at 80.30C

105k/s—1

% nonaqueous component (v/v dioxan)

[Br']/M 0 20 40
0.006 1.02 + .06 2 0.95 + .04 0.74 + .05
0.010 1.30 + .05 1.15 + .05 0.81 + .05
0.015 1.6 + .06 |

0.035 1.8 + .07

0.050 2.0 + .09

0.0_5.5 21 + .05 1.54 + .07 0.89 + .06
0.105 2.2 + .1 | 1.50 + .10 . 0.89 + .07
0.205 2.4 + .1 1.54 £ .10 . 0.95 + .06
0.50 2.5 + .1 1.66 + .04 0.99 + .10
1.00 2.5 + .1

a

the error limits quoted are the calculated standard -
deviations.
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In all cases the rate of reaction increases, tending to a
limiting value at High concentration, as the concentration
of bromide.increases. This kinetic pattern is the same as
has been observed earlier for ligand substitution at
trans—Irén2C12+ (section 3.2) and can be interpreted by the

reaction scheme

K

trans-Rhen2C12+ + Bf—;Ejggf:trans—Rhen2C12+,Br—
N A/kIP
RhenZClBr+

with k & kyp-

There are two uncertain features of the mechanism of
these substitution reactions. The first is whether, as.for
analogous reactions of cobalt(III) complexes, an aquo
intermediate is involved. The second is whetﬁer the
substitution process or processes proceed via dissociative
(D), or associative (A) mechanisms or via some intermediate
interchange (Id—abla) character. Mention was made earliér
in section 3.2 that since aminehaloiridium(III) complexes
do not aquate easily, and also because of the slower rate
of aquation than of chloride exchénge at analogous |
rhodium(III) complexes, then the intermediacy of an aquo
intermediate seems unlikely; its existence is not needed

to explain the present kinetic results.

Ion association constants (KIP) have been calculated

from kinetic results as described before in section 1.5.1

bs VS [ Br-]—l plots,

from the slopes and intercepts of ko
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as shown in Pigure 3.5, Table 3.9 incliudes values of K“,
and the limiting rate constants kIP in water, 20% and 40%

dioxan derived from these plots.

TABLE 3.9

Ion association constants, KIP’ and limiting rates, kIP’

for substitution at trans-Rhen2C12+ at 80°c

- 5 -1
X Solvent 10 kIP/S Kip
Br~ water 2.4 117 + 2
Br~ 20% dioxan 1.55 240 + 7
Br~ 40% dioxan 1.0 600 + 44
cl™ water 3.9 - 17 + 10

The increase in KIP for the ion pair trans-Rhen2C12+, Br
with increasing proportion of dioxan, and thus with
decreasing dielectric constant of the solvent is the
expected trend. KIP for bromide association with the

present rhodium(III) complex is much larger than KIP for
its association with chloride. Again here a similarity
exists between rhodium(III) and iridium(III) complexes,

which suggests that the greater polarisability of bromide
is the determining factor in controlling KIP values in

these systems. Also the decrease in rate constants_with
an increase in dioxan concentration echoes the behavibur

which has already been discussed for the iridium(III)

complex (section 3.2).
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3.4 Aquation of cis—Coenzgizi

Ammine- and amine—halocobélt(III) complexes are by far

4,67

the most thoroughly studied complexes in aqueous s

mixe and nonaqueous5 solvents. A great deal of
work has been devoted to assigning the mechanism of
substitﬁtion reactions in such complexes from detailed
kinetic studies with a wide range of factors such as
concentration, acidity, medium And nature of ligands. It
is now generally accepted that substitution, including base

hydrolysis, in amminehalocobalt(III) proceeds by a

dissociative mechanism.

It has also been demonstrated that several hexa-
ammine and amminehalocobalt(III) complexes undergo aquation
or anation via ion pair formation; inter alia CO(NH3)5(0H2)3+

+ 15367

and Co(NH3)5C12 form ion pairs in aqueous solutions
Isotopic exchange in cis—Coen2C12+ in methan015 is consistent
with the intermediate formation of the ion pair Coen2C12+,C1_,

with an association constant of 250 at 25°C.

In view of the lack of any kinetic evidencevfor
significant ion pairing between cis- or traxistoenZC12+ and
anions in aqueous solution, the important role piayed by
such ion pairs in each of the larger and equally charged
rhodium(III) and iridium(III) analogﬁes in section 3.2 and'
3.3 is rather surprising. Therefore it was a matter of
interest to investigate the effeét of the nature and
concentration. of added anions on aquation rates of cis-

Coen C12+ in water and in aqueous dioxan (up to 60% V/V'

2
dioxan). The results are shown in Table 3.10; The rate
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TABLE 3.10
Rate constants (k) for aquation of cis- Coen,Cl, +
in water-dioxan mixtures, at 35.0°C
1o3k/s'l
Acid [aciﬂ/M water % dioxan (v/v)
20 40 60
HC1 0.0001 1.4 | 0.57 0.41 0.26
0.001 - 0.57 0.41  0.26
0.01 1.12 - - -
0.1 1.10 0.58 0.44 0.27
0.6 - - 0.43 -
1.0 - 0.53 0.38 . 0.23
H,S0, 0.1 1.2 - - 0.33
H,PO, 0.1 1.2 - 0.47 0.27
HC10, ' 0.1 1.0 - 0.50 -
C1,C.COH 0.1 1 - 0.45 0.26
NaBr,0.1M + HCl 0.0001 1.3 - 0.48 -

constants, in a given solvent, are almost constant and
independent of the nature and concentration of various
anions; chloride, sulphate, perchlorate, and trichloro-
acetate, even in 60% dioxan.‘ These results are unexpected
in the light of the behaviour of analogous rhodium(III) and
iridium(III) complexes, but are cdnsistent with the normal
behaviour of single?positive charged cobalt(III) complexés
where there is no evidence yet for association with singly
charged anions in aqueous sblution. There are two

possibilities; either cis—Coen2C12+ does not form jion pair
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in aqueous and aqueous dioxan solutions, or the ion
association constant is too high and cannot be detected
by this kinetic method. But from the ion association of

,C1 +,Cl— in methanol the corresponding value in

2772

water is expected to be low. This value of KIP in water

cis-Coen
is about 10 and worked out from equation 1.15 by

substitution for the different values of the dielectric

constants in water and in methanol.

3.5 Solvent Effects

The present section will deal with solvent effects
only in terms of Grunwald-Winstein treatment, since more

extensive review has already been given in section 1.6.

3.5.1 trans—Irenzglzi - The variation of the

limiting rate constants kI for bromide substitution at

P
90°C in aqueous dioxan and in aqueous ethanol with the
solvating power Y is shown in Table 3.11. The values of

Y are at 25°C ¥

and taken from reference 34. There is a
correlation between the légarithms of the rate constants
and the Y values of the mixed solvents (0 - 60% v/v
dioxan or ethanol) as shown in Figure 3.6. In water-rich

solvents the plot approximates to a straight line with

slope (m) 0.25. The curvature at high concentrations of

The values of m obviously depend on temperature but
the variation, at least for organic substrates, is

relatively’small35.
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non-aqueous component arises, possibly, because the
Grunwald-Winstein approach was developed fdr organic
systems. It would be better if one could devise a new
scale for solvolysis of inorganic complexes by choosing
a thoroughly studied inorganic complex as a standard
instead of t—buﬁyl chloride. Nevertheless the curvature
observed for.the reaction of trans—irenzclz+ is similar
to that observed for cis—Coen2C12+-68 The m value of
0.25 for trans-Iren2C12+ is the same as that for thé

41

aquation of trans—Coen2C12+ and similar to that of

c1s—Coen2Cl2

with a dissociative mechanism with (as solvation of the

+ (m = 0.35)68. The results are consistent

leaving chloride will be a constant factor) the solvation
requirements of the IrenZCl moiety very similar to those

of the Coen2C1 moiety.

TABLE 3.11

Rate constants for bromide substitution at

trans—Iren2C12+ as a function of Y values

at 90°¢
% nonaqueous 7 3
component (v/v) Y ' 10°'k/s
0 3.493 12.5
20 ; 2.877 9.5
40 ) dioxan 1.945 5.0
)
60 ) 0.715 3.5
20 ) 3.051 9.3
) ethanol
60 ) 1.124 5.6
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3.5.2 trans—Rhenzglzi - The effect of solvent
composition on the rate of bromide substitution at 80°C
is shown in Table 3.12. Like trans-Iren2C12+ there seems
to be a correlation (though here we have only. three points)
between logarithms of rate constants and Y values as
illustrated in Figure 3.7. The mY plot in aqueoué dioxan
mixtures (0 - 40% v/v dioxan) defines a slightly curved
line of average slope +0.25. It is of interest to note
that this value is in good agrecement wifh the very similar
values for the analogous cobalt(III) and the previously
discussed iridium(III) reactions. It is surprising that
aquation of Rh(NH3)5C12+ in aqueoué ethanoi42 waé reported
to give an mY plot with a negative slope (m = -0.25). .It
was suggested that the anomalous increase in rate with
increasing ethanol content might be due to catalysis of
aquation by rhodium(I) or rhodium(II) species generated by
ethanol reduction of rhodium(III). This catalytic effect
of ethanol has also been reported for substitution reactions
at Rh(OHz)Clsz— (ref. 69a) and thy4C12+ (ref. 69b), though
no such catalysis has been detected for Rhen2C12+ (ref. 69B)

or Rhphen,X, (ref. 69c).

The rates of chloride exchange at tr'ans—Rhen2C12+ in

7

60% dioxan were also determined. These are 7.1 x 10~ s
8.9 x 10-7, and 17 x 10-7 sfl in 0.011, 0.10, and 0.92 M-
hydrochloric acid respectively and at 70.50C; The limiting
rate of aboutvz X 10—6 s—1 here and that at the same
temperatufe,in water define an mY plot of slope about -+0.3,

similar to that for bromide substitution.
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 TABLE 3.12

Variation of rate constants for bromide substitution

at trans—Rhen2C12+ with solvent composition at 80°c.

% v/v dioxan Y 105k/s“1
0 3.493 2.4

20 2.877 1.6

40 ' 1.945 1.0

Finally the present resultsof aquation of cis~Coen2C12+

in aqueous dioxan are consistent with the published mY plot

42

for aquation in water-rich mixed aqueous solvents
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CHAPTER 4

IRON(II)—PHENANTHROLINE COMPLEXES

4.1 Introduction

The previous Chapter described the kinetié behaviour of
cobalt(III), rhodium(III) and iridium(IiI) complexes in
aqueous and aqueous dioxan solutions. In view of the
isoelectronic structure of these metal ions with iron(iI),
it is of particular interest to study the reaétivity of
phenanthroline-iron(II) complexes in water and in aqueous
dioxan and to compare substitution mechanisms with thQse for
octahedral cobalt(III) haioammines complexes. .It is known
that tris-(1,10-phenanthroline)iron(II) complexes are stable
in the pH range 2 - 9 but outside this range considerable

70

dissociation is expected. The first kinetic study of acid
dissociation of these complexes showed that dissociation is
of the first-order in the complex but independent of the

acid concentration. The formation and dissociation~of the

complex can be represented by the following reactions :

2+ L 2+ :
Fe + phen ;E£= Fe(phen) (4.1)
2+ 2+ C v
Fe(phen) + phen =E£= Fe(phen)2 (4.2)
2+ ' 2 .
Fe(phen)2 - + phen :55: Fe(phen)3 + (4.3)

Reaction (4.3) is ﬁhe rate determihing step in formation
or dissociation. In acid solution the leaving ligand, 1,10-

phenanthroline, is protonated; it can accommodate only one
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hydrogen ion between the two nitrogen atoms71- Thus it is
expected that dissociation will proceed to the right hand
side according to the following équation

Fe(phen)32+ + 3H+ + aq ,-——)Fe2+,aq + 3 phen. H+ (4.4)

The rate-determining loss of the first ligand from the
tris-complex is accompanied by change in the spin of the

complex from low spin to high spinllb; the loss of the second

and third ligands are fast. Diékens, Basolo, and Neuman'n7--2
have shown that rates of aquation of tris-(1,10-phenanthroline)
iron(II) vary slightly with the concentration of anions.

There are very few anions which can react directly with
tris-(1,10-phenanthroline)iron(II) and cause substitution.
Cyanide and hydroxide lead to direct substitutioh; reaction
with peroxodisulphate involves dissociation.and oxidation.

It would be expected that addéd anions might have enhancing

effects on rates via ion pair formation especially in aqueous

organic mixtures, where the dielectric constant is low.

The.present work is a systematic study of the effects of
solvent composition and added anions on rates of aqu#tion of
tris—(l,iO-phenanthroline)iron(II) and.its iigand sﬁbstitﬁted
derivatives in water and in aqueous‘dioxan (up to 60% v/v>
dioxan). From investigation of the variation of aquation
rate constants with solvent composition it is possible to
make suggestions about the mechanisms of these aquations and

the importance of solvation in determining reactivity.
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4.2 Effects of Anions ‘

In all the solvent mixtures and acids studied the
dissociation of the iron(II) complex followed first-order
kinetics to at least 70% of complete reaction. Observed
first-order rate cbnstant for aquatioﬁ of tris-(1,10-
phenanthroline)iron(II) and its 5-nitro-, 3-sulphonato-, and
4,7~-dimethyl-derivatives in the presence of various acids,
in a range of dioxan-water mixturés, are répdrted in Tables
4.1 to 4.4.' The general pattern of dependence of reactivify
on the nature and concentration of added anions is
illustrated in Figure 4.1, for the tris-(1,10-phenanthroline)-
iron(II) complex in 60% v/v dioxan. 1In 20% and 40% v/v dioxan
the pattern is similar, Figures 4.2 and 4.3, though with é
smaller range of aquation rate constants over the range of
acids. For the unsubstituted complex in all three solvent
mixtures, and for the 5-nitro-, and 4,7;dimethy1 derivatives
in 60% dioxan, Figures 4.4 and 4.5, the order of decreasing
ratelconstant is always, within the limits of experimental

uncertainty,

H,PO, > HC1 > C1,CC0,H > H,S0, > HC10,

In all cases phosphoric and hydrochloric acids tend to
increase reactivity,Asulphuric and perchloric acids to
decrease reactivity. It is ﬁhus a straightfdrward manner to
extrapolaﬁe the rate constant vs acid concentration plots
back to a common point at zero acid concentration for each
complex and solvent mixture. Aquation rate constants

estimated at zero acid concentration are shown in Table 4.5.
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TABLE 4.1

First-order rate constants (k) for the aquation of
tris—(l,10—phenanthroline)iron(II)- in aqueous

dioxan (composition by volume qubted) at 35.00C

20% dioxan

1o4k/s‘1
Vs M
E\cia /M HC1 H,PO, H,S0, HC10, c013c02H

.01 4.2 4.3 4.2 . 3.5 4.2
.05 4.3
.10 4.5 4.7 4-3 3.1 4.2
.20 4.6
.45 ‘ _ 3.3
.49 4.7 2.5
.56 4.6 | 3.9 |
.90 | 2.2
.98 4.3 4.3 1.85

.11 ' : 3.3
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Table 4.1 continued

40% dioxan

104k/s«1
T — T
Bcicﬂ/m - HC1 H,PO, H,S0, HC10, CC1,CO,H

0.01 6.4 6‘.2 5.8 5.3 6.5
0.02 6.5 6.9
0.03 7.0
0.04 7.3
0.06 7.6
0.10 7.0 8.1 5.7 4.2 7.2
0.20 _ 7.3 8.3
0.45 3.2 7.6
0.50 8.2
0.56 7.6 5.0
0.90 7.2
0.95 . 7.7

0.98 79 2.4



Table 4.1 continued

[}cid /M

0.10
0.20
0.50
0.56
0.90
0.95
0.98:

HC1

15.
17.
19.

20.

21.

22.

N & oo ©

17.
20.
23.
26.
26.

21.

-76-

60% dioxan

N A2 o0 o O

104k/s

o 00 O O

CC13C02H

14.3

21.2

22.3

20.2
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TABLE 4.2

First-order rate constants (k) for the aquation of

Ecid /M

0.001

0.10
0.20
10.33
0.40
0.49
0.55
0.57
0.80
0.89
0.98

tris-(5-nitro-1,10-phenanthroline)iron(II) in

60% dioxan at 35.0°C

' 1(>)3k/s—1
——— —
HC1 HCL10, H,S0, H,PO,
14.6 5.7 17.3 49.0
26.0 4.3 12.7
34.0 2.4 11.8
39.0 1.6 9.9
43.0
45.0
1.2
8.1
48.0
0.8
6.8
0.6

55.0 6.7
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TABLE 4.3

First-order rate constants (k) for the aquation of
tris-(4,7-dimethyl-1,10- phenanthrollne)lron(II) in
60% dioxan at 3§. 0°c

105k/s-1
T T —

[Bcid /M HC1 H,S0, H,PO

0.001 5.8 5.5 6.3

0.010 7.3 5.6 7.7

0.066 '8.5 5.2 8.6

0.10 8.5 5.1 8.6

0.20 8.5 4.6 8.8

0.40 8.4 8.6

0.49 | 8.7

0.55 3.8

0.57 8.6

0.65 7.7

0.77 8.5 3.4

0.97 | 6.1

1.14 . 2.8
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TABLE 4.4

First-order rate constants (k) for the aquation of

tris-(3-sulphonato-1,10-phenanthroline)iron(II) in

molar acids, 60% dioxan at 35.0°C

Acid 103k/s_1
H3P04 3.3
HC1 | 2.9
H,S0, | : 1.7
HClO4 ' 0.99

TABLE 4.5

First-order rate constants (k) for the aquation of

tris-(1,10-phenanthroline)iron(II) complexes in aqueous

dioxan, extrapolated to zero concentration at 35.00C

Substituent

none
S5-nitro

4,7-diMe

a reference

% dioxan (v/v)

T

0 20 40 60
104k/s_1
3.72 4.0 5.5 11.0
23.0b ‘ 150.0
1.1P - 0.55

84

b reference 80
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. 2 .
Di.ckens, Basolo and Ncumann7 have shown that in

4
(t,10-phenanthroline)iron(II) more effectively than Cl1 .

aqueous solution HSO, retards the dissociation of tris-

Their results also show a slight decrease in rate constants
as the concentration of chloride ions increases. Further

investigation of the dissociation of Fe(bipy)32+ and

173

Fe(phen)32+ in aqueous methano shows a larger acceleration

effect on rates than that of Dickens, Basolo and Neumann.

The effectiveness of acceleration is in the following order

crm > HSO0, > c102

The large difference in rates in the presence of Cl to that

in HSO, or ClO4 was explained as a result of the formation

4

of ion pairs. Although ion pairs are not unknown even for

€107 in aqueous solution74’75, it

q

reactive than the free ion in the case of tris-(1,10-

seems that they are less

phenanthroline)iron(II). In view of the acceleration effect

of H2PO—, Cl and Cl CCO; on rates of dissociation in

3

aqueous dioxan one cannot exclude the possible formation of
ion pairs. These could be easily formed by the presence of
added anions in the three pockets created by the three .

76

planar ligand of the complex cation This can occur

either with or without replacement of solvent molecules from

73

these pockets The order of increase in rates of dis-
sociation in the presence of various anions, as shown in

Figures 4.1 to 4.5, are

1{21?0:1 > c1” > c13cco; > HSOZ > 0101
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This is the expected order of ion pair kinetic effectiveness.

An attempt to calculate the ion pair association

constants, is hindered for two reasons. Firstly it is

Kip ,
difficult to define a base line corresponding to no ion
pairing, since even with perchlorafe as the added ion, the
possibility of Significant ion-pairing cannot be‘excluded74’75.
‘Secondly the lack of any published data on pK values of acids
77

in aqueous-dioxan, except for HCl1l in 70% and 82% v/v dioxan’’,

prevents estimation of anion concentration.

To account for the retarding action caused by HSO4 and

Cl0, some other competing factors must be operating.

4
Assuming that the acid»strengﬁh of perchloric or sulphuric
acid is relatively much higher than that of phosphoric or
hydrochloric acid in aqueous dioxan, it follows that more
hydrogen ions are present when perchldric or sulphuric acid
is added to the reacting mixtures. The presence of such a
large concentration of hydrogen ions és well as the anions
will reduce the activity of water and hence lower rates of
aquation may be observed. It is interesting that the effect
of anions on aquation rates varies with the complex - for
instance the ratio of the rate constant for aquation in
molar hydrOChldric acid to that in molar sulpburic acid is
2.7 for Fe(4,7—diMephen)32+, 4.3 for Fe(phen)32+, and 9 for
Fe(S—NOZ-—phen_)32+ in_60% dioxan. The complex whose rate
varies most with the nature of the anioﬁ is the one with the

strongly electron-withdrawing nitro-substituent and thus the

most positive iron atom.

The variation of the rate constant for aquation of

Fe(phen)32+ in acid mixtures e.g. phosphoric-perchloric
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FIGURE 4.6

..H‘)..

Dependence of rate constants for aquation of
Fe(phvn)QZ# on composition of acid mixture,

HC10,-H PO,, of constant

l : HCLO,-HCL; 2 3P0y

. ' _ o
overall molarity, in 60% dioxan, at 35 C.
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acids or hydrochloric-perchloric acids of constant molarity,
in 60% dioxan, is illustrated in Figure 4.6. The rates in.
phosphoric-perchloric acid mixture are more or less the

same as that in pure perchloric acid whereas in hydrochloric-
perchloric acid mixture the rates are slightly higher than
that in perchloric acid only. This behaviour suggests that
the strengths of these acids are such that ionization of
phosphoric acid or'hydrochloric acid is suppressed by the

perchloric.

HC10 —¥» H + Cl0,

HC1 = H +ca” (4.6)
ngo4 -‘—_A L Hzpo:1 (4.7)

Thus in the presence of perchloric acid the equilibrium (4.6)
and/or (4.7) will be shifted to the left hand side and
consequently the effective concentration of the more reactive

Cl™ or HZPOZ ion pairs will be reduced. There is sharp

increase in rates only in H,PO, or HCl : HC1lO

34

molar ratios

4
of greater than about 5.

4.3 Effects of Solvent Composition on Rates of Dissocigtion

Several investigations of aquation of tris-(1,10-
phenanthroline)iron(II) and its substituted ligand derivatives

have been carried out in mixed aqueous organic solvents. In

73

acidic methanol-water mixtures the rate of aquation of
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tris-(1,10-phenanthroline)iron(II) increases at first and
reaches a maximum at a mole fraction of 0.7 of methanol, and
then decreases to a very small value, as the proportion of
methanol increases from mole fraction zero to unity. The
activation energy for aquation of tris-(1,10-phenanthroline)-

iron(II) in 60% methanol was found to be 28.3 + 0.5 kcal

-1.78

mo1” ! and that in water 29.9 + 0.2 kcal mol A similar

initial increase in rate with increasing proportion of

organic component has been observed for aquation of this

79 78

cation in aqueous acetonitrile’”, and in aqueous acetone’ .

Rates of aquation of tris-(5-nitro-1,10-phenanthroline)iron(II) -

are also faster in most water-rich solvent mixtures, for

78

R ethanolso, n- and

79

iso—propanol78, t-butyl alcoholsl, acetonitrile’ °, and

78

~example aqueous mixtures with methanol

acetone The only exception is formic acid80, fof in

aqueous formic acid aquation rates decrease steadilyvas the

mole fraction of formic acid increases. On the other hand

aquation rates of tris—@,?—diMe—i;10—phenanthroline)iron(II)

are in all known cases lower in mixed aqueous solvents, for
80 31 79

example ethanol™ ', t-butyl alcohol“ ", acetonitrile’”, and

. . .80 . ,
formic acid mixtures, than in water.

There are several studies on the effects of organic
solvent on the structure of water e.g. acetonitrileSI,
dioxan82, by ultrasonic-techniques; propylene oxide,
acetone, tetrahydrofuran,- dioxan, and t-butyl alcohol whose
effects were monitored by proton magnetic fesonance83.
Dioxan like other organic solvents e.g. alcohols whose

45

properties have been reviewed by Franks and Ives ~, breaks

the structure of water.‘

Aquation of tris-(1,10-phenanthroline)iron(II) and its
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at 315 C in various water-dioxan solvent mixtures.
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Ligand substituted derivatives was conducted in acid
solution and it is known that the ions thus introduced have
an effect on aquation rates both in aqueous and aqueous
organic solution. However effects of added ions do not
obscure reactivity trends arising from solvent variation.
From the kinetic results in the various acids in each
solvent mixture it is possible to extrapolate to zero acid
concentration as shown in Tablé 4.5_and Figure 4.7; It

is thus possible to determine theeffect of solveﬁt
composition on reactivity in the absence of added ion
effects. Figure 4.7 shows that both the unsubstituted and
the 5-nitro-complexes aquate more rapidly as the proportion
of dioxan increases, but the rate of aquation of the
4,7-dimethyl complex is less in 60% dioxan than in water.
It is of interest to note that in aqueous dioxan the rate
of aquation of the 4,7¥dimethyl—complex decreases as the
mol fraction of organic cosolvent increases. The rates of
aquation in water ormixed solvents depend on the substituent

and decrease in the following order
55nitro—phen’;> phen ;> 4,7-dimethyl-phen

This marked contrast in behaviour may be due to
differences in mechanism between these complexes, or may
arise from differences in solvation of the ligands in the

complexes or as leaving groups..

The difference in mechanism between 4,7-dimethyl- and
5-nitro-complex may be explained in terms of the substituent

effects on the metal ligand bond as has previously been
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84,85

pointed out The donation of a lone pair of electrons
from nitrogen to iron atom provides Cr;bonding while the
rcverse donation of tZg électrons from iron to phenanthroline
provides 77q—bonding. Since 4,7-dimethyl groups are in para
positions to the nitrogen atoms and act as electron donors,
their effect will increase J - bonding but reduce ¢7/bond1ng
On the other hand 5-nitro is an electron withdrawing group
and will have the opposite effect on the iron-nitrogen bond.
The overall strength of the metal-ligand bond is reflected.

in the stability constants of these complexes which are

shown in Table 4.0.

TABLE 4.6

Stability constants of Fe(LL)32+ complexes

LL log ﬂ.?; Reference
5—nitro—1,10—phen 17.8 86
1,10-phen 21.1 . 87
4,7-diMe-1, 10-phen 23.1 88

The electron donation or withdrawing property of the
substituent groﬁps will also affect the electron density in
the vicinity of the iron atom. So in the case of the 5-nitro
group the iron atom should have more positive charge which
will in turn facilitate nucleophilic attack and hence an
associative character is possible. On the contrary 4,7-
dimethyl groups.should increase the electron densiﬁy at the
iron atom and facilitate the breaking of the iron—nitrbgenl
bond so that a dissociative mechanism is most likely. This

is-only a qualitative description of the relative contribution
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FIGURE 4.8 Variation of rate constants for aquation of
Fp(SNOz-phon)32’ with solvent composition, at
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of dissociative and associative mechanisms towards the

aquation reactions.

However there may be another reason for the difference
in behaviour between 5-nitro- and 4,7-dimethyl-complexes
based on solvation of the initial state. In aqueous t—butyi
alcohol, wﬁere the stfﬁcture of‘watér is‘disrupted46 when
the mole fraction of t-butanol is above 0.04, it has been
shown that tris—(4,7—dimethyl—1,10—phenanthr§line)iron(II)‘
perch;orate is much more soluable than the cofresponding

89

S5-nitro-complex It is expected, therefore, that the free
energy of activation, ZXG%, will increase and hence slow
rates of aquation for the 4,7-dimethyl-complex would be

observed in a similar water structure breaking solvent such

as dioxan.

Finally the nature of organic cosolvent, whether it
produces structure breaking or making, is also important.
There are more kinetic data available for the aquation of
the 5—nitro; and 4,7-dimethyl-complexes in several mixed
~aqueous-organic solvents at 350C. These data are summarized
in Figures 4.8 and 4.9 together with the reéults in aqueous
dioxaﬁ. Particularly for the 5-nitro-complex, the kinetic
consequences of water structure breaking of cosolvents such
as ethanol, t-~butyl alcohol, acetonitrile, or dioxan; and
of water structure making e.g. of formic acid, are vividly
shown in these Figures. Comparison of aquation rates at
constant mol frac£ion of organic cosolvent, Figure 4.8,
shows that for the 5-nitro-complex there is always an
increase in rates of aquation'in structure breaking soivents

while the rates decrease in structure making solvents. As
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a matter of fact this is the cxpected behaviour.  As
previously adumbréted, aquation of the 5-nitro-complex is
most likely to proceed via an associative path and thus the
availability of water will influence the rates. For
instance in aqueous-dioxan or -ethanol more water molecules
are available to attack the positive metal ion which
enhances the dquation. On the other hand in aqueous formic
acid where water is firmly bonded into the solvent structure
less'water molecules are available and aquation decreases.
For the 4,7-dimethyl-complex rates of aquation always
deérease in all mixed solvents as shown in Figure 4.9.

This is consistant once more with a marked difference in

mechanism between the 4,7-dimethyl- and the 5-nitro-complexes.

The Grunwald-Winstein treatment of the variation of
reactivity in solvolysis with solvent composition has been
used in Chapter 3 as a diagnostic test of the mechanism.
Likewise it might prove useful here in an attempt to
determine the dissociative and/or associative nature of
aquation of these complexes. A plot of logarithms of rate
constahts for aquation of tris-(l,10—phenanthroline)irdn(II),
and its 5-nitro and 4,7-dimethyl substituted derivatives,
against Y values is shown in Figure 4.10. Some other results
for aquation of these complexes in aqueous-organic mixtures,
where the organic component is methanol, ethanol, dr formic
acid, are also available. Unfortunately in most of tﬁese
other cases aquation rate constants have either been done at

73 at ZS{SOC or in

a different temperature e.g. in methanol
.the presence of relatively high concentration of acid, e.g.

in ethanol anﬁ formic acidso. Nonetheless the scatter of the
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FIGURE 4.10 Correlation of the logarithms of the rate
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constant for aquation of, 1 : Fe(S—NO_z—phen)3 +;
S ' 2+ s 2+,
2 Fo(phen)2 ;3 Fe(4,7—d1Me—phen)3 , in
mixed aqueous solvents with Y values.

Nonaqueous component : Q dioxan; ‘ ethanol.
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points in mY plots for aquation of these complexes in
‘dioxan—, ethanol- and formic acid-water mixtures is very
much larger than could possibly be attributed to the
Qariation of acid molarity between the various systems.

The lack of correlation could be due to several factors -
the mechanism is far from pure dissociative, contribution.
of ion pairs and also the leaving group are so different
from chloride, as in the aquation of cis- and trans—Coen2Clz+
and leaving groups differ from each other (depending on
substituent). This makes the extrapolation from the
original type of Grunwald—Winsﬁein subsﬁitution beyond the
permissible limits. It is, therefore, impossible to probe
the mechanisms using the Grunwald-Winstein treatment. One
can only therefore consider qualitatively the variations of
rate constants for aquation of these complexes in aqueous-
6rganic solvents, as has already been done earlier in this

section.
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CHAPTER 5.

IRON(II)-FERROZINE COMPLEX

5.1 Introduction

In the previous Chapter the indirect effects of anions
on the dissociation of tris-(1,10-phenanthroline)iron(II)
and its ligand substituted derivatives were discussed.

Since the ferrozine ligand, shown below, contains the same
cC—C

chelating structure N4/ :>N' as in 1,10-phenanthroline
SO,
N
- Q O SOy
N N—N
ferrozine

it is then expected that the tris-fferrozine)iron(II) complex
will have similar properties and show similar kinetic
behaviour to analogous 1,10—phenanthroline and 2,2'-
bipyridyl iron(II) complexes. In this Chapter the extension
of the kinetic study described in Chapter 4 to direct and
indirect effects of anions on the reactivity of tris-
(ferroéine)iron(II) in aqueous solution is reported, and the
behaviour of this complex compared with that of the well-

studied tris-(1,10-phenanthroline)iron(II) complexes.
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The present work 1is concerned specifically with
investigation of acluation of the tris- (ferrozine )iron (II)
complex and its reactions with hydroxide and peroxo-
disulphate in a(|U(;ons solution and reaction with cyanide

in water and aqueous ethanol.

Aquation of tiie analogous 1, 10-phenanthroIine-iron (II)
complexes has been described in (liapter 4- The alkali
fission of tris-(1,10-phenanthroline)iron(II) has been

reported by Margerum™*” and Later substituent effects have

gr
been studied by Burgess and PriiK e . The rate law is
-d[Fe (phen)g”™”™ 1/dt - [Fe (phen)” ] (5.1)
Th (' observed rate constant, obs' over the hydroxide range
0 to 5 M is a function of the fir*st, second and third
order in hydroxidci ion concentration as shown below

In the presence of hydroxide ions and dissolved oxygen90
dissociation oi’ tr Ls- (I, 10-phenanthro Iine )iron (II) proceeds

to completion, with the eventual format ion of ferric oxide.

The reaction of tris-(1,10-phenanthroline)iron(II)
complexes with cyanide7a'has a similar kinetic pattern to

that of alkali fission. The rate Law is

-d[complex] /dt = ArArr[complex] (5.3)

where kAAn = k~ + k~fCN ] (5.4)
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It was suggested (hat the ineehauism invoives two parallel
reactions. One is rate-deterrnining dissociation of the
phenanthroline ligand from the complex (5-8) followed by
I'urther rapid rewacrtion with cyanide ion. The other

pathway is rate-de (ermiuing cyanide attack at the iron.

fe(phcn) ~™ 4~ — N . !''"("([)hen ) “~ 4+ phen (5*5)
last CN
produf ts
Margerum and Morgenthaler ' suggested the possible inter-

mediacy of ion pairs to explain the acceleration of the
dissociation reactions in the prcssence of hydroxide or

cyanide Lons :

e.qg.

le (phen )g*~* + OH ie (phen )" .oil Fe (phen )" (0H )~
- -
product product

They also found tin' rate of dissociation of tris- (1,10-
phenantJirol ine )iron (rl) in the presence of cyanide and in
methanol to be 400 times faster than the corr esponding
one 1in water. This observation was explained as a result
of more ion pair Formation in a solvent of much lower
dielectric constant than water. lhis is not necessarily
true, since the leaving group 1is possibly more solvated
by methanol than by water and henee higher rates of dis-

sociation may be expected. lliere are further studies on
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substitution reactions at'Fe(LL)32+ where LL = phen or

Schiff base (SB) of the formula

V4

91,92.

with cyanide in mixed solvents

The reaction of peroxodisulphate with Fe(phen)32+ and

93 92

related cations in aqueous solutions”“, aqueous acetonitrile

93 follows the same kinetic

and aqueous t-butyl alcohol
pattern mentioned above. In the presence of an excess of

peroxodisulphate the rate law is

I

-d[complex]/dt Kopsl complex] (5.6)

kobs - k1 + k2[82082_] (5'7)
The kl term is thought to arise from rate-determining
dissociation of aAligand molecule, Qith répid subsequent
oxidation; the kz term corresponds to direct oxidation of
the iron(II) complex to its iron(III) ahalogue; It is
V interesting that Fe(phen)32f and analogous complexes react
with peroxodiphosphate entirely by rate-determining

94

dissociation followed by rapid (inner-sphere) oxidation” .
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5.2 Agquation

The aquation of tris-(ferrozine)iron(II) was investigated
as a function of acid concentration in each of hydrochloric
and sulphuric acids at 350C. Aquation follows first-order
kinetics up to at least 80% of complete reaction. The ionic
strength was maintained constant, 0.333 M, by the addition of
sodium chloride or potassium sulphate'in the case of hydro-
chloric and sulphuric acids respectively. The results are
shown ih Table 5.1 and illustrated in Figure 5.1, where
values of observed rate constants are plotted against the

hydrogen ion concentration. There is an increase in the rate

TABLE 5.1

First-order rate constants (k) for aquation of

tris-(ferrozine)iron(II) in aqueous solution at 35.00C

HC1 /Ma 0.017 0.033 0.066 0.099 0.132 0.165 0.231 0.333
1046~ 1.16  1.27  1.49 1.66 1.69 1.74 1.92  2.02

H2504Awb 0.011 0.044 0.077 0.110

10k/s™! 0.98  1.53  1.78  1.96

ionic strength 0.333M, maintained with sodium chloride;

ionic strength 0.333M, maintained with potassium sulphate.

of the dissociation of tris-(ferrozine)iron(II) as the acid
concentration increases. But the rate reaches a limiting

value at hydrogen ion concentrations above about 0.22 M.
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This acid dependence of aquation rates suggests a very
similar behaviour to that of Fe(bipy)32+ or Fe(5—NH2—phen);+.
The acid catalysis of the aquation of Fe(bipy)32+ (ref.95),

as of Co(bipy)32+ (ref.96), has been ascribed to the
protonation of the nitrogen atom on the flexible 2,2'-

bipyridyl ligand by the following reaction scheme :

’ I 7 |
k, Xk, S
"AE; (bipy)zM\ —> (bipy) M +

N N

I ~ I ~

k

4

~
+
NH .
N fast .

(blpy)zM\\ + M(bipy),
‘NI\
~

2+ 2+

M = Fe or Co

On the contrary the above argument cannot be applied
to a rigid bidentate ligand such as 1,10-phenanthroline
hence the step represented by k4 in the above scheme will
not occur. This is consistent with the acid independence
of aquation of Fe(phen)32+. Thus the acid dependence of

aquation of Fe(S—NHz-—phen)32+ has been explained differently
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logarithms of hydrogori ion coiioentration

0 : HCL; # : H~ASO*.
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as duc to the pH-dependent of protonation of the amino

substituent97.

The situation for the ferrozine complex,
whose rates of aquation are acid dependent, could afise
either from protonation of the triazine ring in a similar
way to the Fe(bipy)32+ complex, for the ferrozine ligand
is flexible like 2,2'-bipyridyl, or to protonation of a
sulphonato group, although the latter is‘less likely (cf.
sulﬁhonato—derivatives of the tris-(1,10-phenanthroline)-

97). It is difficult to tell from the

iron(II) cation
kinetic results which situation occurs. The ultraviolet-
visible.spectra of solutions of the ferrozine complex in
water (pH 7) and in molar hydrochloric acid are identical,
this suggests that equilibrium ligand protonation, as for
5-amino-1, 10-phenanthroline, is the less likely explanation

for the pH dependence of aquation rates for the ferrozine

complex.

The rate of dissociation of the ferrozine complex in
neutral solution can be estimated from a plot of observed
rate constants, at 350C, against logarithms of hydrogen
ion concentrations (because this plot is linear) as shown
in Figure 5.2. Extrapolation of this plot to zero acid

4

concentration gives an intercept of 0.8 x 10~ s-1 for the

aquation in neutral solution.

5.3 Reaction with Hydroxide

The reaction of the ferrozine complex with hydroxide
was carried out at constant ionic strength, 0.333 M, in the

presence of various salts such as sodium perchlorate,
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potassium nitrate, sodium chloride or potassium sulphate.

The results are shown in Table 5.2,

TABLE 5.2

Average first-order rate constants (k) for reaction of tris-
(ferrozine)iron(II) with hydroxide in aqueous solution at
35.00C. Ionic strength maintained, at 0.333 M, by potassium

nitrate, sodium chloride, potassium sulphate, or sodium

perchlorate.
[NaOH] /M | 10tk /571
KNO, NaCl K,S0, NaCl0,
0.017 4.2
0.033 7.9 9.5 11 : 2.5
0.050 12.2
0.067 15.2
0.083 18.3
0.100 22
0.133 29 29 30 13
0.167 31
0.200 36
0.233 42 41 42 26
0 267 46 |
0.300 48
0.333 50

It is expected that the base hydrolysis of this complex

would be similar to that of iron(II) complexes Fe(LL)32+
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FIGURE 5.3 Dependence of rate of dissoclation of Fo(fz)?z+

on alkaline concentration at constant ionic strength
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containing the chelaling unit N/,C-T-C\\N. The rate Law is
-d[Fe(LL),2F}/at = k_, [Fe(LL), "]
3 obs 3
_ - 24+
= [k, + k,[oH ]} [Fe(LL), " | (5.8)

where k1 + kz(

there should be a linear correlation between values of

OH_] correspond to k_ ,  in Table 5.2. Thus

observed rate constants, kobs’ and the hydroxide ion
concentration. However the plot for the ferrozine complex
(Figure 5.3) is curved, with opposite curvature for
perchlorate as added anions compared with chloride, nitrate
end sulphate. Therefore the dependence of rate constant on.
hydroxide ion concentration cannot be‘represented simply by
the rate law mentioned above but it should be similar to
equation (5.2) where terms in~[0Hf]2 and probably [OH_ ]3
are needed to explain the present results. It is difficult
to tell whether k4 in the above equation is of any signi-
ficance. Nonetheless the curvature of the plot in Figure

5.3 indicates that k, must be positive when the added salt

3
is perchlorate, negative when the added salts are chloride,
nitrate or sulphate. The rate coostent k1 corresponding to
rate-determining'ligand dissociation can be determined by
extrapolation from the intercept of the plot in Figure 5.3
to zero hydroxide ion.concentration. The value of k1 at
359C is less than 2 xAIO_4 s_1 which is more or less
oonsistent with the previous value deduced from the acid
dissociation in section 5.2. A second-order rate constant
for hydroxide attack, kz, at 350C can be determined from
the observed rate constant in 0.333 M-hydroxide and is

equal to 0.015 Ml st
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5.4 Reaction with Cyanide

5.4.1 General - The reaction of the tris—(ferrozine)-
iron(iI) complex with cyanide has been studied as a function |
of.concentration of potassium cyanide* (at constant ionic
strength), temperature, and solvent composition. In the
presence of an excess of cyanide the reaction ié first-order
with respect to the concentration of the ferrozine complex.

The rate law is
-d[Fe(£2)*7]/at =k, [Fe(fz)*] (5.9)

Variation of the observed rate constant, kobs’ with cyanide
concentratioh is reported in Table 5.3. In all cases studied
there is a linear correlation between observed rate constants

and cyanide concentrations as shown_in Figure 5.4
4- _ - 4~
~d[Fe(£z)*4 ]/at = §k1 + ky[eN 1} [Fe(£2)*7]  (5.10)

From the plots of ko égainst cyanide concentration values

bs

of k1 and k2 were determined from the intercept and slope
respectively (Figure 5.4). These correspond to rates of
dissociation of the complex, kl’ and cyanide attack at the

complex cation, k2’ as shown in Table 5.3.

RIS
7

The concentrations of free cyanide ion were calculated
from the known amount of potassium cyanide added and the
known values of the PK, of HCN (ref.98) over the temperature

range of these experiments.
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The dependence of observed first-order rate
constant (kobs) on total cyanide concentration
for Fe(fz)32+ in aqueous solution. 1 44.10C;

2 38.80C; 3 34.506; 4 29.906;

5 28.8OC; 6 25.30C,
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The activation energies, E,, for dissociation and for
cyanide attack at ferrozine complex have been calculated
from the variation of thé corresponding rate cbnstants l<1 and
k2 with temperatures. Plots of logarithms of rate constants
vs the reciprocal of absolute temperature are shown in
Figure 5.5 - whehce Ea éan be worked out from the gradient
of each graph. Valu.es of AH% and AS?é for dissociation and
cyanide attack were calculated from the corresponding values
of Ea (see section 2.5.5) and are given in Tables 5.4 and 5.5
together with some other published data for analogous 1,10-

phenanthroline and 2,2'-bipyridyl iron(II) complexes for

comparison.

TABLE 5.4

Activation parameters for dissociation of tris-(LL)iron(II)

complexes in aqueous solution

LL AH#/kcalmofd' AS#/catldeg"lmol—1 Ref.
ferrozine 25 + 1.5% +6 + 4 This work
bipy 26.8 +17 95b

25.4 +21.5 95a

phen 31.4 +28 95b

: 20.3 +31
5-N02-phen 28 +30
4,7-diMe-phen 27.8 +23.8
5-Cl-phen 29.1 _ +37
5-Me-phen 29.8 +31
5-Ph-phen 29 +30 84
S—Me—é—NOZ—phen 26 v +25
5,6~-diMe-phen 29 , +27 -
3,5,6,83-tetraMe-phen 29 +31
4,7~-dihydroxo-phen 17.7 --4
3-503’-phen 21 -1 97
5-S0, -phen 26 +9 97

3

# 90% confidence limits for this mean.
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5.4.2 Dissociation - The activation enthalpy, AH#,
for dissoéiation of tris-(ferrozine)iron(II) is of the same
order of magnitudé as those for i,lO—phenanthroline and

2,2’—bipyridy1 iron(II) édmplexes. This is the expected
ltrend for, aé pféviously discussed in sectionll.z,-all iow
spin dé'complexes.have high crystal field stabilization‘and_
actiVatibn‘ehergies. Howéver theismaller enthalpy of
activation féf:this.fe;rozine éomplex:compared with_l,lo-
phenanthroline iron(II) complex can be explained on the
basis of tﬁe structural differences between ferrozine and
1,10¥phenénthfbline. Ferrozine has two main features;
incbrporatioﬁ of a triazine ring and the presence of
sulphonatophenyl substituents. The effect of the sulphonato
_substituénts on the iron-ligand bond sﬁrengthris reflected
in the enthalpy of activation in Table 5.4 where values of
AH for tris-—(l,10-—phéf13nthrolin_e)iron(II) and its
Sulbhonato derivatives are giveh. It is difficult to assess
the effect of the triazine ring, if any, from the present

kinetic results. -

The entrbpy of activation, AS%, for aquation of. the
ferrozine complex is mucﬁ smaller'than those of 2,2'-
bipyridyl aﬁd 1, 10-phenanthroline iron(II) analogues,_ﬁut-it
is very similar to those of the sulphbhato'derivatives_of :
1,Io;phenanthroline-iron(II) complexes‘reported in Table 5.4.
Indeed there is a good correlatibnv(Figure 5.6) between
" enthalpies of activation and entropies of activation for a
variety of iron(II) complexes inciuding thoée of‘2,2¥
bipyridyl and l,lo—phenanthroline and its substifuted'

derivatives, with the exception of the 4,7-dihydroxo-phen
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FIGURE 5.6 Correlation of activation enthalpies (AKH%) with
activation entropies (Aﬁgﬁ for aqhation of low-
spin iron(I1I) complexes Fe(LL)3n+ in aqueous
solution. 1 : fz; 2 bipy; 3 : phen;

4 : S—Noz—phen; 5 : 4,7-diMe-phen; 6 : 5-Cl-phen;
7 : 5-Me-phen; 8 : 5-Ph-phen; 9 : 5—Me~6—N02—phen;
10 : 5,6-diMe-phen; 11 : 3,5,6,8-tetraMe-phen;

12 3—S05—phen; 13 : S-Sog—phen; 14 : 4,7—.
dihydroxo-phen.
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complex, whose chemistry shows several unexpected features.
It is of interest to note that the points for all iroﬁ(II)
complexes which have hydrophilic ligands, e.g. ligands with
sulphonato~ or hydroxo- substituents lie on the left hand
side of the graph in Figure 5.6. This indicates that it is
solvation, rather than the electron- withdrawing or
releasing éharacter Qf the substituents,'wﬁich is important
in determining reactivities. Nonetheless the linear
correlation shown in Figure 5.6 implies that there is a
similarity of mechanism for all the iron(II) complexes
liéted in Table 5.4. The slope of the graph in Figure 5,
which defines the so-called iso;kinetic temperature, is

250 K.27

5.4.3 Cyanide Attack -~ The enthalpy of activation
for cyanide attack at the ferrozine complex is comparable
with that for cyénide attack at the analogous 1,10-
phenanthroline or 2, 2'-bipyridyl complex (Table 5.5). It
seems that the presence of the triazine ring and the
sulphonato substituents have together little effect on the
ease of nucleophilic'attack by cyanide. An entropy of
activation of +12 cal(kxflmol—l for cyanide attack at the
ferrozine complex is unexpectéd. The tris-(ferrozine)-
iron(II) complex has a negative charge of -4 and a radius
of approximately 7 A0 (assuming a similar size to Fe(phen)3zf
ref.72), so according to Laidler"s100 electrostatié épproach :
one expects a very small, negative entropy, about
-9 cal(k%flmol—l, from the electrostriction in the transition
state. Laidler's prediction works satisfactorily for

bipyridyl and Schiff base compléxes. However the deviation
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TABLE 5.5

Activation parameters for cyanide attack at

tris-(LL)iron(II) complexes in aqueous solution

LL AH%ykcalmOIJ' AS#/(:aldeg-'_lm.ol—1 Ref.
ferrozine 25.2 + 1.2" +12 This work"
bipy 23.0 + 0.6 49 99
phen 20 + 3 -3 7a

" 90% confidence limits for the means.

from this rule represented by this positive entropy of
activation is controlled by two variables, change of the
bharge on the complex and the incorporation of hydrophilic
sulphonato substituents. This is in contrast to hydrophobic
ligands, for example 1,10-phenanthroline and 2,2'-bipyridyl.
It is difficult to assess the contribution of each variable
separately. The only feasible approach to this problem is
to determine ZSS%\for complexes such as 1,10—phenaﬁthroline
and 2,2'-bipyridyl iron(II) containing uncharged hydrophilic
‘substituents. But since kinetic data on reactions of such
complexes are not available in the literature, at present,

it is difficult to come to any conclusion.

5.4.4 Solvent Effect - The effect of solvent
composition on the rates of the reaction of the ferrozine
complex with cyanide is shown in Table 5.3 and Figure 5.7.

These results show that there is an increase in the second-



FIGURE S.7

J 19-

The dependoiK'e of observed first-order rate

constant (*Q"s”" total cyanide concentration
for Fe(fz)g™" at 357G. O * water; # : 10%

ethanol; QO : 20" ethanol; : 30% ethanol.
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order rate constant, k for cyanide attack while the first-

92
order rate constant, kl’ for the dissociation of the
ferrozine complex decreases as the percentage of ethanol
increases from 0 to 30%. The increase or decrease in rates
of dissociation depend both on the nature of the organic
cosolventrand on the substituents. For instance, the
.results discussed in Chapter 4 show that the rate of
dissociation of tris-(1,10-phenanthroline)iron(II) increases
as the percentage of dioxan increases. But for 3- and 5-
sulphonato-derivatives of tris-(1,10-phenanthroline)iron(II)
the rate of dissociation decreases as the concentration of
acetonitrile increases79. The variation in k1 with solvent
composition is, possibly, due to modification of solvent
structure. Acetonitrile and t-butyl alcohol affect the
structuré of water either by intercomponent hydrogen boﬁding
with the formerlo1 or by water—wafer interaction in the
latter case. Ethanol has a similar, though smaller, effect
on the structure of water to t-butyl alcohol45. But never-
theless in aqueous ethanol water molecules will become less
easily available for incorporation into a transition state
for aquation of increased coordination number. The kinetic
consequences of that are smaller rates of dissociation in
aqueous ethanol than in water. On the other hand the
increase in rates for cyanide attack, kz, at the ferrozine
complex is directly related to solvation effects of the
ferrozine ligand. Hence the complex is more solvated in
water than in aqueous ethanol, cyanide ion must first |
penetrate the solvation shell of the complex to come in

close proximity to iron(II) which in turn will cause a

decrease in kZ" On the contfary in aqueous ethanol the
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complex is less solvated and it is casy for cyanide ion to
approach iron(11) giving rise Lo high values of kz. This

increase in kz is reminiscent of that reported for cyanide
attack at tris—(l,10—phenanthroline)iron(II)92 and at

analogous Schiff base complexes of iron(II)gl.

The product of the reaction between tris-(ferrozine)-
iron(IT) and cyanide under the present kinetic conditions
has not been isolated. It is expected to be bis-(ferrozine)-
biscyanoiron(II) by analogy with the similar reaction of
complexes of iron(1I) Qith 2,2'-bipyridyl and 1,10-
phenanthroline. 1TIn the iron(II)-1,10-phenanthroline-cyanide
series, the molar cextinction coefficients for the charge
transfer bands in the visible region (which correspond to
Fezﬁ——)>phen charge transfer) for the complexes Fe(phen)32+,
Fe(phen),(CN),, Fe(phen)(cN),*” are 10% (ref.52), 6 x 103
(ref.102) and 4.4 x 103 (ref.102) respectively, i.e. in the
ratios 3 : 2 : 1. The product from the reaction of tris-
(ferrozine)iron(IT) with cyanide has a molar extinction
coefficient of about 0.7 times that of the starting material.
This supports the suggestion that bis-(ferrozine)biscyano-
iron(II) is a persistent intermediate en route to the

3

ultimate products. It has been r'epor'ted10 that the charge

transfer spectra of'cis—Fe(LL)z(CN)2 complexes, where LL =
bipy, phen or Schiff base, are markedly sensitive to solvent
variation. The sensitivity of these charge transfer bands
has been established from the correlation of the frequencies

of maximum absorption against Reichardt's solvent

max

parameterlo4 Erp. The variation of i) , for the product of

max

tris-(ferrozine)iron(II) complex plus cyanide, with the
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solvent parameter E is illustrated in Figure 5.8; results

T

are given in Table 5.6.

TABLE 5.6

Wavelengths (A ) and frequencies ())) of maximum absorption
for the lowest cenergy charge-transfer band of

bis-ferrozine-bis-cyanoiron(II), Fe(fz)z(CN)z. Solvent E

T
values from Ref.104. Temperature 250C.

Solvent Eqp /kcal.mol_1 ' A/nm {ycm—l
water 63.1 574 17420
10% ethanol 61.7 584 17120
20% ethanol 60.0 594 16840
30% ethanol 58.0 602 16610

The slope of the graph in Figure 5.8 is about

6 x 10--3 kcal.mol_lcm—l. This is similar to the solvent

sensitivity of ir-on(II)——--)»biple3 103

and iron(II)*-PG—SO3~—phen105

s, iron(II)—3phen
charge transfer bands in
Fe(LL)Z(CN)2 complexes, which corresponds to a slope of
about 8 x 10_3l<calmol—lcm-1 for*Hqu}max VS RH‘ plot.

It is also belie.ed that the above complexes adopt a c¢ig-
geometry rather than a trans-configuration due to steric
interference of the hydrogen atoms on the carbon atoms

ortho to the ligating nitrogen atoms in the two rings.

Thus it seems highly likely from the above discussion that
the product of the reaction between tris-(ferrozine)iron(II)

plus cyanide is Fe(fz)z(CN)zand of cis-geometry.
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5.5 Reaction with Peroxodisulphate

The reaction of tris-(ferrozine)iron(II) with peroxo-
disulphate was followed up to 50% of complete reaction;
observed first-order rate constants (excess of peroxo-
disulphate) are given in Table 5.7. A plot of observed rate
constants, kobs’ against peroxodisulphate concentration,
Figure 5.9, gives a straight line with an intercept equal to

1.0 x 10_48_1.

TABLE 5.7

Average first order rate constants (k) for reaction of tris-
(ferrozine)iron(II) with potassium peroxodisulphate in aqueous
solution at 35.OOC., ionic strength maintained at 0.099M with

sodium sulphate.

[K,5,081/M 0.002 0.003 0.007 0.010 0.013 0.020 0.027 0.033

104k /s7! 1.03 1.09 1.21 1.34 1.32 1.58 1.74 1.97

These results indicate a rate law of the following form
—d[Fe(rz), ¥ )/do = [k, + 1k, [5,0571} [ Fe(£2) 7] (5.11)
3 1 217278 3

This kinetic equaﬁion (5.11) is similar to thét for
tris—(l,10—phenanthroline)iron(iI) (cf. equation 5.7) where
there is a rate-determining ligand dissociation kl followed
by the tast oxidation of iron(II) intermediates to its

iron(IIL) analogues. The second-order rate constant for
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oxidation of this ferrozine-iron(II) complex, kz, can be
worked out from the slope of the graph in Figure 5.9. It is

0.0029 M“ls—1 at 350C. The rate constant estimated from

Figure 5.8 for the dissociation of Fe(fz)34_, 1.0 x 10—48—1,
is in good agreement with that estimated for acid aquation
in section 5.2. This indicates that the above assignment of
mechanism is valid. The mechanism of the reaction of thé

ferrozine complex and other related iron(II) complexes with

peroxodisulphate will be discussed later in section 6.5.

5.0 Conclusion

The general pattern of reactivity of the Fe(fz)34-
complex in acid solufion, and with hydroxide, cyanide and
peroxodisulphate is very similar to that reported for the
Fe(bipy)32+ and Fe(phen)32+ complexes. All results are
simmarized in Taﬁles 5.1 to 5.7 and illustrated in Figures
5.1 to 5.9. There are differences of details, and
differences between the relative reactivities of the various
complexes towards dissociation, nucleophilic attack, and
oxidation, but the outline is the same for all low spin

Fe(LL)32+ complexes studied to date.
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CHAPTLR O

IRON(11)-HEXADENTATE SCHIFF BASE COMPLEX

6.1 Introduction

Schiff bases of the following formula

O - T

N\ 7S g

(where R' can be alkyl or aryl) act as bidentate ligands
and form very intensely coloured complexes with iron(II).

The preparation of several N-alkyl Schiff base-iron(II)
56

complexes has been reported by Murmann and Healy This

ig in addition to the numerous iron(II) complexes of
analogous Schiff bases derived from pyridine-2-aldehyde
and pyridine-2-ketone with aromatic amines106. Ever
since the successful preparation of these complexes there
has been considerable interest in the study of the
kinetics and mechanisms of aquation106, of reactions with

107,108
2

nucleophilic reagents such as hydroxide and

91

cyanide’ ", and also of reactions with hydrogen peroxide1
108

07
and peroxodisulphate
The present work describes the kinetic pattern of

aquation and of reactions with hydroxide and cyanide for

a new hexadentate Schiff base-iron(II) complex which is of



particular interest as far as the nature of its ligand is
concerned. There are only few ligands beyond the aromatic
bidentate diimines which can cause spin pairing in iron(II).
This has previously been reviewed in section 1.3. Ligands
can be arranged in descending order of their ligand field

as follows

CN™ > phen > bipy > bidentate Schiff base:>.NO£ :>

en > NH, > NCS' > H,0 >F > c1° > Br

The new Schiff base ligand is hexadentate and incorporates

two secondary aliphatic nitrogen atoms beside another two

C—C
N7 .

hexadentate Schiff base is
<::)N N(::>
h-C C-
l ]

ll\l-(CHz)z-NH-(CHZ)Z-NH-(CHz)z-N

Ny e The chemical formula of the

chelating units SN

P Ph

The preparation of the iron(II) complex of the above Schiff
base has already been described in section 2.1.5. Elemental
analysis of this complex shows that the molar ratio of the
ligand to iron(II) is 1 : 1. It is stable, soluble in
water, in alcohols, and in acetone, giving very intensely
blue solutions. The visible absorption spectrum in

Figure 6.1 shows that it has two absorption bénds at 608 nm
and 500 nm whose molar extinction coefficients ( € ) are

7560 and 1920 respectively. These high values of £ can be
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attributed to charge transter from iron(1I) —3 Schifi basc
ligand; the magnitudes are less than those for tris-
(1, 10-phenanthroline)iron(11) complexes. This is consistent
with the presence of only two conjugated structures

C—C

NN

geometry of the hexadentate Schiff base ligand around

in the hexadentate Schiff base complex. The

iron(II) can be represented by either a cis or a trans

configuration

< /

/

T

<

In the above diagram only the coordinating nitrogen atoms

cis trans

are shown; N refers to aliphatic nitrogen atom. Since
aquation of the above hexadentate Schiff base complex

follows simple first-order kinetics (section 6.2), this
indicates the presence of predominantly one isomer. The
systematic name of the hexadentate Schiff base is
[bis—(<1—{2—pyridyl}benzylidene)triethylenetetramine]iron(II);
it will be referred to as the hexadentate Schiff base (hxSB)

complex throughout this Chapter.
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0.2 Aqualion

Aquation of the he#adentate Schiff base complex,
Fe(thB)2+, was carried out in hydrochloric acid at an
ionic strength of 0.333 M, maintained by addition of
sodium chloride. The reaction follows first-order
kinetics up to at least 60% of complete reaction. The
disappearance of the blue colour of the complex at the
end of each kinetic run indicated the complete dis-
sociation of the complex. 1In acid solution the complex
dissociates, precsumably by the following reaction

Fe(hxsB)?t + nut -——»fFe,jz + (hxsBH)™t (6.1)
Ubserved first-order rate constants for aquation (in the
presence of a large excess of acid) are given in Table

0.1.

TABLE 6.1

First-order rate constants (k) for the aquation
of the hexadentate Schiff base iron(I1) complex
. . o .
in aqueous solution at 35 C. Tonic strength

maintained at 0.333 M by sodium chloride

[HC1]/M 107k /s
0.000 0.35
0.099 0.59
0.132 0.93
0.198 1.78
0.231 2.13
0.264 2.50
0.297 2.89
0.333 3.30
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The arid dependence for the aquation reaction is shown in
figure' 6.2 where values of first-order rate constants are
plef t('d ys ac id roncentra tions. At low arid conr(>nt ration
bt'Iow 0.13 M, the plot curves towards the origin while
above that concentration there is an almost linear*

dependence' on ac id e'oncentration.

Ther'e' are two ge'rie’ral patterns of behaviour for
ac|uation of low spin iron (II) complexes in acid solution.
Thus for complexes with a flexible leaving ligand, e.g.
ferrozine (Chapter 5)? 2,2'-bipyridyl**, or 2,2',0',6,2"-
terpyridyllog, an acid-dependence for aquation has been
established, whereas for complexes with a rigid leaving
ligand, e.g. 1,10-phenanthroline, such an acid-dependence
is not, known70. The' aquation profile for the hexadentate
Schiff base complex conforms to the general pattern of
these complexes with flexible leaving ligands. However
graphical comparison of the pfl-rate profile of the
hexadentate Schiff base complex with that of Fe(fz)"™" ,
Fe(bipy)‘zt, and Fe(terpy)22+ at low arid concentrations
reveals the similarity of Fe(thB)2+ to Fe(terpy)22+
rather than to Fe (bipy)“*** or Fe(fz)g” . At high acid
concentration the pH-rate profile for Fe(thB)2+ may tend
to a limiting rate; the aquation of Fe(terpy)22i_reaches
a limiting rate at about 10 M acid**”. While the acid

2+
catalysis for Fe (bipy)* can be explained by the inter-
mediacy of monodentate and protonated species, the
. . 2+ 2+
situation here for Fe(terpy)2 and Fe (hxSB) is more
complicated. This must arise from the possible intcir-
mediacy of monodentate, bidentate and possibly higher

species, and of respective protonated derivatives, in the
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case of Fe(thB)2+. [t is difficult to propose a rate law
for the aquation of the hexadentate Schiff base complex
because of the consequent large number of possible inter-
mediates of kinetic significance. Extrapolation of the
graph in Figure 6.2 for acid dissociation to zero acid
concentration (pH 7) indicates an extremely slow rate of
dissbciation in neutral solution which behaviour is similar
to that of Fe(terpy)22+. This is the expected trend since
as the chelation ofthéligand increases e.g.fromFe(bipy)32+

to Fe(terpy)22+ the overall stability constant increases

from 17.4 (ref.111) to 18.0 (ref.112) respectively.

6.3 Reaction with Hydroxide

The reaction(ﬁ?Fe(thB)Z+With hydroxide follows first-
order kinetics (in the presence of an excess of hydroxide).
Observed first-order rate constants are given in Table 6.2
and illuétrated in Figﬁre 6.2 where values of rate constants

are plotted against hydroxide ion concentration.

TABLE 6.2

First-order rate constants (k) for reaction of the
hexadentate Schiff base iron(II) complex with
hydroxide in aqueous solutionzﬂ:350C. Ionic strength

maintained at 0.333 M by sodium chloride

[NaOH] /M 107k/s”
0.132 0.79
0.198 1.26
0.264 1.62

0.333 2.19
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In general the rate law for alkali fission of analogous

low spin iron(II) complexes (see Section 5.1) is

-d[complex]/dt = {kl + kz[OH— ]}[compléx] (6.2)

But extrapolation of the best fitting straight line in
Figure 6.2 gives a negative intercept. It is more likely
that the graph of rate constants against alkali
concentrations is curved at low concentration; the simple
rate law of equation (6.2) does not, therefore, operate
for alkaline hydrolysis of Fe(thB)2+. It is interesting
that the kinetic pattern for alkali fission of this
hexadentate Schiff base complex is similar to that of
2,2',6',2"-terpyridyl iron(II) complexlog, but the

latter is more reactive than the former.

6.4 Reaction with Cyanide

The hexadentate Schiff base complex reacts with
cyanide in aqueous solution. The reaction was followed
to at least 60% of completion; it was first-order in
complex concentration in the presence of a large excess
of cyanide. Table 6.3 summarizes all the results, where
the effects of temperature, solvent composition and
cyanide concentration on reaction rates are given. In
all cases studied plots of observed first-order rate
constants vs cyanide concentration gave straight lines
passing, within experimental uncertainty, through the

origin (Figure 6.3).
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The reaction of the hexadentate Schiff base complex with
cyanide is thus first-order with respect to each of the

reactants. The rate law is
~d[Fe(hxsB)?*]/dt = ky[Fe(hxsB)*"J[c¥"] (6.3

This means that the rate of dissociation (k1 term) is
negligible (cf. Fe(LL)32+ complex, section 5.1, where ki
is significant) as has previously been observed for acid
and alkali fission of this hexadentate Schiff base complex

in sections 6.2 and 6.3.

Values of the second-order rate constants, kz, for
cyanide attack at iron(II), at different temperatures in
water and in 50% ethanol, have been estimated from the

gradients of the plots in Figure 6.3 and are given in

Table 6.3.

The activation energy, Ea, for cyanide attack at the
hexadentate Schiff base complex was estimated from a plot
of logarithms of k2 vs the reciprocal of the absolute
temperature as shown in Figure 6.4. Thence values of the
enthalpy and éntropy of activation, AH?E and A S?é
respectively, were worked out (see section 2.5.5) and are
given in Table 6.4.‘ The enthalpy of activation for the
present hexadentate Schiff base complex and that for
bis-(terpyridyl)iron(II) are of similar magnitude, as
expected for such similar low spin iron(II) complexes.
But the entropy of activation for the hexadentate Schiff
+

base complex is lower than that for Fe(bipy)32+, Fe(terpy)z2

and Fe(fz)34—; comparison with the 1,10-phenanthroline
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analogue isdifficult since the error in AH%, and consequently
in AS#', is large. This relatively low entropy of activation
for Fe(thB)2+ can be ascribed to the natﬁre of the ligand
itself and its geometry around the central atom (see Section

6.1).

TABLE 6.4

Activation parameters for cyanide attack at tris-(LL)iron(II)

complexes in aqueous solution

LL AH#/k cal mol ™1 AS#/cal deg 1 o1t Ref.
hxSB 24.3 + 1.1 0 This work
fz | 25.2 + 1.2 +12 This work
phen 20 + 3 -3 7a
bipy 23.0 + 0.6 +9 99
terpy 22.4 +6 110
SBi 20.4 -7 91

* SB = oi-(2-pyridyl)benzylideneaniline; value of AH% was

estimated in 95% methanol.

From the statistical point of view the reaction of the
hexadentate Schiff base complex with-cyanide is unfavourable
since it proceeds with a decrease in the number of molecular_
species. Anothér important factor is the geometrical
difference befween Fe(thB)2+ and all the other analogous
complexes listed in Table 6.4. The geometrical arrangement

of 2,2'-bipyridyl, 2,2',6',2"-terpyridyl or ferrozine ligands
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around iron(II) allows several paths by which cyanide ion
can come into close proximity to the iron(II). But in the
case of the hexadentate Schiff base éomplex the approach

of the cyanide to the iron(II) is rendered more difficult

by the bulky nature and arrangement of the hexadentate
ligand. An attempted correlation of AH7é with A S7é values,
for cyanide attack atva range of low spin iron(II) complexes,
(Figure 6.5) shows a rough trend, but is of limited value in
view of the short overall range of activation parameter

values.

The rate of the reaction of the hexadentate Schiff
base complex with cyanide in 50% ethanol at 250C is ten
times faster than that in water at the same temperature, see
Table 6.3. This is the expected trend, since the less polar
solvent, 50% ethanol, enhances the approach of the two
oppositely charged species leading to an increased raté for

cyanide attack at the complex.

The reaction of complexes of the type Fe(LL)32+, where
LL = phen, bipy or a bidentate Schiff base, with cyanide |
usually produces mixed ligand complexes of the type
Fe(LL)Z(CN)z. Further reactions of the latter with cyanide
produce Fe(LL)(CN)42— and eventually Fe(CN)64— but these
reactions are extremely slow. It is of interest to see
whether the reaction of the hexadentate Schiff base complex
with cyanide will produce the same type of complex mentioned
above or proceed with complete displacement of the hexadentate
ligand. It is most likely that cyanide ions will displace
c—=C '

one unit of _ .~

N7 Ny to producg (1).
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Further reaction with cyanide to displace the two secondary
aliphatic ligating nitrogen atoms, to give (II), should be

an easy process.

II ...
~
~
-
-~
.

N N

NC
NC/”//’ N

CN (11)

In view of the geometry of the ligand around the complex it
is difficult to imagine that the two secondary aliphatic
nitrogen atoms can be displaced by cyanide before the complete

C—C

separation of one of the terminal Nﬂﬁ-'~~:> units. Fe(CN)64_

N
is not formed under the kinetic conditions; the kinetic
product has a strong absorption band in the visible region,

540 nm; the product therefore either (I) or (II).

An attempt to isolate the reaction product of the
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hexadentate Schiff base complex with cyanide for the purpose
of analysis and identification was unsuccessful. The solid
product obtained under similar conditions to the kinetic

runs always contained a large amount of potassium cyanide.
Purification of the product was impossible because the
solubility characteristics of the kinetic product closely
resemble those of potassium cyanide, i.e. very soluble in
water, soluble in methanol, sparingly soluble in ethanol and
insoluble in acetone. 1In addition the barium and hexa-
amminocobalt(III) salts of the kinetic product were also very
s0luble in water. Although the solubility characteristics of
the product prevent its characterisation by analysis, never-
theless they suggest that the product may be a salt of an
anionic species such as Fe(thB)(CN)42— rather than uncharged

Fe(thB)(CN)z.

Another criterion which can be used to support the
above assumption that the reaction product is Fe(thB)(CN)42-
rather than Fe(thB)((;‘N)2 is the ratio of the molar
extinction coefficients of the hexadentate complex to that of
the product (sce section 5.4). The value of the molar
extinction coefficient of the low energy charge transfer band
of the hexadentate Schiff base complex is 7560 and that for
the reaction product is 3000 i.e. in the ratio 3 : 1.1.

This suggests that one third of the original ligand is still
attached to the iron(II) giving vise to the charge transfer
band. 1In other words the more likely nature of the product

is Fe(thB)(CN)42—-

The charge transfer spectra of the compounds

cis—M(LL)z(L') and cis—M(LL)(L')4 are sensitive to solvent

2
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103,113

variation This has been established from a

correlation of the frequency of maximum absorption‘{;hax

against E . The slope of such a correlation is used as

T
an indicator of the sensitivity of the charge transfer
band e.g. the slope of Fe(bipy)z(CN)2 or Fe(phen)z(CN)2
varies between 7.7 and 8.6 x 1073 kca]_mol_l. but for
Fe(bipy)(CN)42_, the slobe is only 3.8 x 10“3 kca,l.molq1
(ref.103). Thevariationof”i)max of the reaction product
in a range of mixed solvents (up to 80% v/v ethanol or

acetone) with their respective E values are given in

T
Table 6.5 and illustrated in Figure 6.6.

TABLE 6.5

Frequencies (i)) of maximum absorption for the lowest
energy charge-transfer band of Fe(thB)2+. Solvent E g
values from Ref.104.

% nonaqueous ethanol acetone
i%mx/cm—l E i%mx/cm—l Eqp
0 18900 63.1
20 18760 60.0
40 18450 56.6
60 18180 55.0 18020 54.5
80 18020 53.7 17760 52.2
The slope of the correlation line is 8 x 10_3 k cal mol~

which is much less than the values of 13.4 and
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- -1
15.3 x 10 3 k cal mol for the complexes Fe(LL)z(CN)z‘where

- CH

LL = / C~\
2 o

103

in hydroxylic and non-hydroxylic solvents Again this
adds further support to the hypothesis that the product of
the reaction of the hexadentate Schiff base complex with

cyanide is Fe(thB)(CN)42_.

6.5 Reaction with Peroxodisulphate

Reaction of the hexadentate Schiff base complex with
peroxodisulphate is relatively fast. The half life of the

4

reaction (10 7 M-hexadentate Schiff base complex with

10-3NL-peroxodisulphate) is about 140 seconds. It has been
shown in sections 6.2 to 6.4 that the rate constant for
dissociation of the hexadentate Schiff base complex in
neutral solution is very close to zero. This strongly

suggests a second-order rate law for the reaction of the

hexadentate Schiff base iron(II) complex with peroxodisulphate:

—d[Fe(thB)2+]/dt = kz[szogz'][Fe(thB)2+] (6.4)

The rate constant k, in equation (6.4) is about 12 M-ls-1

at 25°C.
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In general there are two major mechanisms by which
electron transfer can occur in redox reactions. These are
called inner-sphere and outer-sphere reactions. In an
inner-sphere reaction the two metal ions are liﬁked by a
common bridging ligand at the time of electron transfer.

A typical example of the inner-sphere mechanism_is the
reaction of Cr(H20)02+ with CO(NH3)5C12+, the product is
CP(H20)5C12+ (ref.114). On the other hand in an outer-
sphere reaction both metal ions retain their inner
coordination spheres during the electron transfer. The
lability of the reactants is an important factor in deter-
mining the mechanism of redox reaction. For example the
reactions of Fe(CN)64_ with IrCléz- or Fe(phen)32+ with

15

Mn0O,  are outer—sphere1 , with electron transfer very

4
much faster than bond breaking in both the initial compounds.
The distinction between the inner-sphere and the outer-

sphere mechanism can be represented diagramatically as

shown below

Y + X —> -;7F£:Y:;%4:; + X
transition state

INNER~SPHERE electron
transfer

product
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Y + X —>» I/YXI/-=|=
1 A7

transition state

OUTER-SPHERE

v

product

Tn view of the substitution inertness of the hexadentate
Schiff base iron(II) complex, reaction with peroxodisulphate
is highly unlikely to be inner-sphere. The reaction of
Fe(thB)2+ with peroxodisulphate is, by analogy with other
iron(II) complex e.g. Fe(bipy)32+ and Fe(phen)32+, an outer-
sphere one. This can be accomplished by electron transfer
either from the periphery of the aquated complex or directly

from the iron atom to peroxodisulphate.

If the mechanism of the reactions of the hexadentate
Schiff base and ferrozine iron(II) complexes (see Chapter 5
for reactions of Fe(fz)34_) with peroxodisulphate is outer-
sphere, where orbital overlap is minimal, one expects a
linear correlation between the logarithms of the second-order
rate constants of oxidation (kz) and the redox potentials (EO)

1
of the respective iron(II) complexes

To investigate such a correlation, the redox potentials
of the hexadentate Schiff base and of the ferrozine complexes

were measured. This was carried out by titration of the
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respective iron(II) complexes against Ce(IV), in molar
perchloric acid at 4OC, using a platinum electrode and a
Calomel reference electrode. The values of E° for the
iron(II) cdmplexes were determined by taking the redox value
of Fe2+/Fe3+ measured under exactly the same potentiometric
titration conditions as standard. It was necessary to
carry out the titrations at 4OC to minimise acid aquation
of the complex during the course of the redox potential

determination. Assuming that dEo/dt for Fe(thB)2+/3+

2+/ 3+

or
Fe(fz) is approximately equal to that for Fe(phen)32+
(ref.117) then the estimated values of E° for Fe(thB)2+

and Fe(fz)2+ at 25°C are 1.03 V and 0.89 V respectively.

A plot of logarithms of the second-order rate constants
for oxidation of hexadentate Schiff base, ferrozine and
other related iron(II) complexes, Table 6.6, against their
respective redox potentials is shown in Figure 6.7. In fact
there is no good linear correlation but at least the expected
trend for 2,2'-bipyridyl, 1,10-phenanthroline and their
ligand substituted derivatives exists i.e. a decrease in the-
rates of oxidation as the redox potential increases. It is
surprising that the rate of oxidation of the ferrozine complex
by peroxodisulphate is slow despite its low value of EO,
whence one expects rapid reaction. However the scattering of
points in Figure 6.7 may not be genuine, for two major
reasons. Fifstly the-great diversity of thoughts among
various workers who treat the kinetics of peroxodisulphéte
oxidation on the basis of a simple second-order model, or
recognise the existence of parallel dissociation and

oxidation or believe that ion pair formation, between the
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TABLE 6.6

Second-order rate constants (kz) of oxidation of low spin
tris-(LL)iron(II) complexes by peroxodisulphate, at 350C,

and their respective redox potentials (Eo).

LL kZ/M—ls~1 Ref. E/v - Ref.

phen 0.433 118 1.06 120

0.245 119 1.07 121

1.14 122

S—Noz—phen 2.07 118 1.25 120
0.45. 119

5-Me-phen 0.162 118 1.02 120

0.157 119 1.15 122

5-Cl-phen 0.742 118 1.12 120
0.143 119

5—Me—6—N02~phen 0.63 119 1.23 123

5, 6-diMe-phen 0.049 119 0.97 124

4,7-diMe-phen 2.50 119 0.88 125

3,5,6,8-tetraMe-phen 0.34 119 0.92 120

5—503"-phen 0.148. 97 1.20 126

3-503"-phen 1.04 97 1.23 126

bipy 0.73 119 1.12 122

0.648 118 1.05 121

4,4'-diMe-bipy 8.8 119 0.94 122
9.86 118

terpy 0.85 119 0.93,125 124

fz 0.0029 This work 0.89 This work

hxSB 20 This work 1.03 This work
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Correlat ion between logarithms of se( on,torder

rate eoliistant (k") for oxidation of Fe(LL)"'"!

by peroxodisulphate and their respective redox

potentials (b"). 1 : 5-NO*-phen; 2 : 3"S0"-phen;
5-Me-6"NO2” Gh(il; 4 : 5-SOphen;

5 5-Me-phen; 0 : phen; 7 : 5-Ci- phen;

8 bipy: 0 : terpy: 10 : 3,5,6,8-letra-Me-phen;

11 5,0-d Ml'-pluHi; 12 : fz; 13 : 4,7-d iMe-phen;

14 5,5'""d iMe-bipy; I5 4,4'-diMe-bipy;

10 hxSB.



_153_

respective iron(1T) complex and peroxodisulphate anion, plays
an important role. Secondly values of the redox potentials
in Table 6.6 were collected from a variety of sources and
under different conditions such as mcdium, ionic strength

and temperature.

6.6 Conclusion

The preparation of a new hexadentate Schiff base iron(II)
complex has successfully been established. The interesting
feature of this hexadentate ligand is the incorporation of -
the secondary aliphatic nitrogen atoms without causing a
change in magnetic properties from Iow spin to high-spin.

A high stability for this complex is suggested by its
extremely low rate of dissociation in neutral solution. The
kinetic pattern for aquation and for reactions with hydroxide,
cyanide and peroxodisulphate is similar to that for other low
spin iron(II) complexes, particularly to that of its closest

analogue, the bis-terpyridyl-iron(II) complex.
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TEST DATA,

NOe OF POINTS 9

X VALUES Y VALUES
1.0000000 « 0565000
4,0000000 e071110C
540000000 «0814000
640000000 «1152000
70000000 «116900C
11.0000000 «160500C
1840000000 «2428000
2640000000 «314300C
380000000 «387200C

SLOPE = «0094860 STe DEVNe = 20004878

INTERCEPT = «0495040 STe DEVN,e = « 0084362



