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ABSTRACT

The experimental work described in this thesis is aimed at testing the as-
sertion that, in the absence of ring strain effects, the formation of metal
ion-secondary nitrogen bonds is enthalpy-stabilized in comparison with
metal ion-primary nitrogen bonds. To this end the stability constants of
the ligand 2-(2-aminoethyl)aminoethanol (etolen) with the ions gt, Ni*t,
Co?** and Zn?**, and those of the ligand 2,2'-oxybisethanamine (oden) with
the ions HY, Ni?* and Co*?*, have been determined by glass electrode poten-
tiometry at 25°C in 0.5 mol dm~® KNO,. In addition, the enthalpies of
reaction have been determined by titration calorimetry under the same con-
ditions. The results obtained for these various systems, together with

some available from the literature, are compared and discussed.

The differences between the thermodynamic parameters of the etolen complexes
and those of oden give a measure of the relative bonding capacities of
secondary and primary nitrogen donors. From these differences the fol-

lowing general observations are made:

1. The six metal ions considered turn out to split into two distinct
groups: one in which CFSE is expected and the etolen complexes are

more stable, and one in which CFSE is not expected and the oden

complexes are more stable.

The A(log Kgi1) values for each group show at least approximately

a linear relationship with the hardness parameter of the metal ion,

and with the radius of the metal ion.



iii

3. For all metal ions considered, the addition of a second ligand
molecule to the ML complex leads to enhancement of secondary over

primary nitrogen bonding.

4. The A(AH?ll) values for those metal ions where CFSE is expected
show at least approximately a linear relationship with both the

hardness and the radius of the metal ion.

It is therefore tentatively concluded that metal ion - secondary nitrogen
bonds are not in general stronger than those involving primary nitrogen.
They are stronger only in those cases where crystal field stabilization
energy is present and the metal ion is small. This enhanced stability

appears to decrease as the size or the hardness of the metal ion increases.
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CHAPTER ONE

INTRODUCTION

The thermodynamics of metal-ligand complex formation reactions has been
the subject of fairly intensive research effort over the past 20 - 25
years. Much data has been gathered concerning free-energy changes (1,2)
and for a number of years discussion of metal complex forxrmation in solu-
tion was limited tc a rationalisation of free energy changes. However
with the advent of improved temperature-sensing devices, viz. thermistors,
calorimeters have been developed which enable values of AHe to be deter-
mined directly, and hence a number of precise measurements on the en-
thalpy changes of complex formation have been made (3,4). This has led
to the belief that the stability of a complex is best explained in terms
of the corresponding enthalpy and entropy contributions, i.e. in terms

of the equation
acT = arT - 7as’.

It has been found though that a study of the AHo values for a wide variety
of reactions presents a more complex picture than does a study of the

corresponding free energy changes (5,6). However for more closely related

, . . &
systems the irregularity in the AH values is not so marked.

This chapter will describe:

(i) the debate over the existence and origin of the 'chelate' effect;

(ii) the various interpretations presented of the réle enthalpy and en-
tropy changes play in complex formation;

(1ii) attempts to explain and predict values of AHe;

(iv) the aim of this project; and

(v) (in outline) the experimental techniques employed in this work to

measure stability constants and enthalpy changes.



1.1. The chelate effect

It is experimentally observed that complexes formed with polydentate
ligands are more stable than the corresponding complexes formed with
monodentate ligands. This enhanced stability was termed the 'chelate
effect' by Schwarzenbach in 1952 (7). Since then, this effect has
been the subject of much debate. Most of the controversy has arisen
not through the experimentally observed phenomenon but through trying
to describe the effect quantitatively. This confusion has even led to

the question of whether or not there is a real chelate effect.

1.1.1. The great debate: Arguments about definition and
existence

To illustrate the chelate effect Schwarzenbach considered the replace-

ment reaction
MA, + L, = ML + 23, (1.1)

where M is the metal ion, A is a monodentate ligand and L is a bidentate
ligand. He hypothesized that the donor groups of both ligands had the
same affinity for the metal ion, and hence that the heat of reaction

was zero. This implied that the stabilizing chelate effect was due to

a favourable entropy change. This prediction is consistent with the

experimental values of the thermodynamic functions for the reaction
M(NH3);+ + L = M2t + n(NH,),

where L is a polyamine ligand. Typical values for this reaction are

given in Table 1.1.

As can be seen the entropy contribution increases with increasing
denticity of the chelating ligand. The metal-polyamine complexes are
more stable than the corresponding ammonia complexes, largely because

of the large positive entropy changes accompanying the release of
increasing numbers of ammonia molecules. This view was also proposed by

Calvin and Bailes (13) in their study of the stability of various copper

chelates.



TABLE 1.1

Thermodynamic data for the reaction M(NHa);+ + L = ML2Y + n(NH,).

M2 + n L* AGE/kImol~ AHY /kImo1™t TAS7 /kdmo1™? Reference
NiZ+ 3 dien -22.22 - 5.65 16.34 8 Thermodynamic data
4 trien -33.72 0 33.68 9 for the metal-
5 tetren -50.50 - 5.86 44.78 10 ammonia reactions
6 penten -59.87 5.65 65.62 11 have been taken
from reference 4.
cu*t 3 dien -30.17 -12.55 17.84 8
4 trien -42 .55 - 6.49 36.05 9
5 tetren -61.17 - 7.32 53.89 10

This table

*dien =
trien =
tetren =

penten =

is substantially the same as Table 5 in reference 12.

diethylenetriamine
triethylenetetramine
tetraethylenepentamine

N,N,N',N'-tetra- (2-aminocethyl)ethylenediamine




Schwarzenbach (7,14) tried to describe the chelate effect in terms of a
model where in the first step one of the doncr atcms cf the bidentate
ligand attaches itself to the metal ion. He assumed this intermediate

to have the same stability as the complex MA with the corresponding mono-
dentate ligand. Hence the second donor atom may move only in a reduced
volume dictated by the length of the chain joining the two donor atoms.
In the second step the second donor atom of the chelating ligand attaches
itself to the metal ion and the ring is formed, whereas for the formation
of MA, a second freely mobile ligand must be obtained from the solution.
Thus the second donor atom of the chelating ligand has a higher activity
with respect to attachment to the metal ion and this activity can be
calculated from the reduced volume. Thus this model provides an explana-
tion for the decrease in stability of the chelate complex with increasing
distance between the two donor groups of the ligand. Cotton and Harris
(15) calculated the entropy changes accompanying ring closures on the
basis of this modeli However these applications failed to give agreement

with experiment.
Schwarzenbach (7) defined the chelate effect quantitatively by
Chelate Effect = log K(ML) - log B, (MAa,), (1.2)

where the constants K and B, refer to the equilibria:

M+ L = ML K=E54—D§L|§—] (1.3)
M + 2a = Ma, B;%A% : (1.4)

Thus this quantity is in fact the logarithm of the stability constant of
the replacement reaction (1.1). Since (in this case) the 'chelate
effect' is the logarithm of a concentration, it will depend on the units

chosen to express concentration.

Equilibrium constants are however actually defined in terms of activities
rather than concentrations (as done here), and the standard states usually
chosen for the components in solution are different. For solvents the

standard state is taken to be the pure liguid, whereas for solutes the



standard state is defined in terms of a hypothetical ideally dilute

1 mol kg~! solution. This led Adamson (16) to point out that the magni-
tude of the chelate effect depends on the standard state chosen for the
solutes. He interpreted the chelate effect as being an increase in the
translational entropy for the replacement reaction (1.1) resulting from
an increase in the number of species present in solution, as did
Schwarzenbach. Adamson showed that if the unit mole fraction standard
state is used for the solutes instead of the commonly used one molal
standard state the extra stability of the chelate complex more or less
disappears. He chose the hypothetical unit mole fraction standard state
because this state 'is one of minimum translaticnal entropy for a solute
retaining the properties it possesses in dilute solution' (16). This

choice removes the influence of cratic effects.

Adamson is therefore often quoted for his statement that 'the chelate
effect is largely a consequence of the arbitrary asymmetry in the usual
choice of standard states'. Jones and Harrop (17) explain how this
asymmetry arises. In the expressions for K and B, we have neglected the
loss of coordinated water molecules from the hydration sphere of the
metal ion upon complex formation, since it is generally assumed that the
activity of water is one. 1In dilute aqueous solution the concentration
of water is unit mole fraction. Thus the standard state for water is
unit mole fraction whereas the standard states for the solutes are unit
molal (molar) concentrations. This asymmetry is thus inherent in the
expression for the chelate effect. 1In using the unit mole fraction

standard state throughout Adamson removed this asymmetry.

Calculations of the type performed by Adamson led to the conclusions that
'the chelate effect ceases to be of any special importance' (18) and
'the apparent extra stability of chelate complexes disappears' (16), and to

claims of 'the non-existence of the chelate effect' (18).

Alternatively if a standard state of 0.00! molal (mol kg_l) is used for
the solutes the chelate effect becomes much larger. Notwithstanding the
asymmetry of the standard state, one must not lose sight of the fact that

the chelate effect is still experimentally Observed, as has been pointed

out by Martell (19) and Munro (20).



Jones.and Harrop (17) have shown that the removal of the asymmetry of

the standard states need not necessarily lead to the conclusion that the
chelate effect does not exist. They showed that, if the asymmetry of
standard states is removed by using unit molar standard states throughout,
the chelate effect is important. They concluded that for dilute standard
states a real chelate effect is obtained (as reflected by a significant
and negative value for the free energy change), whereas for concentrated
standard states the effect is diminished. This conclusion is in keeping

with Adamson's findings.

In practice stability constants are often given in terms of concentrations
instead of activities. This has led to another source of confusion which
arises from the definition of the chelate effect as given by equation
(1.2). Agterdenbos (21) stated that it was incorrect to compare the sta-
bility constants of complexes involving polydentate ligands with those of
complexes involving monodentate ligands. The error lies in the fact

that the two stability constants have different units and this can lead

to erroneous conclusions about the relative stabilities of the complexes.

Jones aﬁd Harrop (17) emphasize that a change of concentration units repre-
sents a corresponding change in standard states and hence that the choice
of concentration units fixes the standard states of the solutes. They re-
mind the reader that provided identical standard states are chosen the
comparison of stability constants of complexes involving polydentate and
monodentate ligands is valid for concentration conditions in the vicinity

of those chosen for the standard state.

It is generally agreed that since the choice of concentration units implies
a choice of standard state the latter should be close to the concentrations
used in practice. Hence the use of the molar scale is generally accepted
(17,20,22), whereas use of a mole fraction of one is not, since the latter

is physically impossible during a reaction (20,22).

1.1.2. Further attempts to quantify the chelate effect

Since the quantitative definition of the chelate effect given by equation
(1.2) various authors have tried to define this quantity in different ways.
At times this was done in an attempt to obtain a definition which avoids

the problems that arose from Schwarzenbach's definition.



Prue (23) tried to show the relationship between various non-identical
equations in the literature relating the stability constants of com-

plexes to the sizes of the ions and the dielectric constant of the solvent.
From his model he illustrated the réle enthalpy and entropy play in com-

plex formation and the chelate effect.

In his model he showed that if two molecules are closer to one another
than a distance a + da where a is the mean collision diameter, and have
an interaction energy w, then an expression for their association constant

is given by

K =4ma? (da) N e~0/kT | (1.5)
In this equation 4 7 a®* (da) is (approximately) the volume of a spherical
shell of thickness da, e'w/kT is the Boltzmann factor and N is Avogadro's
constant. In this treatment the solvent is a structureless dielectric
continuum of dielectric constant €. From this expression for K the equa-
tions for ion association derived by various authors can be simply deduced.
If the two molecules are oppositely charged non-polarizable ions w is
given by Coulomb's Law and on integration through the abovementioned shell
from r = a to r = a + da one obtains the Bjerrum (24) expression for icnic
association:

a+da
K = fa 4 1 Nr? dr exp (z,z_e®/erkt). (1.6)

(The cation and anion carry charges z,e and z_e respectively.)

If da in (1.5) is set to %a and w is again determined by Coulomb's Law,

we obtain Fuoss's equation (25) for the association constant
4 3 2
K = 3T a N exp (z+z_e? /eakT). (1.7)

Also the expression of Eigen (26), which he derived from a kinetic argument,

can be obtained:
K = V exp (z+z_e? /eakT), (1.8)

where V is the shell volume.



For this model ion pair formation occurs essentially because of the
coulombic forces between oppositely charged ions. Prue showed that if

one treats AG® as a consequence of changes in AH® and TAS? the latter
terms depend on the temperature coefficient of the dielectric constant.

Tf the solvent is water this model gives an endothermic AH® value and
hence an unfavourable contribution to association. However,if one

assumes covalent bonding instead of coulombic attraction between the mole-
cules, exothermic values of AH® are cobtained. Charge-solvent interactions
exert the major influence on AS® for ion association reactions, irrespec-

tive of the nature of the bonding.

From his model Prue showed that if one assumes the chelate effect is an
entropy effect then the association constant for the replacement reaction

(1.1) is given by:

K 4
= 1.9
3, _ 3 (1.9)

In obtaining this expression he assumed the interaction energy of the cen-

tral ion with a bidentate ligand was twice the interaction energy between

the central ion and the analogous monodentate ligand. (Of course, this
assumption is an idealisation.) Taking a = 2.75 A he obtained % =
2

19 mol dm™?,which is roughly of the correct order of magnitude.

Rosseinsky (27) established, using a continuum treatment of chelation, that
the contrasting models of Prue (23) and Schwarzenbach (7,14) refer to
short and long chelates respectively, depending on whether the ligand is

shorter or longer than about 8 A.

In Prue's model it is assumed that both ends of the bidentate ligand enter
the shell volume about the central ion, occupancy of which denotes bonding.
Rosseinsky assumed that this was the case for a short ligand, that is, a
ligand whose length is comparable to the contact distance a, e.g. ethylene-
diamine. He calculated the value of %2 for variocus complexes of ethylene-
diamine and methylamine and found that they bracketed Prue's value of

19 mol dm™®. Hence he concluded that ethylenediamine is the ideal short
chelate. 1In this case he assumed that the interaction energy of the cen-

tral ion with two molecules of methylamine (the monodentate ligand) is

equal to that of the central ion with one molecule of ethylenediamine



(the bidentate ligand). Hence

K (jdeal) = v = & 7 na’)~l. (1.10)
B2 3

When he compared the complexes of bipyridyl (also a short chelate) with
K .

those of pyridine he found that the value of §2 greatly exceeded the

calculated value of v-!'. He called this enhancement of chelation

'non-ideality' and ascribed it to differences in the interaction energies.

Hence

4 1 [(2UTI] - 2uchel)/kT]
(non-ideal) = 05 T Na?) e , (1.11)

W'~

2

where 2up is the sum of the interaction energies for the attachment of
two monodentate ligands and 2u.pe1 is the interaction energy for the

coordination of the bidentate ligand.

For long chelates, that is, ligands whose length £ greatly exceeds the
contact distance a, Rosseinsky made use of the Schwarzenbach model of
chelation. If one end of the ligand is bonded and the other end is free,
the unattached end can occupy any position in a volume equal to 4 m L3

3
centred on the point of attachment. Hence for ideal long chelates

%2 (ideal) = v ' = (% TN 2T, (1.12)

which is analogous to the expreséion for ideal short chelates. Butane
1,4-diamine was deemed the ideal long chelate. Again Rosseinsky ascribed
non-ideality to differences in the interaction energies. Hence the rele-

vant expression is

| 4 . L(2uy - 2ugpel) /kT]
(non-ideal) = (§-ﬂ N £3) e . (1.13)

w| A

2

(In his model Schwarzenbach termed Vg an activity.)

The same arguments as stated before apply in the work of Rosseinsky if
different concentration units are used (i.e. different values for the che-

late effect are obtained). He claimed that the ideal long chelate model

can be used to infer chelation and hence the chelate effect.
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If the chelate-length is known from independent sources such as spatial

models or diffraction data on the solid, then chelation is unambiguous if

K 4
= 2 05

3, TN £ expt) - (1.14)

Both sides of this inequality have dimensions of concentration and hence
it is immaterial what units are used. This thus removes previous con-
tentions regarding the choice of concentration scale. The equality sign
indicates ideality whereas the reverse inequality < indicates the absence

of chelation.

Simmons (22) expanded the idea of Prue (23) of expressing the chelate
effect in terms of molecular volumes. In his treatment he assumed, as
did Schwarzenbach, that the chelate effect is an entropy effect and that
the enthalpy change for the replacement reaction (1.1) is zero. He ob-
tained essentially the same expression for the chelate effect as did

Rosseinsky (27) in his model for ideal long chelates, namely:

K
Chelate Effect = log Ez

IR

- log VN , (1.15)

where V5 is the vclume accessible to the unattached donor atom of the bi-
dentate ligand in the complex with one donor atom of the ligand already
attached. 1In obtaining this expression Simmons obtained equations for the
equilibrium constants of reactions (1.3) and (1.4) on the basis of probabi-
lity. For example, for reaction (1.4) the probability of one molecule

of A being attached to M is proportional to the relative volume available
for it to be attached. He also assumed that the energy involved in

attaching two monodentate ligands is the same as that for attaching one

bidentate ligand.

Simmons thought that his equation for the chelate effect, based on the con-
cept of accessible volume, was difficult to use quantitatively but should
rather be used qualitatively to predict such things as crowding effects and
the structure of the intermediate. For example, the observation that the
chelate effect decreases with increase in chelate ring size can be pre-

dicted from this equation since the volume accessible to the chelating atom
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is larger the longer the ligand, hence the chelate effect is smaller.

Hancock and Marsicano (28) proposed an equation to predict the stability
constants of metal-polyamine complexes (with five-membered chelate rings)
from the stability constants of the analogous ammonia complexes. The

equation has the form:

log Xi(polyamine) = 1.152 log BL(NH,) + (n-1) log 55.5,
(1.16)

where n is the denticity of the polyamine. (The form of this equation is
easily obtained if one considers the removal of the asymmetry of standard
states in the expression for the equilibrium constant of the appropriate

replacement reaction - see Appendix I.)

In this equation log BL(NH,) refers to the cumulative stability constant
for the formation of the analogous ammonia complex. The factor of

1.152 is obtained from pKj(alkylamine) /pKy(NH,) in order to account for the
inductive effect of the ethylene bridges. This factor when multiplied by
leg BLh(NH,) generates log B, for a hypcthetical non-sterically hindered
alkylamine which was thought to be a more appropriate monodentate analogue
for comparison with the polyamines than ammonia would have been. The

term (n-1) log 55.5 accounts for the asymmetry of the standard state.

Hancock and Marsicano found that the following modification of equation

(1.16) had improved predictive powers:

log Xi(polyamine) = 1.152 [n log K1 (NH,) - g-(n—l)A] + (n-1) log 55.5.
(1.17)
The term in A was originally introduced to represent log Kn(NH,) - log

Kn+y (NH;), and A was set equal to an empirical value of 0.5 for nickel (II)-
polyamine complexes. The term in A was thought to account for the steady
decrease in log K,(NH,) as n increases (i.e. as more ligands are added),
an effect that was believed to be due to the electrostatic repulsion be-
tween dipoles. Subsequently (29) the term in A has been re-interpreted

as being of largely steric origin and relating to steric strain developed

in the polyamine ring system.
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This equation was extended (30) to accommodate ligands containing other

donor groups such as the carboxylate group:

log Ki (polyaminocarboxylate)

= 1.152 n log Ki (NH3) - =(n-1) Ay + m log Ki(CH3COO™)

[N¥je]

- %4m+1) Ay + (m + n - 1) log 55.5 . (1.18)
Thus equation (1.18) relates the equilibrium constant of a polyaminocar-
boxylate complex having n nitrogen donors and m carboxylate groups, to
the equilibrium constants of the corresponding ammonia and acetate com-

plexes.

The quantity A, is the ) appropriate to carboxylate groups and is empiri-
cally set equal to 0.26 log Ki(CH,COO") - 0.19.

These equations successfully predicted stability constants for complexes
having five-membered chelate rings but not for those containing six-
membered chelate rings. However, by empirically altering the terms due
to steric hindrance, i.e. the terms involving A, good agreement was ob-
tained between calculated and observed stability constants for complexes

of six-membered and larger rings.

These equations were found especially useful in estimating the stability
constants of complexes containing monodentate ligands which are unstable
in aqueous sclution, e.g. the ammonia complexes of Pb(II), which are hydro-

lysed in water.

Recently a new definition for the chelate effect was introduced by Fraustc
da Silva (31). He based his definition on the experimental observation

that the chelate complex ML forms preferentially in a solution which con-
tains M, L and A and in which L and A can both offer the same total num

ber of donor atoms to the metal ion.

He redefined the chelate effect to be

Chelate Effect = log %%%Jj . (1.19)
2
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With this definition a positive chelate effect means that [ML] > [va, 1.
Equation (1.19) can be rewritten to give

K A L
Chelate Effect = log Ez + 2 log aH - log aH

-2 1log 2 + (1 - 2) log [Lip , (1.20)
or more generally
BMLm a L
Chelate Effect = log 8 + n log aH - m log aH
MA
n
- nlog () + (m-n) log [Llp . (1.21)
m
i the overall stability constants of
In equation (1.21) BMLm and BMAn are v

ML, and MAp respectively,where L is the polydentate ligand and A is the
analogous monodentate ligand. [L]T is the total concentration of the

L .
polydentate ligand and aA and aH are defined as follows:

H

A _ +
OLH—1+KHA[H]

L _ < HiL ro4qi
o = 1+ I B Cat]

In obtaining equation (1.20) or the more general equation (1.21) it was
assumed that ML and MA, are equally hydrated, ;.e. the same number of
water molecules are released on formation of ML and MR, ; the total con-
centration of the ligands 1is very much higher than the total concentration
of metal and the solution contains an equal concentration of donor atoms

from A and L, i.e. [aldp = 2 [Llq

Thus equation (1.21) shows that the chelate effect (as defined by Fraudsto
da Silva) depends on the free energy change of the replacement reaction,
on differences in basicity of the ligands, on the pH of the medium, on
the types of chelates formed and on the concentration of the ligands in
solution. This equation also has the advantage that it is dimensionless

and hence does not suffer the limitations of concentration units and stan-
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dard states which gave rise to so much debate about the chelate effect.

The equation is also in agreement with several experimental observations.
Since (m-n) is always negative, the chelate effect decreases with an in-
crease in concentration of the ligands, in keeping with the conclusion
reached by Jones and Harrop (17) that for concentrated standard states
the chelate effect diminishes and even disappears. Equation (1.21) also
shows that the chelate effect decreases with increase in n and with

increase in pH.

Its major limitation is that of being applicable only to conditions of

large excess of ligands relative to the metal ion.

Fraisto da Silva regards the idea that the chelate effect is an entropy
effect to be an oversimplification which arose as a result of the pre-
vious definition. He feels that both enthalpy and entropy contributions
have to be considered when one examines the origin of the chelate effect.

Among the enthalpy effects which he feels are important are:

1. differences in basicity of donor atoms;
2. distortion of bond angles in the chain of polydentate ligands;
3. group repulsions in polydentate ligands compared with those in

monodentate ligands;

4. interligand repulsion;

5. differences in orbital overlap in chelates compared with the simple
complexes; and

6. differences in ligand-field effects.

1.1.3. Is it an entropy or enthaipy effect?

The idea that the chelate effect is both an enthalpy and an entropy effect

is in keeping with the findings of several other authors.

Myers (32) has shown that values of AH® = 0 and Ase'near the calculated

values for the replacement reaction (1.1) can be the result of the con-
fluence of several large and Oopposing enthalpy and entropy changes. He
calculated the enthalpy and entropy changes in the gas phase for some

typical chelation reactions in order to estimate the influence of various

solvation effects on the chelate effect. Previously the process of
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chelation had only been considered in solution.

He found that the enthalpy of selution of the bidentate ligand is not
double that of the monodentate ligands, the requirement for the enthalpy
change for the chelation reaction to be zero. He also compared the en-
thalpy change of the replacement reaction (1.1) in the gas phase with
that in solution and found that the enthalpy change for a change in
ligands (e.g. from methylamine to ethylenediamine), for the same metal
ion, is not zero and can be as large as or even larger than the chelate
effect. Alsc, there is nc regqularity, which makes it impossible to pre-

dict the relative strength of metal-ligand bonds.

He found that the entropy changes involved when two bidentate ligands are
replaced in solution by four moncdentate ligands, differed significantly

from the ideal value of 67 J mol~t k1.

Hence Myers concluded that there are many contributions to the chelate
effect. These push the reaction in different directions and are of such
different magnitudes that it is probably a coincidence if the standard en-
thalpy change for a chelation reaction turns out to be near zero and the
entropy change is positive and near the theoretical value of 67 J mol='k-1!

(for two rings).

Although there undoubtedly is an increase in the translational entropy
when molecules are released in solution in the chelation process, the solu-
tions are far from ideal and the actual entropies of solution of all the
species are needed. The entropies of solution of the monodentate and che-
lated cations can differ by as much as 142 J mol~! k-1. Hence Myers feels
that it is coincidental if the entropy change for a chelation reaction is
close to the ideal value. Similarly the enthalpies of solution of the

ligands can differ by as much as 20 kJ mol~™! from the ideal value.

Atkinson and Bauman (33) studied the chelate effect with the pyridine and
2,2'-bipyridine complexes of Mn’*, Ni?*, Cu®** and Zn**+. From this study
they also concluded that both enthalpy and entropy changes contribute to

the chelate effect. They determined AGQ, AH® and AS® for the reactions:
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M(py), + bipy = M(bipy) + 2py (1.22)

M(py)s + 2bipy = M(bipy), + 4py - (1.23)

-
They found that for Cu’* and Ni?*t the chelate effect was due to the contri-
bution of a large enthalpy term whereas for Mn?t and Zn?* it was due to
the entropy term. Crystal field effects were invoked-to explain the en-
hanced stability of the bipyridine complexes of Ni?* and Cu*?t since it is
observed that the spectroscopic Dq is greater for bipyridine than for
pyridine complexes. Mn®*, having a half-filled d-shell, and zZzn**, having
a full d-shell, are not stabilized by such effects.

The authors further examined the chelate effect by separating both Ad&
and ASer into a unitary part dependent on the characteristics of the parti-
cles during a reaction, and a cratic term due to a change in the number of
particles during a reaction. The values of the unitary portion of the en-
tropy change for reaction (1.22) were found to be negative, thus indicating
that considerably more ordering is required to form a chelate ring than
to form the corresponding bis-coordinated complex. Further they found
that elimination of the cratic term produced positive free energies for
the Mn?2%t and Zn** complexes in reaction (1.22), thus indicating that the
chelated complex is no longer the more stable one. Hence it can be con-
cluded that for these metal ions the enhanced stability observed is due to
the increase in the number of particles upon chelate formation. Cu?t and

Ni** remain stabilized by an enthalpy term.

Similarly Spike and Parry (34) observed that for the complexes of Zn*?* and
cd®>* the increased stability due to chelation is an entropy effect (these
two metal ions have no crystal field stabilization energy-CFSE) whereas
for the complexes of Cu’t the increased stabilization is accompanied by

an increase in the bond strength which is reflected in a larger negative

enthalpy term.

In 1977 Munrc (20) published a paper which identified the three main mis-

understandings over which the chelate effect debate had raged. These

are:
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(1) the experimentally observed phenomenon of ligand competition;
(ii) the problems associated with the parameters used to quantify the

chelate effect; and

(iii) the explanations proposed for the origin of the chelate effect.

By now there is no doubt that metal ions in solution form complexes with

polydentate ligands in preference to the analogous monodentate ligands.

Munro points out that although a change in concentration units will lead
to a change in the numerical value of the chelate effect it does not
necessarily mean that this comparison of stability constants is invalid.
He regards these variations as reflecting the fact that 'dissociation of
a complex and the extent of competition between ligands depend on the
concentrations of solutions in which they are studied'. In agreement with
several other authors he feels that concentrations of unit mole fraction

are practically unrealisable and hence should not be used.

Although it may seem possible to evade the problem of comparison of
equilibrium constants having different units by comparing the correspon-
ding thermodynamic quantities.AGé, A and As® (which have consistent
uniﬁs), Munro reminds us that the values of Ade and AS® do in fact depend

on the choice of concentration for the reference state.

Munro upholds the idea of Schwarzenbach (7) that the chelate effect is an
entropy effect arising from the increase in the number of molecules in
solution on chelation. Munro uéed the approach developed by Rasmussen (35)
to calculate the entropy change on chelation. However the calculated values
were larger than the experimentally observed values. Munro explained this
difference in terms of the change in internal entropy of the bidentate
ligand on formation of a complex. Hence he concluded that the entropy

differences alone are sufficient to give rise to a chelate effect.

Anderegg (36), in reply to Munro's article, points out that for a valid
estimation of the entropy of a reaction the partial molar entropies of all
the reaction partners must be considered. Munro, he claims, has failed to

consider the entropies of the complexes MA, and ML.

Munro briefly mentions that 'differences must arise when ligands are con-
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strained in a chelated complex and it is likely that there will also

be some differences in the bond energy values (AE) of monodentate and
half-bidentate ligands joined to the cation'. Sanger {37) (in keeping
with the idea that the chelate effect is an entropy effect) points out
that sometimes these enthalpy effects can be so large and so adverse that
they override the favourable entrgpy change on complex formation and so

the chelate effect dces not dominate in every case.

Powell (38) points out that Munro has neglected the contribution of AHG
to chelation. In his examples Munro unfortunately chose cart to illus~
trate his ideas. This is an unfortunate choice since for ca** the CFSE
is zero as cd** is a g'? ion, and its reactions are largely entropy

stabilized.

Atkinson and Bauman (33) have argued that the enthalpy contribution to
chelation arises predominantly from the higher CFSE for chelate complexes.
A coordinated bidentate ligand generates a larger crystal field splitting

- energy than does a pair of analogous monodentate ligands.

Powell (38) however feels that to attribute chelate enthalpy change to
CFSE alone overlooks two opposing factors. For chelates the basicity will
be smaller, thus a reduced o-bonding strength per donor is predicted.

In contrast, chelate stability may be enhanced when the polar donor groups
in the chelating ligand. are held close together - possibly at an appro-

priate separation for coordination.

Rode (39) has studied certain quantum chemical aspects of the chelate effect.
He has shown, from ab initio calculations on the Li(HCONHz);.complex in
different geometrical arrangements, that for the chelate conformation shown
in Figure 1.1 there is a remarkable increase in stability which is not

due only to the formation of hydrogen bonds. He concludes that this in-
crease of chelate stabilization energy should be even greater for metal

ions of higher atomic number with more polarizable electrons. He also

found that in the chelate arrangemént a very symmetric distribution of
electron density existed between the metal ion and the donar atoms, unlike
the distribution in the other geometric arrangements. Hence he showed

that the chelate effect was associated with a strikingly different electron

density and electronic energy.



FPigure 1.1 The chelate conformation for the Li(HCONHz)j' complex.
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Hence the chelate effect is a more complicated process than originally
supposed; it is not due merely to the entropy increase resulting from
the fact that more molecules of monodentate ligand are liberated in solu-
tion than molecules of chelating ligand are used in the reaction. Some
of the various enthalpy and entropy factors which contribute to chelate

stabilities will now be examined.

1.1.4. Enthalpy and entropy factors contributing to. chelate
stabilities

Irving ekt al. (40) noted that as the size of the chelate ring increased
the stability of the metal complex decreased but the tendency of the
ligand to complex with protons increased. This decrease observed was
in keeping with Schwarzenbach's (7,14) theory of chelation but his theory

underestimated the magnitude of this decrease.

Schwarzenbach's theory assumed that the enthalpy change for the replacé—
ment reaction (1.1) was zero and that the chelate effect was determined
by entropy considerations. From this it follows that the magnitude of
the chelate effect and the magnitude of the stability decrease with ring
enlargement should be independent of the metal ions involved. Irving

et al. found that their experimental data did not support this conclusion.
Hence they proposed that Schwarzenbach's theory was oversimplified and
that the enthalpy change for the replacement reaction (1.1) need not

necessarily be zero and does play a part in the chelate effect.

It was first pointed out by Williams (4I) that the decrease in enthalpy
associated with metal complex formation can account for the greater sta-
bility of chelate complexes. At the time this appeared to contradict the
previous assertion by Schwarzenbach (7). that this enhanced effect is due
to a more favourable translational entropy change. The fact that the
value of AH® greatly influences the stability of a chelate complex is
particularly marked for 3d"™ ions where n # 0, 5 or 10. Thermodynamic data
to illustrate this effect are shown in Table 1.2. Since the only quantity
in the equation AGT = AHe - TasT which is more or less independent of the
choice of standard state is the change in enthalpy, it would be most

desirable to explain the chelate effect in terms of enthalpy changes.

The study of the thermodynamics of metal-polyamine complex formation has made



TABLE 1.2
Thermodynamic data for the reaction M(NHJ);+ + x(en)

(A1l the data have been taken from reference 4.)

—
~

M(en);

+

+ n(NH, ).

M2 ¥ AGT /kImo17! AHe/kJmol'1 TAST /kImo1™?! Conditions

Ni?t -14.39 - 8.58 5.86 g =1 mol dm™3
-34.14 ~16.32 18.09 t = 25°C
~55.02 -26.78 28.19

cu * ~17.61 ~12.55 5.11 =1 mol dm™?
~42.26 ~22.59 19.59 t = 25°C

ca: ™t - 5.06 0.38 5.41 L = 2 mol dm ?
-18.16 - 3.35 14.72 t = 25°C

12
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& a2
possible a clarification of the xrdle of AH  and A4S in metal-complex forma-

tion reactions.

Paoletti et al. (42) have put forward a model for the formation of metal-
polyamine complexes in aqueous solution in order to interpret the thermo-
dynamic data for the formation of these complexes. The model can be

represented by the following equation:
M(H,0)s.LH,0 + L.3H,0 » ML(H,0),.nH,0 + (£ +6 - n)H,0.

In the above M is the metal ion surrounded by six coordinated water mole-
cules forming the first hydration sphere, and £ watexr molecules are hydro-
gen bonded to the coordinated water molecules and constitute a secondary
hydration sphere. L is a tridentate ligand with one molecule of water
bound to each nitrogen atom. Thus water of hydration is liberated from
the primary and secondary coordination spheres of the aquo ion and from

the uncoordinated ligand.

This model of complex formation reactions between 3d metal ions and
chelating amines can account for the exothermic heats of reaction observed,
the increase in exothermicity with the successive additions of ligand

. A~ S . .
molecules, and the decrease in AS with successive steps of the reaction.

It may be noticed that the formation of some chelate complexes from the
correspondingcomplex involving analogous monodentate ligands is favoured

by the enthalpy term, whilst others are not.

The more favourable enthalpy change observed in the formation of the che-
late complex than in the analogous monodentate complex can be, in part,
the result of having overcome the mutually repulsive forces between the
donor groups in synthesizing the polydentate chelating ligand (19).

Hence the enthalpy effect should manifest itself even more with increasing

polarity or charge on the donor groups of the polydentate ligand.

Ligand field effects have also been invoked as contributors to the heats

of complex formation (33). Ciampolini ef al. (43) found, from the values

=4 o :
of AH and AS for the complexes of ethylenediamine and ammonia, that the

chelate effect is in part an enthalpy effect. For the complexes of Ni?t

they found that the differences
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o - o (for x = 1, 2 and 3)

Ni(en) Ni(NHl)2X

are of the same order of magnitude as the differences in crystal field
stabilization energy (CFSE) for the two types of complex. The differences
between the heats of formation of the complexes of ammonia and those of
ethylenediamine cannot be attributed to the CFSE alone in the case of

cu?t because of the Jahn-Teller effect. In the case of zn*t one would
expect this difference to be zero if it were the result of CFSE only.
However Ciampolini ef af. found that this is not the case, possibly because

of geometric and steric factors.

Enthalpy also plays a part in the variation of stability with chelate ring
size. Aé the chain length between the donor groups increases greater
coulombic repulsive forces (between charged donor groups) and mutual
electrostatic repulsive forces (between dipoles) must be overcome to bring
these groups together, and hence formation of the complexes becomes less
exothermic. This effect is especially noticeable as one goes from five-
to eight-membered rings. From the thermodynamic data given in Table 1.3
for the formation of metal chelates of edta homologues, one observes that
the decrease in stability with increasing ring size is mainly an enthalpy
effect, because the entropy increase remains about the same as the size

of the chelate rings increases from five- to seven-membered (19). One
notices a similar trend in the thermodynamic data given in Table 1.4 for
the formation of metal chelates with homologues of the uncharged ligand
ethylenebis (iminomethylene-2-pyridine) (eimp). For these latter data
changes in ASe'are small, which again indicates that the variation of sta-
bility with chelate ring size is an enthalpy effect. As pointed out by
Anderegg (44) this is in contrast to the theory of Schwarzenbach (7) which
predicts a decrease in AS® of about 25 J mol™'K~! for an increase of one
in the chelate ring size and a constant value of AHG. For polyamine com-
plexes this increasing endothermicity with increasing chelate ring size

is caused by the greater ring strain in the higher homologues. An example
of this can be observed in a comparison of the structural and thermo-
dynamic parameters of the complexes [Cu(en),]?** and [cu(tn),]?+ shown in
Figure 1.2. 1In the latter compound the bond angles are appreciably dis-
torted so that the nitrogen atoms in the ligand are unfavourably orien-

tated for the donation of a lone pair to the cu*t ion. This results in

-
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TABLE 1.3

Thermodynamic data for the farmation of metal chelates of edta homologues.

3

(All data are at p = 0.1 mol dm ~ and t = 20°C, and have been taken from

reference 4.)

Mt edta @ pdta © bdta C
Mn®+ AGT /kImo1™? - 77.45 - 56.07 - 53.48
a{ s /kJmo1~? - 19.08 - 3.01(?) 14.27

As¥/3 k-t mo17t 199.2 221.3 (?) 231.0
cort - 91.53 - 87.27 - 87.89
d - 17.57 - 10.88 - 6.69

252.3 260.2 277.4
Nizt -104.50 -101.86 - 97.43
d - 31.59 - 27.87 - 29.08

248.5 252.3 232.2
cutt -105.51 -106.18 - 97.26
d - 34.10 - 32.38 - 27.28

243.5 251.5 238.5
zn? + - 92.60 - 85.64 - 84.24
d - 20.29 - 9.50 - 14.56

246.9 258.6 237.7
ca:t A - 92.38 - 78.01 - 67.46
d - 37.87 - 22.76 - 12.05

185.8 188.3 189.1

edta = (CH,CO,H), N CH, CH,N(CH, CO, H), , 1,2—diamino—N,N,N',N'—tetraacetic
acid ethane.
pdta = (CHZCOZH)ZN(CHZ)JN(CHZCOZH)Z, 1,3—diamino-N,N,N',N'—tetraacetic
acid propane.

bdta = (CHZCOZH)ZN(CHZ)qN(CHZCOZH)Z, 1,4—diamino—N,N,N',N'—tetraacetic

acid butane.
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TABLE 1.4
Thermodynamic data for the formation of metal chelates of eimp homologues.
(All data are at ¢ = 0.1 mol dmn™ and t = 25°C, and have been taken from

reference 44.)

Mz + eimp @ ' pimp ® ° " bimp €
Mn? * AGT /xJmo1~ L -31.8 -25.5 -15.1
alar®/xomo1-1 -18.8 -13.4 - 0.8

7s®/ 3 k- mol~? 43.5 40.6 47.7

cott -68.2 -64.0 -45.6
d -59.4 -55.2 -35.1

29.3 29.3 35.1

Ni2t -82.8 -81.2 -63.6
d -72.8 -68.2 -51.9

33.5 43.5 39.3

curt : -97.1 -104.6 -88.7
a -76.1 -84.1 -70.3

70.3 68.6 61.9

zn*t -63.6 -59.0 -43.9
d . -47.3 -40.6 -24.7

54.8 61.9 64.4

cazt -55.2 -49.0 -40.2
d -40.6 -32.6 -28.0

49.0 54.8 40.6

feimp = ethylenebis(iminomethylene-2-pyridine)

bpimp = propylenebis(iminomethylene-2-pyridine)

Cobimp

butylenebis(iminomethylene-2-pyridine)
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log K = 19.7
~AHT = 105 kJ mol™
AS® = 24 J K mol”

log K = 17.3
~AH® = 920 kJ mol™
AS® = 23 JK' mol™

Figure 1.2

Structural and thermodynamic parameters for the complexes

of cu**t with ethylenediamine and 1,3-diaminopropane. (Taken from
reference 42.)
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the formation of a weaker bond and hence a less exothermic reaction.
As can be seen the higher stability of the complex having five-membered

rings is entirely due to a more favourable enthalpy term.

Pacletti ef af. (46) determined the crystal structures of Ni(dpt) ; (CLOy) 2
and Ni(dien),C%, .H,0 in order to confirm the enhanced stability of five-
membered rings compared with six-membered rings, and to study the nature
of the strain. It was found that in the former compound the Ni- secondary
N bond lengths are approximately 0.2 . longer than in Ni(dien)2™*, which
possibly accounts for the lower enthalpy of formation of the compound.
Also the six-membered rings were found to be strained due to ligand-ligand

interactions.

McDougall et af. (47) have shown quantitatively, by means of empirical
force-field calculations, that the difference in the enthalpy of formation
between five~ and six-membered chelate rings is due mainly to steric strain
in polyamines. These authors calculated the differences between the total
conformational energies of the complexes Ni(en)j+ and Ni(tn)§+ , and

between Ni(dien)f+ and Ni(dpt)f+ . However these values had to be cor-

rected for the difference in strain energy between the two free ligands.
The difference in strain energy between en and tn was found to be 1.15 kJ
mol™!. Hence it was assumed that the increase in the total strain energy
of a molecule on the introduction of an extra methylene group is

1.15 kJ mol~™!. The results obtained by these authors are summarized in

Table 1.5.

From the table cne can see that the values of AU cbtained agree fairly well
with the differences in AH® between the five- and six-membered chelate ring
complexes. This supports the idea that six-membered polyamine chelate rings
are less stable than five-membered polyamine chelate rings because of

strain considerations, and the effect is exhibited in a smaller negative

enthalpic contribution to AGe.

It has also been noticed that when two or more rings are fused a further
decrease in the exothermicity of the heat of reaction occurs (45) . This
appears to be so because the increased accumulation of strain in the

molecule leads to a destabilization of the coordinate bonds formed rela-

tive to those formed in the analogous complexes having separate chelate



TABLE 1.5

2+ : *
Results obtained from empirical force-field calculations by McDougall et af. (47) for the Ni? ¥ complexes of polyamines.

en tn Ni(en)%? Ni (tn)2t Ni (dien)2 ¥ Ni (dpt)2t
Total conformational potential 3.72 4.87 19.12 54.85 49.62 89.16
energy, U/kJmol~?!
Difference in strain energy,
AU/kJImol™? 1.15 35.73 39.54
Strain energy corrected for
additional methylene groups 32.30 34.94
Difference in enthalpy change
on complex formation,
A (bHT) /kImo1™t 27.61 31.80

*All data are as given in reference 47.

8¢
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rings. This effect is illustrated by the data presented in Table 1.6

for the formation of complexes with the tridentate ligands dien (two
linked consecutive 5-membered rings) and dpt (two linked consecutive
6-membered rings), and the quadridentate ligands trien (three linked
S-membered rings) and 3,3,3-tet (three linked consecutive 6-membered

rings) as compared with the formation of the analogous complexes of en

and tn, which have unconnected 5- and 6-membered chelate rings respectively.
(For the full names and formulae of the ligands mentioned see the Glossary
of Abbreviations.) However it has been found that this lower heat of com-
plexation occurs only when the fused chelate rings are of the same size

(42) .

The nickel complex with the ligand 2,3,2-tet, which has two five-membered
rings with a central six-membered ring, is much more stable than the
analogous complex Ni(trien)?? because of a very high (exothermic) heat

of reaction. (See Table 1.6.) Thus the introduction of a methylene group
in the central ring of three linked consecutive five-membered rings removes
some of the increased strain of the external five-membered rings, and

this is reflected in a greater (éxothermic) heat of complex formation.
Similarly the complex Ni(3,2,3-tet)?**, in which the ring sequence is 6,
5, 6, shows enhanced stability because of a more favourable enthalpic con-

tribution on formation.

Boeyens ¢f al. (48) extended the work of McDougall ¢t al. (47) by including
parameters for the coordinated water molecules in the strain energy cal-
culations previously performed. They also calculated the difference in
strain energy, AU, between the two complexes Ni(2,3,2-tet)?*" and Ni(trien)?™.
However they found that the difference in U, viz. 7.66 kJ mol_l, is in poor
agreement with the difference of 19.66 kJ mol~! in AES for the two complexes.
Nevertheless the lower value of U for the Ni(2,3,2—tet)2+_complex is in
accord with the suggestion that the inserted six-membered ring stabilizes
the complex by release of cumulative ring strain. This, according to Boeyens
et al. (48), is to be expected since the alternating sequence of chelate

rings allows eloser accommodation of the 90° angles required in octahedral

coordination.

This alternating sequence of chelate rings is also found to favour the

formation of stronger coordinate bonds (reflected in a greater negative

enthalpy of formation) for triamines. It can be seen from the data in

Table 1.6 that the complexes formed with the ligand 2,3-tri (ring sizes
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Thermodynamic data for the formation of various Ni** - polyamine com-

plexes.

(Ni2* + nL

reference 42.)

—"
=

NiLit)

(ALl data taken from reference 4 or

L ABES /kmol~t TAS® /kJmol ™t
dien -105.86 0.0
en -117.19 -17.5
apt - 73.81 1.1
tn - 89.12 -20.7
trien -~ 58.58 20.0
en - 72.17 4.2
3,3,3-tet - 55.23 4.6
tn - 62.76 - 1.4
2,3,2-tet - 74.89 18.8
3,2,3 -tet - 80.29 3.6
dien ) - 49,58 10.6
dpt - 44.18 8.2
2,3-tri - 56.48 7.4
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5 and 6) are more stable than the analogous complexes formed with dien

(ring sizes 5 and 5) and dpt (xing sizes & and 6).

Powell (38,49) disputes the conclusion that a combination of alternating
five- and six-membered chelate rings in a ligand imparts extra stability
to a complex because of the release of accumulated ring strain. He
suggests that other authors have overlooked the fact that ligands with
different combinations of ring sizes are of different basicity. Thus
when comparing the relative stabilities of the complexes formed we are
considering the combined effect of both ligand basicity and the stability
associated with ring size. Powell suggests that, in order to study only
the stability associated with ring size, we consider the thermodynamic

functions for the following reaction:
M2t o+ nHY = M+ g 1Pt (1.24)

If this is done we see that (both for triamines and for tetra-amines) the
greatest ring stability is for linked 5-membered chelate rings, in spite

of ring strain. This conclusion is at variance with those of others,

and Powell suggests that others have in fact neglected a certain destabili-
zing effect. They have (he claims) ignored the fact that, for a larger
chelate ring to be formed, it is necessary that the mutually repelling
forces of the dipoles (or charges) be overcome. This is an endothermic

effect, and so destabilizes the complex.

Thus in the heats of complex formation obtained is reflected the ability
of the ligand to position its donor atoms in such a way that stronger bonds
are formed and the resulting complex is relatively free of steric strain.
This ability on the part of the ligand depends on its structure, the length
of the chain joining the donor atoms, and the electronic requirements of

the metal ion (42).

In some cases complexation is favoured by an increase in the entropy of

complex formation as was noticed with the thermodynamic data given in

Table 1.1.

Williams (41) stated that favourable entropy increases occur whenever posi-

tive and negative ions combine in. aqueous solution, i.e. when complexes
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are formed by displacement of water molecules from the hydrated consti-
tuents. The reason is that solvated water molecules are released on
charge neutralization. The entropy must increase in such cases because
the product is always much less hydrated than the reactants, and hence
the number of particles on the right hand side of the reaction equation

is greater than that on the left.

An example of this is the formation of metal-carboxylate complexes (12).
In most of these complexes the associated heats of formation are endo-
thermic. Nevertheless the complexes are stabilized by the accompanying
relatively large positive entropy changes because of the liberation of
water molecules from the ions on complex formation. Data illustrating

this are given in Table 1.7.

Similar stabilization through positive entropy changes is observed for the

formation of metal complexes with aminopolycarboxylate ligands (12).

Thus complexes formed through predominantly electrostatic interactions
between hard acids and hard bases are entropy-stabilized. The accompanying
enthalpy changes are usually small and endothermic, reflecting the energy
required to remove the coordinated water molecules from the hydration
spheres of the ions. In such cases the tendency of the system to go to

the most random state outweighs the strength of the bonds formed and hence

such complexes are entropy-stabilized.

Complexes formed between soft acids and soft bases, where coordinate bonds
with a high covalent character are formed, are enthalpy-stabilized. This
is to be expected since the enthalpy change is the quantity mosﬁ directly
related to the changes in the numbers and strengths of the bonds. In such
cases the entropy change becomes increasingly negative as the softness of
the interacting species increases (12). This effect is exhibited by

metal-polyamine complexes with successive steps of complex formation.

It is interesting to note that polyamines do not form stable complexes with
hard cations (e.g. Ca?%) in aqueous solution. Nevertheless when nitrogen
donors are combined with carboxylate groups the resulting aminocarboxylate

ligands can form complexes with both hard and soft cations. For example,
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TABLE 1.7

Thermodynamic data for the formation of various metal-carboxylate complexes.
(M* + LT = ML)
(all data have been taken from reference 12 and are valid at g = 0 mol dm™°

and t = 25°C.)

L~ Mt AGT /kJmol™? A /kJmol ! 7487 /kImo1~?
Oxalate co*t -27.36 2.47 29.81

Niz t -29.50 0.63 30.19

curt -35.52 - 0.21 35. 30
Malonate co*t -21.46 12.13 33.56

Niz*t -23.43 7.87 31.19

cu*t -32.17 11.92 44.16
Succinate Co*t -12.67 13.18 25.82

Niz*t -13.41 10.29 23.70

cut -18.49 19.08 37.55
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ethylenediamine forms complexes with Ni?* but not with ca®**t, yet edta forms

complexes with both Ni??t and Ca**.

As in the case of the enthalpy changes, steric considerations also appear
to affect entropy changes. For example (19), in the complexes of zZn**t
with the linear ligand trien and the tripod-like ligand tren, one would
expect the Zn(tren)?t complex to have the more positive entropy change
since the ligand molecule is attached to the metal ion in a more 'natural’
configuration, i.e. less change has occurred in the conformation of this
ligand on complex formation. The thermodynamic data for the formation
of these two complexes are given in Table 1.8. A larger exothermic en-

thalpy change is observed for the Zn(tren)??

complex than for Zn{(trien)?*.
This is due to the léwer energy required to overcome the mutually repul-
sive forces between the donor groups of tren. The higher enthalpy change
reflects the greater strength of the ccordinate bonds formed. This greater
strength reduces the ligand vibrational and rotational entropy, and there-
by accounts for the surprisingly low value of the entropy change for

Zzn(tren)?t (19).

Thermodynamic data have been used as evidence in favour of proposed stereo-
chemistries for various complex ions (42,50). For example, from a compari-
son of the Ase-values for the complexes of Co** with the two ligands trien
and tren it has been suggested (42) that the complex formed with trien is
octahedral and that that formed with tren is penta-coordinated, since in
the latter compound at least one more molecule of water would be liberated
and this would be expected to increase the translational entropy and the

overall entropy change.

Similarly the collection of thermodynamic data has made pcssible the ratio-

nalisation of the formation of protonated and hydroxo-metal-poclyamine com-

plexes (42).

It has been observed that the complexes of metal ions, e.g. Ni?t*, with

cyclised polyamines such as cyclam (1,4,8,11-tetraazacyclotetradecane) are

very much more stable than their open-chain analogues. This observation has

been termed the macrocyclic effect (and is really a special case of the che-

late effect).
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TABLE 1.8

Thermodynamic data for the formation of the complexes of Zn??t with the
ligands 1,2-diamino-N,N'-di-(2-aminocethyl)ethane (trien) and tri(2-amino-
ethyl)amine (tren). (All data are at M= 0.1 mol dm™ and t = 25°C, and

have been taken from reference 4.)

Reaction AGe/kJmol'1 AI—Ie/kJmol'1 TAS.@/kJmol—1

Zzn’t + trien = Zn(trien)?™ -68.61 -37.24 31.2

Zn*t + tren = Zn(tren)??t -82.65 -57.95 24.3
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Fabbrizzi et af. (51) have shown (in the case of cyclam) that this in-

creased stability is due in equal parts to enthalpy and entropy effects.

It is generally accepted that the higher entropy changes observed are due
to the smaller configurational entropy of the macrocycle. That is, the
open-chain ligand loses entropy in going from a state in which the ligand
has many possible configurations to one in which it has a fixed configu-
ration. The macrocycle, on the other hand, is already in a rigid con-

figuration prior to complexation and so no such loss of entropy occurs.

Various explanations have been put forward for the increased enthalpy
change observed. Hinz e¢f af. (52) suggested that it arose because of
steric hindrance to solvation of the nitrogen donor atoms. McDougall et
al. (47) have suggested that because the macrocycle has an almost identi-
cal configuration to that which it assumes in the complex, the unfavourable
increase in strain energy of the ligand on complex formation is much

smaller, i.e. the macrocycle is 'prestrained'.

Hancock and McDougall (53,54) have extended their empirical force-field
calculations for Ni-polyamine complexes to include complexes of Ni with

macrocycles. They calculated the difference AU where

. =A .
cyclic Unoncycllc’
AU refer to the increase in U on complex formation

Ucyclic and noncyclic

for the complexes Ni(cyclam) (H,0)%% and Ni(2,3,2-tet) (H,0)?% respectively.
They found that this difference agreed fairly well with the difference in
Aﬁ& between these two complexes. The predicted difference had however
been corrected for the presence of secondary nitrogen donors (since it had
previously been assumed (29), on the basis of empirical force-field calcula-
tions, that a Ni-secondary nitrogen bond is 7.1 kJ mol~! more exothermic
than a Ni-primary nitrogen bond). Thus they postulated that the main con-
tributors to the enthalpy changes accompanying the formation of macrocycle
complexes are the presence of a large number of secondary nitrogen donor
atoms and the abovementioned high value of the conformational potential

energy of the macrocyclic ligand.

Table 1.9 summarizes the various factors which influence the chelation

process.
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TABLE 1.9

Enthalpy and entropy factors influencing solution stabilities of chelate

complexes. (This table is taken from Table 1 in reference 32.)
Enthalpy Effects " Entropy Effects
Variation of bond strength with Number of chelate rings.

electronegativities of metal ions

and ligand donor atom. Size of chelate ring-
Ligand field effects. Changes of solvation on complex
formation.

Steric and electrostatic repul-
sion between ligand donor groups Arrangement of chelate rings.
in the complex.
Entropy variations in uncoordinated
Enthalpy effects related to the ligands.

conformation of the uncoordinated

ligand. - Effects resulting from differences
in configurational enﬁropies of
Other ccoulombic forces involved the ligand in complex compounds.

in chelate ring formation.

Entropy of solution of ligands.

Enthalpy of sclution of ligands.

Entropy of solution of coordinated

Change of bond strength when ligand metal ions.
is changed (same donor and accep-

tor atom).
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1.1.5. Attempts to estimate enthalpy changes

As previously mentioned (see page 20 ), it is of considerable interest to
estimate the enthalpy contribution to the chelate effect. Attempts have
therefore been made to predict and perhaps explain the enthalpy changes

for complex formation reactions and we now discuss several such attempts.

Barbucci and Barone (55) have put forward an equation for calculating the
enthalpies of protonation of polyamines. The enthalpies are calculated as
the sum of Ep, the enthalpy for the formation of the new NT-H bond, and
Eg, the solvation energy. The valuesof AHe for the first protonation of
en and (2,3-tri) are set equal to their experimental values. Hence the

stepwise protonation enthalpies for all diamines are calculated from

A" (diamine) = AH)(en) + Eg + Eg, (1.25)
and for all other polyamines from
< . e .

AH™ (polyamine) = AH1(2,3—tr1) + Eg + Eg . (1.26)

In the calculation of Eg and Eg only inductive and electrostatic effects
are taken into account. This model seems to reproduce the experimental

heats of protonation of di-, tri-, tetra-, penta- and hexa-amines fairly

well.

Previously Paoletti eX af. (56) had suggested an empirical formula for the

prediction of enthalpies of protonation of amines. The formula had the form

“AE = o + I8y, (1.27)

where o has an experimentally determined fixed value depending on whether
the nitrogen atom being protonated is primary, secondary or tertiary, and
the §i's are the effects of the carbon and nitrogen atoms on the protonation
of the amine. Satisfactory agreement was found between the calculated and
experimental stepwise and overall heats of protonation of monoamines and
symmetric diamines. For asymmetric diamines and polyamines only the pre-

dicted overall enthalpy change was in reasonable agreement with the experi-

mentally determined value. Hence an explanation based on a tautomeric equi-
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librium between a species protonated on the primary nitrogen and one
protonated on the secondary or tertiary nitrogen was invoked to explain
this deviation. However it was later shown (57) that there is no tauto-

meric equilibrium in the protonation of triamines.

Christensen et afl. (58) also proposed an empirical formula for the estima-
tion of enthalpy and entropy changes of protonation of primary and secon-
dary aliphatic moncamines. Their equation arose through the observation
that AHY and Aso- values for proton ionization of primary and secondary pro-
tonated monoamines increase in a regular, additive way as more methyl

groups are added to the carbon chain. The equation has the form

AXT = AXe +n X +n, X, +n X , (1.28)
m

where X can represent either H or S. The value of AX: is the appropriate
value for protonated methylamine or dimethylamine depending on whether a
primary or a secondary amine is being considered. na, n8 and n are the
numbers of carbon atoms in the o, B and y positions relative to the carbon
atom adjacent to the protonated amine group. Xa' X8 and XY are the increases
in the appropriate quantities caused by the addition of methyl groups on

the said positions. These values were calculated from selected experimen-
tal data. The values calculated for proton ionization of the monoamines were
found to be in fair agreement with the experimental values except in the

case of cyclopropylamine. This discrepancy was thought to be the result

of ring strain effects which were not present in the other amines considered.

Degischer and Nancollas (59) have interpreted the enthalpy changes for the
formation of a variety of metal complexes with nitrogen- and carboxylate
oxygen-containing ligands. Since AE values reflect the changes in the num-
bers and strengths of bonds made and broken during the reactions, the

authors related the AH® values to the type of bonding between the metal

ion and the ligand, and to the structural features of the complex.

They applied the idea (first suggested by Gurney (60)) of separating the
work required for the dissociation of a metal complex into those contribu-
tions due to electrostatic forces depending on the environment and the
temperature, and those contributions due to covalent interactions and

independent of temperature. They then related these two quantities to
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the total free energy change for dissociation of the complex. Hence they
obtained an expression for the enthalpy change due to electrastatic inter-

actions:
AHe = (T - y) (AS + An R £n 55.5), (1.29)

and one for the enthalpy change due to covalent interactions:

AH., = AH - AHg

AH - (T - v) (AS + An R £n 55.5), (1.30)

where v is a temperature characteristic of the solvent and has a value of

219 K for water, and An is the decrease in the number of solute particles.

These authors have calculated AH, values for a number of nitrogen- and
. . . . +
carboxylate oxygen-donor ligands with the metal ions Ni**, Co?”, cu’% and

zn*t.

From these values various trends were observed. It was noted that the
nitrogen donors form much stronger covalent bonds than do carboxylate oxy-
gen donors, and that where both donors are present in the ligand the former
donors make the major contribution to AH,. The values of AH. also reflect
the decrease in stability as one goes from a five-membered chelate ring to
a seven-membered chelate ring. (This latter effect is not observed in the

values of AH, for co?t.)

In order to correct the AH, values for the varying number (p) of nitrogen

donor atoms per ligand, values of —AHC/p were calculated.

From these latter values the authors realised that structural/strain effects
could not be ignored. Hence they devised a simple equation for interpreting
AH, in terms of the additive contributions due to M? t*-N and M? +-0 bonds,

and a term for structural effects, i.e.
AH, = AH(M? T-N) + AH(M?*-0) + AH(structure) . (1.31)

Values of AH(structure) were calculated for various Ni? 7t complexes from this

equation by substituting the enthalpies of formation of the monoammine and
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monoacetate complexes for AH(M**-N) and AH(M* T-0) respectively.

Some of the trends previously mentioned in this chapter were found to

be reflected in the values of AH(structure). For example, AH(structure)
was found to have fairly large endothermic values in complexes in which
strain existed or six-membered (or larger) chelate rings were present.
These AH(structure) vglues were exothermic in the case of aminocarboxylate
complexes, which indicates a stabilizing contribution to chelate ring for-
mation when both nitrogen and oxygen donors (as opposed to only nitrogen
donors) are coordinated to the metal ion. This bears out Schwarzenbach's
conclusion that 'when ligand molecules contain more than two potential
donor atoms, the presence of a nitrogen atom enables the special structural
requirements to be met for the formaticn of relatively strain-free chelate

rings' (12).

Hancock e¢f af. (29) have proposed that the enthalpy change for metal-
polyamine complex formation be estimated from the corresponding metal-

ammonia heat of formation by use of the following equation:

AH(polyamine) = nf AH; (NH,) + 2

5 (- 1) g . (1.32)

This equation was derived by analogy with a previously reported equation
(28) (equation (1.17)) used for the estimation of the stability constants
of metal-polyamine complexes (with five-membered chelate rings) from the

stability constants of the analogous ammonia complexes.

In these equations n is the number of nitrogen donor atoms. The factor of
1.152 in equation (1.17) used to account for the inductive efféct of the
ethylene bridges is paralleled by the factor f in equation (1.32). The
value of f cannot be determined in a manner analogous to that used for
equation (1.17), i.e. from an LFER (linear free energy relationship), be-
cause LER's (linear enthalpy relationships) do not pass through the origin.
From an LER involving non-heterocyclic nitrogen donors a value of 1.16 was
estimated for the inductive effect factor f for Ni?*t. However it was found

empirically that a better value of f was 1.19 for both Ni?+ and Co*+.

The term (n-1) log 55.5 in equation (1.17) accounts for the asymmetry of
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the standard state, but since this is an entropy term it does not appear

in equation (1.32).

In equation (1.17) the term in A was introduced to account for the steady
decrease in log K,(NH,) as more ligands are added. 1In ammonia complexes
this decrease manifests itself in unfavourable entropy changes. However,
in polyamine complexes, the decrease in log Kj (polyamine) with an in-
crease in the number of chelate rings is an enthalpy effect. Thus the
term in A has, for polyamine complexes, been interpreted (29) as being of
largely steric origin, and relating to steric strain developed in the
polyamine ring system. From strain energy calculations (47,48) it ap-
peared that there were large increases in U (the conformational potential
energy) on complex formation with polyamines, and it was suggested that
the term in A allowed for this fact. Hence a term of this form was re-
tained in equation (1.32), which relates to energy changes taking place on

complex -formation.

It was found empirically that a best-fit value for \g was 2.47 kJ mol™1 for
both Co** and Ni?*. With this value of Agr equation (1.32) was used (29)

&
to generate values of AH ™ which were in fair agreement with experimentally

. o )
determined AH  values for polyamine complexes containing five-membered

chelate rings.

The value of the term in Ay was interpreted as a measure of the decrease
. Ay .

in AH per nitrogen atom as more chelate rings are added to the complex.
This decrease was thought to be the result of steric effects. To test

this hypothesis Hancock e¢f af. (29) calculated AU as defined by the follo-

wing equations:

AU
M+L - M

U Ug U,

AU = Upg, - Uy - Up,

for the complexes of Ni?t with en, dien, trien, tetren and penten, and

compared the values of AU thus obtained with the corresponding term in Ag

used in equation (1.32).
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It was found that the value of AU increased with an increase in the num-
ber of chelate rings, as did the corresponding value of the term in Ag,
and that the values of AU were higher than those of the term in Ag. The
authors attributed this discrepancy to the differences in bonding capacity
of primary, secondary and tertiary nitrogen donors. It was felt that in
the absence of steric effects Ni-secondary nitrogen bonds should be stron-
ger than Ni-primary nitrogen bonds. Since steric effects had already been
taken into account, a correction of 7.1 kJ mol~! for this increased exo-
thermicity was made. After this correction had been made, good agreement

between the values of AU and the term in XH was obtained.

The idea that the bond between a metal ion and a secondary nitrogen atom
should be stronger than the bond between a metal icn and a primary nitrogen
atom (if steric effects are absent) is reinforced by the following arguments.
A similar tendency is observed in the heats of protonation of amines such

as methylamine, dimethylamine and trimethylamine in the gas phase. For
these amines the strength of bonding to nitrogen increases along the series
CH,NH, < (CH,;),NH < (CH,),N (6l). This basicity order is not observed in
aqueous sclution, apparently because of solvation and steric effects (62,
29) . The work of Drago et af. (63) has also lent support to the idea that
Ni-secondary nitrogen bonds should be stronger than Ni-primary nitrogen
bonds. Of the Lewis acids considered by Drago ¢£ al. (63), the one which
most closely resembles Ni??t is Cu(hfac), (where hfac denctes the hexafluoro-
acetylacetonate anion). With Drago's E and C equation, the heats of reac-
tion of Cu(hfac), with the methylamines CH,NH,, (CH,),NH and (CH,),N can

be calculated as -52.9, -66.6 and -79.1 kJ mol™* respectively, after one

has excluded the influence of steric effects (64). These figures séem to
justify the conclusion that Ni-secondary nitrogen bonds are more exothermic
than Ni-primary nitrogen bonds (and Ni-tertiary nitrogen bonds are more

exothermic than Ni-secondary nitrogen ones).

As stated earlier, the argument that secondary nitrogen donors form stronger
bonds than do primary donors has also been used to explain why the macro-
cyclic ligand cyclam, with four secondary nitrogen donors, forms complexes
that are enthalpically more stable than those of its open-chain analogue

2,3,2-tet, which has two primary and two secondary nitrogen donors (53,54).

Hancock et al. (29) also calculated AH values for the various polyamine
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complexes, evidently by using an equation of the form:

AH = np AHp + ng AHg + AU . (1.33)
Here np and ng are the numbers of primary and secondary nitrogen donors
respectively, and AHp and AHg are the enthalpy contributions per primary
and secondary nitrogen donor atom present. The value of -20.1 kJ mol~1

used for AH. was obtained as follows. For [Ni(en)H,0),1*+, aAH is

-37.7 kJ moI::I)_'l and AU is 2.55 kJ mol~'. A "strain-free" AH can therefore
be expected to equal -40.2 kJ mol'l, and AHP half this value. (The AH
value for the ammonia complex was not used as it lacks the inductive ef-
fect of the ethylene bridges.) The value used for AHg was -27.2 kJ mol™*t
i.e. 7.1 kJ mol~! less than AHp. The AU value for each complex was cal-

culated as described previously. The agreement between the observed AH

values and the values calculated in this fashion was good.

The fact that the same form of term in A works for predicting free energy
changes and enthalpy changes was not thought to be significant. In equa-
tion (1.17) the term in A was introduced to account for the statistical

(and hence entropy) effect involved in the addition of an increasing num-
ber of monodentate ligands to the complex. In equation (1.32) the term in

A represents an unfavourable enthalpy contribution composed of two oppo-

sing terms:

1. the cumulative ring strain obtained on adding successively more
rings to the complex as the polyamine ligand becomes larger (pro-

ducing a decrease in exothermicity); and

2. the increase in exothermicity produced by increasing the number

of secondary nitrogen donors as the number of rings is increased.

1.2. Outline of the project

The aim of this project is to test experimentally the assertion that, in

the absence of ring strain effects, the formation of Ni-secondary nitrogen
bonds in aqueous solution is enthalpy-stabilized, compared with Ni-primary
nitrogen bonds, by some 7.1 kJ mo].'1 (29) . To this end, AGe , AHG and ASO

were determined for the. formation of the complexes of Ni?* with the fol-
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lowing two ligands: 2,2'-oxybisethanamine [oden = (H,NCH,CH,),0] and
2-(2-aminoethyl)aminoethanol [etolen = HO(CH,),NH(CH,),NH, ], which have

the structures shown in Figure 1.3.

The proposed comparison to be made of oden and etolen was extended to in-
clude the metal ions co**t and zZn**, in order to test whether the assertion

is also valid for different metal ions.

These two ligands differ principally in that oden has two primary nitrogen
atom donors, whereas etolen has a secondary nitrogen atom as well as a
primary nitrogen atom donor. (They also differ in that oden has an ethereal

oxygen donor atom, whereas etolen has an alcoholic oxygen donor atom.)

The proposed measurements were also to be made on the complexes of Ni?**t
with another two ligands, viz. 2-aminoethoxyacetate [aea~ = H,N(CH,),0
CH,CO0™] and N-(2-hydroxyethyl)glycinate [heg™ = HO(CH,),NHCH,COO™ ], which

are also depicted in Figure 1.3.

These two ligands differ from oden and etolen in that one -CH,NH, group
has been replaced by a -COO~ group and they differ from each other in the
nature of the nitrogen and oxygen donor atoms in the same way as do oden

and etolen.

From the measurements to be made on the complexes of aea~ and heg™ with Ni2™*,
the effect of a carboxylate group on the difference between the coordinating
properties of primary and secondary nitrogen atoms could be shown. This in-
formation would be of value in assisting the interpretation of the observed
enthalpies of formation of complexes of metal ions with polyamine-carboxy-
late ligands. Such data would be useful in determining whether an equation

similar to equation (1.32) could be used to predict the enthalpy changes

of such complexes.

It was felt that the Ni"O:E and Ni-O<§ bonds would be fairly similar in
strength, since Everhart ef af. (65) had shown that the AH® for replacement
of a water molecule by either an ethereal (R-0-R) or an alcoholic (R-0O-H)
oxygen 1s zero. Also, provided that these pairs of complexes have similar
structures, one would expect the total strain energies developed in the

ring systems to be very similar. Thus, from the difference between the en-
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thalpies of formation of the complexes of Ni?* with oden and etolen, it
should be possible to determine whether secondary nitrogen donors do in
fact form stronger bonds than do primary nitrogen donors - and to what ex-

tent.

Pacletti ef af. (42) showed that, in the gas phase, the energy of a co-
ordinate bond depends not only on the nature of the donor atoms but also

on the coordination number and geometry of the complex. Evidence is avail-
able that when oden and etolen are coordinated to Ni?* they are both tri-

dentate ligands and the resulting complexes are octahedral in geometry.

Evilia et af. (66) concluded from n.m.r. contact shift studies that the
ethereal oxygen atom in oden was coordinated to Ni?™*. They also found that
at 300 K the facial isomer of the complex Ni(oden) (H,0)2% is 1.05 kJ mol™?
more stable (in free energy terms) than the meridional isomer, and that
AHe is positive for the isomerisation reaction facial< meridional. The
greater stability of the facial isomer was thought to be due to stabiliza-

tion by coordinated water molecules.

Much controversy has raged in the literature as to whether etolen coordi-

nates as a bi- or a tridentate ligand:

In 1948 Breckenridge (67) reported the isolation of Ni(etolen),Cf,. He
thought that the Ni*™ was hexacoordinated, i.e. the two amino groups in
each of the ligand molecules were coordinated to the metal ion while the
alcoholic OH-groups were not. Although such a structure suggests the

possibility of isomerism no evidence of such isomerism was found.

Harvey et al. (68) later carried out spectrophotometric studies and found
that Ni?* forms the complexes Ni(etolen)?* and Ni(etolen)?* in solution.
They found no evidence for the existence in solution of a compound similar

to that found by Breckenridge in the solid state.

Keller and Edwards (69) reported the preparation of the compounds
Ni(etolen),Br, and Co(etolen),X, (where X = CL or Br). They assumed that
in these compounds the alcoholic OH-group was left free for further reac-
tion. However they found that the latter compound was extremely unreac-

tive towards reagents which normally react with free OH-groups, a fact
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which they could not explain.

When this work was repeated by Drinkard e¢f af. (70) these authors could

obtain only Co(en),C&;, which resulted from a cleavage of C-N bonds during

the oxidation of Co*™.

To avoid this cleavage the compound was reprepared, this time using

Co(NH3) 6 (NO3)s as the starting material (71). The compound obtained was

thought to be Co(etolen™)F , i.e. the compound was formulated as

in which etolen behaves as a tridentate ligand with a proton lost from the

hydroxyl group.

Das Sarma and Bailar (72) showed that under varying conditions etolen can
behave as a tridentate or a bidentate ligand. They found that etolen™
(etolen which has had a proton removed from the OH-group) is tridentate,
attaching itself through two nitrogen and one O~ donor atoms. The ligand
etolen can behave as a tridentate ligand, but is bidentate when the other
coordination sites are already occupied by strongly coordinating groups

such as tridentate etolen, NO;, etc. These authors report the preparation

of various Co®>”" complexes with the ligand etolen as well as that of
Ni(etolen),Br,, in which complexes etolen is bidentate. This was ascertained
through a study of the electrical conductivities and reflectance, i.r. and

n.m.r. spectra of the complexes.
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Bassett ¢t al. (73,74) found that etolen acts as a bidentate ligand in the
following solid tris complexes: Ni(etolen),Cf, and Ni(etolen),Br,; but
acts as a tridentate ligand in the following sclid bis complexes:
Ni(etolen),I,, Ni(etolen), (NCS),, Ni(etolen), (NO,), and Ni(etolen), (C20y), .
In the bis nickel sulphate complex Ni(etolen), SOy, etclen is bidentate and
the sulphate anion is covalently linked to the metal ion. It was thought
that the formation of another five-membered ring would introduce a great
deal of strain into the molecule, and hence that coordination with the

anion occurs instead.

Rustagi and Rao (75) concluded from infrared spectral studies of solid
metal complexes with the ligand etoclen that in all cases the NH,, NH and
OH-groups participated in complex formaticn, i.e. etolen acts as a triden-
tate ligand. They also found that in the complexes containing sulphate

as the anion it was not coordinated to the metal ion. For the nickel com-
plexes Ni(etolen),Cf, and Ni(etolen),SOy, the absorption spectra were
found to be very similar to the reflectance spectra, which indicated that
the complexes retained their octahedral geometry in both the solution

and the solid state.

From infrared spectral data Nasanen ¢f al. (76) have shown that, in the

solid state complex Ni(etolen), (NO,),, etolen is tridentate.

Barbucci (77) determined the stability constants of Ni-etolen complexes in
order to ascertain whether or not the hydroxy group is coordinated to the
metal ion. From a comparison of the ASe.values obtained for the complexes
of Ni** with dien and those with etolen he concluded that in the Ni(etolen)2+
case not all the six donor atoms were coordinated, but that one ethylenic

branch containing an alcohol group was free.

Subsequently Everhart ¢t af. (65) have shown by means of n.m.r. contact
shifts that alcoholic and ethereal oxygen donors can successfully compete
with water for metal coordination sites, provided that the other donor
groups in the ligand form bonds sufficiently strong to ensure the stability
of the complex. 1In the case of the Ni(etolen) (H,0)3% complex, they found
that a substantial amount of oxXygen coordination occurred. Furthermore

Y for the replacement of a coordinated water molecule by the R-OH group

. < .
on etolen is zero, and AS~ is about 6.3 J K™ mol~1. A significant amount
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of oxygen coordination was also observed for the complex Co(etolen)(H20)§+L

However for Co®t it was not possible to make quantitative measurements.

On balance of the evidence available, it therefore appears that both oden
and etolen are tridentate and their complexes with Ni*t are octahedral in
aqueous solution. Comparison of the results for these two ligands should
therefore constitute a fairly direct measure of the coordinating proper-

ties of primary and secondary nitrogen atom donors in complexes of this -

type.

Values of AGG, AEY and As®  for the formation of complexes involving oden and
etolen with Ni?t have been reported with a view to evaluating the coordi-
nating properties of the oxygen atom (77,78). However these values are in
poor accord with previously reported values (1,2) for the same quantities.
Thus the experimental data relating to the metal ion Ni** with the ligands

oden and etolen needed to be checked.

Before the thermodynamic measurements for each pair of oden and etolen com-
plexes can be compared, various assumptions should, if possible,be con-
firmed. Although the total strain energies déveloped in the ring systems
for oden and etolen are expected to be rather similar, this could be con-
firmed with the aid of conformational strain enexrgy calculations. UV-
visible spectra of the complexes were recorded to investigate whether the
d-d electronic energy level spacing increases or decreases when primary
nitrogen atom donors are replaced by secondary nitrogen atom denors. (This
spacing is a measure of the metal-ligand interaction for complexes having

the same geometry.)

The stability constants (and hence AGG) of the reactions studied were
determined by glass electrode potentiometry (see Section 1.3), and the
enthalpy changes by titration calorimetry (see Section 1.4). All the
measurements were made at an ionic strength of 0.5 mol dm™® using KNO, as

the background electrolyte, and at a temperature of 25°C.

1.3. The potentiometric method of determining stability constants

Although various methods are available for the determination of stability
constants, the one which seemed most suitable for the systems under inves-

tigation was glass electrode potentiometry. Before discussing this method
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we shall describe the various types of complex which can be formed, and
define some cf the quantities frequently used in discussiaons Qf complex

equilibria.

Various types of complex species are known. The simplest species formed
are the mononuclear complexes. These can include oligomers My which form
by self-association, such as Hgzt, acids Her, and complexes MLy. If

more than one central metal ion is contained in the complex (Mqu, q>1),
then the species is termed a polynuclear complex. Polynuclear complexes
may be homo- or hetero-nuclear, depending on whether the central metal

ions are the same or different. Species can also exist in which more than
one type of ligand is attached to' the metal ion (MquXp). These are called
mixed ligand or ternary complexes. X may be a second type of ligand, the
hydroxyl ion (in which case the complexes are usually described as 'hydro-

lysed'), or a hydrogen ion (a protonated complex).

The reactions which lead to the formation of metal complexes are really
substitution reactions, i.e. one or more solvent molecules are substituted
by a ligand molecule. There may also be interaction of the species of in-
terest with the bulk electrolyte. However for simplicity it is assumed that
the concentrations of the solvent and bulk electrolyte remain constant,

and their contributions are ignored.

We shall now consider the formation of mononuclear metal complexes MLy.
In aqueous sclution, a metal ion M (or more generally any Lewis acid, i.e.
an electron acceptor) can react with a ligand L (or Lewis base, i.e. an

electron donor) to form a series of complexes generally represented by the

following reversible reaction:
M(ag) + rL(ag) == MLy(aq); r > O. (1.34)

The resulting complexes can be cations, anions or uncharged molecules, but

for the sake of simplicity charges have been omitted.

The activities (a) of the species present at equilibrium are related to

the thermodynamic (activity) equilibrium constant aBir at a given tempera-

ture as follows:
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a
8, = _Mby (1.35)
ar1r aM ai .

However the activity of a species Z is simply related to its concentra-

tion ([2]) by the activity coefficient, ygz:
ag = vy [2]. (1.36)

Hence equation (1.35) can be rewritten as

YMLr[MLr]
afir = FMIVEILT

vy [ ML, ]

T Yevr o MILT

_ M g (1.37)
Yy Yi,F

‘If reaction (1.34) is carried out in a medium of constant ionic strength
W, the activity coefficients of the various species present in solution
will remain approximately constant. Hence 8y will be proportional to

B, since the activity coefficient quotient is a constant.

Hence the concentration quotient

MLy ]

— I (1.38)
CMICL1®

will also be a constant. @,, is known as the (cumulative) stability con-

stant and is a constant for a given reaction at a given temperature and

ionic - strength.

Reaction (1.34) can alternatively be expressed as a series of r steps:
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M+ L = ML

ML + L = ML,

ML + L = M.y,

r-1

and equilibrium constants or stepwise stability constants for each of

these steps can be written as follows:

_[md
K11 = TyI[L]

v, ]
Ki2 = Typilnd !

[y d
Kar = Tup,_;30L]

Thus it follows that the cumulative stability constants are obtained from

the product of the stepwise stability constants:
Bi1 = K11

Bi2 = Ki1.K12

ir 1177712

1]
=]
~

—
'_l

In this work a third species besides M and L, viz. the hydrogen ion, was

considered. Hence the reaction analogous to reaction (1.34) is
pH(ag) + gM(aq) + rL(ag) = HquLr(aq), (1.39)

where p is an integer and g and r are nonnegative integers. If p < 0
coordination by hydroxide instead of hydrogen ions is indicated. The

corresponding cumulative stability constant is defined as

[y L.-J
Bpqr = platr
[e1PrmI19rna*

(1.40)
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It is seldom possible to determine the equilibrium concentrations of

all the species present in a solution in which complexes are formed.
However it 1s possible to measure the concentration of one species and
relate it to the reactions occurring and the associated stability con-
stants (see Section 4.3). Potentiometry is a particularly useful techni-
que for measuring the said equilibrium concentration, since the concentra-
tion changes caused by complex formation are reflected in the potential

of a sensing electrode.

In this work a potentiometric titration method was used in which the con-
centration of the free (uncomplexed) hydrogen ion was followed. This was
possible because the reactions being studied involved competition between

the hydrogen ion and the metal ion for the ligand.

The cell used to follow the hydrogen ion concentration was

test
solution

glass
electrode

reference
electrode

The details of this cell, as well as the various methods used to calibrate

it, will be described in Section 5.1.

The actual titration experiments can be designed in a number of ways (see
Chapter 6). If possible, though, they should be designed so as to furnish

as much information as possible from a single titration.

It is imperative that a good choice of background electrolyte should be
made so as to upset the measurements as little as possible. Beck (79)
lists the qualities of a good electrolyte. The salts most commonly used

are NaC£0y and KNO, .

f

Once the potentiometric data have been collected they have to be processed.
The first step is to obtain a graphical representation of the numerical data
in the form of formation curves. From these plots one can detect 'dud' experi-
mental data, as well as deduce the presence of complicated species such as
polynuclear complexes etc. One is able also to see whether the collection

of additional data is necessary. The second step is to deduce the nature

of the species present and to calculate the corresponding stability con-

stants. In this work the stability constants were calculated from the
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potentiometric data by the use of the computer programs MINIQUAD (see

Section 4.4.4.) and ESTA (see Section 4.4.5.).

For simple systems in which up to three stability constants are unknown,
graphical methods can be used to obtain these stability constants. There
are two main types of graphical method: linear, non-logarithmic plots,
and curve-fitting methods. Graphical techniques have the advantage that
errors are more easily estimated than from a computer print-out, although
the results obtained may be less precise. Graphical methods of deter-

mining the stability constants were not used in this work.
There are a number of references (79 - 84) which elaborate on the points
summarized here, and describe the various techniques by which stability

constants may be determined.

1.4. The titration calorimetric method of determining enthalpy changes

Titration calorimetry provides a convenient and rapid method for the deter-
mination of enthalpy changes and, in some cases, values of the stability
constants as well. 1In this work the techﬁique was applied only to the
determination of enthalpy changes.” Since this method gives a direct mea-
sure of the quantity desired, it is to be preferred over such methods as
temperature variation of stability constants for the purpose of accurate

determination of enthalpy changes.

In titration calorimetry one reactant is titrated into another, and the
temperature of the system is measured as a function of the amount of tit-
rant added. The temperature change may be the result of a chemical reac-
tion or of physical interaction between the titrate and titrant. The re-
sulting data, i.e. temperature versus volume of titrant added (or time),
can be analyzed to give information on the types and numbers of reactions
taking place, as well as values of AHe and (for incamplete reactions)

values of the corresponding stability constants.

Titration calorimeters come in two types - incremental and continuous -

depending on the mode of titrant delivery. 1In the former type the titrant
is added in increments, and the temperature is recorded after the addition
Oof each portion of titrant. Before the next increment of titrant is added

the temperature is readjusted to the initial value. 1In this way a series
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of points, each corresponding to the addition of an increment of titrant,

is obtained. 1In the latter type the titrant is added at a constant rate

and the temperature is recorded continuously. This produces a continuous
plot of temperature versus volume of titrant added. Incremental titration
calorimetry has the advantage that temperature dependent corrections are
small. Nonetheless, the method is laborious for the collection of a

large volume of data, and errors are introduced in that a separate run has
to be performed for each data point. Continuous titration calorimeters have
the advantage that in one run an amount of data can be collected that would
take very many runs by the other method. However the continuous method

does require that the reactions being studied occur rapidly.

In this work a continuous titration calorimeter was used. A description

of this calorimeter will be given in Section 3.2.

The data obtained from a typical titration calorimetric run are in the
form of potential difference (which is linearly related to temperature)
versus time (or moles of titrant added). A plot of such data is called a
thermogram. Such a thermogram consists of various regions in which diffe-
rent heat effects predominate. This will be described in Section 4.2.,
together with the calculation procedure required to correct the data for

extraneous heat effects, heat of dilution, etc.

Data corrected in this way are then processed by the computer program
LETAGROP KALLE (see Section 4.4.10.). This program corrects the data
for the contributions made by reactions other than those of interest (pro-

. . e
vided that their AH values are known), and hence calculates values of

<
AH™ for the reactions of interest.

The shape of the thermogram is dependent on the equilibrium constant(s) and
;o value(s) of the reaction(s) occurring in the calorimeter. For titration
calorimetry to be successful in the determination of enthalpy changes, the
reaction of interest must produce a temperature change of at least 0.04°C
(for the calorimeter used here), although a temperature change of about 0.4°C
is to be preferred. If the technique were to be used to determine stability
constants as well as enthalpy changes, the equilibrium constant for the
overall reaction occurring in the calorimeter would have to lie between 1

[N
and 10", so that a measurable amount of reaction takes place and also so
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that the heat evolved or absorbed depends on the value of the equilibrium

constant as well as on the value of AH®.

Christensen ef al. (85) have shown that AG~, AE. and AST can, under

certain conditions, be determined from a single titration.

From a thermogram it is also possible to check on the stoichiometry of an
incaomplete reaction (86, 87). This is possible because the AH® value
calculated must be constant throughout the titration. If the value of
Aﬁe is found to vary with different total concentrations of titrate and
titrant, then the reaction postulated is incorrect and perhaps the

presence of other species has to be assumed.

Barthel (88) lists various metal-complex systems for which the enthalpy
changes have been determined by titration calorimetry. Christensen,
Eatough, Izatt and Ruckman have published a series of three papers (89,
90, 91) and a later review (92) in which the determination of equilibrium
constants by titration calorimetry is described. Hansen, Izatt and
Christensen (93) have reviewed the use of titration calorimetry as an

analytical procedure for the accurate and rapid standardization of

solutions.



CHAPTER TWO
MATERIALS
Throughout this work only A-grade volumetric glassware and twice deionized
water were used. Unless otherwise stated the solutions used for the
measurements were prepared by dilution of the appropriate standardised

stock solutions.

2.1. Preparation and standardisation of stock solutions of strong acid

Stock solutions of nitric acid (ca. 5 mel dm™*) were prepared by diluting
MERCK p.a. HNO, (min. 65 % pure, sp. gr. 1.40) to the required concentra-
tion and standardised by titration against freshly recrystallized borax

(94).

2.2. Preparation and standardisatien of stock solutions of strong base

Stock solutions of sodium hydroxide (ca. I mol dm™*) were prepared from
MERCK TITRISOL concentrated volumetric solutions and were made up with
water which had been twice deionized and freshly boiled to expel CO, .

When these ampoules were not available the stock solutions were prepared
by dilution of a 50 % NaOH sclution, as described by Vogel (95). In both
cases, the solutions. prepared from these stock solutions were standardised
by potentiometric titration against a standard. HNO, solution, and applica-

tion of the Gran method of end-point detection (see Section 4.1.1.).

2.3. Preparation and standardisation of stock solutions of background

electrolyte

Potassium nitrate was used as the background electrolyte in these
measurements. A stock solution (ca. 2 mol dm™?) was prepared by mass
from BDH ANALAR KNO, (99.5 % pure) and standardised by passing a 5.00 cm?
aliquot through a cation exchange resin. A column was packed with BDH
AMBERLITE IR-120 (H), which is an analytical grade ion-exchange resin
supplied in the protonated form with a strongly acidic active group, viz.
-S0,H. Prior to use the resin was converted to the Nat form (by eluting
with a 10 % solution of NaCZ) and then converted back to the HY form (by

treating it with a 6 % solution of HCL). This was done to ensure that
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the resin was completely in the HY form, and also to clean, and improve

the effective capacity of, the resin. After each treatment the column

was washed with deionized water until a neutral eluate was obtained.

The aliquot of KNO, was then passed through the column and the HNO; collec-
ted was titrated against a freshly prepared and standardised NaOH solution,

by using methyl orange as the indicator.

It was found that the concentration of KNO, obtained in the above way
differed from that calculated by mass by only 0.4 %, which is not a
significant difference for a background electrolyte. Hence from then
onwards the KNO, stock solutions were prepared from the pure reagent by

mass.

2.4. Preparation and standardisation of stock solutions of metal nitrates

The nickel nitrate stock solutions (ca. 0.2 mol dm™®) were prepared from
MERCK p.a. Ni(NO,),.6H,0 (min. 99 % pure), and standardised by direct
titration against a standard solution of EDTA (MERCK p.a., min. 99 % pure)
with murexide as the indicator (96). For the standardisation a ca. 0.05

mol dm™' Ni(NO,), solution was used. -

MERCK p.a. Co(NO,), .6H,O0 (min. 99 % pure) was used in the preparation of
the stock solutions of cobalt nitrate. Again, for the standardisation
the stock solution was diluted to ca. 0.05 mol dm™* and this dilute

solution was standardised by EDTA titration with murexide as the indicator
(97) .

The zinc nitrate stock solutions (ca. 0.2 mol dm~?) were prepared from
MERCK p.a. 2n(NO,),.4H,0 (min. 98.5 % pure). For standardisation purposes
the stock solution was diluted to 0.05 mol dm™®. This dilute solution

was standardised by direct titration against a sténdard solution of EDTA
with Eriochrome Black T as the indicatoxr (98).
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2.5. Preparation and standardisation of ligand solutions

2.5.1. Preparation and standardisation of solutions of
2- (2-aminoethyl) aminoethanol (etolen)

The 2-(2-aminoethyl)aminoethanol (etolen) used was purchased from RIEDEL-
DE HAEN (Prosynth grade, 99 % pure) and was purified by fractional distil-
lation under reduced pressure. The fractional distillation equipment

used consisted of a liquid dividing fractional distillation head (QUICKFIT
SH 30/42) and a vacuum-jacketed column of approx. 50 cm effective length.
This column was wrapped with aluminium foil and packed with 9 x 9 mm
Raschig rings (QUICKFIT FC 8/09) using a QUICKFIT EX 13/25 packing support.
The apparatus was connected to a rotary high vacuum pump. It was found
that smaller Raschig rings, viz. 6 x 6 mm (QUICKFIT FC 8/06), could not

be used because the high visceosity of the ligand caused them to retain

too much of the liquid phase.

The fraction used distilled over at 89°C at 0.9 mmHg. The refractive
index of this fraction, as measured by a Hilger and Watts Abbé refracto-
meter, was found to be 1.4888 at 20.0Q°C, as compared to a published’
value of 1.4861 at 20.0°C (99). This distillation procedure succeeded

in removing the yellow colour of the ligand.

Earliex, etolen had been fractionally distilled under reduced pressure
through a 30 cm-long vacuum-jacketed Vigreux column having eight sets of
points. However this procedure did not remove the yellow colour of the
ligand. The fractions collected by this method distilled over at 135°C
at 15 mmHg and had a refractive index of 1.4878 at 22.1°C.

The purity of the distilled etolen was also checked by running a thin
layer chromatographic plate. The plates used were MERCK pre-coated
silica gel 60F254 aluminium-backed sheets of 0.2 mm thickness and the
solvent system was: 96 % ag. ethanol/25 % ag. ammonia in the ratio 4:1.
The plate was sprayed with MERCK 0.1 % ninhydrin solution. Only one spot
appeared on the plate, and it had an Rf value of Q.33.

An infrared spectrum of neat etolen (between KBr plates) was recorded by

using a BECKMAN ACCULAB 8 infrared spectrophotometer. The spectrum

obtained (shown in Figure 2.1) showed essentially the same features as
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previously reported infrared spectra of etolen (100, 101).

Solutions of this amine were prepared by using freshly boiled doubly
deionized water, and standardised a day before use. The concentrations
of the solutions were determined by potentiometric titration against a
standard nitric acid solution. The equivalence points were determined

by using an "extended" Gran plot method as described in section 4.1.3.

2.5.2. Preparation and standardisation of solutions of
2,2"'-oxybisethanamine (oden)

The ligand 2,2'-oxybisethanamine (oden) was purchased as the dihydro-
chloride from ALDRICH. The melting point of the unpurified compound,
measured on a GALLENKAMP MF-370 melting point apparatus, was found to be
224 - 226°C, which did not agree with the melting point of 232 - 235°C
stated on the label of the bottle.

The material was purified by recrystallizing it three times in the
following manner: the solid was dissolved in the minimum amount of hot
water, and an equal.volume of ethanol was added. It was then dried to
constant mass under high vacuum in a drying pistol by using carbon tetra-
chloride (which boils at 76.3°C) as the heating medium and phosphorus
pentoxide as the drying agent. The melting point of the recrystallized
material was found to be 226 - 226.5°C, which compared well with the
published value (102) of 226 - 227°C.

An elemental analysis (in duplicate) was performed on the solid by PASCHER.
The sample was dried at 60°C under high vacuum. There was no loss in

mass and the following results were obtained: C: 25.54 %, H: 7.375 %,

N: 14.77 %, O: 8.74 %, CL: 40.40 %. As can be seen, these percentages
leave 3.18 % unaccounted for. On the assumption that the material con-
tained some NaCf, the formulation CyH312N20Q0.xXHCL.yNaCL was. fitted to the
experimental results by a least squares technique. The results obtained

were x = 1.88 and y = 0.26. A comparison of the experimental and
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calculated percentages for each element is shown in Table 2.1. As can
be seen, the calculated results agree fairly well with the experimental

results.

An infrared spectrum of the same material as sent for elemental analysis
was obtained on a BECKMAN ACCULAB 8 spectrophotometer. The spectrum

(shown in Figure 2.2) was taken as a Nujol mull between KBr plates. The
wavenumbers of the absorptions were found to correspond fairly well with

those reported in the literature (103).

Solutions of oden.2HCL were prepared fresh as required, by using boiled
decarbonated doubly deionized water. They were standardised by poten-
tiometric titration against a standard NaOH solution using the Gran plot
method of end-point detectién for dibasic acids (see Section 4.1.2).

The standardisation of the NaQH titrant solution was carried out 'in situ’
beforehand. 1In this way the excess acid that remained after this pre-
liminary standardisation enabled one to check whether any 'dirt' acid
was present in the oden.2HCL solutions. (Of course the possibility of
'dirt' acid does not arise if indeed it is correct to assume x = 1.88,
i.e. the formulation proposed.) -The plot of e.m.£f. versus volume for
the standardisation of oden.2HCL gives only one point of inflection,
since log Ki¢:1 and log Kzg¢1 are fairly similar for oden.2HCA (log Kig1 =

9.77, log Koo1 = 9.17). In this respect oden differs from etolen.

2.6. Ligand syntheses .

The ligands aea and heg were not available commercially and had to be

synthesized.

2.6.1. Synthesis of the ligand N- (2-hydroxyethyl)glycine (heq)

A number of syntheses for the ligand N-(2-hydroxyethyl)glycine (heg) have
been reported (104 - 107). The synthesis by Kipriyanov and Kipriyanov

(104) was not tried, as it seemed to be more involved than that of Farbenind
(I05) and it was anticipated that removal of the by-products would be
difficult. The methods of Stewart (106) and of Benedikovic et al. (107)
make use of hydroxyacetonitrile (HOCH,CH,CN) as a starting material and

this chemical was too expensive to buy in the quantities required. The

latter two methods also require the dehydration in vacuum at 90°C of



TABLE 2.1
A comparison of experimental and

oden.

calculated elemental percentages for
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rﬁlement Percentage found

Percentage calculated

assuming

CyH17N20.1.88HCL.0.26Nact

c 25.54 + 0.07
H 7.375 + 0.005
N 14.77 + 0.07
0 8.74 + 0.11

ce 40.40 + 0.02

Na 3.19 + 0.12

25.

14.

40.
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the reaction mixture. This appears to be a particularly violent reaction
and, according to advice obtained, should not be attempted (108). Thus
the synthesis of heg was attempted by using the method published in a
Prench patent by I.G. Farbenind (105). This synthesis, however, yields
the by-product Na,CO, in addition to the sodium salt of heg. Hence the
synthesis was modified in that the reaction products were passed through
an ion-exchange resin in order to replace the Na* by HY and so remove the

by-product. A summary of the synthesis is shown in Scheme 2.1.

The first step in the synthesis is the formation of oxazolidine. Therefore
75 g (1.0 mole) of methanal solution (BDH lab. reagent, 37 - 41 % w/v) was
added dropwise, with stirring, to 61 g (1.0 mole) of 2-aminocethanol (BDH
lab. reagent, 99 % pure) contained in a three—necked round-bottomed

flask. The two clear liquids were miscible and on reacting liberated

much heat (as expected, since this is a dehydration reaction), and formed

a pale yellow mixture.

The next step of the synthesis involved the opening of the ring structure
of oxazolidine by the addition of HCN to form a nitrile. To do this,

56 g (1.1 moles) of NaCN (BDH lab. reagent, 97 % pure) in the solid form
was then added to the mixture and.washéd down with 20 - 30 cm® of water.
The mixture was kept well stirred and at a temperature of 40 - 50°C while
gaseous CO, was bubbled through the solution. Two gas traps, the first
containing a concentrated solution of potassium permanganate and the
second a 30 % NaCH solution, and a beaker of concentrated KMnOy were

used to absorb any HCN that might have formed and escaped. As the reaction
proceeded, the mixture became a viscous pale yellow liquid. Carbon
dioxide was bubbled through for approx. one hour or until no further

change was visible in the mixture. At this stage the reaction mixture

was alkaline.

A volume of 30 cm’ of a 20 % solution of NaOH was added and the mixture
was refluxed for two hours. The mixture became a pale brown/orange

colour during the hydrolysis and NH, was liberated.

The reaction product consisted of a white solid at the bottom of the

flask and a pale-brown Syrupy upper layer. The syrupy layer was separated
from the solid by decantation. The white solid was found to dissolve in

water and, when acid was added to an aqueous solution thereof, CO, was
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SCHEME 2.1

Summary of the synthesis of heg undertaken.

0

-H,0 NaCN
HOCH,CH,NH, + CH,0 —— \\\w ——66———9
2
NH 40 - 50°C
oxazolidine
HOCH, CH, NHCH.CN + Na,co, ~aoH
2T 2 2% reflux

H* cation-exchange resin
- 7
NZ

HOCH, CH, NHCH, COO™Na* + NH,+ + Na,CO,

HOCH, CH, NHCH, COOH + CO, + + H,0

heg
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liberated. It was therefore concluded that the solid was Na, CO, .

To remove the sodium ions present in the syrupy layer it was decided to
pass the mixture through a cation-exchange resin in the HY form. The
resin used was BDH AMBERLITE IR-120(H). The resin was conditioned before
use as described in Section 2.3. The resin was then placed in a three-
necked round-bottomed flask with just enough water to cover it. The flask
was fitted with a nitrogen inlet and an outlet leading to the same gas
traps as before. The third inlet was fitted with a dropping funnel con-
taining the syrupy material (approx. pH 10) referred to above. The
material was released drop by drop onto the resin while the resin was kept
well stirred, with nitrogen bubbling through all the time so as to sweep
off the CO, that formed and possibly any HCN that might have formed from
any unreacted NaCN present in the reaction mixture. Once this procedure
was completed the aqueous phase was filtered off from the resin by suction
and the resin was washed with water. The washings were combined with the

reaction product.

The reaction product was then tested for the presence of CN™ by standard
tests, as described by Vogel (109), to ensure that it could safely be
treated in the open without further precautions. The test results proved

to be negative.

To ensure that all the sodium ions had been removed the reaction product
was again treated with resin but this time in an open beaker. Again the
washings were combined with the reaction product and the mixture was
evaporated by means of a rotary evaporator to a volume of approx. 400 cm®.
The product was then passed through a column packed with regenerated
resin in the HY form,to secure the benefits of a chromatographic separa-
tion. The column was washed down with water. The mixture, now presumahly
containing heg, was again evaporated by means of a rotary evaporator

until it was thick and syrupy. After treatment with resin, the reaction

product had a pH value of 3. '

On standing, the reaction product formed white crystals. These were
filtered off by suction and washed with ethanol. Further crystals were
obtained from the mother liquor by adding an equal volume of ethanol. The
crystals obtained were then recrystallized by dissolving them in the

minimum amount of hot water and adding an equal volume of ethanol. The
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product was recrystallized four times in this manner. The yield was

30 g, which represented a yield of 25 % if the product was heg.

A small sample of this material was dried to constant mass under high
vacuum in a drying pistol, by using trichloromethane (boiling point 61.7°C)
as the heating medium and phosphorus pentoxide as the drying agent. The

dried material was found to have a melting point of 174 - 175°C.

An elementai analysis was performed by the Council for Mineral Technology
on a sample of this material. The results obtained were: C: 40.45%,

H: 6.44%, N: 7.76%. The results calculated for Cy4HgNOj, i.e. heg, are

C: 40.33 %, H: 7.62 %, N: 1I.76 %, O: 40.29 %. It can be seen that the

values obtained for N and H are too low.

A mass spectrum of the product, recorded at 70 eV and with a mass range
of 600,is shown in Figure 2.3. The molar mass was found to be 177 g mol~!
which is not the value expected for heg, wviz. 119 g mol~!. Prominent
peaks occur at the following m/e values: 18, 28, 42, 56, 60, 74, 86, 88,
101, 102, 114, 132, 146, 159 and 177.

From this evidence it seems that the compound formed is most probably

N- (2-hydroxyethyl)-iminodiacetic acid [HOCH, CH,N (CH,COOH),J (molar mass
177 g mol-l) The calculated composition percentages for this compound
(CgH11NOs) are: C: 40.68, H: 6.26, N: 7.91 and 0O: 45.16, which fit the

elemental analysis results fairly well.

An infrared spectrum of the reaction product (shown in Figure 2.4) was
recorded on a BECKMAN ACCULAB 8 infrared spectrophotometer. The spectrum
was taken as a Nujol mull between KBr plates. The spectrum obtained was
compared with a reported spectrum fox N-(2-hydroxyethyl)iminodiacetic

acid (110) and found to agree very well.

A p.m.r. spectrum of this material in D;0 was recorded on a VARIAN CFT-20
NMR spectrophotometer and is shown in Figure 2.5. Relative to an internal

standard of acetone the following absorptions occurred:

§: 1.22, 1.27, 1.31, 1.34;. quartet; 2H; C-CH, -N
§: 1.66, 1.70, 1.73, 1.79; quartet; 2H; HO-CH, -C
§: 1.86; singlet; 4H; N-CH,-COOH

d: 2.46; singlet; H,O.
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All the above evidence seems to indicate that N-(2-hydroxyethyl)-

iminodiacetic acid was formed rather than heg.

A modified version of the synthesis was attempted, in which the amount of
2-aminoethanol used was increased threefold in order to force the reaction
with methanal to the right, and to prevent any possibility of two methanal
molecules attaching themselves to one molecule of 2-aminocethanol. It was
found difficult to obtain any crystals on addition of ethanol to the
reaction product. On the addition of some diethyl ether pale blue crystals
formed. However the yield was very low. Surprisingly,the melting point
of the product was found to decrease instead of increase on recrystalli-
zation. It was surmised that the compound obtained was undergoing a
chemical change on recrystallization,since the melting point changed with

recrystallization but not with time, as shown in Table 2.2.

A mass spectrum was run on the product obtained, and a peak at m/e = 177
was obtained, showing that N-(2-hydroxyethyl)-iminodiacetic acid was

probably present. Hence the following disproportionation reaction was

suggested:
CH, COOH
HOCH, CH, N (::
CH, COOH
2HOCH, CH, NHCH, COCH —>
+

HOCH, CH, NH,

There is therefore some doubt as to whether the published syntheses for
heg are valid. Farbenind (105) do not describe any characterization of
their product, and so it is difficult to ascertain whether they actually
did synthesize heg. Kipriyanov and Kipriyanov (104) claim that the
melting point of their product was 174 - 175°C (i.e. the same as obtained
in this work), which is not in agreement with Benedikovic et af. (107y,

who report a melting point of 190 - 191°C for the same compound. Jankowski
and Berse (111) report yet another melting point for heg, 141°C. Stewart
(106) reports the same melting point as Kipriyanov and Kipriyanov. Both

Benedikovic ef af. and Kipriyanov and Kipriyanov determine the nitrogen

content of their compound. The former authors obtain 11,74 %,and the
latter 11,61 %, as compared to the calculated value of 11,76 % N.
Although these nitrogen content figures agree fairly well with the cal-

culated result, the last three papers (104, 106, 107) do not provide any
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TABLE 2.2

Change of melting point on recrystallization of reaction product.

Date Description of Sample Melting Point/°C
Day 1 Crude 185
Day 1 Once recrystallized 181
Day 4 Twice recrystallized 178 - 178.5

Day 7 Twice recrystallized 178 - 178.5
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further characterizations of the compounds, and therefore it is

difficult to decide what compounds actually were prepared.

Takagi et al. (112) claim to have extracted heg from Petalonia fascia

(Formosan seaweed) and they claim that heg decomposes at 182 - 184°C.

Thus there is some controversy over the melting point of heg.

A rather different possible synthetic route for heg involves an addition

reaction as shown in Scheme 2.2.

This synthesis was however not attempted because it had been decided by
this time that heg was not sufficiently stable in aqueous solution for use
in thermodynamic measurements, and this part of the project was discon-
tinued. A very similar synthesis, in which H, NCH,COOH was heated with
2-chloroethanol in the presence of alkali and water at 90 - 100°C, has

recently been published in a U.S.S.R. patent (I13).

2.6.2. Synthesis of the ligand 2-amincethoxy acetic acid (aea)

Syntheses for this ligand have been reported in the literature (114 - 117).
The first stage in the synthesis of Z2-aminoethoxy acetic acid (aea) is

the producticn of the cyclic compound, 3-morpholone. This compound was
prepared by the method of Vi&les and .Séguin (115, 116). A summary of

the synthesis is shown in Scheme 2.3.

The first step in the production cf 3-morpholone is the formation of the
sodium salt of 2-aminocethanol. Fox this, 100 cm® of anhydrous dioxane
(MERCK - dried, max. 0.0l % H,0, min. 99.5 % pure) was placed in a round-
bottomed flask. A mass of 35 g (0.57 moles) of 2-aminoethancl (BDH lab.
reagent, min. 99 % pure) was then dissclwed in the dioxane. To this was
added, with stirring, 11.5 g (0.5 mecles) of sodium metal in small portions.
Much heat was liberated. On completing the addition of Na the mixture

was refluxed until as much Na as possible had dissolved. When the mixture
had cooled the remaining unreacted Na was removed. By now the mixture

had a pale yellow colour.

A mass of 63 g (0,51 moles) of ethylchloroacetate (MERCK, 99 % pure) was

then added dropwise to the solution, which was kept well stirred and cool.



SCHEME 2.2

Suggested synthesis for heg.

HOCH,CH,C{ + H, NCH,COOH

HOCH, CH, NHCH, COOH

+ HCZ

reflux

using methanecl or
ethanol as solvent

>  HOCH, CH, NHCH, COOH
Separate on a

column which heg

will retain CL7,

elute with

methanol perhaps
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SCHEME 2.3

Summary of the synthesis of 3-morpholone.

anhydrous dioxane <
heat until Na dissolves

NH, CH,CH,0H + Na

CH, -ONa C{ -CH,

+ H,+ + l reflux

CH, -NH, Et0-CO

(add with cooling)

W + NaCl + EtOH
N/c=o

|

H

(1) Filter NaCl off.
(2) Evaporate dioxane.

(3) Extract 3-morpholone with
boiling benzene.

3-morpholone

77



78

A white precipitate formed. The mixture was then refluxed for two
hours. Again the mixture was kept well stirred during the whole operation.
After refluxing, the solution had become pale brown and the white solid

remained.

The white solid, which was sodium chloride, was filtered off by suction
and washed with boiling ethanol. The washings were combined with the
filtrate and the solution was evaporated to dryness using a rotary

evaporator. A viscous dark brown syrup remained.

The next step involved the extraction of the 3-morpholone with boiling
benzene. The syrupy mixture was placed in a large beaker and to it was
added approximately one third of its volume of benzene. This was then
heated while being kept well stirred. The benzene was allowed to boil
for a short while (< 5 minutes) and then was decanted from the hot
mixture. Whgn the benzene extract had cooled slightly an equal volume
of diethyl ether was added. White needle-shaped crystals formed. The
crystals were filtered off and recrystallized twice from the minimum
volume of benzene and diethyl ether. The syrupy substance was extracted

with boiling benzene a number of times in order to obtain an appreciable

quantity of product.

The melting point of the recrystallized product was found to be ~100°C,as
compared to the published values of 104 - 105.5°C (117) and 105°C (116)

for 3-morpholone.

The final step in the synthesis was to hydrolyse the 3-morpholone (116, 117)
to obtain the ligand required. This step was not carried. out since, by
this time, the attempted synthesis of heg had been abandoned and it had

been decided that this section of the project should not be pursued.



CHAPTER THREE

APPARATUS
In this work stability constants were determined potentiometrically by
measuring hydrogen ion concentrations with a glass electrode, and enthalpy

changes were determined by titration calorimetry.

3.1. The Potentiometric Cell

The potentiometric cell was assembled as follows.

The test solution was placed in a METRQHM No. EA 876-50 jacketed glass
reaction vessel thermostatted at 25.00 + 0.05°C by water circulating from
a HETOFRIG cooling bath type CB7 fitted with a HETO heating unit type

03 T 623. The plastic lid of the reaction vessel was fitted with a glass
electrode, nitrogen bubbler, thermometer and the reference electrode/
salt bridge assembly. The remaining hole in the 1lid was covered with a
teflon stopper and was used for the introduction of the titrant solution
via a burette or an automatic burette. The glass electrodes employed
were of the RADIOMETER G202B. (low sodium error) type. These electrodes
were conditioned before use by allowing the bulb of the electrode to

soak for at least eight hours in 0.1 mol dm™® HC{ at room temperature.
The bulb was then rinsed with doubly deionized water and scaked for
several hours in pH 7 buffer solution. This conditioning procedure was
repeated at frequent intervals and always performed after the electrodes
had been stored dry fqr a fairly long interval. During use, the glass
electrodes were stored by soaking the bulb in pH 7 buffer solution.

The reference electrode and salt bridge were assembled by using two INGOLD
liguid junction tubes type 303/95/T/NS. The liquid junction tubes

were later modified in that the upper halves were provided with water
jackets, which enabled the reference electrode/salt bridge assembly to be
thermostatted at the same temperature as the reaction vessel. The solu-
tion in the reference electrode was 0-01 mol dm~?® KCZ + 0.49 mol dm™°
KRNO; , and that in the salt bridge was 0.50 mol dm™ KNO,. A drop of
AgNO, solution was added to the reference electrode solution before in-
serting the Ag, AgC{ electrode, to ensure that the solution was saturated

with AgCZ and thus prevent dissolution of the AgCA coating on the
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reference electrode. METROHM type EA-275 silver-silver chloride
reference electrodes were used. The reference electrode/salt bridge
assembly is shown in Figure 3.1. The e.m.f. of the cell was measured

to + 0.1 mV with RADIOMETER PHM 64 and PHM 84 research pH meters.

The titrant solutions were dispensed from grade 'A' burettes or, if

they were sodium hydroxide solutions, from a METTLER DV210 automatic
piston burette of 10 cm® capacity fitted on a METTLER DV10 burette
drive. The solution reservoir of this automatic burette was modified to
enable the solution therein to be kept under an atmosphere of nitrogen.
(This precaution was taken when working with sodium hydroxide titrant
solutions to prevent the absorption of CO, by the solution.) A nitrogen
inlet was fitted onto the solution reservoir. Before the nitrogen came
into contact with the solution it passed through a U-tube containing an
absorbent for CO, and, in the last third of the tube, an absorbent for
water. A drying-tube containing the same two absorbents was fitted

to the nitrogen outlet of the reservoir in order to prevent atmospheric
CO, from entering the reservoir in the event of an interruption in the
nitrogen flow. The CO, absorbent used was HOPKIN AND WILLIAMS soda-lime
INDICARB (self-indicating, 5 - 10 mesh), and the absorbent for water was
BDH lab. reagent anhydrous calcium sulphate. A water absorbent was
needed because the absorption of CO, by soda-lime produces water as

follows:
2NaOH + CO, == Na,CQ, + H,0.
Figure 3.2 shows the solution reservoir assembly.

A stream of high-purity nitrogen, which had been freed from acid and
alkaline impurities by passage through 10 % NaOH and 10 % H,SO, solutions
respectively, and then presaturated with 0.5 mol dm™® KNO,, was bubbled
through the test solution during the entire duration of the experiment.
The solution in the cell was stirred by usiﬁg a magnetic bar stirrer

at all times. The cell assembly is shown in Figure 3.1. The potentio-

metric titrations were performed in a room thermostatted at 25 + 1°C.
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Figure 3.1 The potentiometric cell assembly.
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3.2. The Titration Calorimeter

The enthalpy changes were measured by means of a precision titration
calorimeter which the Department of Chemistry, University of Natal, Durban
has on loan from the Council for Mineral Technology. The construction

and testing of the calorimeter have been described in a N.I.M. Report

(118).

The titration calorimeter consists essentially of the LKB 8721-2 titration
calorimeter assembly (i.e. a precision thermostatic bath type 7603A, a
proportional controller type 76027, a calorimeter unit type 8721-2 and

a stirrer driver unit type 8723) with an electronic system designed and
constructed by the Council for Mineral Technology (then the National
Institute for Metallurgy). (See Plates 1 and 2.) Since the report on
the construction of the calorimeter was published some changes have been
made to the electronic assembly. The measuring instrument is no longer
the EMT type 213 MK2 six-digit voltmeter but a Fluke model 8810A 5i-digit
digital multimeter. The Moduprinter has also been replaced by a Fluke
model 2030A programmable printer. The calorimeter is housed in a room

thermostatted at 25 + 1°C.

All the calorimetric measurements are carried out in a cylindrical stain-
less steel water bath. This bath is in turn contained in a second cylinder
of stainless steel. Water from an auxiliary bath maintained at 25,00

+ 0.05°C is circulated. between the two cylinders. The temperature of the
water in the inner bath is maintained at 25.000 + 0.001°C by a proportional
controller. The whole water bath assembly is surrounded by polystyrene

(to prevent heat loss to the surroundings) and placed in a metallic case.

The calorimeter reaction vessel consists of a glass bottle of about 110 cm?
capacity. Within the vessel are three glass fingers. The first finger
contains the heater, the second the thermistor, and the third may be
filled from the outside with cooling material. The vessel also contains

a glass delivery tip which is connected to the titrant-delivery system

via thin tubing.

The glass reaction vessel has a metallic screw-thread at the neck. This

is used to attach the vessel to the underside of the stainless steel
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Plate 1 The titration calorimeter assembly. From left to
right: the proportional controller, thermostatic bath,
calorimeter unit, stirrer driver unit and automatic burette.

Plate 2 The titration
calorimeter electronic
assembly.
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cover-plate of the reaction vessel assembly. The heater and thermistor
are also connected, via gold contacts, to the underside of this plate.
(See Plate 3.) This plate forms the cover of a cylindrical air-tight
stainless steel container in which the glass reaction vessel is placed.
Above the stainless steel cover-plate is coiled the tubing of the titrant-
delivery system. This ensures that the titrant tubing is immersed in the
water of the inner bath and that the titrant is held at the temperature
of the water bath. Above the titrant coils is a plastic cover. When

the calorimeter assembly is placed in the water bath this plastic cover

seals off the water bath.

The contents of the glass reaction vessel are stirred by means of a glass
screw propeller. The propeller shaft is attached to the bottom of
the stainless steel cover-plate. (See Plate 3.) The stirrer is driven

by a three-speed stirrer motor.

The titrant is delivered by means of a METTLER DV 10 automatic burette
drive fitted with a METTLER DV210 automatic piston burette of 10 cm®
capacity. The titrant-delivery system was checked and found to be accu-

rate to within 1 x 10”3 cm3 s~ (118).

The temperature changes occurxrring in the reaction vessel are measured by
means of a thermistor which makes up one arm of a Wheatstone bridge. The
other components of the bridge are two equal resistors and a variable
resistor. The variable resistor is set in such a way as to balance the
bridge at the temperature of the constant-temperature bath. As the
temperature in the reaction vessel changes, measurements of the off-balance
potential of the bridge are made. (It has been found that the off-balance

potential is proportional to the change in temperature (I118).)

The digital multimeter is the bridge detector. Readings of the off-
balance potential in WV are printed out by the printer at fixed time
intervals. The time intexval is set on an electronic timer or on the

timer incorporated in the printer.

The off-balance potential is related to the actual temperature by means

of a calibration experiment (see Section 5.2.1).



Plate 3 The cover-plate of the reaction
vessel assembly, seen from below. Note
the stirrer and gold contacts.
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There are three modes of operation of the titration calorimeter:

1) Burette mode - this switches on the burette drive and a titra-

tion can be pexformed.

2) Heater mode - this switches on the heater to enable a heat

capacity to be determined.

3) Ampoule mode - this activates the ampoule smasher. (This last

function was not used in this work.)

For the first two modes of operation a time interval of length up to
999 seconds, during which the burette or heater is operative, must be

selected. When that pre-set interwal has elapsed the burette or heater

automatically switches off.

An accurately known current passes through the reaction wvessel heater

when one sets a potential of 1.000 00 V across any one of a set of

standard resistors built into the circuit. If one then measures the
voltage drop across the heater corresponding to the current flowing through
it, one can calculate the power dissipated by the heater for a particular
nominal power setting. (Values of the current flowing through the heater

at particular power settings have been tabulated (118).)

Further details of the operation Qf the calorimeter will be given in
Chapter 7.



CHAPTER FOUR

CALCULATION TECHNIQUES

In this chapter the various computational techniques employed in this work
will Be described. These will include the Gran plot method for equivalence -
point determination in potentiometric titrations, the various corrections
which have to be applied to the 'raw' calorimetric data before AHO values
can be calculated, and a description of how formation curves can be
derived from potentiometric data. The use of various computer programs

to process potentiometric and calorimetric data will also be described.
4.1. Gran Plots

Gran plots provide an easy and accurate means of determining the equiva-
lence point of a potentiometric titration. The equivalence point of a
potentiometric titration can, in principle, be determined by plotting
values of the cell potential against the volume of titrant added and
finding the point of inflection (or maximum slope) of the titration curve.
This method presents problems when there is only a small potential change
at the end-point, e.g. in the titration of weak acids by strong bases.

In such cases it has been customary to plot the curve of AE/Av against
the volume v of titrant added. These methods can be criticized in that
they do not use the data points which are far from the point of inflection.
Furthermore, if the titration curve is not symmetrical about the equiva-

lence point, the results obtained may be erroneous.

Gran (119, 120) and later others (121) devised a way of linearizing the
titration curve in such a way that all the points in the titration are
used, and not only those in the vicinity of the equivalence point. 1In
his first paper (119) Gran showed that curves of Av/ApH or Av/AE against
v have two branches which intersect at the equivalence point. Although
for weak electrolyte systems these branches are parabolic they can be
transformed into straight lines, and this makes it possible to determine
the equivalence point very accurately. Later Gran (120) developed the
idea first proposed by Sdrensen that, if one plots the antilogarithm of
the pH as a function of the volume of titrant added, one can also trans-

form potentiometric titration curves into straight lines.
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The plots obtained are called Gran plots and consist of two straight

lines which, in theory, intersect each other and the volume axis at the

equivalence point. The straight line before the equivalence point shows

the titrate concentration decreasing and has a negative slope, whilst

that after the equivalence point has a positive slope and shows the

excess titrant concentration increasing.

The Gran plot method of determining the equivalence point in a potentio-

metric titration has several advantages:

The titrant solution can be added in regular increments, which is
not the case in conventional titrations, where a large number of
readings have to be taken near the equivalence point. 1In this
way one may avoid the difficulty of obtaining many points in a
region in which the electrode potentials are unstable and drift

readily.

It provides a simple way of determining the equivalence point in
systems in which the end-point break is poor, e.g. weak acid-

strong base titrations.

Since the plots consist of straight lines, one need only obtain
points in a region in which the electrode response is Nernstian or

near-Nernstian.

The calculations are simple and quick and can be computed and plotted

during the actual titration while one is waiting for steady poten-

tial readings to be attained.

The presence of carbonate in alkali solutions is easily detected

and the concentration thereof easily computed.

The equivalence point can be determined accurately, even in cases

where the titration curve is asymmetrical.

The Gran plot method has the limitation that when the protonation constant

of the weak acid is greater than about 10’ the method no longer gives

straight lines, but instead produces curves which do not intersect the
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volume axis at the true equivalence point. This is due to the neglect of
minor components in the equilibria involved in the titration reactions.
Ingman and Still (122) have shown that, if the protonation constant of

the weak acid is known, an expression can be derived which, when plotted
against the titrant volume, does yield a straight line. This latter
method was tried on the standardisations of the ligands used here and will
be discussed in the relevant sections. The method also has the limitation
that it neglects variations in activity coefficients. This effect can be

minimized by the use of a constant ionic medium.

In this work the Gran plot method was used in the analysis of acid-base
neutralization titrations. The potentiometric readings for these titra-

tions were obtained by measdring the e.m.f. of the following cell:
(—)RE|salt bridge |titration solution|glass electrode (+) (I)

where RE (reference electrode) = Ag [AgCf [0.01 mol dm™> C&~, 0.49 mol dm™?
NO,~, 0.50 mol dm™® K% and salt bridge = 0.50 mol dm~> KNO, .

The patential of cell (I) is (in theory) given by
o
E=E + s log([E*]lyg+) + Ej. (4.1)

Here Ee incorporates the standard potential of the glass electrode half-
cell and the potential of the reference half-cell, Eg is the liquid
junction potential between the salt bridge and the test solution, Yg+ is
the activity coefficient of H' and s represents 2.3026 RT/nF - i.e. we
assume that the electrode response is Nernstian. As the ionic strength
was kept almost constant, EO, Ey and yy+ were considered to remain con-

stant during a potentiometric titration. Equation (4.1) can thus be

simplified to
A=
E=E * + s log([a*]yg4), (4.2)

where E % = EC + EJ.
Although the Gran plot method has been described in some detail in the

literature (119 - 121, 123), a discussion of three cases of the method is

included for completeness. In the case of the titration of a strong base
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with a strong acid it is of interest to show how the method was used to
estimate the carbonate contamination in the strong base solution. The
application of Ingman and Still's extended Gran plot method (122) to the
titration of a weak diprotic base with a strong acid is described in

detail because that case was not treated by them.

In passing, it may be worth noting that,besides acid-base neutralisation
titrations, the Gran plot method can also be applied to precipitation,
complex formation and redox titrations and the multiple standard addition
technique. These applications are discussed in the review article by
Mascini (123) and also in Gran's papers (119, 120). A modified Gran plot
technique has been described for the determination of activity coefficients

and junction potentials (124).

4.1.1. Titration of a strong base with a strong acid

If vog cm’® of strong base, of initial concentration Cgp, 1s titrated with
a strong acid of concentration Cp, the concentration of hydroxide ions

after the addition of v cm® of acid will be:

Cpvy - Cav

Lor~] =
OH Vo + v

’ ' : (4.3)

where Vg is the total initial volume, i.e. besides vy it includes the

volume of background electrolyte added at the start of the titration.

Setting v = vg, the volume of acid added at the equivalence point, we

see that
Cgvo = Cpve. (4.4)

Hence, substituting equation (4.4) into equation (4.3), we obtain

- Calve - v)
[og-] = ?V— . (4.5)
Now
K
+ _ W
[g*] = for=T (4.0)

where Ky is the ionic product of water.
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Thus

Kw(vo + V)

(4.7)
CA(Ve - V)

Lat] =
If the above expression is substituted into equation (4.2) we obtain the
following:

'YH+Kw(v0 + ,V)
Calve - V)

E =E * + s log ; (4.8)

which is a nonlinear relationship between E and v containing the quantity
Ve which one wishes to determine. The relationship can be linearized if

one considers the following:

10PH 1/ag+

= 1/(YH+[H+])

Calve - V)
Yp+kw (Vo + V)

0"k _
_ 1O(E E{/s

(where ag+ is the activity of the hydrogen ion). On rearrangement one

obtains the function @4 given by

F(v) = (Vo + v) 107%/3 (4.9a)
Ca _Ee*
- g 10 /s (Vg = V) , (4.9b)

which is linear in v.

After the equivalence point has been passed

Cav - Cgvo
+ —
[:H ] —W R (4.10)

since we are now in the region of excess acid. Again, substituting

equation (4.4) into equation (4.10), we obtain
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1= (4.11)
[*l -
Equation (4.2) for the cell potential now becomes
o vg+Ca (V - Ve)
E=E * + s log A (4.12)
One can then linearize as before:
107PH = ap+
= YH+[H+] :
yEHCa (Vv - Vve)
- Vo + v
©
- *
- 1p(E - E )/s,
and
B'(v) = (v, + v) 10278 (4.13a)
©
E *
= ygeCa 10° S(u, - ). (4.13b)

If the ionic strength is kept quite high and almost constant during the
titration, then yg+ and Ky do not change appreciably and the functions
# and 4' are linear functions of v. The functions ¢ and ¢',given by
equations (4.9a) and @.l13a)respectively, can be plotted and extrapolated

to intersect the horizontal axis at the point v,, since both functions

assume the value zero when v = vg.

An example of a Gran plot for the titration of a strong base with a
strong acid is shown in Figure 4.1. In this example a mixture of 5.00
cm' of approx. 0.1 mol dm~* NaOH and 50.00 cm® of 0.50 mol dm™® KNO, was
titrated with 0.0999 mol dm™ HNO, in a cell containing a glass electrode
and a silver-silver chloride reference electrode as shown in cell (1).
All the solutions used were made-up to an ionic strength of 0.50 mol dm™?3
by using KNO,. The data collected and the calculations performed to
obtain the Gran plot are shown in Table 4.1.

From Figure 4.1 one obtains vo = 4.87 cm®, whence the concentration of
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Figure 4.1 Gran plots ¢ and ¢' for the titration of a strong

base with a strong acid.
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TABLE 4.1

Titration of a mixture of 5.00 cm® of approx. 0.1 mol dm™® NaOH + 50.00

cm® of 0.50 mol dm™® KNO, with 0.0999 mol dm = HNO, (Vo = 55.00 cm® and

t = 25.00°C).
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v/cm? (Vg + v)/cm? Ecell/mV g(v) x 102 /cm®* -
1.00 56.00 -422.7 0.783
2.00 57.00 -414.6 0.581
3.00 58.00 -403.2 0.379
4.00 59.00 -383.2 0.177
@' (v) x 10~ %/cm®*
6.00 61.00 94.8 0.244
7.00 62.00 111.6 0.477
8.00 63.00 120.5 0.686
9.00 64.00 127.1 0.901
10.00 65.00 132.0 1.107
L

*4(v) and ¢'(v) may be multiplied by any constants to make plotting more

convenient as this changes only the slopes of the lines and not their

point of intersection.
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the sodium hydroxide solution can be calculated to be 0.0973 mol dm™*.

The functions ¢ and @4' do sometimes deviate from linearity because of one

or more of the following factors.

If curvature of the Gran plots at values of v remote from ve occurs
it suggests that the activity coefficient and junction potential
are not constant at extreme values of hydrogen and hydroxide ion
concentrations. If such plots are linear near the equivalence

point the value of v, must be obtained from this region alone.

If the strong base is contaminated with carbonate, ¢, the function
on the alkaline side of the eguivalence point Vg, 1s curved in the
vicinity of that point, and ¢', the function on the acidic side,
now cuts the horizontal axis at some point ve' > ve. (An example

of this is shown in Figure 4.2.) 1In this case

ve' = VvaCg/Chp, (4.14)
where Cg = [or™] + 2[co,<]1, the total concentration of base. If

the function ¢ is linear over an appreciable range of v it may be

extrapolated to cut the horizontal axis at the point
Ve = Vo[OH—]/CA, (4.15)

i.e. from this point the concentration of hydroxide ions in the
strong base can be obtained. Thus the concentration of carbonate
in the base can be estimated from the difference between Ve' and vg.

Symbolically

(ve'~ velCp

Cco.=] =
COs 2vg

(4.16)
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4.1.2. Titration of a weak dibasic acid with a strong base

If v cm® of a weak dibasic acid, BH12+, having an overall concentration
Ca, 1s titrated with a strong base of concentration Cg, then before the
first equivalence point we have the following reaction:

BH,2" + O™ = BH* + H,0

with the associated equilibrium constant

_ [Br*]
X1 = Tem, =¥ Ilom- 7T - (4.17)
Hence
Ca*] = xyKki[BH,?*]1/[BH*], (4.18)
W
where
Cavg -~ Cpv
(B, 1 = S ——2— (4.19)
0
and
Crv N
+
s . 4.
[BE™] Vo v (4.20)

(Note that equations (4.19) and (4.20) are only approximations. We
have neglected the dissociation of BHY and we are assuming that

[B] << [BH*] and [BH,?+].)

Thus
KwK, (Cav, - Cgv)
CBV

[u*] =

(4.21)

By setting v = ve;, the volume of base added by the first equivalence
point, we see that
Cave = CpVesy, (4.22)

and so equation (4.21) becomes

[E*] = KyKi(vg, - v) /v. (4.23)



The cell potential for the region before the first equivalence point is

therefore given by:

E = E0* + 5 log(Yg+KeK1 (Ver = V) /V). (4.24)

Equation (4.24) is a non-linear relationship between E and v which can

be linearized as follows:

10-PH apg+

= yg+LE*]

= Yg+KyK1(ve, - V) /v

h
_ 1O(E - E*)/s ,

and

4i(v) = v 10873 . (4.25a)

ﬁe*/s . )
Y+KwK110 (Vg, - V). (4.25b) -

After the first equivalence point ve; has been passed the following

reaction occurs:
BHY + OH™ == B + H,0

with the associated equilibrium constant

_ (sl
X2 = Tpg*Itor~] ’ (4.26)

The hydrogen ion concentration can be calculated as follows:
Ca*] = K K, (Batl1/0B] , (4.27)

where

2CpvVoe - Cpv

+ =
LsH*] T (4.28)
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and o o
BV - Cavg (4.29)
[g] = Vo T v

(Again, equations (4.28) and (4.29) are only approximate.)

Thus (20 )
v. -
[+] = K2 1oa% ~ ™B . (4.30)
CBV - CAVO

From v = vg; we already have
Cavo = CBVel’ (4.31)

and by setting v = vg,, the volume of base added by the second equivalence

point, we get

2Cav, = Cave, - (4.32)

Substituting equations (4.31) and (4.32) into equation (4.30) gives

KKz (v - V)
[g+] = —wkz (Ves (4.33)
(V = Vel)
Therefore
E=E*+ 5 log(ygHKs (Ve; = v)/(V = vg,)). (4.34)

Equation (4.34) can be linearized as follows for the region after the

first equivalence point but remote from the second equivalence point:

10PE = 1/ap,
= 1/(yg+[HT])
- (v - vey)

YHHKWK; (ve, =~ V)

. o E - E)/s
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and
1" (V) = (Vg, = V) 107E/s (4.35a)

T e
= (YH+KWK2)_110_E */S(v - Ve,) - (4.35b)

For the region just before the second equivalence point equation (4.34)

can similarly be linearized:

E/s

¥1(v) (v - vg,) 10 (4.36a)

<
E */s

(Ve, - V). (4.36Db)

The function to be plotted after the first equivalence point, given by
equation (4.35a), presupposes knowledge of Vg, which, for this purpose,
can be estimated from the plot of cell potential against volume of
titrant added. By the time the Gran function for the region before the
second equivalence point is calculated (by means of equation (4.36a))

Ve; Will have been determined.

After the second equivalence point has been passed excess base is present.

Thus

B
Vo + v

Cpv - 2CAVG

for ] = ' (4.37)

and since equation (4.32) holds we have

(4.38)

Now

' (4.39)

which can be substituted into equation (4.2) to give the cell potential

for the region after the second equivalence point:

YKy (Vo + v)

E = Ee* + s log
Cg(v - Vez)

(4.40)
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Equation (4.40) can be linearized to:

Yi'(v) = (Vo + v) 107E/S (4.41a)
Cgp —Ee*/s
= 10 (V = Va,) - (4.41Db)
YH+KW €

Provided, then, that Yg+, Ky, K1 and K, are constant, which can approxi-
mately be achieved by keéping the ionic strength constant, the functions
é1, #1', Y1 and ¥1' are linear functions of v. The first equivalence

point is the point vy, such that B, (Ve,) = &,"'(vey) = 0, and the second

equivalence point, Ve, , is obtained similarly from Y¥:; and ¥i'.

To illustrate the Gran plot method for the titration of a weak dibasic
acid with a strong base the titration of 20.00 cm’® of approx. 0.044 mol
dm~? oden.2HCAL with 0.0996 mol dm™® NaOH will be considered. All the
solutions used were made up to an ionic strength of 0.50 mol dm™?

using KNO,. An estimate of vg, was arrived at by halving the estimate
of Ve, obtained from the titration curve shown in Figure 4.3. A Gran
plot could be drawn only for the determination of the second equivalence
point of oden.2HCZ because the first equivalence point is not distinct.
The plot is shown in Figure 4.4. The data and calculations performed to
obtain these Gran plots are shown in Table 4.2. From the intersection of
¥1' with the horizontal axis, as shown in Figure 4.4, we see that

Ve: = 16.6 cm®. Hence the concentration of oden can be calculated to be

0.0413 mol dm~°.

An attempt was made to apply Ingman and Still's extension (122) of Gran's
method to the standardisation of solutions containing oden. For the

titration described above, i.e. the titration of oden.2HCL with a strong

base, the functions plotted were:

B, (V) = Vg, -V

VK201b + (1 + Kpo1b) (b - Kb 1) (Vg + v) /Cg  (4.42)

before the first equivalence point, and
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TABLE 4.2

Titration of 20.00 cm® of approx. 0.044 mol dm™* oden.2HCZ with 0.0996

mol dm™® NaOH (Vo = 70.00 cm?).

(a) Before the second equivalence point:

v/cm® . (v = vgy)/cm® Ece11/mV ¥1(v) x 3 x 10*/cm?
9.00 0.62 -307.1 0.120

10.00 1.62 -313.6° 0.243

11.00 2.62 -320.3 0.303

12.00 3.62 -327.3 0.319

13.00 4.62 -335.1 0.300

14.00 5.62 -343.8 0.260

15.00 6.62 -353.9 0.207

16.00 7.62 -365.7 0.150

where veg; .= 8.38 cm®.

(b) After the second equivalence point:

v/cm? (Vo + v)/cm? Ecel11/mV ¥1'(v) x 10717 /cm?
17.00 87.00 -379.0 0.022
18.00 88.00 -391.6 0.037
19.00 89.00 -401.8 0.055
20.00 90.00 -409.5 0.075
21.00 91.00 -415.6 0.096
22.00 92.00 -420.4 0.118
24.00 94.00 -428.0 0.161
26.00 96.00 -433.7 0.206
29.00 99.00 -440.2 0.273
32.00 102.00 -444.8 0.337
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(v = veq)Kig1b
+ (1 + K1g1b) (b - Kyb™1) (Vg + v) /Cp (4.43)

before the second equivalence point.

(The meanings of the symbols used in equations (4.42) and (4.43) are
described in Section 4.1.3.) It was found that the difference between

log K191 and log Kzq1 for oden is too small (i.e. < 1) for straight lines
to be obtained even by this method. This is because no simple expressions
can be obtained to describe the concentrations of BH22+, BHY, B and HY
adequately. Hence the concentration of oden was calculated as described

previously.

4.1.3. Titration of a weak diprotic base with a strong acid

In the case of the titration of the weak diprotic base etolen with a
strong acid, it turns out that the "ordinary" Gran plot method can be
inaccurate because it does not take into account minor species involved

in the equilibria. If often happens that one does not get a pair of
straight lines intersecting on the horizontal axis. More important,
however, is that there is considerable variation between repeat titrations
in the equivalence points as calculated by this method. The following
method, similar to that of Ingman and Still (122), was therefore developed
and applied to the etolen standardisation data in an attempt to obtain
more reliable and reproducible estimates of the equivalence points. The
expressions to be plotted against the titrant volume for the titration of

a weak diprotic base with a strong acid can be derived as follows.

If vg cm® of a weak diprotic base, B, of concentration Cg is titrated
with a strong acid of concentration Ca the reversible reaction occurring
before the first equivalence point is

B + H,0" == BH* + H,0,

with the associated equilibrium constant
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_ Ieu*] (4.44)
K202 = [RILRTT -

; +
The following expressions can be written for the concentrations of BH™ and -

B in solution:

CAV

] = - - 4.45
(Ba'] = T [a+t] + [OE ] ( )
and
[B] = cg - [BH']
~ Cav _
_ SBY0 T EAY e+l - for-d (4.46)
V0+V : :

where Vo is the total initial volume. (The equations analogous to (4.45)

and (4.46) appearing in Gran's method are:

+ CAV
[But] = v;—:—; and
(8] CBVO - Cpv
= — respectively.
B Vo + Vv ! p ¥

We see that these two equations neglect the terms in [H'] and [OH™]. 1In
other words, Gran's method ignores the fact that protonation of the base
B is a reversible reaction - i.e. a reaction that does not necessarily

proceed quantitatively to completion - and that the base B is capable of

generating BH' in solution through hydrolysis reactions.)

At the first equivalence point, Vo1, We have

Cgvo = CavVe, - (4.47)

Substitution of equations (4.45), (4.46) and (4.47) into the equilibrium

constant expression (equation (4.44)) and subsequent rearrangement yield

v Vo + v

Vey = V = +
el K191LET] ~ CpKy g1 [HY]

(Lo~ - [a*]) (1 + Rig.1[BYD).

(4.48)
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Now the cell potential is given by

E = EO" + s log [H'], (4.49)

where ﬂe" incorporates the standard potential of the probe half-cell,
the potential of the reference half-cell, the liquid junction potential
and the activity coefficient of HY. ET" was considered to remain constant

during a titration because the ionic strength was kept almost constant.

Hence °
[a*l= 108 ~E ") /s (4.50)
and since
-1 _ Ku
[OH 1= I (4.51)

equation (4.48) can be rewritten to define a function g4, as follows:

é; (V) = Vel - Vv

v/ (bK1g1)
+ (Kyb™! = b) (1 + Ky41b) (Vg + v)/(bK;41Ca) (4.52)

_ n
where b represents 1O(E E )/S.

d, is a linear function of v and intersects the horizontal axis at Veq-
The only disadvantage of this method is that the value of Kig1 at the

ionic strength being used must be known.

After the first equivalence point, Ve1, has been passed we have the

following reaction occurring:
BHT + H,0T == BH,?* + H,0
with the associated equilibrium constant

_ [By,2+]
K201 = [BH ][H 1 - (4.53)



Again, expressions for the reactant concentrations can be written:
14

CAV - CBVO + _
= —_— 1 + [on~] (4.54)
(BH,*7*] " e+l +
and Y
[pat] = 25BYO Z CAY L rpey - fom-l. (4.55)

Vo + V

(The expressions appearing in Gran's method are:

Cav - CgVo
[eH, 2] = ~ T v
0 v
and ) c v
Cgvo ~ “a
[Bg*tl = )

Vg + Vv

When v = v, we have the following relationship:

Cgva = CavVeq s (4.56)
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whereas when v = Ve, the volume of acid added at the second equivalence

point, we have

2CgVo = CpVes - (4.57)

After substitution of equations (4.54), (4.55), (4.56) and (4.57)

equation (4.53) and subsequent rearrangement, we obtain

_ _ vV - Ve Vo + v -1_ + +
\]e2 v = m + m (EOH ] [H ])(1 + KZOlEH ]).

(4.58)

Again equations (4.50) and (4.51) hold, and we can define a function ¥,

as follows:

\y3 (V) = Vez - Vv

(v = vg,) /(bK2g1)

+ (Ryb™h = b) (1 + Kpg1b) (Vo + V) /(BKpg1Cp)  (4.59)

which is again linear in v. Equation (4.59) presupposes knowledge of

the first equivalence point, Veps but this is usually determined before

the second equivalence point.
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In conclusion, we see that the plots of ¢, (v) and Y, (v) against v are
linear provided EO", Ky, K101 and Kpg1 are constant, i.e. if the ionic
strength is kept constant. One obtains Ve, from ¢3(vel) = 0 and ve, from

¥, (ve,) = O.

To illustrate this method the titration of a mixture of 20.00 cm® of
approx. 0.1 mol dm™® etolen and 50.00 cm® of 0.50 mol dm™® KNO, with
0.09992 mol dm~? HNO, will be considered. All the solutions used in this
titration were made up to an ionic strength of 0.50 mol dm™® by using
KNO, . The resulting titration curve is shown in Figure 4.5, and the data
and calculations performed to obtain the extended Gran plots are shown

in Table 4.3. The value of g required for these calculations was
determined experimentally by calibrating the potentiometric cell as des-
cribed in Section 5.1.1 prior to standardising the ligand soluticn. For
those standardisations in which the value of Ee" was not determined
experimentally it was estimated from log [H*] values obtained from a
species distribution calculation. The computer program HALTAFALL (see
Section 4.4.1) was used to calculate the required species distribution.
The program was provided with the protonation constants of -the ligand,

an estimate of the ligand concentration obtained from the titration curve,
and the titrant acid concentration. From the calculated log [H*] and

the experimental cell potential values an estimate for E”" could be ob-

tained through use of the Nernst relationship (equation (4.49)).

Figure 4.6 dépicts the extended Gran plot obtained for the determination
of the first equivalence point, ve;, of etclen. As can be seen, a curve
was obtained instead of a straight line. It seems that the difference
between log Kigp1 and log Kzg3 1is insufficient (being < 3) to prevent
partial overlap of the two protonation equilibria. However a straight
line was obtained for the second equivalence point, ve,. From Figure
4.7 we see that the extended Gran plot gives ve, = 40.80 cm®. 1In plotting
Y, (v) an estimate for Ve, 1s required. This was obtained from the graph
of cell potential against volume of titrant added. It was found that
the value of ve; obtained was not very sensitive to the estimate of Ve,
used. The concentration of etolen was calculated from the value of Ve,

alone. In this example the concentration of etolen was found to be 0.1019
mol dm™*.
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TABLE 4.3

Titration of a mixture of 20.00 cm® of approx. 0.1 mol dm™® etolen

+ 50.00 cm® of 0.50 mol dm~™® KNO, with 0.09992 mol dm™* HNO,

cm®) .

(a)

Values of constants used to evaluate &, =

Kw

Kio1
Eoll

Determination of the first equivalence point, vey:

fl

(Vo

v/cm® Ecell/mV &, (v)/cm®
2.00 -372.0 16.60
4.00 -356.3 15.37
6.00 -344.3 13.87
8.00 -333.9 12.14
10.00 -324.3 10.36
12.00 -314.4 8.42
14.00 -303.9 6.51
15.00 -298.1 5.56
16.00 -291.5 4.58
17.00 -283.6 3.58
18.00 -274.4 2.65
15.00 -262.3 1.74
20.00 -246.6 1.00
21.00 -229.1 0.53
22.00 -214.3 0.31
23.00 -202.8 0.21
24.00 -194.0 0.15
25.00 -186.4 0.12
26.00 -179.5 0.09

1.8197 x 10~ **
5.4954 x 10°

252.4 mv
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(b) Determination of the second equivalence point, v, :

v/cm? Ecell/mV ¥, (v) /cm®
30.00 -157.6 11.50
32.00 -147.4 9.35
34.00 -136.7 7.23
35.00 -131.0 6.22
36.00 -124.4 5.14
37.00 -116.8 4.07
38.00 -107.2 2.97
39.00 - 94.4 1.91
40.00 - 72.3 0.85
41.00 8.9 -0.05
42.00 " 69.5 ~-0.90
_43.00 86.8 -1.79
44 .00 96.7 -2.66

Values of constants used to evaluate Y, :

Ky = 1.8197 x 107"
K291 = 7.0795 x 108
EC" = 252.40 mv

Ve; = 20.45 cm®



¢, (v) /cm?

3.40

siao

BIOO
14

8.620 4180

iiOO
x

X

X
3 XX X xx

i ST LI T I
0.00 4.00 8.00 12.00 18.00 20.00 24.00 28.00 32.00 38.00
Volume of HNO; titrant/cm?
Figure 4.6 Extended Gran plot ¢, for the determination of the

first equivalence point in the titration of a weak diprotic

base with a strong acid.
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Figure 4.7 Extended Gran plot ¥, for the determination of the

second equivalence point in the titration of a weak diprotic
base with a strong acid.
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In spite of the problems associated with the first equivalence point,
this method did indeed overcome the irreproducibility encountered in the

"ordinary" Gran plot method.

4.2. Calculation of 'non-chemical' heat corrections for titration

calorimetric data

The gross heat liberated in the reaction vessel during a titration calori-
metric run not only consists of the heats of the reactions being studied
but is also the result of extraneous heat effects operating during the
experiment. Thus, in general, the determination of AHe values from

titration calorimetric data involves four main steps:

(1) the experimental determination of the gross heat liberated in

the reaction vessel as a function of titrant added,

(2) the calculation of all correction terms for 'non-chemical'

heat effects occurring in the reaction vessel,

(3) the evaluation of heat effects contributed from reactions

other than the ones being studied, and

(4) the calculation of the energy changes due to the reactions in

=4
question and, finally, the AH values.

In this section the first two points will be considered.

Continucus titration calorimeters (such as the one used in this study)
produce data consisting of times of titrant delivery and the corresponding
temperature of the system. (In the calorimeter used in this work the
Wheatstone bridge off-balance potentials were measured. Over a small
temperature interval such potentials are linearly related to temperature
(90). This relationship is determined by calibrating the Wheatstone
bridge - see Section 5.2.1.) Plots of such data are called thermograms.
In essence a thermogram consists of three parts: a lead (or initial)
period, a titration period, and a trail (or final) period. There are

two basic types of thermogram. The first type is obtained for reactions
that proceed to ccmpletion, i.e. every aliquot of titrant added is almost

completely consumed up to the end-point, and further addition of titrant
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merely results in dilution of the titrant. Thus the titration period is
divided into two parts: a reaction period before the end-point and a
dilution period after the end-point. A thermogram for such a titration
is shown in Figure 4.8. The second type of thermogram, shown in Figure
4.9, is observed for incomplete reactions, in which no amount of titrant
added is ever used up completely. Thus there is no division of the

titration period in such a thermogram.

The regions shown in Figures 4.8 and 4.9 will now be discussed in terms
of the predominant heat effects occurring within them. Region 'a' shows
a rise in temperature of the reaction vessel and its contents before the
titration begins. Such heat gain is due to stirring, resistive heating
across the thermistor, conduction, convection and radiation to or from
the surroundings, and evaporation. Region 'b' is the reaction period,
in which the heat rise is largely due to the reaction occurring in the
calorimeter but also partly due to the dilution of titrant and titrate,
the differénce in temperature between the titrate and titrant, and the
'non-chemical' effects mentioned for region 'a'. Region 'c' is the post-~
reaction region, in which the temperature change is due to continued
addition of titrant after the reaction is complete. That is, the same
effects as in region 'b', apart from the reaction of interest, result

in the temperature change observed in region ’c'. For incomplete reactions
'c' does not exist and it is necessary to measure the heat of dilution
produced on addition of the titrant to a blank titrate (i.e. one not
containing the reacting species of interest). This is done by means of

a separate experiment. Region 'd' 1is the post-reaction or trail period,
where no titrant is added and the slope is a function of the same effects

as those mentioned for region 'a'.

Thus a thermogram consists of a series of bridge off-balance potentials
read at various points in time or, equivalently, a plot of temperature
against time. From each reading the total heat liberated or absorbed in
the reaction vessel, from the beginning of the titration to that point,

can be calculated. Once this quantity has been corrected for extraneous
heat effects, all that remains is the heat due to the reaction of interest,

o
and AH™ for the reaction can be calculated. However, before analyzing

such data, one must calibrate the calorimetric equipment - see Section
5.2.
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In calculating the various corrections to be applied to the gross heat
liberated in the reaction véssel one first determines the heat capacities
of all the solutions used in the experiment. Experimentally one actually
measures Cp, the heat capacity of the reaction vessel plus its contents.

This quantity is made up of two parts, as shown in the following equation:
Cp = Cpf + Cp°. (4.60)

Here CpY¥ is the heat capacity of the empty reaction vessel plus the
various parts of the calorimeter (such as the stirrer, thermistor, heater
and burette tip) which are immersed in the reacticn solution and heated
with it, and CpS is the heat capacity of the solution in the reaction
vessel. (For the determination of CpY see Section 5.2.3.) A typical
thermogram for the determination of the heat capacity of a filled reaction

vessel is shown in Figure 4.10.

One can relate Qg, the electrical heat introduced into the reaction
vessel during a heat capacity determination, to the temperature rise

observed, ATqps, by means of

Cp = QE/ATObS- (4.01)

This equation is however an oversimplification, as it does not take into
account the heat effects such as heat of stirring, resistive heating of
the thermistor and heat exchange with the surroundings. A procedure for
correcting for these effects can be developed by making use cf the fact
that these are the only effects occurring in regions 'a' and 'd' of the

thermogram, and this is done as follows.

If one takes N points, equally spaced in time along the heating section
of the thermogram, one can calculate for each time point the rate of
change in bridge off-balance potential attributable at that point to the
abovementioned effects. The rate of change, rkx, at the k-th time point,
tkx, 1s obtained as follows by interpolation between S; and S¢, the slopes
of the lead and trail sections respectively of the thermogram:

rk = Si + (Sf - Si) , for k=1, 2, ..., N.(4.62)



120

Y (YIE )
+ y
Heater off -
I
-
>
O =
~
O —
o [
T -~
- P
o
Qo
e
0 0
joleF
e)
PO
v o
o
®
O~
S
=z .Q
Heater on ~
i
[
Ax Time/s Ay
Figure 4.10

Thermogram for the determination of the heat capacity

' of a filled reaction vessel.



121

Here Ey 1is the off-balance potential at the time point tr .(x, Eg) is the
point of intersection of thé (extensions of the) straight lines observed
in the lead and heating sections-of the thermogram, and (y, Ey) is defined
similarly by the heating and trail sections. (See Figure 4.10.) One can
now integrate these rates ry by means of the trapezoidal rule to obtain

a correction (AT.ory) to the total temperature rise observed (ATgpg)

during a determination of heat capacity. The result is:

ATeorr = ((h = Ax) (S + r1)

N
+h I (rg-1 + rg) + Ay (rn + Sg)}/2b, (4.63)

k=2
where the N points chosen are spaced at intervals of h seconds, and Ax is
the time elapsed from the moment the heater is switched on to time x.
Time X may be regarded as the time at which the off-balance potential
begins to rise in response to heating, if one replaces the observations
by the piecewise linear approximation depicted in Figure 4.10. Similarly
Ay represents the time elapsed from the moment the heater is switched off
to the time y, which may be regarded as the approximate time at which
the off-balance potential ceases to rise. b is the slope of the Wheat-
stone bridge calibration line (see Section 5.2.1), which relates the off-

Balanceé potential measured, E, to the temperature T, as follows:
E = a + bT. (4.64)

(If the points (tk, Ex) lie exactly on the straight line joining (x, Ey)
to (y, Ey), the correction term reduces to the simple formula

(Si + Sf) (y - x)/2b, which is, mutatis mutandis, the same as the correc-
tion term in equation (15) of the paper of Eatough ¢t af. (90). Detailed
examination of the data from several heat capacity determinations suggests
that there is in fact very little difference between the values of

ATcory Produced by the two methods.)

In any case a more explicit expression for Cp is given by the following

equation:

Cp = QE/(ATops = ATcorr) (4.65)
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where Qg is found by multiplying the calibration heater power by the
total time for which the heater was in use during the run, and ATobs 1S

taken to be (Ey - Ex) /b.

A computer program called CALCAL has been written by Prof. F. Marsicano
to calculate such heat capacity values. The use of this program will

be described in Section 4.4.7.

If one now considers a reaction run, as distinct from a heat capacity
determination, one can calculate for each of the N equally spaced time
points tx the total heat capacity of the reaction vessel and its contents
at that point, Cpk- For a given volume Vp y of titrant added at point
tk we have:

Cpx = CpY + Vq.CpS + Vg k.CpT + Vp x(dcpt/av) k =1, 2, ..., N,

(4.66)

where Vg 1s the initial volume of the titrate, and CpS and CpT are, in
J k1t cm_a, the specific heats (per unit volume) of the titrate and
titrant solutions respectively. The derivative dCpY/dv is the rate of
increase of the heat capacity of the reaction vessel with increase in
volume above Vo. This increase in heat capacity occurs because further
parts of the vessel and stirrer paddle come into contact with solution.
The additivity of the heat capacities in the above equation is a reason-

able assumption because one 1s here considering dilute agqueous solutions.

The gross heat produced in going from tp_y to tx can be calculated as follows:

Qp = -(Cpp_y + Cpk) (T} ~ Tk-1)/2°

—(Cpk_l + Cpk)(Ek - Ek_l)/zb k=2, 3, ., N.

(4.67)

Tx and Tp_y are the temperatures in the reaction vessel at times tx and

tx-1 respectively. Qpi, the gross heat produced between time x and time

t1, 1s calculated as follows:
Qpl = —(Cpx + Cpl) (El - EX)/2b. . (4-68)

Thus for each of the N points on the thermogram a corresponding Qpyx value
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can be determined which represents the total heat produced in the reaction
vessel from tp_1 to tx. These Qpk values therefore have to be corrected
for all the heat effects other than the reaction of interest before the

Aﬂo values can be obtained.

Aamong the heat effects which must be corrected for are the heat generated
by stirring of the solution, resistive heating by the thermistor, and the
heat exchange due to the temperature difference between the reaction
vessel and its surroundings. For a suitably constructed calorimeter it
can be assumed that the power derived from the thermistor and stirrer,

w, 1s a constant.

For each of the N points of the titration one can calculate the rate of
heat loss of the reaction vessel by assuming that it obeys Newton's law
of cooling, i.e. this rate is proporticnal to the difference in tempera-
ture between the reaction vessel and its surroundings. Therefore the

net rate of heat loss, dHL , k1 at the kth point is:
dgr,,k = "W - c(8 - Ty), (4.69)

where w and ¢ are positive constants and 6 is the temperature of the
surroundings. To obtain the rates of heat loss at points x and y we can
make use of S; and S¢, the slopes of the initial and final portions of

the thermogram. The results we get are:

9HL,x = —SiCpy/b

-w - c(8 - Ty) (4.70)

and

dgr,y = ~S£Cpy/b

= - w-cl® -1, (4.71)
where pr is given by

Cpy = CP* + VoCpS + vy yCpT + Vg o (acpt/av), (4.72)

and VT,y represents the total volume of titrant added. The relationships

involving 6 given in (4.69) - (4.71) are difficult to use because of the

difficulty of obtaining values for 9. By combining equations (4.69) to
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(4.71) we can however arrive at an expression for dHr, , k not involving 9,
w, Or C:

Ex - BEx

dur,k = 9HL,x * (CIHL,y—qHL,x) ﬁ . (4.73)

To obtain Qpr, k., the total contribution of the non-chemical heat effects
1

from time typ-1 to time tk, we assume that qpp, is a linear function of

time between typ_1 and tkx. (This is why it is desirable to choose a

sufficiently large number, N, of data points so that the interval between

points is small.) Thus one arrives at:
n = 3 (4.74)
Qur,x = % (9mL,k-1 * 98L,k) k=2, 3, ..., N )
and
(h - Ax)
Qun,1 = — 5 (9EL,x * 9mn,1) - (4.75)

The second correction which must be applied is one that takes account of
the difference in temperature between the titrate and the titrant. Since
tﬂe titrant is kept at the temperature of the water bath, heat appears

to be liberated or absorbed according to whether the titrate in the reac-
tion vessel is at a temperature lower or higher than that of the constant
temperature bath. The correction for this effect over the interval from

tk-1 to tx is given by

orc,k = ~CpT (Wq o /Nh) (Thaen - Tx) K

Il
)
w
2

(4.76)

where Ty is obtained from Ex by means of equation (4.64), and Tpath is
the temperature of the thermostatic bath. In the case of the first time
interval one has to allow for the time lag occurring at the start of the

titration, hence the temperature correction term is
Qrc,1 = -CpTL(h - Ax) Ve, ¢/NDI[Tpaen - T1]. (4.77)

The next correction which must be applied is that which allows for the
dilution of the titrant as it is added to the titrate. This heat effect
occurs as a result of solvation and ion-pairing, and its magnitude changes

according to the relative concentrations of the species present in the
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titrate solution. Usually the concentrations and concentration changes

of the species present in the titrate solution are small enough so that
their contribution to the heat of dilution is negligible. However this is
not true in the case of the titrant solution, which undergoes dilution

by a factor of about twenty during a typical calorimetric titration.

In this work the heat of dilution for each titration was determined experi-
mentally by adding the titrant to a blank titrate solution (i.e. to a
titrate solution which differs from the usual one only in that the react-
ing species of interest has been replaced by an equivalent amount of
background electrolyte). In each determination the 'raw' heats obtained
are corrected for the non-chemical heat effects. To obtain the heat of
dilution Hp (in J mol—l) for the titrant of concentration Cg into the
appropriate titrate solution, we proceed as follows. The corrected heats
liberated or absorbed between ty_; and ty are averaged and divided by

Av, the incremental volume, and by the concentration Cp. The heat of
dilution correction is calculated as follows for the interval from ty_j

to tg:
QD,k = CT(VTIY/Nh)(h/looo)HD k=2,3, ..., N. (4.78)

(The factor of 1000 in the denominator accommodates the usual practice of
expressing Cp in mol dm™* and VT,Y in cm®.) However the value of oD 1
7

must be corrected for the usual time lag observed at the beginning of the

titration. Hence
Op,1 = C7(Vq,y/Nh)((h - Ax)/1000)Hp. ’ (4.79)

Once all these corrections have been calculated the gross heat liberated
or absorbed from time tx-1 to ty can be corrected appropriately. Thus

Qc,k+ the corrected gross heat produced between ty-1 and ty, is given by:

QC,k = ka - QHL,k - QTC,k - QD,k k=1, 2, ..., N.
(4.80)

A computer program called CALCOR has been written by Prof. F Marsicano

to correct calorimetric data for 'non-chemical! heat effects. The use

of this program will be described in Section 4.4.8.
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Once these Q. y values have been obtained they can be supplied to a

!
published computer program such as LETAGROP KALLE (see Section 4.4.10),
which then corrects these values for the heats contributed from side

< . .
reactions and finally calculates AH values for the reactions of interest.

Christensen ¢f af. have published three papers describing titration
calorimetry (89), the calculation techniques used therein (90), and appli-
cations of the method (91). The above discussion of corrections for non-
chemical heat effects is based partly on their treatment of this issue,
and partly on the work of Prof. F Marsicano as implemented in the programs
CALCAL and CALCOR. Barthel (125) also gives a mathematical description

of the heat processes involved during a calorimetric titration.

4.3. Formation Curves

Before one calculates stability constants by computerised methods it is
advisable to perform a simple exploratory graphical analysis in order to
obtain a general view of the behaviour of the system and detect the
presence of errors. For this purpose plots of formation curves are extre-
mely useful. Such curves can also be used for species selection and the
determination of numerical values of stability constants (79 - 81). For-
mation curves were however not used for this last purpose. The construc-
tion of formation curves and their interpretation will now be discussed.
The ligands used in this study are diprotic bases. Hence the theory out-

lined in Sections 4.3.1. and 4.3.2. will be for such ligands only.

4.3.1. 3(logl]) plots

Since the stability constants of the complexes studied in this work were
determined by a method involving competition between metal ions and hydro-

gen ions for the ligand L, the protonation constants of these ligands

had to be measured first.

Fora diprotic base there are two protonation reactions:

(4.81)

and
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2H + L = H,L, (4.82)

for which we can write the following stability constants respectively:

Car.]
_ o =dL4d .83
B101 = TRICL] (4.83)

(g, r]

TRRIL] (4.84)

B201

(Charges have been omitted for the sake of clarity.)

We may express the total concentrations of the ligand and hydrogen ion

as

[L]t

(el + [anl + [H,L1 (4.85)

(ele = Cul + [End + 208,1] - [oml. (4.86)
Since the equilibrium concentrations of HL, H,L and OH can be given in
terms of the equilibrium concentrations of H and L and the appropriate

stability constants, we get:

(Liy = [L] + B101[HICLI + B20:1[BI?[L] (4.87)

and

[H]t

Cel + B1o1[HIIL] + 28,0, [HIP[L] - Kk [HI:. (4.88)

The extent of protonation is expressed by means of the quantity 5, defined

as the average number of hydrogen ions bound to each ligand. Thus

< _ bound H
J total L

C(ele - [H] + [oml
(L1t
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C [ulg - [H] + K [B1" Y,
= Ll (4.89)

and therefore, by using equations (4.88) and (4.87), we arrive at

= _ BigilH] + 2B201[H]?
I 7 1+ 8101 [H] +_8201[H]2 (4.90)

By means of equation (4.89), values of 3 can be calculated from the ex-
perimental values of [Hl¢, [L]¢ and [H]. From equation (4.90) we see that
j is a function only of [H] and is independent of [el; and [Lly. The way

in which 5 varies with [H] depends on the values of Bigiand B2q1-

Plots of j against log [H] can therefore be drawn to show this variation
with [H]. Such plots are called 'formation curves'. The formation curve

of a diprotic ligand has the following characteristics:

1. The points plotted form a single curve for all values of Cel¢
and [L]t'

2. The curve is horizontal near j 0 and 5 = 2.

3. The only other plateau is at j = 1.

4. The formation curve is symmetrical under rotation through 180°

about its mid-point.

If any deviations from the above characteristics occur, then there is an
error either in the measurements or in the species assumed to be present.
An error in the measurements can arise through use of an incorrect value
for [L]¢ or [H]¢ due to faulty standardisation of a stock solution. A
description of how one can deduce the types of species present in solution

from formation curves will be given in the following section.

4.3.2. Z(loglrl) plots

For equilibrium systems involving a metal ion the formation curves of
interest are plots of Z against log (concentration of free ligand, L),

where Z is the average number of ligands bound to each metal ion and is

given by
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conc. of ligand bound to metal (4.91)
total metal ion concentration ° ‘

7 =

In this study metal complex formation was followed by measuring the
hydrogen ion concentration by means of a glass electrode. The ligands

used can complex with both metal ions and hydrogen ions. These considera-
tions must therefore be borne in mind when deriving mass balance expres-
sions for the total concentrations of metal ion, ligand and hydrogen ion.
Thus, if we assume that only the mononuclear species ML to MLy are present,
and that there is no hydrolysis of the metal aquo ion, we obtain equations

(4.92) - (4.94) for the total concentrations.

[M1¢

]

[ML; ]
0

™2

i

2

[MIrL1t (4.92)

= 1 Bori

i=0

(ML ]

where B,,j = tﬁjfijz— and Bg10 = 1.

N 2
(l. = © ilm;l + ¢ [H:L]
) i J
i=1 j=0
N _ 2
= I iBo1i [MILIY + & By,,[8IIL], (4.93)
i=1 §=0
where Bgp1 = 1.
‘ 2
Cele = [v1 - ToH] + 1 [HyLd
j=1
2
= [H] - kulul=' + 3§ 5 B501[H1I[L]. (4.94)
j=1

Equation (4.91) may be expressed as
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N N .
£ i [mo;] L i BorilLlt
- i=1 . i=t (4.95)
N N .
r [M;] L Bo1g [LIY
i=0 i=0

Using (4.92) and (4.93) we obtain the following expressions for Z:

2
fLle - ¢ [ayi]
- 3=0
- [M]t

[L]e - [L] - ByoalHILL] - By [r12 1]
LMy

(4.96)

From equation (4.94)

-1
(Ll = Caly - [H] + x,[H]

4.97
T Bro1lH] + 2B,01[HT? ( )

Substituting equation (4.97) into equation (4.96) and using equation
(4.90) we obtain

[L]y - 3% ([ale - [EI-Ke[HITD)
[M]t

7 = (4.98)

Thus Z can easily be calculated since [MI¢, [L]¢ and [H]; are usually

known, [H] is measured experimentally, and Bioiand Bo1 have usually been

determined previously.

The derivation of the expressions (4.95), (4.96) and (4.98) for the quan-
tity Z assumes that no polynuclear or ternary species are present. Under
these assumptions Z is identical to the quantity n used by various other
authors. If such species are present, these expressions are no longer

exact: exact calculation of Z would require knowledge of the stability

constants for these species.

From equation (4.95) we see that Z is a function of the stability con-

stants and the free ligand concentration if only mononuclear species MLj
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are present. If polynuclear species are present z (as given by equation
4.96) will depend on [M] in addition to [L] and the stability constants.
If however the complexes are mononuclear but include hydrolysed or proto-
nated complexes, 7 will be independent of [M] but will vary according to

[alt, L]t and the stability constants.

Thus, if plots of Z against log [L] are superimposable for differing values
of [M]ly, polynuclear species are absent. If the formation curve plots

are superimposable for widely differing values of [Hlt and [L]t, the possi-
bility of protonated or hydroxo- complexes may be ruled out (126, 127).
Thus formation curves give an indication of the types of complexes pre-

sent in the system being studied.

If the highest value of z obtained {(say N) lies on a plateau and is an
integer then the highest mononuclear complex formed is MIy.- However it

is sometimes not possible to obtain a complete formation curve. Neverthe-
less some information can be obtained in that case. For instance, if the
highest value of Z obtained is slightly greater than 1, the -iighest complex
present is at least ML,, whereas if a maximum value of Z just below 2 is
obtained but there is no decrease in slope, then the presence of at least

ML, can tentatively be assumed.

Caution must be exercised when using the procedures described in the

above paragraph, because, at high plH*] values, Z(loglLl]) curves seem to
exhibit 'shoot-up'. (That is, after some stage Z increases very steeply
relative to log[L].) It seems that, in the presence of excess hydroxide,
Z becomes very sensitive to small changes in [HI]{, and so this "'shoot-up'
effect could merely reflect experimental error (see Section 8.3). Another
feature exhibited by formation curves is a 'curl-back' effect (see Section

8.4) . This feature seems to indicate the presence of ternary hydroxy

metal complexes (128).

In practice formation curves obtained from experimental measurements are
compared with theoretical formation curves obtained for the various models
postulated. The model which best reproduces the experimental formation
curve is then accepted as giving a satisfactory description of the system.

(For the calculation of experimental and theoretical formation curves see

Sections 4.4.1, 4.4.3, and 4.4.5.)
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Formation curves can also reveal the presence of various kinds of errors.
This enables 'bad' points (i.e. outliers) to be discarded, and some sys-
tematic errors, e.g. those due to incorrect solution concentrations, to

be detected.

4.4. Computer Programs Used

A number of computer programs were used in order to process the potentio-

metric and calorimetric data. Their use will now be described.
4.4.1. HALTAFALL

The computer program HALTAFALL (129) is a general program for calculating
the concentrations of species in an equilibrium mixture. It can treat a
mixture of several components which can form a number of complexes and

solid phases. The calculations can be carried out if one specifies the
overall concentrations of the components, the relevant equilibrium constants
(known or estimated, expressed as stability constants), and a description

of the composition of the mixture.

In this study the program was used to simulate titrations in a single
solution phase. In order to do this, values of the unknown stability con-
stants were estimated. From the species distribution tables obtained for
various reagent concentrations it could be decided under what conditions
(e.g. plH'] range) the experiments should be performed in order to optimize
the formation of the species desired without interference from side reac-
tions. The program was also used to determine which experimental proce-
dure would result in the greatest sensitivity of the measured quantity,

in this case [H*], to the stability constant/s being determined. To do
this the estimate of the stability constant under consideration was changed

by one log unit at a time and the effect on the estimated p[HE't] was noted.

A modified version of the standard HALTAFALL program, viz. HALTAl, was
developed in order to calculate the ionic strength at each point of a
titration. The only additional input information required is the concen;
tration of the inert electrolyte and the charges of all the components
bresent. This version of the program is useful in verifying that an
approximately constant ionic medium is present during a titration. This

modification to the standard HALTAFALL program was carried out by L. Biggs
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in December 1979.

The program HALTAFALL was also used to calculate species distributions
once the stability constants for a particular system were known (e.g. see
Section 4.1.3). These species distributions can be used to calculate
theoretical values of 2, denoted 2(calc), which can then be compared with

the observed values, denoted Z(Obs).

4.4.2. MAGEC

The computer program MAGEC (130) uses potentiometric glass electrode cell
calibration data to set up and solve a set of equations for the values of
Ee", K., the protonation constants of the calibrant, and the slope of the
electrode calibration line. It can also refine estimates of solution con-

centrations if so required. The titrate and titrant solutions can consist

of a strong acid, a strong base, a ligand, or any combination of these.

In addition it contains a subprogram called CALIBT which analyses calibra-
fion data from potentiometric acid-base neutralisation titrations involving
monobasic reactants only. It determines the electrode calibration line

by least squares. It can also scan pK, and adjust the reagent concentra-
tions in crder to improve the fit. It also provides a Gran plot analysis

for comparison.

MAGEC is useful when weak acids or weak bases are used as calibrants, since
their protonation constants can be determined at the same temperature and
ionic strength as the rest of the experiment while one is calibrating

the potentiometric cell. In practice, however, the use of MAGEC for the
simultaneous determination of the cell calibration line and the ligand
protonation constants is limited. 1If correlation of errors between two or
more of the parameters occurs the program may give a false solution. The
authors advise the use of MAGEC in conjunction with MINIQUAD (131) in a
cycling procedure (130).

Various prcoblems were encountered with the use of the program MAGEC. These

are described in Section 5.1.3. Despite its advantages, this program was

in fact not used in the final analysis of the data.
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MAGEC was used via the program FORMAT which will be described briefly in

Section 4.4.6.

4.4.3. ZBAR

A FORTRAN program called ZBAR was written to calculate Z(obs) (as given by
equation 4.96) from e.m.f. data. This program was tested on Ni?*-etolen

data which had previously been used in hand calculations of Z(obs) .

4.4.4. MINIQUAD

The stability constants of the complex species in solution were calculated
from the potentiometric data by making use of the computer program MINIQUAD
(131), which is specifically written for the purpose. In this work the
original version of MINIQUAD, with the modifications made by Leggett (132)
to the subroutine ML, was used. The program used incorporated another
change which made it possible to specify a non-Nernstian slope for the electrode
calibration line.

A further modified version of the MINIQUAD program called MINIQUAD 75

(133) also exists. It is claimed by the authors that this latter program

is more efficient and produces more reliable convergence, and is thus

better suited for use in model selection, where a number of possibilities
have to be tested. However it was found by Leggett (132) that MINIQUAD 75
produced slower execution times than MINIQUAD, especially for systems having
more than one metal and one ligand. Leggett showed that the efficiency

of program execution depended largely on the algorithm used to compute the
equilibrium concentrations. He found that the method employed by MINIQUAD, viz.

a modified Newton-Raphson approach, was the most satisfactory of those he

suxrveyed.

MINIQUAD arose from further development of the Gauss-Newton variant of the
LEAST program (134), and uses the Gauss-Newton method for refinement of
stability constants. The version used in this study can treat data from
systems containing up to 5 reactants, 20 complexes, 3 electrodes and 600
data points. However these dimensions can easily be changed by the user.
The complexes specified can be mononuclear, polynuclear or hydrolysed
species. Fuller information, including a listing of the program, can be

found in the original paper by Sabatini et af. (131).
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4.4.5. ESTA

Towards the end of this work a new general program for the analysis of
potentiometric titration data called ESTA (135, 136) became available.
ESTA is actually a suite of five programs which perform various calcula-
tions used in the analysis of potentiometric data. However only those

options used in this work will be discussed.

This program (as well as MINIQUAD) was used to calculate the stability con-
stants for the various complexes studied. The Gauss-Newton method is

used to minimize the objective function, which may be one of two possibi-
lities. Either the sum of squared e.m.f. residuals 1is used, or the sum
of squares of residuals of the total analytical concentrations. In both
cases weighted or unweighted residuals can be selected. It was decided

to use the objective function based on weighted e.m.f. residuals. To
determine the weights the program was supplied with the estimated random
errors in the titre volumes (0.01 cm’) and observed e.m.f. (0.10 mV).

This is in contrast to MINIQUAD (131), where the unweightéd sum of squared
residuals of total analytical concentrations is used. The facility for
correcting for changes in the ionic strength during a titration was used.
For this purpose ESTA uses the extended Debye-Hlckel expression for the
calculation of activity coefficients. This facility was especially useful
for those titrations in which part of the background electrolyte had been
replaced by a significant amount of protonated ligand. 1In order to per-
form such corrections the ionic size parameter a and the empirical
parameter c¢ are required. These values were obtained from Kielland (137),

or estimated as described by Linder and Murray (138).

This program was also used to calculate values of Z(calc) for various
pocstulated models of the species present in solution. These were then
compared with Z(obs) values. Species distribution plots for the various

systems were obtained by means of the SPEC task in the program.

The BETA simulation task was used to provide clues as to the identity of
the minor species present in the various systems. To use this facility

the program is supplied with estimates of the stability constants of the

major species assumed present. A list of likely minor species is then

added to the model and the program calculates, at each titration point,
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the stability constant for the minor species. Each minor species is
regarded as the only remaining complex required to produce agreement be-
tween calculated and observed data at each titration point. The use of
this facility for model selection will be described in more detail in

Section 4.5.
Further details of this program can be found in the ESTA Users Manual (139).
4.4.6. FORMAT

FORMAT is a program designed to assist the entering of potentiometric data
to a wide range of programs used for the analysis of such data sets. It
was developed at the University of Wales Institute of Science and Techno-
logy during 1978, and instructions for its use were provided by Prof. P.W.

Linder of the University of Cape Town.

As already mentioned, FORMAT was used in this work as a 'front-end' to

MAGEC.

4.4.7. CALCAL

The computer program CALCAL was written by Prof. F. Marsicano. It calcu-
lates the heat capacity of the calorimeter reaction vessel and its contents
from data of the Wheatstone bridge off-balance potential and time. The
theory employed by the program is described in Section 4.2. A listing of

the program appears in Appendix II.
4.4.8. CALCOR

CALCOR was also written by Prof.Marsicano. This program corrects the gross
heat change between the (k - 1)th and k-—th points for 'non-chemical' heat
effects, the temperature difference between the titrate and titrant, and
the heat of dilution of the titrant. The corrections are made as descri-
bed in Section 4.2. The program is also used to calculate heats of dilu-
tion from experimental data. The program produces output in the form of

a table of the quantities Qp, Qur., ¢, QD and Qc for each of the titra-
tion points considered. (For the definitions of these symbols see

Section 4.2.) The text of this program can be found in Appendix III.
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4.4.9. PREKAL
The computer program PREKAL is an input program for the program LETAGROP
< . . . .
KALIE (140), which calculates values of AH  from titration calorimetric
data. The data supplied to PREKAL are converted into a form compatible
with the input requirements of IETAGROP KALLE and stored in a data file
accessed by LETAGROP KALLE. The data required by PREKAL consist of:
1. the concentrations of the reagents in the titrate and titrant,
2. the initial volume of the titrate,
3. the titration data in the form of total volume of titrant added
up to the k-th point and (corrected) heat liberated between
(k - 1)th and k~th points,

4. the complexes assumed present,

5. the known or estimated values of the cumulative enthalpy changes

for the abovementioned complexes, and
6. the stability constants for the complexes assumed present.

4.4.10. LETAGROP KALLE

In this work the computer program LETAGROP KALLE (140) was used to calcu- -
=] . . .

late values of AH from titration calorimetric data. LETAGROP KALIE is

one of a suite of programs known as LETAGROPVRID (141) that use the 'pit-

mapping' minimisation technique to provide the least-squares estimates

of the parameters of interest.

The necessary inputs are provided via PREKAL (see Section 4.4.9). LETAGROP
KALLE corrects the data for the effect of side reactions and then produces

© .
values of AH  for the reactions of interest.

In addition to calculating AHe values from calorimetric data, this
program can also calculate the stability constants of the species present
and adjust the solution concentrations. However the stability constants
obtained from calorimetric titration data are less accurate than those

determined by, say, potentiometry. In this work LETAGROP KALLE was used
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to calculate N values only, because all the stability constants were

determined by potentiometry.

The version of the program used in this work has some limitations. It can
handle data sets containing up to 3 reactants, 3 titrations and 20 data
points per titration. It also cannot deal with data obtained from experi-
ments which use pre-reacted components in the titrant. If one wishes to
use more than one reactant in the titrant, a separate burette must be
used for each component. However, in the titration calorimeter used in
this work, only one burette was available. This meant that protonated
ligand species could be introduced for buffering purposes only in the

titrate.

4.5. BSpecies Selection

One of the major problems in solution chemistry is still that of identify-
ing the chemical model for a particular equilibrium mixture. A number

of authors (142 - 147) have dealt with the problem of species selection
but, as pointed out by Gans (148), ‘the development of a sound model
selection procedure presents the greatest challenge to the computational

chemist interested in solution equilibria'.

The choice of a chemical model entails finding the set of pgr triples and
corresponding stability constants qur that best reproduce the experimen-
tal data. One cannot exhaustively try all sets of pgr triples, so some
degree of chemical intuition must be appliéd. The model ultimately chosen
is the one that gives the most satisfactory account of the data from
chemical and statistical points of view. Of course, .when judging the
adequacy of the model chosen, one must keep in mind any likely systematic
errors in the experimental data. These errors can transmit themselves to

the model (136, 149) and thereby make it difficult to decide when to stop

adding species to the model.

In this work the likely major species Present in any system were chosen
by inspection of the Z(loglLl) plots obtained from the experimental data.
Then a likely set of minor species was chosen. These were included in

the model either singly, in pairs, or triples. The likely models were

tested by making use of the BETA task in the ESTA program (see Section
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4.4.5). With the BETA task one can test a number of these models at the
same time. From the output provided by BETA one can consider for inclu-
sion in the model the minor species which best fits the following descri-

ption (139).

1. The minor species is present at a large number of titration points.
2. The stability constant of the minor species does not vary much.
3. The percentage component of the minor species changes appreciably

from point to point, and lies between 15 % and 85 %.

The most likely models were then submitted to a program which calculates
stability constants, e.g. ESTA or MINIQUAD. The adequacy of each model
was evaluated by looking at the value of the objective function. That
model which yields the lowest value of the objective function gives the
best fit to the experimental data. Where several models had similar
values for the objective function the simplest model was chosen, in
keeping with Occam's Razor. In addition the program MINIQUAD provides two
statistics to judge the adequacy of a model, viz. the R factor and a X2
value. If the value of R is less than the value of Rlip, as defined by
Vacca et af. (146), then the postulated model is acceptable. The value
of X2 gives a measure of the randomness of the experimental error. This

value should. be less than about 12.6 for an 'acceptable’'model.

The adequacy of the models eventually selected to describe the solution
equilibria was also tested visually by comparing plots of Z(calc) and

Z(obs). 1If any serious discrepancies occurred then other models were

tried.



CHAPTER FIVE

INSTRUMENT CALIBRATION

Both of the main experimental techniques employed, viz. potentiometry and
titration calorimetry, entail as a first step the calibration of the in-
strumentation. In this chapter a description is given of the variocus
methods used in this work for calibration of electrochemical cells and the

titration calorimeter.

5.1. Calibration of an electrochemical cell having a glass indicating

electrode

The general technique for potenticmetric determination of stability con-
stants involves setting up an electrochemical cell which has an indicator
electrode reversible to one of the ions in the system, and a reference
electrode of fixed potential. In this work the glass electrode was chosen
as the indicator electrode in order to monitor the hydrogen ion concen-
traticn. This was possible because the ligands used can act as Lewis
bases and complex with the metal ion, in addition to acting as Brgnsted
bases and combining with hydrogen ions. Thus the reactioné studied en-
tailed competition between the metal ions and hydrogen ions for the ligand.
The silver-silver chloride electrode was chosen as the reference electrode

of fixed potential.

The electrochemical cell used in these titrations to determine the equili-

brium hydrogen ion concentration can be written as follows:

(=) RE|salt bridge|test solution’glass electrode (+) (1)
J J

where RE (reference electrode) = Ag|AgC£|0.0l mol dm™® C&7, 0.49 mol dm™3

NO, ", 0.50 mol dm™® K* and salt bridge = 0.50 mol dm™3 KNO, . This is

thus an electrochemical cell with two liquid junctions - one between the
reference electrode and the salt bridge (j) and one between the salt

bridge and the test solution (J). The e.m.f. of cell (I) is given by (150):
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Ecell = E+ - E 4 Ej + Eg ' (5.1)
=E° -E +d+Es+s log a + Eg
- + - J Ht
= E° + s log ag; + Eg, (5.2)

where the term EC is a constant which includes the potential of the
reference half-cell (E ), the standard potential and asymmetry potential
of the glass electrode (Ee; and d, respectively), and the diffusion
potential at the junction between the reference electrode and the salt
bridge (E

(Es is unaffected by changes in the test solution and

3 (B
should remain constant.) The term Ejy is the diffusion potential generated
at the liquid junction between the salt bridge and the test solution.

The electrode calibration slope, s, is in theory 2.3026 RT/nF (i.e.
Nernstian), but may in practice depart slightly from this value. Aas
pointed out by Mascini (123) 'very few electrodes have a truly Nernstian
value of the calibration slope, but all electrodes have a very large

range in which the slope is constant'.

In this work the activity coefficients were kept near—con§£ant by use of

a constant icnic medium. Hence equation (5.2) then relates cell potential

to hydrogen ion concentration as follows (82):
©
Ecell = E ' + s log [H*] + E5, (5.3)
© ©
where E*' = E  + s log YH+' (5.4)

The asymmetry potential, d, of a glass electrode arises because the two
sides of the glass membrane do not behave exactly alike. Although this
quantity varies with time it can usually be assumed that it will remain
effectively constant during the periods required to make measurements
(151). Nevertheless it is necessary that the value of Een be determined
afresh for each set of measurements and that it should remain constant
during the period over which an experiment is performed. For this
electrochemical cell, then,the composition of the reference half-cell

remains constant (as required) while that of the other half-cell varies

as the titration proceeds.



142

The liquid junction potential Ej arises from the diffusion of ions across
the liquid junction between two solutions in contact, from a region of
high activity to one of low activity. Eg becomes large if the two
adjoining solutions differ greatly in the concentration, mobility or charge
of one or more ions. This is especially true if the adjoining solutions
contain appreciably different concentrations of hydrogen or hydroxyl ions,
both of which have very high mobilities. 1In such cases it is best to
determine Ej experimentally. Methods of estimating the value of Egj,and
methods of eliminating the liquid junction potential, have been discussed
by a number of authors (82, 152 -~ 155). Thus, in order to keep the value
of Egj as low as possible, gross concentration gradients between two
solutions in contact must be avecided. The use of a high concentration of
the same background electrolyte in the two half-cell solutions and the
salt bridge helps to minimize the junction potential or keep it constant.

&
Ej can then be added to the term E ' (156). If
Ee" = Ee' + Ej = constant, (5.5)

equation (5.3) becomes

N

Ecell = ES" + g log [H*] . (5.6)

Hence the concentration of hydrogen ions in a solution of unknown acidity
can easily be calculated from the cell potential, provided that values of

<
E™" and s can be obtained.

A number of ways of determining ET" exist. Molina ef af. (157) discuss
various methods, including one of their own, for calibrating glass elec-
trodes in cells with liquid junctions, and demonstrate the effect of
different calibration methods on the determination of stability constants.
Four methods of cell calibration were used in this work. These will now
be described, as well as tests for the validity of equation (5.6) and a

verification of the constancy of the liquid junction potential, Eg.

5.1.1. cCalibration using a strong acid

.The simplest method of determining Ee“ is by titrating known volumes of

a solution of known hydrogen ion concentration (such as a 0.01 mol dm™?
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solution of strong acid like nitric acid), made up to the required ionic
strength with the background electrolyte, into an aliquot of a sclution

of the background electrolyte at the same ionic strength (in this work
50.00 cm® of 0.5 mol dm™® KNO,). The e.m.f. of the cell is measured after
each addition of titrant. Hence E”" can be calculated by rearranging
equation (5.6), if one assumes that the glass electrode has a Nernstian
slope:

Ee" = Ecell - lOg [H+]_. (5-7)

2.3026 RT
F
Assuming a Nernstian slope here is probably more reliable than determining

s from a narrow range of values of [(g*]l. The values of Ee" obtained for
each addition are then averaged provided that they are approximately con-

stant. (Constancy of Ee” is in accordance with the assumption that the
activity coefficientsand the liquid junction potentials are constant and
the glass electrode'responds in Nernstian or near-Nernstian fashion.

When variations in E " occur at high acidity, changes in Eg become signi-

, o, , . .
ficant.) This average E value is used in all subsequent calculations.
This calibration procedure was used in those potentiometric titrations

performed to determine the protonation constants of etolen, and in some

of the titrations performed on the Ni**-etolen system.

It was also used to verify the validity of equation (5.6), and to deter-
mine the plH*] region in which changes in the junction potential term,
E7g, became significant. 1In this experiment four titrant sclutions of
known hydrogen icn concentration were used, instead of just one, in order
to cover a somewhat wider plH*J range. Data collected from one such

titration are given in Table 5.1. The corresponding plot of cell potential

against plE*] is shown in Figure 5.1.

It was found that, for plH*] values from 2.0 to 3.3, the response of the
glass electrode with respect to log[H*] was linear. This is in agreement
with the comment made by Linder and Torrington (158) that strong acid
calibrants shouldbe used only inthe plH*] region 2.0 to 3.0. At p[H*]

values lower than 2.0 the liquid junction potential becomes significant

and must be taken into account. However, in the experiments performed

in this work, there was no necessity to work at such low p[H*] values



TABLE 5.1

Data obtained from the calibration of a cell containing a glass electrode by using strong acid. (t =

u = 0.50 mol dm™3)

25.00°C and

Concentration of hydrogen ions Volume of titrant solution p[H+] Ecell/mV
in the titrate, [H*]y, and the added/cm?®
titrant, [HY]p, initial volume
Vo
[*tl, = 0 1.00 4.008 19.6
2.00 3.716 37.5
[et]lp = 5.003 x 107* mol dm™> 3.00 3.548 47.4
4.00 3.431 54.5
5.00 3.342 59.8
Vo = 50.00 cm® 6.00 3.271 64.1
7.00 3.212 67.6
[6*]1; = 6.144 x 10~" mol dm™> 1.00 2.834 89.8
2.00 2.640 101.4
[6*1p = 5.003 x 10™? mol dam™? 3.00 2.511 108.9
4.00 2.414 114.7
5.00 2.337 119.2
Vo = 57.00 cm® 6.00 2.274 122.9
[H*]y = 5.321 x 107% mol dm~? 1.00 2.167 129.0
2.00 2.084 133.9
[a*t]lp = 1.001 x 107! mol dm™? 3.00 2.016 137.8
4.00 1.960 141.1
Vo = 63.00 cm?® 5.00 1.911 143.8
6.00 1.868 146.3

147A’
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Figure 5.1  Plot obtained when a solution of the background

electrolyte is titrated with a strong acid.
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and this term was not considered. According to Corrie and Williams (128),
the solution is not buffered above a plH*] of 3.0, and so deviations from
linearity occur there. 1In all stability constant measurements the systems
are buffered and such deviations should not occur. The points in the
linear region of (e.g.) Figure 5.1 were then used to obtain least squares
estimates of E-" and s. For the data of Table 5.1 the estimates were

O o 256.77 mV and s =.58.91 mV. The values of s obtained for the dif-

E
ferent titrations were found to range between 58.4 and 59.6 mV, which is in
fair agreement with the theoretical Nernstian value of 59.16 mV. Hence we

see that our use of equation (5.6) is justified.

This method of calibrating the cell suffers from the drawback that Ee" is
determined over a rather narrow range of pla*], viz. 2.0 - 3.3, and it is
unlikely that the measurements to be made will fall entirely within this
range. Furthermore, rather few experimental points can be obtained within
this range,which makes it difficult to obtain reliable values for Ee“ and
S by analysis of the linear region of the data. Aan improvement of this
calibration procedure is easily achieved by using both strong acid and

strong base as calibrants.

5.1.2. Calibration using a strong acid and a strong base

This calibration technique entails titrating a solution containing back-
ground electrolyte and a strong base such as sodium hydroxide, with a.
standardised solution of a strong acid such as nitric acid. All the
solutions used are made up'to the same ionic strength with the background
electrolyte, in this case KNO, . For each addition of acid the cell
botential is measured. If cell potentials are obtained before and after
the equivalence point, the Gran plot method of equivalence point deter-
mination (see Section 4.1.1) can be applied to determine the concentration

of the NaOH solution and that of any carbonate contamination Present in it.

The concentrations of acid, base and carbonate in the titrate and titrant,
together with the value of Ky and the protonation constants of carbonate,
are supplied to a computer program such as HALTAFALL (see Section 4.4.1)
in order to calculate the plET] at each point during the titration. The

plE*] values thus calculated are then prlotted against the corresponding

cell potential values. The points lying on the linear part of the curve

are then used to obtain least-squares estimates of Ee" and s. Table 5.2
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shows typical data for such a cell calibration. Figure 5.2 is a plot of

Ecell against calculated pla*l, from which E°" and s were obtained. For

these data E-" = 252.63 mV and s = 58.41 mV.

Various authors (159) in this field use a different calculation technique
when dealing with strong acid - strong base calibration of an electro-
chemical cell using a glass electrode. Instead of assuming a constant

value of Ky, as was done here, they assume that the glass electrode has a
perfectly Nernstian calibration slope. They then determine (from their
observations in the alkaline region of the calibration) that value of Ky
which is most consistent with this assumption. In the present work, however,
the assumption of a perfectly Nernstian slope was not made, in keeping

with the ideas of workers in the field of ion-selective electrodes (123).
Instead the single value of 1.8197 x 10~ " (160) was used throughout for

Kw, and the calibration slope determined as described above.

The above calibration method was used mainly for measurements involving
the ligand oden. It has the advantage over the method of Section 5.1.1
that a wider range of p[H*] values is spanned, i.e. the calibration proce-
dure includes points both in the high and the low p[H*] regions, and

E°" and s can be obtained with greater accuracy. The response of the
electrode in the high p[H*] region is linear, but (as in the case of acid
calibration) only over a limited range of p[H'] values, viz. 10.3 - 11.0.
However, since the measurements made in this study did not involve plLat]

values greater than 11, correction for junction potential effects was not

necessary.

This method has the drawback that p[E'] values in the intermediate range,

4 - 9, cannot be reached. For such purposes calibration with a strong

acid and a weak base is preferable. (See Section 5.1.3.)

5.1.3. calibration using a strong acid and a weak base

The cell calibration procedure can be adapted to cover a more appropriate
range of plH'] values by using the ligand (a weak base) instead of the
strong base hydroxide, to obtain readings at intermediate plET] values,

which cannot be obtained by using hydroxide alone.
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Data obtained in the calibration of a cell containing a glass electrode,

with strong acid and strong base used as calibrants. (t = 25.00 °C and
U = 0.50 mol dm™?)
Concentrations of reactants Volume of plE*], as Ecell/mV
in the titrate, [l¢, and the titrant calculated
titrant, [J7, initial volume solution by HALTAFALL*
Vo added/cm?
Lor=Jy = 1.567 x 10™® mol dm™? 1.00 10.88 -382.9
3.00 10.75 -375.5
) 4.00 10.67 -370.8
[CO;]O_= 7.000 x 107° mol dm™? 5.00 10.58 -365.2
6.00 10.46 -358.4
7.00 10.30 -348.4
8.00 10.09 -333.2
Catlp = 9.999 x 107° mol dm™? 9.00 9.70 -302.0
11.00 3.97 22.1
Vo = 60.00 cm? 12.00 3.61 41.3
13.00 3.42 52.3
14.00 3.29 60.1
15.00 3.20 65.9

*Values of constants used by HALTAFALL:

Ky = 1.820 x 101"

B1(HCO, ) = 6.180 x 10°

B (H,CO,) = 7.482 x 1015
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Figure 5.2 Plot of data obtained in the calibration of a cell

containing a glass electrode, with strong acid and strong base

used as calibrants.
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The calibration method adopted was the following:

1. About 5 points were obtained in the p[H+] range 2.0 to 3.3 by adding
a solution of known hydrogen ion concentration (0.01 mol dm™ HNO,)
to an aliquot of background electrolyte solution (50 cm® of 0.50 mol

dm™3 KNO, ) .

2. A further aliquot of strong acid (5 cm® of 0.1 mol dm™® HNO,) was then
added. The mole ratio of acid present at this stage to ligand
eventually to be added was of the order of 1 : 2.5. The aliquot
of strong acid solution mentioned above is added in one step and no
e.m.f. readings are taken, since they would be in a region in which

the liquid junction potential comes into effect.

3. This acidic solution was then titrated with the ligand solution (24
cm® of 0.05 mol dm™? ligand solution). .Readings of the cell poten-
tial were taken after each addition. One must ensure that sufficient
ligand is added to cover the intermediate plH*Jrange, since these
are the points of interest. Ligand added at this stage of the pro-
cedure also acts as protonated ligand in the background later in

the experiment. This is especially useful when one wants to lower

the plE*] of the reaction mixture.

4. The above procedure was then reversed by adding a solution of strong
acid (21 cm® of 0.1 mol dm™® HNO,). Again, readings of the cell
potential were taken after each addition of acid. Sufficient acid

was added so that, at the end of the calibration, all of the ligand

present was protonated to saturation.

As always, all the solutions used in the calibration were made up
to the same ionic strength (0.5 mol dm™) by using the background
electrolyte. The volumes and concentrations of the solutions used
in the procedure described above serve merely as an illustration.
The actual values used in each experiment depended on such require-

ments as the metal to ligand ratio and metal ion concentration needed.

The plH*] value of each of the data points was then calculated as

follows. For those points obtained in part 1., the p[H*] was cal-
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culated directly from the concentration and volumes of the strong
acid solution added. The p[H+1 values for the points obtained 'in
parts 3. and 4. of the procedure were calculated by using the com-
puter program HALTAFALL (see Section 4.4.1). The program was pro-
vided with Ky, the protonation constants of the ligand, and the con-
centrations of the reactants in the titrate and titrant solutions.
The output produced was the hydrogen ion concentration for each
titration point. A plot of cell potential against -loglH*] was then
drawn. This plot was used as a visual indication of the linearity

of the data and to discard any 'dud' points. A simple linear regres-
sion was then performed on the data to find Ee" and s. Typical data
obtained in a calibration of this sort are shown in Table 5.3, and
plotted in Figure 5.3. The values of Ee" and s found were 242.66 mV

and 58.56 mV respectively.

This calibration technique, involving the use of a strong acid and a weak
base, was used for most of the potentiometric titrations performed in this
work. This calibration technique has the advantage that one determines

A
E

and s under conditions (e.g. p[H']) similar to those encountered in
the actual potentiometric titration. The method has the disadvantage that
the protonation constants of the ligand must be known under the same con-

ditions of ionic strength and temperature as used in the experiment.

The abovementioned disadvantage can be overcome with the use of a computer
program such as MAGEC (see Section 4.4.2). The program MAGEC can simul-
taneously determine the calibration constants of the cell and the proto-

nation constants of the ligand. This makes it unnecessary to determine

the protonation constants of the ligand in a separate experiment.

Various attempts were made to use the program MAGEC to determine simul-
taneously the protonation constants of the ligand and the cell calibration

constants. The program was supplied with the following information:

a) the concentrations of the reactants in the titrate and titrant

solutions;

b) an estimate of E " obtained from the data collected in part 1.

of the calibration and calculated in the same way as for the
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TABLE 5.3

Data obtained from the calibration of a cell containing a glass electrode,
with strong acid and the weak base etolen used as calibrants.

(t = 25.00°C and u = 0.50 mol dm™?)

Concentrations of reactants Volume of Calculated Ece11/mV
in the titrate, [Jy, and the titrant plat]*
titrant, [Jp, initial volume solution
Vo added/cm’
[a*tl, = 0 1.00 3.708 26.3
2.00 3.415 43.8
[H+JT = 9.990 x 107* mol dm™? 4.00 3.131 60.7
6.00 2.971 70.2
Vg = 50.00 cm® 8.00 2.861 76.7
10.00 2.779 81.4
(atly = 9.222 x 10~* mol dm—? 6.00 5.530 -82.0
7.00 6.531 -139.8
Letolenly = 5.110 x 1072 8.00 6.907 -162.3
mol dm™? 9.00 7.206 -179.8
Vo = 65.00 cm? 10.00 7.512 -197.6
11.00 7.905 -220.9
12.00 8.435 -251.8
13.00 8.818 -273.6
14.00 9.039 -286.7
15.00 9.189 -295.5
16.00 9.300 -302.0
17.00 9.389 -307.2
18.00 9.463 -311.4
20.00 9.581 -318.3
24.00 9.748 -327.9
(g*t]y = 6.735 x 10™? mol dm—? 1.00 9.610 -319.7
2.00 9.465 -310.9
Letolen]; = 1.378 x 107 3.00 9.302 -301.2
- mol dm™? 4.00 9.107 -289.7
C*lr = 9.990 x 10™? mol dm™? 5.00 8.845 -274.1
6.00 8.436 -249.8
Vo = 89.00 cm® 7.00 7.943 -221.7
8.00 7.611 -202.8
9.00 7.384 -189.8
10.00 7.206 -179.7
11.00 7.051 -170.8
12.00 6.907 -162.5
13.00 6.766 -154.4
14.00 6.620 -145.8
15.00 6.459 -136.4
16.00 . 6.269 -125.4
17.00 6.011 -110.2




18.00
19.00
20.00
21.00

5.526
3.379
2.877
2.653

-82.4
41.6
73.6
87.3
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*Values of constants used by HALTAFALL:

Ky
Bio1

B2o1

1.820 x 10~ **
5.495 x 10°
3.890 x 10%8
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Figure 5.3 Calibration line for a cell containing a glass electrode,
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strong acid calibration of the cell (see Section 5.1.1);

c) the Nernstian value for s; and

d) the titration data obtained in the intermediate plH*] region,
i.e. the titration points obtained in parts 3.and 4. of the

calibration procedure.

Care was taken when carrying out the calibration that not too much acid
was added at step 2., because the plH'] of the solution would then no
longer have been a sensitive function of the protonation constants of the
ligand. The sensitivity of the measured pLEY] to the protonation con-
stants of the ligand, as well as the p[H+] range covered during the cali-
bration, were previously investigated by using HALTAFALL to do a species

distribution calculation.

Some problems were encountered with MAGEC which made it impossible to
determine simultaneously both the protonation constants and the cell
calibration constants. It was found that the values of ﬁo", s and the
protonation constants to which MAGEC converged depenced considerably on
the initial approximations supplied. This is perhaps due to ill-condition-
ing of the numerical problem solved by MAGEC. Furthermore, the protona-
tion constants obtained from several similar calibration experiments dif-
fered considerably. This made it difficult to choose a single set of
protonation constants to supply as input to the programs MINIQUAD and
ESTA. These constants were required when several sets of titration data
were being refined simultaneously to determine the metal-ligand stakility
constants. The values of the calibration constants obtained for the
forward and backward parts of the calibration run alsoc differed. This
latter problem could not be solved by refining the data from the forward
and backward runs simultaneously, as the program cannot deal with the
change in the titrant solution. Hence it was decided not to use MAGEC

but to use the calculation procedure described earlier.

These attempts to use the program MAGEC took place prior to publication
of the paper by May et af. (130) on its use. It is there stated that
MAGEC can be used in a cycling procedure with MINIQUAD. These authors
do point out that when MAGEC is used alone to determine both the cell

calibration constants and the protonation constants of the ligand, a false
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solution can be obtained if correlation of errors between two or more

parameters occurs.

A modified version of the strong acid-weak base calibration technique
exists. In this version the calibration is performed over a whole day and
many points are taken. The titration vessel is then cleaned. On the
following day one calibration point is taken in order to establish the
intercept of the calibration line, and then the rest of the experiment is
performed. It was felt that this version was not as reliable as one in

which the calibration and actual experiment are performed on the same day.

5.1.4. cCalibration using a strong acid, a strong base and a weak

acid

In an attempt to find a calibration technique which included points in
the p[H*] range 4 to 10 it was decided to use acetic acid in addition to
HNO, and NaOH. It was claimed by Linder and Torrington (161) that 'plots
of Ecell versus log [H*] for acetic acid are usually fairly linear over
quite an extended range of log [H'] values'. They were unhappy with the
use of strong acid and strong base calibrants because they 'found that
plots of Ecell against log [H'] for such systems are only very approxi-
mately linear over a very limited range of log [H*] values', and they

concluded that acetic acid was a better calibrant.

There is a problem associated with using acetic acid as a calibrant, which
is that in the systems studied here the acetate ion can act as a ligand.
That is, if it is present during the actual experiment, it will coordinate
to the metal ion and thus complicate the equilibria being studied, which
is of course not desired. To determine whether acetic acid could indeed
be used as a calibrant it was decided to test the assumption that the cell
calibration constants remained the same after the calibrating solutions
had been discarded. If so, then it would be reasonable to calibrate the
cell, rinse out the calibrating solutions, and perform the main experiment

separately: the glass electrode would no longer be calibrated in situ.

To test the above assumption two calibration runs were carried out on the
same day, with the cell being rinsed out after the completion of the first
run. The calibrations were carried out as follows. First a solution of

known HNO, concentration was titrated into an aliquot of background elec-
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trolyte to obtain points in the low p[H+] region. ‘Then a solution of

known NaOH concentration was titrated into the mixture in order tc neutra-
lize the acid present and obtain cell potential readings at high pLE*]
values. Finally a solution of known acetic acid concentration was titrated
into the mixture to obtain points in the intermediate region. All the
solutions used were made up to the appropriate ionic strength by using

KNO, .

The plH'] values for the strong acid and strong base points were obtained
from the analytical concentrations of H* and OH~, whereas the plH'] values
for the acetate points were obtained from a species distribution calcula-
tion carried out by the program HALTAFALL. A value of pKz = 4.50 for

acetic acid at an ionic strength of 0.5 mol dm™ and a temperature of 25°C
was obtained from the literature (162). Table 5.4 contains the data col-
lected in these trial calibrations. A plot of Ecell against the calcula-
ted value of p[H*] is given in Figure 5.4. For the sake of clarity only
points obtained from run 1 are shown in the figure. EC" and s were obtained,

as usual, by simple linear regression and are shown in Table 5.5.

From these results it appears that the calibration line has shifted
somewhat between runs. It was therefore thought to be unwise to go to

the considerable extra effort involved in the acetic acid technique, since
it would quite possibly produce results less accurate than those of an

in situ calibration method. A comparison of Figures 5.3 and 5.4 suggests
that the strong acid - weak base technigue is in any case capable of
producing a far better fit to a straight line than is the acetic acid

technique. This latter calibration technique was therefore not adopted.
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TABLE 5.4

Data obtained from the calibration of a cell containing a glass electrode,
with strong acid, strong base and acetic acid used as calibrants.

(t = 25.00°C and ¢ = Q.50 mol dm™?).

Concentrations of reactants Volume of Calculated Ecell/mV
in the titrate, [ly, and titrant plE*]
the titrant, [lp, initial solution Run 1 Run 2
volume Vj added/cm® . '
[g*tly, = 0 4.00 3.431 49.1 49.4
8.00 3.161 65.7 66.8
Cetlp = 5.000 x 1073 12.00 3.014 74.8 75.9
mol dm™? 16.00 2.916 80.2 81.5
Vo = 50.00 cm® . ' 20.00 2.845 84.7 86.1
[H+]0 = 1.429 x 1073 12.00 10.123 -340.1 -341.7
mol dm™* 14.00 10.410¢ -356.8 -357.9
Cor™1p = 9.986 x 107° 16.00 10.582 -366.8
mol dm °? 17.00 10.644 -369.5
18.00 10.697 -371.8 -372.9
Vo = 70.00 cm? 20.00 10.785 -376.3 -376.2
Cor=1g = 1.108 x 1073 12.00 5.207 - 62.6 - 63.0
mol dm™? 14.00 4.912 - 42.3 - 41.3
[eAc]y = 1.000 x 1072 16.00 4.740 - 31.0
mol dm™* 17.00 4.675 - 26.0
18.00 4.619 ~ 23.3
Vg = 90.00 cm? 20.00 4.526 - 17.5 - 16.5
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Figure 5.4 Calibration line for a cell containing a glass

electrode, obtained by using a strong acid, a strong base

and acetic acid as calibrants.
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TABLE 5.5

Values of Ee“ and s obtained from the data shown in Table 5.4.

Run No. " /v s/mV
1 246.23 57.91
2 248 .43 58.20

161
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5.2. Calibration of the titration calorimeter

Before the data obtained from the titration calorimetric experiments can
be analyzed, the calorimeter must be calibrated. Such calibration entails

the following:

1. calibration of the Wheatstone bridge containing the reaction
vessel thermistor, in order to establish the relation between
the temperature in the reaction vessel and the measured off-

balance potential of the bridge;

2.  determination of the temperature rise caused by heat generated

by the stirrer;

3. determination of the heat capacity of the reaction vessel as a

function of the volume of liquid contained;
4. testing of the accuracy of the titrant-delivery system; and
5. calibration of the reaction vessel heater.

The last two tasks were carried out by Lowe et af. (163), and we now con-
sider the remaining three aspects in detail. The procedures described
below were performed each time a set of calorimetric experiments was under-
taken, usually over a period of about two months. It was assumed that

the characteristics of the calorimeter were sufficiently stable for this

to be reasonable.

5.2.1. cCalibration of the Wheatstone bridge containing the

thermistor

The Wheatstone bridge was calibrated by measuring the off-balance potential
corresponding to small, accurately measured changes in the temperature of
the water bath surrounding the calorimeter assembly. The value of the
variable resistor in the bridge was set at 1979.0 , so that the bridge was
balanced at approximately 25°C and all experiments were carried out in

the linear response region of the thermistor. The changes in the
temperature of the water bath were measured with a 1°C Beckmann thermometer

(GALLENKAMP TJ 525). Measurements were performed as follows, at intervals
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within the range 25°C - 26°C. The reaction vessel was filled with 95.00
cm® of doubly deionized water, encapsulated in .the calorimeter assembly,
and placed in the water bath. The stirrer was switched on with its speed
set on 'high', and the thermistor was switched into the bridge circuit.
The temperature of the water bath was set at the desired level by adjus-
ting the setting on the proportional controller. The whole assembly,
including the 1°C Beckmann thermometer, was then allowed to equilibrate
for 24 hours. Once the system had equilibrated, the bridge off-balance
potential was recorded for 5 minutes and the reading on the Beckmann
thermometer noted. The absolute temperature scale was fixed by means of
a standard mercury-in-glass thermometer calibrated for the range 24°C to
35°C. For each temperature selected, the readings of off-balance potential
were averaged and corrected for the temperature rise caused by the heat
of stirring (see Section 5.2.2). A plot of corrected off-balance poten-
tial against the temperature in the water bath (and reaction vessel) was

then drawn. A typical plot is shown in Figure 5.5.

As mentioned in Section 4.2, the temperature in the reaction vessel (T) is
related to the off-balance potential (E) by an equation of the form

E = a + bT. Simple linear regression applied to the data plotted in Figure
5.5 yields the result

E/uv = -195825 + 7739.83 (T/°C). (5.8)
It can be seen from the figure that this straight line fits the data very
well, and thereby provides the relation needed in this case to convert

readings of off-balance potential into temperature values.

5.2.2. Determination of the temperature rise caused by the heat of

stirring

In the calibration of the Wheatstone bridge the water in the reaction ves-
sel was kept stirred throughout the course of the measurements. In cal-
culating the results of this calibration, one must correct for the steady-
state rise in temperature resulting from the heat generated by stirring.
This correction must be made to obtain an accurate relationship between
the temperature sensed in the reaction vessel by the thermistor and the

temperature actually measured by the thermometer, i.e. that of the water
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surrounding the calorimeter assembly. Since the rate of stirring is kept
constant, it is assumed that the rate of generation of heat by stirring

is constant.

The steady-state temperature rise resulting from the stirring action,
ATgtir, was determined as follows. The reaction vessel, containing

95.00 cm® of water and placed within the calorimeter assembly, was left
for about 72 hours to come to temperature equilibrium with the water (in
the bath) surrounding the assembly. During this period the stirrer was
left off and the thermistor isolated from the Wheatstone bridge circuit.
Then the stirrer was switched on at 'high', and simultaneocusly the thermi-
stor was switched into the bridge circuit. (The high stirring rate is the
most efficient rate for removing build-up of heat in the vicinity of the
thermistor, and also the rate used in all subsequent measurements.) The
off-balance potential was recorded every 4 seconds for a pericd of 10
minutes after switch-on, and then agaih for 5 minutes 24 hours after

switch-on.

Figure 5.6 shows a plot of the off-balance potential recorded over the

full 24-hour period in one case. Figures 5.7 and 5.8 show expanded ver-
sions of the intial and final portions of the curve displayed in Figure 5.6.
It was concluded that the thermistor attained its steady-state operating
temperature at the point marked 'a' in Figure 5.7. This stage was always
reached within one minute of switch-on. It was thought that the heat
dissipated by the thermistor in such a short period would have a negligible
effect on the overall temperature of the vessel, and similarly that the
amount of heat generated by the stirrer would be insignificant. The
gradual rise in off-balance potential taking place after point 'a' is
assumed to result from the stirring action. The levelling-off in off-
balance potential by point 'b' in Figure 5.8, 24 hours after switch-on, is
an indicaticon that the system has attained steady state. Furthermore, the

off-balance potential was steady after 48 hours at the same value as was

reached after 24 hours, viz. -1803 uv.

The difference in off-balance potential between points 'a' and 'b' was, in
general, taken to represent ATgtiy. The value of ATt iy thus calculated
was then subtracted from the off-balance potential reading obtained at

each point of the calibration of the Wheatstone bridge. ATgtir was found
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to have a value in the range 484 + 4 pvV. This represents a temperature

range of 0.063 + 0.001°C.

It should be pointed out that the procedure described in Section 5.2.1.,
for obtaining readings of off-balance potential at different temperatures,

is in fact a quicker way than the above of obtaining points such as 'b'.

Before 1982, however, ATgtir was determined by the procedure described in
the N.I.M. Report (164), a procedure which (unlike that described above)
does not yield reproducible results, and appears to be incorrect. If one
looks at Fiqure 5 of that report (165), it will be seen that the difference
found (i.e. ATstir) is negative. This of course contradicts the reasonable
assumption that heat is generated by stirring. The explanation appears to

be the following. The liquid in the vicinity of the thermistor is at a

higher temperature than the rest cf the liquid in the reaction vessel, as

a result of resistive heating of the thermistor. Stirring serves to dis-
sipate this heat from the vicinity of the thermistor, which therefore registers
a lower temperature. (The greater the rate of stirring, the greater is

the drop in temperature caused by such dissipation.) This dissipation

of heat from the vicinity of the thermistor can, it seems, mask the heat

generated by stirring.

The measurements made before 1982 to calibrate the Wheatstone bridge were
therefore corrected by using a value for ATgtir determined by the new
procedure. A slight complication was caused by the fact that the low
stirring rate was originally the rate used in the calibration of the bridge.
(This rate had been used for calibration because it was thought that this
would minimise the heat generated by stirring, but the high rate had been
used for all other measurements.) It was, however, decided not to re-
calibrate the bridge at the high rate. Hence the readings originally
taken at the low rate were converted so that they represented equivalent
readings taken at the high rate. To do this, the position of one of the
calibration points, viz. that at 25.000°C, was re-determined at high and
low rates. The difference between the two readings of off-balance poten-
tial was taken to be the difference between the ATstir values correspon-

ding to high and low stirring rates. This difference was found to be
445 + 27 uv (or 0.057 + 0.003°C).
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5.2.3. Determination of the heat capacity of the reaction vessel

The heat capacity of the reaction vessel, containing a known volume of
doubly deionized water, was determined by the dissipation of a known quan-
tity of electrical energy and measurement of the resulting temperature rise.
Water was used in the reaction vessel because its heat capacity is accu-

rately known as a function cf temperature.

The reaction vessel, containing the known volume of doubly deionized water
and positionedjjlthe.calorimeterassembly, was placed in the water bath

at 25.000°C in order to equilibrate. Once the equilibrationperiod (> 45
minutes) was over, the off-balance potential was recorded for approximately
5 minutes to obtain the lead period of the thermogram. The heater was

then switched on for the selected time period, and once again the off-
balance potential was followed. Observation of the off-balance potential
for 5 minutes after the heater was switched off provided the trail period
of the thermogram. The resulting thermogram was plotted and the data were
corrected for heat exchange effects, etc., with the aid of the computer
program CALCAL (see Section 4.4.7), which also calculates the heat capacity
of the reaction vessel and its contents. The heat capacity of the empty
reaction vessel, CpY, was then found by subtracting the contribution of

the water to the total heat capacity.

CpY is constant for a given volume of liquid in the reaction vessel, but
varies as this volume changes. This change results from more of the re-
action vessel and stirrer coming into contact with the liquid as its
volume increases. Therefore CpY was determined as a function of the

velume of water in the reaction vessel, for volumes between 95.00 and

100.00 cm®.

Care was taken during these, and subsequent, heat capacity measurements
to ensure that the stirrer was always attached in exactly the same posi-
tion, so as not to change the area in contact with the liquid and thereby
introduce an error in the heat capacity determinations. As a further
precaution the capillary tube, through which the titrant solution is nor-

mally added into the vessel, was kept filled throughout the heat capacity

measurements.
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A typical set of results obtained for the various heat capacity deter-
minations performed in order to calculate CpY is shown in Table 5.6.
The result of a simple linear regression performed on this set of volume-

CpY¥ data is the relationship:
cpf/Jk~t = 28.82 + (0.2884 cm™?) (V - 95). (5.9)

A plot of the data leading to equation (5.9) is shown in Figure 5.9.



TABLE 5.6

Heat capacity of the reaction vessel as a function of volume of water

contained, at 25.000°C.

Volume of water

Heat capacity of Heat capacity of Cpr/JK‘lr

contained in the the reaction water*/JK"l

reaction vessel/ vessel + water/

cm? JK~!
95.00 424.8 395.9 28.9
96.00 429.2 400.1 29.1
97.00 433.6 404.2 29.4
99.00 442.2 412.6 29.6
100.00 447.3 416.7 30.6

*Values obtained from reference 166.

172



-1

cpt/JK

173

39.82 39.48 30.84 20.80

8?.!.0

2?.04 ?20

83.60 94.40 98.20 98.00 98.80 §7.80 98.40 99.20 100.00 100.80 104.60

Volume filled/cm?

Figure 5.9 Heat capacity of the reaction vessel as a function of the

volume filled with liquid.



CHAPTER SIX

SELECTION OF EXPERIMENTAL CONDITIONS

When selecting the conditions for an experiment, one must consider the
relationship between the desired thermodynamic guantity and the measured
quantity so as to choose the conditions that will enable the maximum

amount of useful information to be extracted from the measurements.

6.1. General approach to the selection of experimental conditions

First the considerations arising in the choice of conditions for a poten-
tiometric titration will be discussed. If reliable values of the stability
constants are to be determined, such experiments must be well designed

and the measurements made as accurately as possible.

In choosing the conditions for determining a particular stability constant,
one must ensure that the quantity being measured, in this case the hydro-
gen ion concentration, quantitatively reflects the effects of complex for;
mation: that.is, the measured quantity must be a sensitive function of

the stability constant being determined.

If several species coexist to a significant extent, this will cause a
decrease in the precision of the stability constants extracted from the
experimental data. Hence it is advisable that the species of interest
predominates over an appreciable part of the concentration range covered
by the titration. In particular, if one wishes to study mononuclear com-
plexes (as in this case) one should if possible avoid conditions under
which mixed or polynuclear species predominate. If on the other hand one
wishes to study polynuclear or mixed complexes, measurements should of
course be made under conditions where such complexes are more likely to
occur, e.g. high metal-ion concentrations or high p[H*]. Nevertheless,
one should always test for the presence of unwanted species through the use
of Z(loglrl) plots. For this reason the potentiometric titrations should

be carried out at several metal ion concentrations. (See Section 4.3.2.)

Since one is studying systems at equilibrium, one should ensure that

equilibrium (as indicated by a steady potential reading) has indeed been
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attained after each addition of titrant. Reversibility of the reaction
should also be checked, by carrying out a reverse titration. That is,

if the addition of titrant has caused an increase in p[H*], then at the
end of this titration the titrant is changed so that further titration
causes a decrease in plH*] to its initial value. If the Z(loglrLl) plots
for the forward and reverse titrations are superimposable, the reaction is

reversible.

One should always ascertain that the results obtained are reproducible.
This need not be checked by repeating a titration if the formation curves
obtained by using different concentrations of reactants are superimposable.
Should the formation curves not coincide, however, then it is best to

repeat one of the titrations and use fresh stock solutions.

The experiments should be planned in such a way that the concentration of
each of the reactants is varied over as wide a range as is practically
possible. In this way one facilitates the attainment of reliable stability
constants. (The upper limit of the concentrations which can be used is
controlled by such factors as the variation of activify cocefficients and
limited solubility, whereas the lower limit is reached when the equilibria
being studied are swamped by the dissociation equilibria within the medium,
or by experimental error.) Another advantage of covering a wide range of
concentratiocns is that the stability constant for a particular species

can be extracted from a selected region where other, interfering species
appear to be absent.

In titration calorimetry the general considerations are somewhat different,
since here one wishes, for reasons of accuracy, to maximise the amount of
heat liberated for a given amount of titrant added. With the instrument
used in this work the desirable change in off-balance potential is 3000 v,
which is equivalent to about 0.4°C. Again it is important that the species
of interest predominates in the concentration range covered, so that most
of the heat liberated can be ascribed to the reaction of interest and not
to interfering reactions. The calorimetric experiments for each system
should bg carried out under similar conditions, i.e. within roughly the
same plH*] and 2 regions, as the potentiometry. This ensures that the
stability constants of all the species present are known.. Such knowledge
greatly simplifies the calculation procedure used to determine the enthal-

py changes of complex formation (see Section 4.4.10). Unfortunately the
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computer program LETAGROP KALLE (used to calculate the enthalpy changes)
cannot in its present form deal with more than one reacting component in
the titrant. This fact limits somewhat the range of experimental conditions

available.

In selecting experimental conditions for both the potentiometric and the
calorimetric titrations much use was made of the program HALTAFALL (see
Section 4.4.1). The program was used to arrive at species distribution
diagrams, from which one could determine which concentration combinations
give the optimum formation-of a certain species. From HALTAFALL-calculated
p[H*] values it could be decided whether the p[H*] changes occurring in a
particular potentiometric titration were sensitive to changes in the sta-
bility constant being determined. In order to perform these calculations
HALTAFALL requires as inputs the reagent concentrations, and the stability
constants for the species assumed present. The former inputs were chosen
by the author, while the latter were either obtained directly from the
literature, or estimated from knowledge of similar systems previously

studied.

Throughout this work the measurements were undertaken at an icnic strength-
of 0.5 mol dm™® by using KNO, as the background electrolyte, and at a
temperature of 25°C. This ionic strength was chosen mainly because of
calorimetric considerations. At this strength reagent concentrations could
be kept sufficiently high so that adequate amounts of heat were liberated
for the enthalpy changes to be determined precisely. 1In addition, the
higher the ionic strength in comparison with reagent concentrations, the
more likely it is that the activity coefficients will remain constant. The
background electrolyte was chosen to be KNO; mainly because the NO,” anion
is small in size and therefore unlikely to form precipitates with protonated
polyamine ligands or with metal-polyamine complexes. Also, NO,  has no
affinity in aqueous solution for Ni**, Co®* or zn**. Finally, the cation
Kt has a very low tendency to form complexes. It was therefore hoped that
this background electrolyte would have no unwanted effect on the equilibria
being studied. The working temperature was chosen to be 25°C because this

is the temperature most often used for thermodynamic measurements.

In some of the measurements care was needed to prevent hydrolysis of the
metal-ligand complexes. 1In an attempt to overcome this potential problem

it was decided toreplace some of the cation in the background electrolyte
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with protonated ligand, as this would lower the p[H+]. However, this
method of lowering the working pLH'] can cause loss of sensitivity if
[MI1¢ is much lower than [L]¢, especially in the case of potentiometric
measurements. On the other hand, reagent concentrations must not be too
high in comparison with the concentration of background electrolyte, as
this would cause fluctuations in the ionic strength and resultant changes
in activity coefficients. A compromise technique was therefore adopted.
The program HALTA1l (see Section 4.4.1) was used to calculate the ionic
strength at each point of the titrations to ensure, if possible, that an

approximately constant ionic strength would be maintained.

In both potentiometry and calorimetry the formation of precipitates is
undesirable. In some cases the experimental conditions can be chosen in
such a way as to avoid their formation. For instance, the problem can
often be overcome in potentiometry by the use of more dilute solutions.
This option 1is not always available in titration calorimetry, however, as
it can result in insufficient heat liberation and hence poor determination
of the enthalpy change for the reaction of interest. Lowering the plH*]
of the reaction mixture as described in the previous paragraph can also

help to prevent precipitation of metal hydroxides.
What now follows is a discussion of how the experimental conditions for
each of the different types of measurement undertaken were chosen. An

example will be given for each case discussed.

6.2. Choice of experimental conditions for potentiometric measurements

There were three methods available for the determination of the stability

constants of the metal-ligand complexes:

1. addition of acid to a solution containing the metal-ligand com-

plexes, i.e. decomposing the metal-ligand complexes with acid;

2. addition of a hydroxide solution to a solution containing the

metal ion plus protonated ligand, i.e. deprotonating the ligand

so that it can then complex with the metal ion; and

3. addition of deprotonated ligand to a solution containing metal

ion and protonated ligand.
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For practical convenience and because of the form in which the ligands
were available, methods 1. and 3. were used for the complexes of etolen,

and methods 2. and 3. used for oden.

Four methods were available for the determination of the protonation con-

stants of oden and etolen. These were:
1. titration of acid into a solution containing deprotonated ligand;

2. titration of a solution of deprotonated ligand into an acid

solution;

3. titration of hydroxide into a solution containing protonated

ligand; and

4. titration of protonated ligand into a solution containing hydrox-

ide.

It must however be noted that the pl[H'] readings which are sensitive to the
values of the protonation constants lie in the range from pKz - 1 to

pKa + 1. Readings outside this range are not useful. Therefore, in using
any of the above four methods, one must ensure that p[H'] readings are
taken in the appropriate range. For the sake of convenience method 2. was
used for determination of the protonation constants of etolen, since this
ligand was available in deprotonated form. Method 3. was used for oden

because the ligand was purchased and purified in protonated form.

For the metal-ligand systems the working p[H+] was kept fairly low in
order to suppress hydrolysis of the metal-ligand complexes. This was
achieved largely by introducing some protonated ligand as part of the back-

ground electrolyte.

As an example, the selection of the reagent concentrations for the poten-
tiometric measurements involving etolen and Ni??t will be described. 1In.
these titrations the cell was calibrated with strong acid and with the: ligand
as base (see Section 5.1.3). Hence, on completion of the calibration,

part of the background electrolyte consisted of doubly protonated etolen.

The following stability constants, obtained from the literature and valid
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at an ionic strength of 0.5 mol dm~?® and a temperature of 25°C, were

used in the calculations:

Ky = 1.8197 x 107'* (160)
8101 = 5.495 x 10°  (167)
8,01 = 3.890 x 108 (167)
Bg11 = 9.333 x 10°  (167)
Bo12 = 6.310 x 10'2 (167)

B_110 = 9.120 x 10~'1 (168).

Table 6.1 shows the various reagent concentrations used to calculate the
species distributions. As stated previously, the aim is to obtain con-
ditions such that each species in solution predominates over some region
of the titration, and to ensure that the measured p[H'] is a sensitive
function of the stability constants being determined. From the species
distribution curves obtained for the various metal-to-ligand ratios (and
shown in Figure 6.1) , we see that each of the species assumed present
does indeed predominate over some region of the p[H'] range covered by

the experiments. The sensitivity of the measuredplH'] to the stability
constants being determined was tested by changing the values of 8471 and
Bo12 by one log unit in turn. The resuits of this calculation for experi-
ment 1 are plotted in Figure 6.2. A calculated change of 3 mV in the cell
potential, corresponding to approximately 0.05 p[H'] units, was taken as

the lowest acceptable level of sensitivity.

Similar considerations and calculations were used to select the reagent
concentrations for the titrations involving the other metal ion-ligand

systems and the hydrogen ion-ligand systems.

6.3. Choice of experimental conditions for calorimetric measurements

In the calorimetric measurements all the same titration methods as pre-
viously described were possible, but some were found more suitable than

the others for reasons specific to calorimetry.

In titration calorimetry it is best to use a method which involves a mini-

mum of side reactions interfering with the reaction of interest. For

example, in the hydrogen ion-ligand systems titration methods 3. and 4.
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Reagent concentrations chosen for the potentiometrié titrations involving

Ni?* and etolen.

Experiment Number 1 3
Concentrations of reactants in

the titrate/mol dm™?

Ca*], 2.25 x 107> 2.25 x 107 2.35 x 1072
Letolenl]y 1.00 x 107> 1.00 x 107> 1.04 x 1072
[Nizt], 3.33 x 107* 2.50 x 10™* 1.74 x 1073
Concentrations of reactants in

the titrant/mol dm™?

[H+]T 0 0 0

[etolenly 5.00 x 107* 5.00 x 107 5.00 x 1072
[Ni? g 0 0 0

Initial Volume, Vg/cm? 120.00 120.00 115.00
Initial metal-to-ligand ratio 1:3 1:4 1:6
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have the disadvantage that the heat associated with the reaction of
interest is overshadowed by the heat liberated by the formation of water.

Hence these two methods are not the best for accurate determination of

the heats of protonation.

Another consideration to bear in mind is that in this calorimetry the
titrant solution should be very much more concentrated than the titrate
solution. Hence for convenience titration method 1. (titration of acid
into a solution containing deprotonated ligand) was chosen for the deter-
mination of the enthalpy changes of protonation for both etolen and oden.
Similarly method 3., the titration of deprotonated ligand into a solution
containing metal ion and protonated ligand, was chosen for the metal ion
systems involving etolen. The high cost of oden prevented its use in
concentrated ligand titrant solutions. Therefore measurements of the
heats of reaction of the various metal ions with oden were performed by
titrating a solution of metal ion into a solution containing a mixture of

ligand and protonated ligand.

As an example, the selection of the reagent concentrations for the calori-
metric measurements involving Co®* and etolen will now be described. Re-

agent concentrations for the other systems were chosen similarly.

The calorimetric experiments had to be carried out under conditions simi-
lar to those used for the potentiometric experiments, to ensure that the
solution equilibria were adequately described. 1In practice this meant
that the p[H+] and Z regions covered during the calorimetric titrations
should lie within those covered during the potentiometric titrations.
Hence the experiments were designed in such a way that the titrate con-
tained the metal ion and some protonated ligand. The latter was included
in order to lower the p[H'] of the resulting solution. The titrant con-
sisted solely of the ligand etolen made up to the correct ionic strength
with KNO; . Only one reacting species could be used in the titrant solu-
tion, because of the limitation of the program LETAGROP KALLE already men-
tioned in Section 6.1. In addition, the solutions had to be sufficiently
concentrated to produce an acceptable change in temperature (i.e. about
0.4°C). The required enthalpy changes were estimated from the enthalpy
changes for the Ni**t-etolen system and other systems involving Ni?* and
Co** with polyamine ligands. Table 6.2 shows the reagent concentrations

chosen. A species distribution for these reagent concentrations was cal-
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Reagent concentrations chosen for the calorimetric measurements involving

Co?*t and etolen.

Reactants Concentrations of reactants. Concentrations of reactants
in the titrate/mol dm™? in the titrant/mol dm™?
+ -1
H 1.1 x 10 0
etolen 5.0 x 1072 1.3
cott 3.0 x 1072 0
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culated (by HALTAFALL) to ensure that the different species of interest

would predominate over roughly equal portions of the titration.



CHAPTER SEVEN

EXPERIMENTAL PROCEDURE AND DATA

This chapter describes a series of potentiometric and calorimetric
titrations performed in order to obtain the stability constants and
enthalpy changes of complex formation for each system studied. Numerical
data obtained from these experiments are included. Alsc reported here
are the preparations of various solid complexes and the recording of the
electronic spectra of some of these complexes. All the titrations were
carried out at an ionic strength of 0.5 mol dm™® with KNO, as the back-
ground electrolyte and at a constant temperature of 25.00 + 0.05°C for
the potentiometry and 25.0 + 0.2°C for the calorimetry. All the solu-
tions mentioned here were made up by dilution of the appropriate stock

solution or as described in Chapter 2.

In the potentiometric measurements, the whole assembly was allowed to

come to equilibrium over a period of at least 2 - 3 hours after the first
addition of calibrating titrant solution. After each subsequent addition
of titrant sclution, sufficient time was allowed to ensure that the sys-
tem had come to equilibrium. An equilibration periecd of 10 to 15

minutes was allowed for points in the low p[H'] region, whereas for points
in the high p[E*] region 30 or more minutes were allowed. When successive
cell e.m.f. readings differed by less than 3 mV the volume of titrant
solution added was doubled.

In the calorimetric titrations the heats of reaction were measured as
follows. First the automatic burette and the titrant tubing were filled
with the titrant solution. Then 95.00 cm® of the titrate solution were
placed in the reaction vessel. The vessel was attached to the calorimeter

assembly and the stirrer was switched on at the high stirring speed.

The capillary tube through which the titrant enters the vessel was then
filled. However, a small air gap was left to separate the titrant from
the titrate in order to avoid premature mixing of the two solutions. The
temperature of the reaction vessel and its contents was brought to
approximately 25°C, either by warming the contents of the vessel by means

of the calibration heater, or by cooling the outside of the vessel with
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iced water. When the required temperature had been attained, the out-
side surface of the reaction vessel was wiped clean with tissue paper to
ensure the reproducibility of the heat capacity of the reaction vessel.
The calorimeter assembly was clamped closed and placed in the constant

temperature water bath maintained at 25.000 +0.001°C.

A period of at least 45 minutes was allowed for thermal stabilisation of
the calorimeter assembly. (The stirrer was switched on to 'high' and
the thermistor switched into the Wheatstone bridge circuit throughout
these operations.) The off-balance potential was then recorded for a
period of approximately 5 minutes to obtain the lead period of the
thermogram. The automatic burette and timer were then switched on
simultaneously and again the off-balance potential was followed, to
obtain the titration curve. The titration period continued for the
length of time selected. Once this was over the trail period of the
thermogram was obtained in the same way as the lead period. The volume

of titrant solution dispensed by the automatic burette was noted.

The heats of dilution were- measured in the same way as the heats of reaction,
except that the titrate solution was replaced by the corresponding blank

titrate solution.

The operational procedure for determination of the heat capacities of
the various solutions is described in Section 5.2.3. Before each heat
capacity determination a potential difference of 1.0000 V was set across
one of the standard resistors in order to maintain the design-specified
current value through the heater for the power setting selected (169).
The heat capacity of each of the solutions used was measured. In each
case the vessel was filled with 95.00 cm® of solution. During these
measurements the capillary tube through which the titrant solution enters
the reaction vessel was kept filled with the titrant solution. A small
air gap was left at the tip to prevent mixing of the solutions. The
length of time for which the calibration heater was activated was selec-
ted in such a way as to yield approximately the same temperature change
as occurred during the reaction runs. At the end of each heat capacity

determination the potential difference across the calibration heater

was recorded.



188

The data collected from the potentiometric experiments are listed in
full in Table 7.1 of Section 7.9, together with the solution concentra-
tions used. The calorimetric titration data, together with the corres-
ponding solution concentrations, are presented in Table 7.2 of Section
7.9. Unless otherwise stated, the calorimetric data have been corrected

for non-chemical heat effects by the method described in Section 4.2.

7.1. The hydrogen ion - etolen system

The protonation constants for etolen wers determined potentiometrically
by the addition of a titrant solution containing ligand to a titrate
solution containing acid. First the cell was calibrated by using a
strong acid, as described in Section 5.1.1. Deviations of the Ee" values
from constancy could usually be traced to contamination of the apparatus.
The addition of acid was discontinued at a plHt] of 2.7. After the deter-

© . . . .
mination of E a solution of the ligand was added in small increments.
After each addition the system was allowed to come to equilibrium and the

cell e.m.f. noted. The experiment was carried out in triplicate. .

The calorimetric titrations for the determination of the heats of proto-
nation of etolen were carried out by the addition of a 0.5 mol dm™?
nitric acid solution to a solution containing 0.01 mol dm~? etolen. The
specific heat capacities of the titrant, titrate and blank titrate were
measured in duplicate, as was the heat of dilution of the titrant into
the blank titrate. The heat of reaction for addition of the titrant to

the titrate was measured in triplicate.

7.2. The hydrogen ion - oden system

The potentiometric titrations for this system were carried out by the
addition of a titrant solution containing hydroxide to a titrate solution
containing oden.2HCL. 1In these titrations the cell was calibrated by
using strong acid and strong base. A solution of 0.01 mol dm™3 HNO, was
added in small increments to a mixture of 50.00 cm® of 0.50 mol dm 3

KNO, and 5.00 cm® of the NaOH solution later to be used as the titrant.
The concentrations of hydroxide and carbonate, as well as the constants
E”" and s, were calculated from the cell potential readings as described

in Section 5.1.2. Once the cell had been calibrated, a 10.00 cm® aliquot
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of a solution of oden.2HCL was pipetted into the reaction mixture.

This was then titrated with the solution of NaOiH, whose concentration
had been determined in the first part of the experiment. The experiment
was carried out in quadruplicate. (Note that in Table 7.1 each titra-
tion is split into two parts: (a) and (b). ‘This was done because the
carbonate present in the hydroxide solution was taken into account only
at plE*] values greater than 10. At plH*] values below 10 the total

base concentration is usedf See Section 8.2.)

The heats of protonation for oden were determined by the addition of a
titrant solution containing acid to a titrate solution containing oden.
The heat capacity of each of the solutions used, the heat of dilution

and the heat of reaction were all measured in duplicate.

7.3. The nickel ion - etolen system

Some of the potentiometric titrations for this system (titrations 1 - 3)
were performed by starting with the complex ion in solution and stripping
the ligand off the metal ion with acid. 1In these titrations the poten-
tiometric cell was calibrated with strong acid alone, as described in
Section 5.1.1. The addition of acid was discontinued at a p[H*] of 2.7.
Once Ee" had been determined, appropriate aliquots of Ni?*%t and deproto-
nated ligand solutions were added to the reaction mixture in order to
obtain the required initial metal to ligand ratio. This mixture was then
titrated with a solution of HNO, and Ni*T (the latter to keep the total
metal ion concentration constant) in order to strip the ligand off the

metal ion.

In the rest of the titrations (nos. 4 - 7) the cell was calibrated with
strong acid and ligand, as described in Section 5.1.3. Once the cell
had been calibrated and metal ion added, a titrant solution containing
ligand was added to the reaction mixture. At the completion of the
calibration the reaction mixture in these titrations was approximately
0.01 mol dm™® in doubly protonated ligand. This helped to lower the
working plH'],and possibly to suppress hydrolysis of the metal-ligand

complexes.

In the first three titrations the total concentration of Ni*t was kept

constant. In the rest of the titrations, however, neither the total
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concentration of Ni?*%t nor that of etolen was kept constant. In titrations
2 and 3 the reversibility of the equilibria was tested by performing
both forward (decreasing p[H']) and reverse (increasing plB*]) titrations.
(The titrations were reversed by titrating the reaction mixture with a
solution of NaOH.) One titration (no. 4) was carried out in duplicate

in order to check the reproducibility of the results obtained. The
repeat titration is no. 7. The total initial concentrations of Nitt and
etolen were varied within the limits 5.0 x 10~ % < [Ni?2*Jy < 3.3 x 1073

mol dm~® and 4.2 x 107 £ [etolenly £ 1.1 x 107 mol dm™?. The following
initial metal to ligand ratios were studied: 1:2.2, 1:3.1, 1:3.6,

1:4.1, 1:4.5, 1:6.1, 1:8.5 and 1:11.1.

The calorimetric titrations involving etolen and Ni**t were designed so that
a titrant solution containing ligand was added to a titrate solution con-
taining metal ion, some doubly protonated ligand and some surplus acid.

In this way approximately 30 % of the background electrolyte was replaced
by the nitrate salt of the doubly protonated ligand, which lowered the
p[E*] and suppressed hydrolysis of the metal-ligand complexes. For this
system all the calorimetric measurements were carried out in triplicate.
The raw calorimetric data were processed as described in Section 4.2, apart

from two modifications.

First, the heat of dilution of the titrant into the titrate for this
system was not calculated in exactly the way previously described. This
was because the heat liberated during the determination was due not only
to dilution of the titrant, but also to some reaction between the ligand
titrant sclution and the excess acid which was present in the titrate
solution. The heat of dilution was therefore calculated as follows.

First the raw data from the heat of dilution titrations were corrected

for non-chemical heat effects by using CAILCOR. The calorimetric data
obtained (i-e-VT,k'Qc,k palrs) were then corrected for ligand protonation
by using LETAGROP KALLE. This program was supplied with the concentrations
of each of the components, the protonation constants and the heats of
protonation of the ligand, and the calorimetric data. The first set of
output from LETAGROP KALLE gives the differences between the heat observed
and the heat calculated on the basis of the concentrations and enthalpy
changes provided. These differences, which are the heats arising from

the dilution process, were used to calculate Hp, the heat of dilution,
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by the same method as before.

The second modification was made as follows. The titrate solution used
in the heat of reaction experiments contained excess acid to ensure that
the ligand forming part of the background electrolyte was completely
protonated. However this meant that at the beginning of each titration
there was an end-point, i.e. this excess acid protonated the ligand added
from the titrant. This is not desirable since it introduces errors into
the LETAGROP KALLE calculations. Hence the concentrations of the compo-
nents in the titrate were modified to include the volume of titrant

added up to just after the end-point. The heat liberated from the begin-
ning of the titration up to this point was disregarded. This modification
was carried out only after the heats had been corrected for non-chemical

heat effects by using CALCOR.

The calorimetric data for this system listed in Table 7.2 reflect these

modifications.

7.4. The nickel ion - oden system

Some of the potentiometric titrations for this system (nos. 1 - 3) were
carried out by adding a titrant solution containing hydroxide to a titrate
containing Ni?* and oden.2HCL. In these titrations the potentiometric
cell was calibrated with strong acid and strong base, as described in
Sections 5.1.2 and 7.2. (In these calibrations the HNO; concentration

was 0.02 mol dn™” and the NaOH concentration was 0.04 mol dm™?.)

In the remainder of the titrations (nos. 4 - 7) a titrant solution
containing ligand was added to a reaction mixture containing Ni**, doubly
protonated ligand and surplus acid. In these titrations the cell was
calibrated with strong acid and ligand. At the completion of the calibra-
tion the reaction mixture in these titrations was approximately 0.01 mol
dm™? in doubly protonated ligand, except in titration no. 6, where the
concentration was approximately 6.7 x 107? mol dm™®. Once the cell had

been calibrated, an appropriate aliquot of the metal ion solution was

added and the titration commenced.
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In titration 1 the total concentration of Ni?+* was kept constant at

1.0 x 10~® mol dm™3. 1In the rest of the titrations neither the metal ion
concentration nor that of the ligand was kept constant. In the first
titration the reversibility of the reactions was tested by performing a

reverse titration (decreasing p[H+]) once the forward titration had been
completed. This was achieved by adding a titrant solution containing
hydrogen ion. One titration (no. 4) was carried out in duplicate in
order to check the reproducibility of the results obtained. The repeat
titration was no. 7. The initial concentrations of Ni?”* and oden were
varied within the limits 5.0 x 107" € [Ni?*]y € 5.0 x 107% mol dm™ and
1.7 x 107% € [odenly; £ 1.0 x 107% mol dm™®. The following initial metal
to ligand ratios were studied: 1:1.7, 1:2.0, 1:2.2, 1:4.0, 1:4.5,
1:6.0 and 1:9.0.

The high cost of oden prevented the use of concentrated ligand solutions
in the calorimetric titrations. These titrations were therefore performed
by titrating a solution of the metal ion into a solution containing a
mixture of ligand and protonated ligand. The heat capacities of the solu-

tions and the heat of dilution were determined in triplicate. The heat

of reaction titration was carried out in quadruplicate.

When the calorimetric experiments for this system were first carried out,
a solution of the metal ion (0.1667 mol dm™>) was titrated into a dilute
solution of the deprotonated ligand (0.0083 mol dm™®) made up to the
correct ionic strength with KNO;. When the first heat of reaction titra-
tion was carried out, a turquoise-coloured precipitate formed. Three

options were open to overcome this problem:

1. addition of a known quantity of protonated ligand to the titrate

in order to lower the p[H'];
2. reduction of the ligand concentration in the titrate; and

3. reduction of the reaction time.

At the time option 1. was not feasible, as no further quantities of ligand
were available. (However this option was subsequently adopted. By the

replacement of some of the background electrolyte with protonated ligand
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it was possible to lower the p[H+] sufficiently so that the heats of
reaction could be measured successfully with the total avoidance of any
precipitation.) The second option was not feasible because, if the
ligand concentration had been reduced further, insufficient heat would
have been liberated for an accurate determination of the heats of
complexation with the titration calorimeter available. Reduction of the
reaction time would avoid the formation of a precipitate, since it was
ascertained that precipitation occurred towards the end of the titration.
This option would however reduce the amount of information obtainable,
especially in respect of the ML complex, which formed towards the end of
the titration. Although this option was tried, it never completely
succeeded in avoiding the precipitation problem. Hence these titrations

were abandoned and subsequently repeated as already described.

7.5. The cobalt ion - etolen system

Two potentiometric titrations (nos. 1 and 2) were performed in which a
titrant solution containing hydroxide was added to a titrate solution
containing Co** and etolen.H§+L In these two titrations the cell was
calibrated with strong acid and strong base. (In these calibrations a
10.00 cm® aliquot of approximately 0.023 mol dm™® NaOH was titrated with
0.02 mol dm™® HNO,.) Once the calibration of the cell was completed,
appropriate aliquots of solutions containing co**, etolen and HNO, were

placed in the vessel and titrated with a titrant solution containing

hydroxide.

The rest of the titrations (nos. 3 - 9) involved the use of protonated
ligand as part of the background electrolyte, and calibration of the cell
with strong acid and ligand. The reaction mixture was approximately
0.024 or 0.05 mol dm™?® in doubly protonated ligand at the start of the
titration, i.e. after completion of the cell calibration. Depending on
the initial concentration of Co** desired, an appropriate aliquot of a
solution containing Co?* was added to the mixture in the reaction vessel,

and this was then titrated with a solution containing etolen.

In all these titrations neither the metal ion concentration nor that of
the ligand was kept constant. The initial concentrations of Co®** and

etolen were varied within the limits 5.0 x 10~ £ [co?*], £1.4 x 1072
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mol dm~® and 1.5 x 107* < [etolen]y £ 5.3 x 107? mol dm™ . The initial
metal to ligand ratios studied were: 1:1.7, 1:1.8, 1:3.0, 1:3.3,
1:3.6, 1:3.9, 1:5.9 and 1:7.2. The reproducibility of the measurements
was tested by carrying out one of the titrations in duplicate (see nos.

6 and 9).

It was noticed that, in the C02+ - etolen potentiometric titrations in
which the background electrolyte had been partially replaced by protonated
ligand, the reaction mixture obtained after completion of the experiment
turned dark brown on standing overnight exposed to the atmosphere. Hence
it was decided to undertakea UV-visible spectrophotometric study of the
system to ensure that no oxidation of the co? ™ complexes or ligand decom-

position occurred during the potentiometric titrations.

First a potentiometric titration was set up under the same experimental
conditions as were employed in titration 4. The reaction mixture was

kept well stirred and high purity nitrogen was bubbled through it contin-
uously. Samples of the reaction mixture were taken after 0, 12 and 22 cm’
of 0.29 mol dm ® etolen titrant solution had been added (samples 1 to 3
respectively). The decrease in volume on withdrawing the samples was dis-
regarded. UV-visible spectra of these samples were recorded on a Pye
Unicam SP18C0 UV-visible spectrophotometer. The samples collected were

kept in stoppered cuvettes and the spectra were re-run at several different

times.

Although the reaction vessel was flushed with nitrogen, no such precaution
was taken in the case of the cuvettes or the syringe used to withdraw the
samples. It was noticed that, when the samples were left to stand in the
cuvettes, the portion of the solution in contact with the vapour phase
became brown. This was especially noticeable in the case of sample 3,
but was also noticeable, to a lesser extent, in sample 2. A peak was
observed at approximately 500 nm in the spectra of all the samples. 1In
the case of samples 2 and 3, it was found to shift some 6 - 8 nm in the
direction of lower wavelength as time passed and the samples became
browner. 1In these cases there was also a build-up of the background with
time. A spectrum showing this effect can be seen in Figure 7.1. In the
spectrum obtained from the first sample the peak at 515 nm remained un-

changed with time, which was consistent with the visual observations.
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This experiment thus indicated that oxidation of the Co-etolen complexes
occurred when the samples were in contact with air. It still remained to
be seen whether or not oxidation or decomposition occurred when the
reaction mixture was kept under an atmosphere of nitrogen. Hence the
experiment was repeated, but this time the cuvettes and syringe were
flushed out with nitrogen beforehand. The sample was placed in the cuvette
in such a way that no vapour space remained, and nitrogen was flushed over

the solution before the cuvette was stoppered.

Three potentiometric titration vessels were set up. In each of these was
placed the same titrate solution as was used for titration 4. No titrant
was added to the first vessel, but 12.5 and 25.0 cm® of 0.29 mol dm°®
etolen titrant soluticn were added to the others (2.2 and 4.4 mcles
etolen to 1 mole Co*™t respectively). One sample was taken from each of
the three vessels in the manner described and UV-visible spectra were
recorded at hourly intervals for a total of five hours. The spectra
obtained from these samples remained unchanged with time. A typical
spectrum is shown in Figure 7.2. A fourth potentiometric titration vessel
was set up containing the same titrate solution. In this experiment a
mock titration was performed and samples were taken at hourly intervals.
The purpose of this experiment was to see whether decomposition occurred
under the conditions prevailing during an actual titration. The spectra
obtained at various stages during the experiment compared well with the

corresponding spectra obtained in the three experiments described above.

Hence it was concluded that no significant oxidation or decomposition

occurred during the course of the titration, provided that the reaction

mixture was kept under an atmosphere of nitrogen.

The calorimetric titrations involving etolen and Co?t were performed in

much the same way as those for the Ni?*' - etolen system. The only difference
was that a higher ccobalt ion concentration was used because it was anti-
cipated that the values of AHG would be lower for this system than for Ni?*t
and etolen. All the calorimetric measurements were carried out in trip-

licate. The data were corrected as described in the case of Ni!T and

etolen.

Because the calorimeter reaction vessel is not equipped with a nitrogen

inlet, there was some doubt as to whether the Co®** - etolen system,
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which oxidises easily, could be studied calorimetrically. Hence a mock
calorimetric run was performed to ascertain whether oxidation occurred
even if the titrate solution was flushed out with nitrogen before the

start of the titration.

The mock titration was carried out as follows. The calorimeter reaction
vessel was filled with 95.00 cm® of the titrate solution. The titrate
solution was not kept under an atmosphere of nitrogen at this stage,
because it had been observed in the previous UV-visible study that, when
the ligand is in a protonated state, no oxidation occurs. The stirrer
shaft and stirrer were then removed from the calorimeter and the reaction
vessel attached. A nitrogen inlet tube was inserted in the space left

by the stirrer shaft and the vapour space above the titrate solution in
the reaction vessel was flushed out with nitrogen. As soon as the nitro-
gen inlet had been removed, the stirrer shaft and stirrer were screwed
into place. After the solution had been left for approximately one hour
to simulate equilibration, the titration was performed. Five minutes
after completion of the titration a sample of the solution in the reaction
vessel was withdrawn with a syringe flushed out with nitrogen. The
sample was withdrawn by undoing the vessel's burette tube from the burette,
attaching. a piece of heat shrink tubing to the syringe in place of a

needle, and inserting one tube into the other.

When the first sample was withdrawn, the air in the burette tube and
syringe oxidised the top part of the sample solution. This sample was
forced back into the vessel and so diluted, as the solution in the reac-
tion vessel was stirred continuously. A fresh sample was then withdrawn

and placed in a cuvette previously flushed out with nitrogen, and the

cuvette was stoppered.

A UV-visible spectrum of the reaction mixture was recorded, but it was
difficult to ascertain, by comparison with the previous spectra, whether
oxidation had occurred. It was decided to repeat the calorimetrictitra-
tion under conditions in which there was certainty that no oxidation
occurred, i.e. repeat it in a potentiometric titration vessel flushed

out with nitrogen. From a comparison of the spectra obtained, it appeared
that if oxidatioh did occur during the calorimetric titration it was

slight and did not progress with time. If was felt that this small degree
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of oxidation (if any) would introduce negligible error into the calorimetric
measurements. Furthermore there was no evidence of any continuing reac-
tion at the end of any of these titrations. That is, no further heat was
absorbed or liberated, which would have happened if continuous oxidation

were taking place.

Accordingiy, it was concluded that the enthalpy changes for this system

could be determined calorimetrically.

7.6. The cobalt ion - oden system

For this system some of the potentiometric titrations (nos. 1 - 4) invol-
ved the addition of a titrant solution containing hydroxide to a titrate
containing Co** and oden.2HCZ. In these titrations the cell calibration
constants were obtained by using strong acid and strong base. After the
cell had been calibrated, appropriate aliquots of solutions of Co**t and
oden.2HCL were placed in the vessel to achieve the desired metal to ligand
ratio. This mixture was then titrated with a titrant solution containing
hydroxide. 1In titrations 1 and 2 a precipitate formed before a significant
concentration range had been covered. Hence in the subsequent titrations
performed in this manner (nos. 3 and 4) a more dilute hydroxide titrant

solution was used. However this meant that a smaller range of p[H+] was

covered than originally intended.

The remainder of the potentiometric titrations for this system (nos. 5 -
8) were performed in the same manner as titrations 4 - 7 for the Ni?t -~
oden system (see Section 7.4). The presence of some protonated ligand
in the background electrolyte helped to lower the plH*] sufficiently

to avoid any further precipitation problems.

The concentrations of Co**t and oden were not kept constant during any of
these eight titrations. The initial metal to ligand ratios studied were:
1:2.0, 1:2.2, 1:4.0, 1:4.5, 1:6.0 and 1:9.0. The initial concentrations
of Co*%and oden were varied withinthe limits 5.0 x 10™* < [Co?*+], 5 5.0 x 10~

mol dmn™ and 2.2 x 10~ < [odenl; £ 1.0 x 1072 mol dm™>.

One titration
(no. 5) was carried out in duplicate in order to check the reproducibility

of the results obtained. The repeat titration was no. 8.
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The calorimetric titrations for this system were performed in the same
manner as those for the Ni?T - oden system. The heat capacities of the
"solutions and the heat of dilution were measured in triplicate. The heat

of reaction titration was carried out in quadruplicate.

The first time the calorimetric measurements for this system were carried
out, a 0.1667 mol dm™® Co?*T solution was titrated into a 0.0083 mol dm™’
oden solution. When the first titration was performed, an olive-green
precipitate formed. On reduction of the quantity of titrant added a pink
precipitate formed. Attempts were then made to find concentration condi-
tions that would obviate precipitation, but without replacement of any
background electrolyte by protonated ligand. It was found that precipi-
tates formed under all the concentration conditions suitable for calori-
metric measurements. It was thought that the size of the anion possibly
had some influence on the incidence of precipitation. Experiments were
performed with CoCZ, instead of Co(NO,),, but precipitates formed as before.
Once again the use of protonated ligand as part of the background electro-

lyte succeeded in overcoming this problem.

7.7. The zinc ion - etolen system

All the potentiometric titrations carried out for this system involved the
use of protonated ligand as part of the background electrolyte. The poten-
tiometric cell was calibrated by using strong acid and ligand. At the
completion of the calibration the reaction mixture in these titrations

was approximately either 0.01 or 0.02 mol dm™ in doubly protonated ligand.
The titrations were then carried out by titrating a titrant solution con-

taining ligand into a reaction mixture containing zn?®t, doubly protonated

ligand and surplus acid.

The initial concentrations of zZn** and etolen were varied within the limits
1.7 x 107 < [2n**]; £ 1.0 x 107 mol dm™ and 1.0 x 10~%< Letolenl, =
2.1 x 107 mol dm™. The following initial metal to ligand ratios were

studied: 1:2.0, 1:4.0 and 1:6.0. The reproducibility of the results was

checked by performing one titration (no. 2) in duplicate (repeat titration:

no. 6).

The calorimetric titrations were carried out by titrating a titrant

solution containing ligand into a titrate containing metal ion, some doubly
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protonated ligand and some surplus acid. For this system all the calo-
rimetric measurements were carried out in quadruplicate. The calorimetric

data were treated as described in the case of Ni?t and etolen.

7.8. The zinc ion - oden system

This system was not studied experimentally as both the stability constants
and the enthalpy changes of complex formation had previously been reported

(78) .

7.9. Experimental Data

The potentiometric titration data collected in this work are presented in
Table 7.1 and the corrected titration calorimetric data in Table 7.2.

In both of these tables the descriptions of the titrations performed

begin with a listing of the concentrations of the components in the titrate
solution (denoted [ Jy) and titrant solution (denoted Llp), and the initial
volume (Vg) of the titrate solution. The concentration of the background
electrolyte has been omitted for simplicity. For the potentiometric
titration data, i.e. Table 7.1, the cell calibration constants (EO" and s)

have also been included.

In Table 7.1 the description of the solutions is followed by a listing

of the volume and cell e.m.f. data and several derived quantities, for
each point in the titration under discussion. For the protonation titra-
tions, i1.e. systems 1 and 2, the data are given as groups of four numbers,
viz. (in orxdex): volume of titrant solution added/cm®, cell e.m.f./mV,
-log{[H*1/mol dm™*}, and j. For the metal ion - complexation titrations
involving one titrant the data listed are: volume of titrant solution
added/cm® , cell e.m.f./mv, -log{[H*]1/mol dm—3}, log{[L]/mol dm~*}, and

Z. For those titrations involving more than one titrant, these are
referred to as titrant A and titrant B. The data for such titrations

are given as: volume of titrant solution A added/cm®, volume of titrant

solution B added/cm’, cell e.m.f./mV, ~log{[E*]/mol dm™®}, log{[Ll]/mol dm=*},
and 2.

In Table 7.2 the solution description is followed by pairs of numbers, the

first being the total volume (in cm®) of titrant solution added up to
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that point, and the second being the corrected incremental heat (in J).

A minus sign in the second positicn indicates liberation of heat.
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TABLE 7.1

Potentiometric titration data for the various systems. (Those points

marked with an asterisk were not used in the calculation of stability con-

stants.)

1. System: HT + etolen

Titration No. 1

E " = 255.13 mV, s = 59.158 nv, _
[ty = 1.667 x 10”2 mol dm~*, [etolenly = 0O,
[a*tlp = 0, [etolenlp = 1.009 x 107 mol dm™,

Vo = 60.00 cm? .

* 1.00 84.7 2.881 1.961
* 2.00 76.6 3.018 2.008
* 3.00 64.9 3.216 2.038
* 4.00 44.2 3.566 2.048
5.00 -75.8 5.594 1.980
6.00 -135.2 6.598 1.652
7.00 -1538.3 7.006 1.417
8.00 -180.4 7.362 1.240
9.00 -205.6 7.788 1.103
10.00 -240.0 8.370 0.995
11.00 -263.7 8.770 0.908
12.00 -277.0 8.995 0.837
13.00 -285.7 9.142 0.777
14.00 -291.8 9.245 0.725
15.00 ~-296.8 9.330 0.680
16.00 -301.0 9.401 0.641
17.00 -304.3 9.457 0.607
19.00 -309.8 9.550 0.548
21.00 -314.4 9.627 0.502
23.00 -317.9 9.687 0.463
25.00 -321.1 9.741 0.430
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Titration No. 2

" = 259.13 mv, s = 59.158 mV,
[a*]ly, = 1.667 x 10> mol dm™, [etolenlq = O,

—
ja o]
+
[
H
il

0, Cetolenly = 1.009 x 107* mol dm™?,
Ve = 60.00 cm®.

*1.00 87.9 2.895 2.205
*2.00 80.0 3.028 2.077
*3.00 68.8 3.217 2.043
*4.00 49.9 3.537 2.018
6.50 -142.4 6.788 1.525
8.00 -174.3 7.327 1.240
9.00 -198.0 7.727 1.102
10.00 -230.9 8.284 0.994
11.00 -257.5 8.733 0.908
12.00 -272.2 8.982 0.837
13.00 -281.7 9.142 0.777
14.00 -288.5 9.257 0.726
15.00 -293.7 9.345 0.681
16.00 -298.0"- 9.418 0.642
17.00 -301.6 9.479 0.608
19.00 -307.6 9.580 0.550
21.00 -312.1 9.656 0.504
23.00 -315.8 9.719 0.465
25.00 -319.0 9.773 0.433

Titration No. 3

ES" = 255.0095 mV, s = 59.1577 mv,

[E*]y = 1.667 x 1072 mol dm™*, Letolenly = O,
Catlp = 0, [etolenly = 1.009 x 1072 mol dm™?,
Vo = 60.00 cm®.

*1.00 84.5 2.882 1.984
*2.00 76.5 3.018 2.006
*3.00 64.6 3.219 2.047
*4.00 43.4 3.577 2.059
5.00 -80.0 5.663 1.980
6.00 -136.0 6.610 1.652
7.00 -159.9 7.014 1.417
8.00 -181.3 7.375 1.240
9.00 -206.8 7.806 1.103
10.00 -241.4 8.391 0.995
11.00 -264.1 8.775 0.908
12.00 -276.9 8.991 0.837
13.00 -285.1 9.130 0.776
14.00 -291.4 9.237 0.725
15.00 -296.1. 9.316 0.680



16.00 -300.3 9.387 0.641

18.00 ~306.7 9.495 0.575

20.00 -311.5 9.576 0.523

22.00 -315.6 9.646 0.480

25.00 -320.4 9.727 0.429

2. System: gt + oden

Titration No. 1 (a)

©

E " = 254.85 mv, s = 58.72 mV,

[E*]y = 5.726 x 10~ mol dm~*, [odenly = 2.300 x 107% mol dm~?,

[OH_]T = 2.440 x 107? mol dam™?, [odenly = 0,

Vo = 87.00 cm’.

*1.00 73.6 3.087 2.008
*2.00 62.6 3.274 2.009
*3.00 43.6 3.598 2.010
5.00 -230.0 8.257 1.882
6.00 -249.8 8.594 1.761
7.00 -262.2 8.805 1.642
8.00 -271.9 8.971 1.522
9.00 -279.9 9.107 1.403
10.00 -287.0 °  9.228 1.285
11.00 -293.6 9.340 1.168
12.00 -299.7 9.444 1.051
13.00 -305.6 9.544 0.936
15.00 -317.2 9.742 0.712
17.00 -328.7 9.938 0.499
Titration No. 1 (b)
©
E" = 254.85 mV, s = 58.72 mV,
[E"]y = 6.571 x 10™* mol dm™*, [cO,~1, = O,
Lodenly = 1.913 x 10™3 mol dm™3,
[OH—]T =

1.780 x 107 mol dm™, [cO, ]y = 3.300 x 10~* mol dm™?,

Lodenly = 0,
Vo = 104.60 cm®.

1.40
3.40
*5.40
*8.40

-341.0 10.147 0.347
-353.8 10.365 0.257
-365.8 10.570 0.222
-379.9 10.810 0.247

205
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Titration No. 2 (a)

E°" = 250.84 mv, s = 58.22 m¥,

[A*t]y = 6.014 x 107 mol dm~?, [odenly = 2.382 x 10~3 mol dm™?,
[OE™1p = 1.700 x 107 mol dm™*, Lodenly = O,

Vo = 84.00 cm?.

*1.00 77.6 2.976 1.991
*2.00 71.8 3.075 1.993
*3.00 64.5 3.201 1.996
*4.00 54.5 3.372 1.998
*5.00 38.5 3.647 2.000
*6.00 10.2 4.133 1.982
7.00 -214.9 8.000 1.931
14.00 -283.9 9.185 1.349
20.00 -310.0 9.633 0.866

Titration No. 2 (b)

ET" = 250.84 mV, s = 58.22 mv,

Ce*]y = 7.355 x 107" mol dm™*, [co,~]1, = O,

Lodenly = 1.836 x 107° mol dm~?,

LOR~Jp = 1.530 x 107* mol dm™*, [CO,71p = 8.500 x 10~" mol dm~?,
Lodenly = 0,

Vo = 109.00 cm®.

1.00 -334.8 10.059 0.437
7.00 -359.7 10.487 0.184

Titration No. 3 (a)

ET" = 250.94 mv, s = 58.21 mv, .

[E*]o = 6.042 x 107> mol dm™, [odenly = 2.382 x 10~ mol dm ™,
Lor~lp = 1.658 x 107? mol dm™*, [odenly = 0,

Vo = 84.00 cm?.

*3.00 66.5 3.169 1.993
*6.00 19.3 3.979 1.992
7.00 -192.9 7.625 1.957
8.00 -228.0 8.228 1.875
10.00 -253.6 8.668 1.712
12.00 -267.9 8.913 1.549
14.00 -278.6 9.097 1.388
17.00 -292.1 9.329 1.147
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20.00 -305.2 9.554 0.913
25.00 -324.9 9.893 0.542

Titration No. 3 (b)

EC" = 250.94 mV, s = 58.21 mV,

[g*], = 6.168 x 107" mol dm™*, [C0,1, = O,

[odenly = 1.811 x 107° mol dm™*,

lor~1p = 1.316 x 1072 mol dm™?, [COJ=]T = 1.712 x 10™* mol dm™?,
[oden]T =0,

Vg = 110.50 cm®.

3.50 -345.6 10.248 0.286
8.50 -364.9 10.580 . 0.183
*13.50 -378.1 10.806 0.165
*18.50 -387.7 10.971 0.213

Titration No. 4 (a)

ES" = 249.52 mvV, s = 57.88 mv,

[a*ly = 5.697 x 107 mol dm™, [odenly = 2.300 x 10~ mol dm™?,
[oE™1p = 2.497 x 1072 mol dm™?, Lodenl; = 0,
Vo = 87.00 cm®.

4.00 -124.3 6.459 1.978
5.00 -230.0 8.285 1.855
6.00 -249.3 8.618 1.732
7.00 -261.4 8.827 1.609
9.00 -278.9 9.130 1.366
10.00 -285.4 9.242 1.244
11.00 -291.6 9.349 1.124
13.00 -303.9 9.562 0.888
14.00 -309.7 9.662 0.772
15.00 -315.1 9.755 0.658
17.00 +=326.3 9.949 0.439

Titration No. 4 (b)

E°" = 249.52 mv, s = 57.88 mv,
[6%1y = 5.488 x 10™" mol am=?, [co,"1, = o0,
Loden],

1.914 x 10™* mol dm~—?,

LoE™lr = 1.932 x 1072 mol dm™?, [co,=Ip = 2.823 x 10™° mol dam~?,
Lodenly = 0,
Vo = 104.55 cm? .



1.45 -338.5 10.159 0.280
3.45 -351.4 10.382 0.180
3. System: HT + Ni** + etolen

Titration No. 1

E°" = 259.59 mV, s = 59.158 mV,

[E*]1y, = 1.251 x 107° mol dm™®, [Ni**],

[etolen]ly = 5.569 x 107 mol dm™*,

2.501 x 1073

Titrant A : [E*1p = 4.001 x 1072 mol dm™?,

Titrant B : [Ni*¥]p = 5.001 x 107° mol dm™?,

Vo = 80.00 cm®.

1.00 1.00 -168.8 7.24
2.00 2.00 -156.8 7.04
3.00 3.00 -147.8 6.89
4.00 4.00 -140.6 6.76
5.00 5.00 -134.1 6.65
6.00 6.00 -128.1 6.55
7.00 7.00 -122.8  6.46
8.00 8.00 -117.7 6.38
9.00 9.00 -113.2 6.30
10.00 10.00 -108.7 6.23
11.00 11.00 -104.5 6.15
12.00 12.00 -100.2 6.08
13.00 13.00 -95.9 6.01
14.00 14.00 -91.7 5.94
15.00 15.00 -87.1 5.86
16.00 16.00 -81.9 5.77
17.00 17.00 -76.1 5.67
18.00 18.00 -67.9 5.54
. 19.00 19.00 -54.6 5.31
20.00 20.00 4.0 4.32
21.00 21.00 55.4 3.45
22.00 22.00 72.0 3.17
23.00 23.00 81.7 3.01
24.00 24.00 88.3 2.90
25.00 25.00 93.5 2.81

Titration No. 2

(a) Forward titration (decreasing pla*])

E" = 256.94 mV, s = 59.158 mv,

La*lo = 7.496 x 10~ mol dm™*, [Ni2*],

Letolenly = 1.119 x 10~ mol dm~?,

2.501 x 107?

.524
.731
.898
.040
.178
.314
.437
.562
.673
.789
.900
.016
.136
.254
.388
.544
.721
.980
.413
.378
121
.690
.025
.254
.436

oNeoNoNeoNoNoNoNoNoNeNo N o R I Il -l il

mol dm™3,

.642
.505
.379
.261
.151
.048
.949
.855
.763
.676
.591
.510
.432
.357
.285
.217
.151
.089
.032
.008
.010
.009
.008
.010
.011

mol dm™,

208



Catly = 6.250 x 107% mol dm™*, [Ni**]p = 2.501 x 107 mol dm™3,

Letolenly = O,
Vo = 80.00 cm®.

1.00 -167.0 7.17 ~4.955 1.950
2.00 -156.5 6.99 -5.194 1.876
3.00 -148.3 6.85 -5.390 1.784
4.00 -141.0 6.73 -5.571 1.686
5.00 -135.0 6.63 -5.723 1.573
6.00 -129.0 6.52 -5.881 1.464
7.00 -123.5 6.43 -6.028 1.350
8.00 -118.2 6.34 ~-6.174 1.235
9.00 -113.1 6.26 -6.317 1.117
10.00 -108.0 6.17 ~6.462 1.001
11.00 -102.9 6.08 -6.610 0.884
12.00 -97.9 6.00 -6.758 0.766
13.00 -93.0 5.92 ~6.903 0.647
14.00 -87.8 5.83 ~-7.061 0.530
15.00 -82.2 5.73 ~7.233 0.415
16.00 -76.0 5.63 ~7.426 0.301
17.00 -68.1 5.49 ~7.678 0.192
18.00 -55.8 5.29 -8.078 0.088
19.00 -12.0 4.55 ~9.544 0.004
20.00 64.2 3.26 -12.121 -0.008

(b) Reverse Titration (increasing plH*])

E°" = 256.94 mV, s = 59.158 mV,

[u*l, = 1.850 x 107* mol dm™, [Ni?**], = 2.501
Letolenly = 8.954 x 107 mol dm™?,

Titrant A: [OH™]; = 7.995 x 1072 mol dm 3,
Titrant B: [Ni**]p = 5.001 x 107 mol dm™?,
Vo = 100.00 cm®.

1.00 1.00 -34.7 4.93 -8.795
2.00 2.00 -63.9 5.42 -7.841
3.00 3.00 -75.2 5.61 -7.493
4.00 4.00 -83.0 5.75 -7.264
5.00 5.00 -89.6 5.86 -7.077
6.00 6.00 -95.3 5.95 -6.922
7.00 7.00 -100.7 6.05 -6.779
8.00 8.00 -105.9 6.13 -6.645
9.00 9.00 -111.0 6.22 -6.518
10.00 10.00 -116.1 6.31 -6.395
11.00 11.00 -121.3 6.39 -6.273
12.00 12.00 -126.4 6.48 -6.159
13.00 13.00 -131.6 6.57 -6.048
14.00 14.00 -137.3 6.66 -5.929
15.00 15.00 -143.2 6.76 -5.813

x 107* mol dm™?,

R P, R, P, e, 000000000

.023
.135
.256
.376
.492
.605
.714
.818
.918
.015
.108
.199
.289
.375
.462
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16.00 16.00 -149.9 6.88 -5.686 1.547
17.00 17.00 -157.6 7.01 -5.548 1.633
18.00 18.00 -167.0 7.17 -5.387 1.720
19.00 19.00 -179.7 7.38 -5.180 1.811
20.00 20.00 -201.1 7.74 -4.843 1.908
21.00 21.00 -251.8 8.60 -4.073 2.012
22.00 22.00 -296.6 9.36 '-3.558 2.108
23.00 23.00 -323.1 9.81 -3.655 2.288
24.00 24.00 -341.9 10.12 - -

Titration No. 3

(a) Forward Titration (decreasing pla*l)
©
E™™ = 257.34 mV, s = 59.158 mv,

[E*1, = 1.251 x 107 mol dm~?, [Ni2+]0 5.011 x 107% mol dm 3,

[etolen]ly = 5.569 x 107 mol dm™*,

[atlp = 3.995 x 1072 mol dm™®, [Ni?*lp = 5.001 x 10~% mol dm™3,

Letolenly = O,
Vy = 80.00 cm’ .

7.00 -208.1 7.87 -4.308 2.111
8.00 -185.1 7.48 -4.750 2.072
9.00 -171.0 7.24 -5.045 1.978
10.00 -159.6 7.05 -5.303 1.889
11.00 -150.3 6.89 -5.527 1.752
12.00 -141.8 6.75 -5.742 1.599
13.00 -134.0 6.62 -5.948 1.414
14.00 -126.0 6.48 -6.169 1.229
15.00 -117.8 6.34 -6.404 1.028
16.00 -109.3 6.20 -6.655 0.809
17.00 -100.0 6.04 -6.938 0.575
18.00 -89.2 5.86 -7.275 0.330
19.00 - -73.2 5.59 -7.789 0.095
20.00 -15.5 4.61 -9.715 -0.081
21.00 54.2 3.43 -12.072 -0.108
22.00 72.8 3.12 -12.706 -0.103
23.00 83.3 2.94 -13.065 -0.099
24.00 90.5 2.82 -13.312 -0.101
25.00 95.9 2.73 ~-13.499 -0.112
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(b) Reverse Titration (increasing pLH*1)

ES" = 257.34 mV, s = 59.158 mV,

[5*]y = 1.046 x 1072 mol dm™®, [Ni*¥1, = 5.009 x 10™* mol dm™?,
[etolenly = 4.243 x 107° mol dm™?,

Titrant A: [OH lp = 7.995 x 107% mol dm™?,

Titrant B: [Ni**]p = 1.000 x 107* mol dm™,

Vo = 105.00 cm’.

*1.00 1.00 81.8 2.97 -13.029 -0.081
*2.00 2.00 51.0 3.49 -11.996 -0.079
3.00 3.00 -74.7 5.61 ~7.789 0.074
4.00 4.00 -100.5 6.05 ~6.988 0.487
5.00 5.00 -117.1 6.33 ~6.509 0.871
6.00 6.00 -132.1 6.58 -6.105 1.195
7.00 7.00 -146.7 6.83 ~5.744 1.487
8.00 8.00 -164.3 7.13 -5.346 1.711
9.00 9.00 -191.8 7.59 -4.793 1.861
10.00 10.00 -255.5 8.67 -3.703 1.994
11.00 11.00 -292.7 9.30 ~-3.199 2.234
12.00 12.00 -315.1 9.68 ~2.998 2.562
13.00 13.00 -334.4 10.00 -2.934 3.195
14.00 14.00 -352.6 10.31 ~3.092 4.639
16.00 16.00 -379.7 10.77 - -
18.00 18.00 -394.4 11.02 - -
20.00 20.00 -403.7 11.17 - -

Titration No. 4

ET" = 244.10 mV, s = 58.330 mv,

(H*1y = 2.248 x 107% mol dm™®, [Ni**1, = 3.334 x 10™ mol dm™?,
Letolenly = 1.022 x 1072 mol dm™?,

Cutly = o, iz *1. = o,

Letolenly = 5.110 x 107 mol dm™?,

Vo = 120.00 cm®.

3.00 -56.8 5.16 -8.238 0.045
4.00 -72.5 5.43 ~7.706 0.143
5.00 -81.0 5.57 ~7.422 0.247
6.00 -87.1 5.68 ~-7.219 0.351
7.00 ~-92.3 5.77 ~7.047 0.455
8.00 -96.8 5.84 ~6.900 0.558
9.00 -100.8 5.91 ~6.769 0.660
10.00 -104.7 5.98 ~6.643 0.759
11.00 -108.5 6.04 ~6.520 0.855
12.00 -112.2 6.11 ~6.402 0.947
13.00 -115.8 6.17 ~6.287 1.036



14.00 -119.3 6.23 -6.176
15.00 -122.6 6.29 -6.073
16.00 -125.8 6.34 -5.973
17.00 -129.0 6.40 -5.875
18.00 -132.3 6.45 -5.774
19.00 -135.3 6.50 -5.683
21.00 -141.6 6.61 -5.495
23.00 -147.8 6.72 -5.315
25.00 -154.1 6.83 -5.137
27.00 -160.6 6.94 -4.959
29.00 -167.2 7.05 -4.785
31.00 -174.0 7.17 -4.613
Titration No. 5

EO" = 82 mV, s = 57.731 mv,
[atl,

[etolenl]y = 1.066 x 107? mol dm™3,
(et 1p Ni**1, = 0,

[etolenly = 5.110 x 1072 mol dm™?,

Vo = 115.00 cm®.

(oo JNENS o) W U2 I S %)

10.

12
13
14
15
16
17
18
19
20
21
22.
23
24
26.
28
30.

.00
.00
.00
.00
.00
.00
.00

00

.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00

00

.00
.00

00

.00

00

-71.

-86.

-95.
-102.
-108.
-114.
-120.
-125.
-129.
-134.
-138.
-142.
-146.
-150.
-154.
-157.
~-161.
-165.
-168.
-172.
~175.
-179.
-187.
-195.
-204.

WNNNUTO WP WP RNWWWOONO RN

5.31
5.56
5.72
5.84
5.95
6.05
6.15
6.23
6.31
6.39
6.46
6.53
6.60
6.67
6.74
6.80
6.86
6.93
6.99
7.05
7.11
7.18
7.31
7.45
7.61

.919
.429
122
.881
.669
.475
.299
141
.994
.856
.722
.600
.479
.363
.249
.140
.038
.939
.842

.747

.654
.564
.377
.193
.995

= b e e A P e e

.121
.205
.285
.361
.430
.500
.619
.721
.801
.859
.900

1.927

P NN NNNDNNNNNPRP PP PR RPR PR PP PP PRPPRP,POOO00000

.345 x 1072 mol dm~*, [Ni*%]; = 1.739 x 10~ mol dm™?,

.061
.243
.427
.607
.776
.933
.079
.217
.344
.460
.561
.656
.734
.801
.852
.895
.937
.968
.991
.008
.020
.029
.019
.012
.986
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Titration No. 6

EC" = 240.92 mV, s = 58.347 mv,

[E*]y = 2.248 x 10™% mol dm™®, [Ni?2*]y = 2.499 x 107* mol dm™?,
Letolen]y = 1.022 x 107% mol dm™?,

Cgtly = 0, [Ni**]p = O,

[etolenlp = 5.110 x 1072 mol dm~?,

Vg = 120.00 cm® ..

3.00 -62.9 5.21 -8.141 0.054
4.00 -79.0 5.48 ~-7.597 0.180
5.00 -88.0 5.64 -7.29 0.311
6.00 -94.6 5.75 -7.077 0.443
7.00 -100.2 5.85 -6.892 0.573
8.00 -105.2 5.93 -6.729 0.699
9.00 -110.0 6.01 -6.573 0.820
10.00 -114.4 6.09 -6.431 0.937
11.00 -118.8 6.17 -6.290 1.045
12.00 -123.0 6.24 -6.156 1.148
13.00 -127.0 6.31 -6.030 1.245
14.00 -130.7 6.37 -5.915 1.339
15.00 -134.4 6.43 -5.801 1.425
16.00 ~138.0 6.49 -5.692 1.505
17.00 -141.6 6.56 -5.583 1.576
18.00 -145.1 6.62 -5.479 1.642
19.00 -148.5 6.67 -5.380 1.703
20.00 -152.0 6.73 - =5.279 1.752
21.00 -155.3 6.79 -5.185 1.801
22.00 ~-158.8 6.85 -5.087 1.836
23.00 -162.2 6.91 -4.994 1.868
24.00 -165.5 6.97 -4.905 1.900
26.00 -172.5 7.09 -4.723 1.934
28.00 -179.5 7.21 -4.548 1.959
30.00 -186.9 7.33 -4.373 1.971

Titration No. 7

E®" = 239.57 mv, s = 57.893 mv,

Ce*ly = 2.248 x 1072 mol dm~*, [Ni?*1; = 3.334 x 10~° mol dm™?,
Letolenly = 1.022 x 10~% mol dm™?,
Ce*lp = 0, INi2*], = o,

Letolenly = 5.110 x 107? mol dm™?,
Vo = 120.00 cm®.

3.00 -60.4 5.18 -8.192 0.043
4.00 -74.0 5.42 -7.729 0.145
5.00 -82.1 5.56 -7.455 0.250



6.00 -87.9 5.66 -7.261 0.356
7.00 -92.8 5.74 -7.098 0.462
8.00 -97.2 5.82 -6.953 0.567
9.00 -101.3 5.89 -6.818 0.670
10.00 -105.1 5.95 -6.694 0.771
11.00 -108.9 6.02 -6.570 0.868
12.00 -112.5 6.08 -6.453 0.962
13.00 -116.0 6.14 -6.341 1.054
14.00 -119.5 6.20 -6.229 1.141
15.00 -122.9 6.26 -6.121 1.225
16.00 -126.1 6.32 -6.020 1.307
17.00 -129.3 6.37 -5.920 1.385
18.00 -132.4 6.43 -5.824 1.460
19.00 -135.4 6.48 -5.733 1.531
21.00 -141.6 6.58 -5.545 1.657
23.00 -147.9 6.69 -5.359 1.760
25.00 -154.3 6.80 -5.176 1.840
27.00 -160.8 6.92 -4.995 1.899
29.00 -167.4 7.03 -4.818 1.941
31.00 -174.4 7.15 -4.639 1.960
33.00 -181.4 7.27 -4.467 1.978
35.00 -188.9 7.40 -4,292 1.987
4. System: HY + Ni?t + oden

Titration No. 1

(a) Forward Titration (increasing p[H*])

EC" = 248.35 mV, s = 57.864 mv,
[E*]p = 5.708 x 10-* mol dm~*, [Ni2*J, = 9.793 x 10~* mol dm™?,

Loden],

1

2.175 x 10™* mol dm™?,

Titrant A: [OH™ ]y = 4.297 x 1072 mol dm™?,
Titrant B: [Ni**lp = 1.985 x 107° mol dm™?,
Vg = 92.00 cm®.

.00 .00 -196.

4 4 2 7.68 -6.334 0.210
5.00 5.00 -210.2 7.92 -5.920 0.405
6.00 6.00 -221.3 8.12 -5.616 0.592
7.00 7.00 -232.5 8.31 -5.324 0.769
8.00 8.00 -245.6 8.54 -4.989 0.929
9.00 9.00 -261.1 8.80 -4.613 1.067
10.00 10.00 -277.0 9.08 -4.289 1.194
11.00 11.00 -292.6 9.35 -4.088 1.340
12.00 12.00 -309.7 9.64 -4.138 1.550
13.00 13.00 -323.1 9.88 - -
14.00 14.00 -332.3 10.04 - -
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(b) Reverse Titration (decreasing p[E'])

%" = 248.35 mV, s = 57.864 mV,

loa~J, = 6.368 x 10~% mol dm~*, [Ni**1y = 9.824 x 107" mol dm™,
Lodenly = 1.667 x 10™° mol dm™?*,

(H*]p = 4.000 x 1072 mol dm™*, [Ni**lp = 1.000 x 107° mol dm™,
Lodenly = O, A

Vo = 120.00 cm®.

2.00 -299.7 9.47 -4.679 1.584
4.00 -271.3 8 .98 -4.562 1.176
6.00 -243.4 8.50 -5.173 0.881
8.00 -223.0 8.15 -5.689 0.575
10.00 -199.7 7.74 -6.366 0.275

Titration No. 2

EC" = 245.16 mV, s = 57.906 mV,

[at], = 1.005 x 1072 mol dm™3, [Ni?*]ly = 1.001 x 1073 mol dm™3,
Lodenly = 4.485 x 107° mol dm™?,

[oH~1p = 4.049 x 107? mol am™?,

INi?*1p = 0, Lodenlp = 0,

Vo = 90.00 cm?.

3.00 -156.9 6.94 -7.430 0.121
4.00 -190.5 7.52 -6.301 0.312
5.00 -203.1 7.74 -5.898 0.510
6.00 -213.2 7.92 -5.583 0.705
7.00 -223.4 8.09 -5.269 0.887
8.00 -234.6 8.29 -4.925 1.045
9.00 -246.1 8.48 -4.579 1.169
11.00 -264.5 8.80 -4.063 1.377
13.00 -278.4 9.04 -3.728 1.583
15.00 -290.5 9.25 -3.488 1.804
17.00 -302.4 9.46 -3.306 2.055
19.00 -314.7 9.67 -3.192 2.409
21.00 -328.1 9.90 -3.205 3.035
23.00 -342.9 10.16 -4.289 4.385



Titration No.

3

ES" = 250.66 mV, s = 57.934 mv,

[H+10

[Niz*]1,

Vo = 90.00 cm® .

6.00 -191.7
7.00 -209.3
8.00 -225.2
9.00 -239.8
10.00 -251.1
11.00 -259.9
12.00 -267.2
14.00 -280.1
16.00 -291.5
18.00 -302.3
20.00 -313.2
22.00 -324.6
24.00 -337.1
26.00 -351.2
Titration No. 4
EC" = 254.85 mV, s
Catl,

[Ni2*]1, =

[H+JT [Ni2+]T

5.000 x 1077 mol dm™?, [odenl,

Vg = 120.00 cm’.

[oo IR B0 ) R U I SN UV)

Xe}

13
14

15.
16.
.00

17

.00
.00
.00
.00
.00
.00
.00
10.
.00
12.
.00
.00

00

00

00
00

-150.
-164.
-172.
-177.
-182.
-187.
-191.
-195.
-199.
-204.
~-209.
-214.
-220.
-226.
-232,

P OO0 d-, DN, O b

1.112 x 10~% mol dm™?,
5.007 x 107"
o~ 1p = 4.129 x 107° mol dm™3,

7.64 -6.082
7.94 -5.509
8.21 -5.001
8.47 -4.547
8.66 -4.212
8.81 -3.967
8.94 -3.779
9.16 -3.480
9.36 -3.261
9.54 ~3.102
9.73 -2.999
9.93 -2.979
10.15 -3.177
10.39 -

= 59.117 mv,

.249 x 107% mol dm™*,

mol dm~*, Lodenly
niz*]p

AL WD == P2~ 00

4.485 x 107% mol dm7?,

0, Lodenly = 0,

.481
.828
.105
.282
.415
.545
.682
.921
.182
.540
.120
.231
.488

= 1.000 x 107* mol dm™?,

= 0, [odenlp = 5.001 x 10™% mol dm™?,

6.86
7.09
7.22
7.32
7.40
7.47
7.54
7.61
7.68
7.76
7.85
7.94
8.04
8.14
8.24

-7.177
-6.721
-6.465
-6.276
-6.118
-5.973
-5.838
-5.704
-5.566
-5.412
-5.248
-5.064
-4.871
-4.675
-4.497

N eNeoNoNoNoNoNoNoNoNoNoNoNoNe]

.004
.076
.156
.236
.316
.396
.475
.554
.632
.708
.782
.852
.918
.979
.037
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18.
19.
20.
21.
22
24
26
28
30.

00
00
00
00

.00
.00
.00
.00

00

-237.0
-241.3
-245.0
-248.3
-251.5
-257.1
-262.3
-267.0
-271.2

Titration No. 5

Eell

= 254.43 mv, s =

[v*],

5 G

.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00

mwwwOowowomwowowow

.32 -4.339
.39 -4.202
.46 -4.085
.51 -3.982
.57 -3.882
.66 -3.710
.75 -3.553
.83 -3.414
.90 -3.292
59.028 mV,

=2.249 x 107% mol am~?, [Ni*+],
Lodend,

= 1.000 x 107% mol dm™*,

[N e N

1

0, [Ni**]p = 0, [odenlpy = 5.001 x
Vo = 120.00 cm®.

-162.2
-180.3
-191.9
-202.8
-215.0
-226.6
-235.7
-242.8
-248.5
~253.4
-257.5
-261.3
-264.8
-267.9
-270.8
-276.0
~-280.6
-284.5
-288.1
-291.3
-295.5

Titration No. 6

<,
B

[H+].0

Loden],

[H+:|-T

Vo

254.

1.499 x 107* mol dm™, [Ni**]1y = 1.667 x 107 mol dm™?,
6.668 x 107* mol dm™?,

W WWwWwWwWwWwWomOoowaomwOowOoOaomwaowaoaomowaom=d-~J~Jd~

.06
.36
.56
.75
.95
.15
.30
.42
.52
.60
.67
.74
.80
.85
.90
.99
.06
.13
.19
.25
.32

-6.785
-6.177
-5.790
-5.426
-5.021

-4.639
-4.342
-4.114
-3.933
~3.779
-3.652
-3.536
-3.431
-3.338
-3.253
-3.103
-2.974
-2.868
-2.772
-2.689
-2.583

92 mv, s =59.091 mv,

PRl el R el R Rl R, P, 000000

.093
.147
.201
.255
.305
.403
.492
.572
.648

.667 x 107* mol dm™?,

1072 mol dm™?,

.021
.202
.422
.628
.800
.933
.045
.148
.247
.337
.428
.506
.573
.638
.694
.786
.849
.912
.944
.969
.997

0, [Ni**1p = 0, [odenly = 5.001 x 10™? mol dm=?,

120.00 cm® .
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2.00 -165.8 7.12 -6.835 -0.017
3.00 -184.8 7.44 -6.197 0.211
4.00 -196.8 7.64 -5.797 0.436
5.00 -208.5 7.84 -5.408 0.647
6.00 -221.4 8.06 -4.981 0.828
7.00 -233.9 8.27 -4.572 0.967
8.00 -243.5 8.43 -4.262 1.088
9.00 -250.8 8.56 -4.030 1.201
10.00 -256.7 8.66 -3.846 1.308
11.00 -261.9 8.75 -3.686 1.401
12.00 -266.3 8.82 -3.553 1.492
13.00 -270.2 8.89 -3.437 1.575
14.00 -273.9 8.95 -3.328 1.642
15.00 -277.2 9.01 -3.233 1.705
16.00 -280.3 9.06 -3.146 1.756
18.00 -285.8 9.15 -2.994 1.836
20.00 -290.5 9.23 -2.868 1.899
23.00 -296.5 9.33 -2.714 1.960
Titration No. 7
E°" = 255.58 mvV, s = 59.220 mV,
[Et]ly = 2.184 x 1072 mol dm™3?, [Ni2*], =
[oden]y = 1.009 x 1072 mol dm™?,
Catlpy = 0, [Ni*+]p = 0, [odenly = 5.001 x 1072
Vo = 119.00 cm?.
3.00 -163.8 7.08 -6.751 0.076
4.00 -171.6 7.21 -6.492 0.156
5.00 -177.7 7.32 -6.290 0.237
6.00 -182.4 7.40 -6.135 0.317
7.00 -187.0 7.47 -5.984 0.397
8.00 -191.2 7.54 -5.846 0.476
9.00 -195.2 7.61 -5.715 0.555
10.00 -199.5 7.68 -5.575 0.633
11.00 -204.2 7.76 -5.421 0.709
12.00 -209.1 7.85 -5.260 0.784
13.00 -214.6 7.94 -5.080 0.855
14.00 -220.6 8.04 -4.884 0.921
15.00 -226.5 8.14 -4.692 0.984
16.00 -232.1 8.24 -4.511 1.042
17.00 -237.2 8.32 -4.347 1.098
18.00 -241.5 8.39 -4.210 1.153
19.00 -245.2 8.46 -4.094 1.209
20.00 -248.6 8.51 -3.987 1.262
21.00 -251.6 8.56 -3.894 1.316
23.00 -257.6 8.67 -3.710 1.412

5.042 x 107? mol dm™?,

mol dm™?,
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5. System:

Titration No. 1

Bt + co*t + etolen

%" = 245.00 mv; s = 58.541 mV,

(g+ly =

3.716 x 107 mol dm™?,
[Co*+]y = 5.005 x 107" mol dm™*, [Letolen]y

Cor~Jp = 2.284 x 107* mol dm™*,
[co**1p = 0, [etolenly = O,
Vo = 100.00 cm?® .
1.00 51.6 3.30 -12
3.00 - 6.0 4.29 -10
4.00 -101.7 5.92 -7
5.00 -127.6 6.36 -6
6.00 - -143.5 6.64 -6
7.00 -156.4 6.86 -6
8.00 -168.4 7.06 -5
9.00 -180.9 7.28 -5
10.00 -194.8 7.51 -5
11.00 -210.3 7.78 -5
12.00 -224.8 8.03 -4
13.00 -238.4 8.26 -4
14.00 -251.0 8.47 -4
17.00 -308.3 9.45
Titration No. 2
©
E" = 249.29 mV, s = 58.499 mV,
Ca*tly, = 6.208 x 107* mol dm~?,

[co?+], = 5.005 x 10~* mol dm™?

[ou—1p = 2.294 x 107
[co**]lp = 0, [etolenly =
Vo = 100.00 cm® .

1.00 -12.1 4.47
2.00 -81.7 5.66
3.00 -104.0 6.04
4.00 -117.2 6.26
5.00 ~127.0 6.43
6.00 -135.0 6.57
7.00 -142.1 6.69
8.00 -148.7 6.80
10.00 -lel.6 7.02
12.00 -174.9 . 7.25
14.00 -190.4 7.52

0,

mol dm™?,

.813
.855
.641
.838
.389
.059
.783
.525
.269
.019
.828
.693
.624

.186
.838
.116
.708
.419
.195
.006
.838
.534
.253
.960

i
(@]

. [etolenl,

eNeoNeoNoNoNoNoNoNolNolNe)

1
=, 000000 0O0O0

1.488 x 107™* mol dm™?,

.011
.007
.018
.039
.080
.143
.235
.359
.532
.774
.101
.482
.894

= 2.976 x 107°

.005
.025
.036
.052
.078
116
.163
.220
.358
.557
.835

mol dm~?,
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16.00 -208.0 7.82 -4.668
19.00 -244 .3 8.44 -4.132
24.00 -304.3 9.46 -3.487
Titration No. 3

©

E " = 252.92 mV, s = 58.610 mv,
[H+10 =1

[etolenly = 4.947 x 107? mol dm™?,
[H+:|T = 0, [COZ +]T = ’

Letolenly = 1.977 x 107! mol dm™?,
Vo = 120.00 cm®.

AN e e INe) o) I o) e ) Mo )TN0 ) Mo ) Mo A IO ) o S o A RN U BN V) BNV BN U |

.03
.63
.85
.99
.09
.17
.24
.30
.35
.41
.50
.59
.67
.75
.82
.90
.97
.04

26 mv, s = 58.295 mv,

134 x 107! mol am™, [Co**], = 1.389 x 10~ mol dm™?

.827
.639
.217
.949
.761
.615
.482
.376
.281
.183
.017
.867
.729
.593
.474
.359
.243
.138

= 5.376 x 107 mol dm~?,

1.00 -42.1
2.00 -77.3
3.00 -90.0
4.00 -98.2
5.00 -104.0
6.00 -108.6
7.00 -112.8
8.00 -116.2
9.00 -119.3
10.00 -122.5
12.00 -128.0
14.00 -133.1
16.00 -137.9
18.00 -142.7
20.00 -147.0
22.00 -151.3
24.00 -155.7
26.00 -159.8
Titration No. 4
EY" = 248.
[H+]o = 1.
Letolen],
[H+JT = 0, [C02+JT =
Letolenly

0

r

= 2.932 x 107! mol am™?,
Vo = 120.00 cm?®.

1.273
2.155
3.609

0.

.009 x 107! mol am™*, [co**1, = 1.389 x 10™? mol dm ?,

020

0.059

(@

)PP P,PP,PP,PO0O000000C0O0CO0O

111
.168
.231
.298
.362
.431
.499
.561
.689
.810
.926
.029
.136
.235
.323
.417
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1.00 50.5
2.00 -77.4
3.00 -94.8
4.00 -104.3
5.00 -110.9
7.00 -121.0
8.00 -125.2
9.00 -128.9
10.00 -132.5
11.00 -135.9
12.00 -139.2
13.00 -142.4
14.00 -145.6
15.00 -148.6
16.00 -151.4
18.00 -157.3
20.00 -163.3
22.00 -169.3
25.00 -178.9
Titration No. 5
Eell =
[(uat] 0
[etolen]g

[a*lp = 0, [co**lp
120.00 cm®.

Vo

O~ vk w N

10
11
12
13
14
15.
16
18
20.
22.
25,

.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
.00

00

.00
.00

00
00
00

U Y. W o) W o) W) W) Mo ) Mo ) Mo )R ) o ) I o) B o) B O TR C A B S A I

.39
.59
.88
.05
.16
.33
.41
.47
.53
.59
.65
.70
.76
.81
.86
.96
.06
.16
.33

.60 mv, s = 58.547 mvV,
1.134 x 107! mol dm™*, [co?*],

|.057
.682
.100
.788
.574
.254
.124
.010
.902
.800
.703
.610
.519
.435
.357
.198
.041
.891
.662

= 5.376 x 107 mol dm™?,

62.
-80.
-99.

-110.
-117.
-129.
-134.
-138.
-142.
-146.
-150.
-153.
-157.
-160.
-164.
-171.
-178.
-185.
-198.

W OWPRPOONWOWWOHhOoNDHL!mWwWwWWYWOoOo

N dd 900000000000 1 W

.18
.61
.95
.13
.26
.46
.54
.62
.69
.75
.81
.87
.93
.99
.05
.17
.29
.42
.64

-11
-6

-5.

-5

-5.

-5
-4
~4
-4

-4.
-4.
-4,
-4.
-4.
.048
.872
-3.
.524
-3.

-3

.489
.631
969
.630
387
.025

.876
.748

.628
519
415
319
224
134

702

245

—_ ol Rk Rl P, O0O0000000O0O 00O O0o

il e S N e T a oo NeoNoNeNoNoNe Ne)

.022
.032
.106
.193
.289
.479
.572
.667
.756
.842
.925
.003
.076
.150
.227
.357
.471
.579
717

7.499 x 107* mol dm™?,

0, [etolenly = 2.932 x 107! mol dm™?,

.023
.047
.135
.253
.375
.612
.720
.832
.935
.037
.131
.226
.310
.392
.476
.602
.721
.808
.941
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Titration No. 6

<

E " = 247.
[E*1y, = 5.282 x 1072 mol dm™*, L[co**l,

31 mV,

= 58.754 mV,

[etolenly = 2.445 x 107% mol dm™?,
(a*ly = 0, [co**1p = 0,

= 1.223 x 1071
Vg = 120.00 cm®.

Letolenlyp

[a*lp = 0, [co?tly

NN OO OO OO YOOy N

.77
.63
.86
.00
.10
.18
.25
.30
.36
.45
.53
.60
.67
.74
.81
.87
.94
.00
.07
.13

mol dm™?

77 mV, s = 58.589 mv,

14

.654
.934
.477
.209
.023
.877
.754
.648
.556
.393
.251
.123
.006
.894
.787
.683
.585
.488
.395
.302

= 1.389 x 1072 mol dm™?,

-0.005
0.024
0.059
0.100
0.143
0.189
0.235
0.282
0.330
0.425
0.519
0.612
0.703
0.792
0.878
0.960
1.042
1.121
1.199
1.274

282 x 107* mol dm~, [co**]; = 7.499 x 10™° mol dm?,

1.00 84.8
3.00 -83.4
4.00 -97.2
5.00 -105.4
6.00 -111.2
7.00 -115.8
8.00 -119.7
9.00 -123.1
10.00 -126.1
12.00 -131.5
14.00 -136.3
16.00 -140.7
18.00 -144.8
- 20.00 -148.8
22.00 -152.7
24.00 -156.6
26.00 -160.3
28.00 -164.1
30.00 -167.8
32.00 -171.6
Titration No. 7
EC" = 246.
[H+]0 = 5.
Letolen],

= 2.445 x 107

Vo = 120.00 cm®.

.00
.00
.00
.00
.00
.00
.00
.00

LSO o U B o ) W U ERV-NE DU I

85.
-85.
-101.
-110.
-117.
-122.
-126.
-130.

= WO~ OB 9N

(eI e) RN o) o) W'o)W INT, BN NS

.76
.67
.94
.10
.21
.29
.37
.43

mol dm™?

~12

-6
-6
-5
-5
-5
-5

14

.671
.844
.323
.024
.815
.661
.527
.411

0, Letolenlp = 1.223 x 107! mol dm™?,

e NeoNoNoNoNoNeoNe!

.008
.033
.077
.131
.192
.260
.328
.396
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10.00 -133.4
11.00 -136.4
13.00 -142.1
15.00 -147.4
17.00 -152.4
19.00 -157.2
21.00 -161.8
23.00 -166.5
25.00 -171.0
27.00 -175.9
29.00 -180.7
31.00 -185.6
Titration No. 8

Ee" =

[H+:|.0

[ JEPN TR I NS o ) B0 ) I o ) Wi o) W) B o) B o)

.49
.54
.64
.73
.81
.89
.97
.05
.13
.21
.30
.38

-5.311
-5.221
-5.054

-4.
-4.

903
764

-4.634

-4.
-4.
~-4.
-4.
-4.
-3.

.84 mv, s = 58.461 mV,

.282 x 107 mol dm~*, [co?*t],

513
392
280
162
050
939

[etolen]y = 2.445 x 1072 mol dm™?,
a*ly = 0, [co**1p = O,

[etolen]y
Vo = 120.00 cm®

O ~JOY WU bW

Xe}

10.
11
12
13
14.
15.
17
19
21.
23
25
27.
29
31.

.00
.00
.00
.00
.00
.00
.00
.00

00

.00
.00
.00

00
00

.00
.00

00

.00
.00

00

.00

00

= 1.223 x 107! mol am™?,

81.
-91.
-107.
-116.
-123.
-128.
~133.
-137.
-141.
-145.
-148.
-152.
-155.
-158.
-164.
-170.
-176.
~182.
-188.
~-195.
-203.
-211.

O R, BJWNDWAEPAMNDMNONNIAONNWOWJONDMUOULOOGOO

R R B B N B E I o e ) e e) Be) W) I o) o) B o) W o) B0 ) BN o ) B U4 BN O]

.79
.75
.02
.18
.30
.39
.47
.55
.61
.68
.73
.79
.84
.90
.00
.10
.20
.31
.42
.53
.66
.81

.601
.686
177
.869
.655
.477
.329
.202
.093
.981
.887
.793
.704
.617
.458
.307
.162
.017
.872
.726
. 566
.390

0.468
0.540
0.678
0.810
0.938
1.061
1.182
1.293
1.408
1.508
1.612
1.718

4.166 x 107* mol dm™?,

.030
.019
.074
.140
.221
.300
.382
.467
.557
.630
.714
.788
.859
.922
.054
.176
.291
.397
.499
.606
.696
.784

P PP PPPPPOO0OO0OO0O0O000000O00O0o
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Titration No. 9

ES" = 242.47 mv, s= 58.397 mv,

[g+ly = 5.285 x 1072 mol dm™*, [Co?*]y = 1.389 x 1077 mol dm ?,
[etolenly = 2.421 x 107% mol dm™?,

[H+:IT = O, I:CO2 +:|T = O,

[etolenly = 1.211 x 107! mol dm™?,

Vg = 120.00 cm?.

3.00 -78.7 5.50 -7.189 0.017
4.00 -97.8 5.83 -6.549 0.045
5.00 -107.3 5.99 -6.236 0.081
6.00 -113.5 6.10 -6.034 0.122
7.00 -118.4 6.18 -5.877 0.165
8.00 -122.4 6.25 -5.751 0.210
9.00 -125.9 6.31 -5.642 0.255
10.00 -129.0 6.36 -5.546 0.301
11.00 -131.8 6.41 -5.460 0.347
. 13.00 -136.8 6.49 -5.310 0.440
15.00 -141.2 6.57 -5.180 0.534
17.00 -145.4 6.64 -5.059 0.625
19.00 -149.3 6.71 -4.948 0.715
21.00 -153.1 6.77 -4.843 0.802
23.00 -156.9 6.84 -4.739 0.886
25.00 -160.5 6.90 ~-4.643 0.970
27.00 -164.1 6.96 -4.549 1.051
29.00 -167.7 7.02 -4.456 1.131
31.00 -171.4 7.09 -4.364 1.206
33.00 -175.0 7.15 -4.276 1.283
35.00 -178.8 7.21 -4.185 1.356

6. System: HY + Co** + oden

Titration No. 1

ET" = 247.17 mV, s = 57.971 mv,

Ca*ly = 6.672 x 10”2 mol dm™?,

fco**1y = 9.992 x 107" mol dm™, [odenly = 2.243 x 10™° mol dm™?,
o~y = 4.057 x 1072 mol dm™?,

[co**1p = 0, [odenly = 0,

Vo = 90.00 cm®.



5.00
6.00
7.00
8.00

Titration No. 2

-66.9
-232.2
-247.5
-257.7

Su
E =

[H+]0

l:COz +:|.0
Lor™ Ip

[COZ +]T
Vo = 90.00 cm’ .

3.00
5.00
7.00
9.00

248.

5.42
8.27
8.53
8.71

-10.784
- 5.158
- 4.708
- 4.441

92 mV, s = 57.668 mV

1.006 x 107? mol dm™?,

9.992 x 10°* mol dm™?,

4.041 x 1072 mol dm™*,

-188.6
-233.9

-249.
-260.

Titration No.

1
8

©
E "

[H+]o

[COZ+]0
[or™ 1p
Lco?* *1p = 0, [odenlp = O,
Vo = 90.00 cm®.

11
11.
12
12.
13.
13.
14.
15.
16.
17
18.
19.
20.

.00

50

.00

50
00
50
00
00
00

.00

00
Q0
00

248.

0, Lodenly = 0,

7.59
8.37
8.64
8.84

42 mv, s = 58.757 mv,

5.570 x 107® mol dm™?,
= 4.996 x 107" mol dm™?,
1.024 x 1072 mol dm™?,

-208.
-217.
-223.
-228.
-232.
-236.
-239.
-244.
-248.
-252.
-256.
-258.
-262.

NN JO T, P, OO0 0N

.77
.92
.03
.12
.19
.25
.30
.39
.46
.53
.59
.64
.69

0 0 O 0O awOomOMOEM a2

[oden], = 4.485 x 107> mol dm ?,

.147

.660

221

.915

[oden]y = 2.243 x 107* mol dm™?,

.125
.827
.624
.461
.336
.228
.138
.977
.850
.744
.649
.565
.489

0.035
0.132
0.278
0.439

0.074
0.266
0.519
0.768

.080
101
.126
.151
.179
.207
.238
.297
.360
.427
.493
.560
.628

[eNeoNoNoNoNoNoNeoNoRoNoNo NG
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Titration No. 4

©n
E

[H+]0

[C02+10
LoH™ 1
[co**1p = 0, [odenly = O,

9.499 x 107 mol dm™?,.

252.67 mV, s = 58.399 mV,

4.996 x 107* mol dm™?,

1.024 x 1072

0 omODWOWMOOOOODNNI IS

.19
.51
.68
.80
.88
.96
.02
.20
.33
.43
.55
.66
.75

mol dm °,

s = 58.966 mvV,
249 x 10™? mol dm™*, [co**1,

1.000 x 107% mol am™?,

Vo = 90.00 cm’.
6.00 -167.5
6.50 -185.9
7.00 -195.8
7.50 -202.7
8.00 -207.8
8.50 -212.1
9.00 -215.5
11.00 -226.1
13.00 -233.6
15.00 -239.4
18.00 -246.7
21.00 -252.8

24.00 -258.4

Titration No. 5

ES" = 252.62 mV,
[a*l, = 2.
Lodenly =
[E*ly = 0

, [co**1p = 0, [odenly = 5.001

Vo = 120.00 cm® .

(602NN B0 ) W V2 Y= N V]

Xo}

10
12
14

22
24

.00
.00
.00
.00
.00
.00
.00
.00
.00
.00
16.
18.
20.

00
00
00

.00
.00

-191.
-208.
-216.
-222.
-227.
-230.
~234.
-237.
~242.
~-247.
~252.
~-256.
~261.
-265.
-268.

ONONOONNJO =000

0 0 0 0 0OoOoOoKOoOaoMOaoMOaoMNI

.54
.82
.96
.06
.14
.20
.25
.30
.40
.48
.57
.64
.71
.78
.84.

[oden],

.936
.314
.982
.753
.585
.445
.336
.001
.772
.601
.395

230
085

.834
. 266
.998
.808
.662
.543
.438
.345
.166
.010
.862
.728
.598
.479
.371

eNeoNoReoReoNoNoNoNoNoNo NN

x 107? mol dm™®,

P PP, OO0 0000000000

4.485 x 107° mol dm™?,

.107
.114
.126
.140
.157
.174
.195
.279
.370
.469
.614
.761
.895

4.998 x 107 mol dm™?,

.024
.034
.099
.164
.231
.298
.365
.432
.560
.686
.805
.919
.024
.124
1219
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26.00
28.00
30.00

-272.6 8.91 -3.264
-275.9 8.96 -3.171
-279.2 9.02 -3.079

Titration No. ©

<,

E " = 256.60 mV, s = 59.315 mV,
[H*], = 2.249 x 1072 mol dm™>, [Co**], =
[oden]ly = 1.000 x 107% mol dm™> ,
[a*ly = 0, [co**lp = 0, [odenlp = 5.001 x 107°
Vo = 120.00 cm®.
3.00 -195.8 7.63 -5.652 -0.092
4.00 -215.8 7.96 -4.988 0.045
5.00 -226.0 8.14 -4.654 0.192
6.00 -233.2 8.26 -4.421 0.342
7.00 -239.1 8.36 -4.232 0.485
8.00 -244.4 8.45 -4.063 0.616
9.00 -249.0 8.52 -3.919 0.741
10.00 -253.1 8.59 -3.792 0.859
11.00 -257.0 8.66 -3.672 0.963
12.00 -260.6 8.72 . -3.562 1.056
13.00 -263.8 8.77 -3.466 1.147
14.00 -266.8 8.82 -3.377 1.229
16.00 -272.2 8.92 -3.220 1.372
18.00 -277.1 9.00 -3.080 1.477
20.00 -281.2 9.07 -2.966 1.583
22.00 -285.0 9.13 -2.863 1.657
24.00 -288.3 9.19 -2.776 1.732
26.00 -291.4 9.24 -2.696 1.780
28.00 -294.2 9.29 -2.626 1.822
30.00 -296.8 9.33 -2.562 1.849
Titration No. 7
e.ll
E = 252.96 mv, s = 58.878 mV,
[H*1 = 1.499 x 107% mol dm™®, [Co**], = 1.666 x 10™° mol dm™*
Lodenly = 6.668 x 107% mol dm™?,
[E*1p = 0, [co**1p = 0, [odenly = 5.001 x 107 mol dm™,

Vo = 120.00 cm®.

1.302
1.384
1.454

1.666 x 107 mol dm™’,

mol dm™?,
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7.
8.
8.
8.
8.
8.
8.
8.
.81

8

8.
8.
.99
.08
.17
.24
.30

8
9
9
9
9

72
09
26
39
49
59
67
74

87
93

.50 mvV, s = 58.787 mV,

1.000 x 107% mol dm™?,

2.00 -201.6
3.00 -223.4
4.00 -233.6
5.00 -241.0
6.00 -247.2
7.00 -252.6
8.00 -257.3
9.00 -261.8
10.00 -265.8
11.00 -269.5
12.00 -273.0
13.00 -276.1
15.00 -281.7
17.00 -286.7
19.00 -291.0
21.00 -294.8
Titration No. 8
EC" =
[H+]0
[oden], =
[ty

Vo = 120.00 cm®.

[o RN Ie)}

10.

14
l6.
18
20
22
24
26.
28.
30

.00
.00
.00
.00

00

.00
.00

00

.00
.00
.00
.00

00
00

.00

-220.
-225.
-228.
-232.
~235.
-241.
-246.
-250.
-255.
-259.
-263.
-267.
-271.
-274.
-277.

System:

Titration No.

1

DOV OP,OWNDOW DU

WO 00 00 OomOomOoOoTOoOTOa®oOaOoEOomOon oo

.05
.13
.19
.25
.30
.39
.48
.56
.64
.71
.78
.85
.91
.97
.02

, [co*+1p = 0, [odenly

HY + 2n®t + etolen

EC" = 244.83 mV, s = 58.447 mv,

[E" 0 = 4.417 x 10”? mol dm™®
Letolen]y

.639
.912
.578
.338
.140
.970
.824
.685
.564
.454
.351
.261
.103
. 965
.851
.753

5.001 x

.834
.681
.561
.455
.356
.176
.0le
.868
.730
.600
.481
.369
. 262
.165
.076

-0.
.065
.223
.379
.526
.664
.795
.909
.015
111
.193
.274
.410
.511
.598
.671

(@]

—_ o, ek, ke, e, e, 000000

P PP, P, P, P, O0O0000000O0

077

1072

.167
.233
.301
.368
.434
.563
.688
.807
.919
.025
.125
.217
.301
.379
.451

.249 x 1072 mol dm™3*, [Cco**]y = 4.998 x 1073 mol dm 3,

mol dm™3,

» [20**]y = 1.000 x 1072 mol dm™?,
1.997 x 107% mol dm™ 3, k
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(g*ly = 0, [2n**1p = 0, [etolenly = 9.987 x 1072 mol dm™”,

Vo = 120.00 cm®.

3.00 - 81.5 5.58 -7.108 ~0.02
4.00 - 94.8 5.81 -6.664 0.03
5.00 -102.7 5.95 -6.404 0.08
6.00 -108.2. 6.04 -6.225 0.13
7.00 -112.5 6.11 -6.087 0.19
8.00 -115.9 6.17 -5.979 0.25
9.00 -119.0 6.23 -5.881 0.31
10.00 -121.7 6.27 -5.797 0.37
11.00 -124.0 6.31 -5.727 0.43
13.00 -128.4 6.39 . -5.593 0.55
15.00 -132.4 6.45 -5.473 0.67
17.00 -136.0 6.52 -5.367 0.79
19.00 -139.5 6.58 -5.265 0.91
21.00 -142.7 6.63 -5.173 1.03
23.00 -146.1 6.69 -5.077 1.14
25.00 -149.4 6.75 -4.985 1.25
27.00 -152.9 6.81 -4.889 1.35
29.00 -156.5 6.87 -4.791 1.45
31.00 -160.3 6.93 . -4.690 1.54
33.00 -164.3 7.00 -4.586 1.62
35.00 -168.7 7.08 -4.473 1.69
37.00 -173.4 7.16 -4.356 1.75
39.00 -178.5 7.24 -4.233 1.81

Titration No. 2

E" = 246.94 mV, s = 58.697 mV,

(%o = 4.610 x 107 mol dm™, [2n**1, = 5.218 x 107 mol dm™?,
Letolenly = 2.084 x 107? mol dm™?,

[a*1p = 0, [2n**1p = 0, [etolenly = 9.987 x 1072 mol dm™?,

Vo = 115.00 cm®.

2.00 - 30.9 4.73 -8.776 ~0.10
3.00 - 83.4 5.63 -7.002 -0.05
4.00 - 98.4 5.88 -6.504 0.02
5.00 -107.3 6.04 -6.214 0.10
6.00 -113.5 6.14 -6.014 0.19
7.00 -118.4 6.22 -5.859 0.28
8.00 -122.6 6.30 -5.727 0.37
9.00 -126.1 6.36 -5.619 0.47
10.00 -129.4 6.41 -5.518 0.57
11.00 -132.4 6.46 -5.428 0.66
12.00 -135.1 6.51 -5.347 0.76
13.00 -137.9 6.56 -5.264 0.85
15.00 -143.0 6.64 -5.116 1.03
17.00 -148.2 6.73 -4.967 1.19
19.00 -153.2 6.82 -4.828 1.34
21.00 -158.4 6.91 -4.687 1.47



M~~~ =N~

.00
.10
.20
.31
.43
.58
.74
.93
.15

-4.
-4.
-4.

548
399
251

-4.093
-3.930
-3.748
-3.551

-3
-3

79 mV, s = 58.639 mV,

23.00 -163.7
25.00 -169.5
27.00 -175.5
29.00 -182.2
31.00 -189.4
33.00 -197.8
35.00 -207.4
37.00 -218.7
39.00 -231.3
Titration No. 3
ET" = 246.

[a*tl, =
[etolen],

= 1.997 x 1072

Vo = 120.00 cm’ .-

2.00
3.00
4.00
5.00

1 6.00
7.00
8.00
9.00

10.00

11.00

12.00

13.00

14.00

15.00

16.00

17.00

18.00

19.00

20.00

21.00

22.00

23.00

24.00

25.00

26.00

27.00

28.00

29.00

30.00

31.00

32.00

33.00

34.00

35.00

36.00

- 18.
- 83.
- 99.
-109.
-116.
-121.
-126.
-129.
-133.
-136.
-139.
-143.
-146.
-148.
-151.
-154.
-157.
-160.
-163.
-166.
-169.
-173.
-176.
-179.
-183.
-187.
-191.
~-195.
-200.
-205.
-210.
-216.
-223.
-229.
-236.

BONODOUWWNWWUMOouUMFR,RONNOOOOONDWOOWOLOUMWO UL E JON

VOO NN N NNNNNONNNNONAOdOOO0OO0 00N OO0y U

.52
.62
.91
.07
.19
.28
.36
.42
.49
.54
.59
.65
.70
.75
.80
.85
.90
.95
.00
.05
.10
.16
.22
.28
.34
.40
.47
.55
.62
.71
.81
.91
.02
.13
.24

.331
.097

4.417 x 107% mol dm™®, [zn®*T],
mol dm ?,
[e*tly = 0, [2n**1p = 0, [etolenly = 9.987 x 107* mol dm™?,

.223
.027
.473
.156
.937
.770
.629
.509
.400
.301
.209
.118
.032
.949
.868
.788
.709
.629
.550
.469
.391
.309
.226
. 145
.061
.975
.886
.791
.694
.591
.480
.365
.244
.122
.003

—_ P

i
(@]

|
i el e T e S S S e = N U SOy I N TN T s e e Ro Reo ReoNo No No N e

.59
.67
.74
.78
.81
.82
.82
.83
.85

3.332 x 10”° mol dm ?*,

.15
.07
.01
.11
.22
.33
.45
.57
.69
.81
.93
.04
.14
.24
.33
.42
.49
.56
.62
.67
.72
.75
.77
.80
.82
.83
.83
.83
.82
.82
.81
.81
.81
.82
.84
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Titration No. 4

ET" = 246.63 mV, s = 58.679 mv,

[8*1q = 2.349 x 1072 mol dm *, [2n**]1; = 5.218 x 107° mol dm™?,
[etolenly = 1.042 x 107? mol dm™?,

Catlp = O, [2n**]p = 0, [etolenly = 4.993 x 107? mol dm™°,

Vo = 115.00 cm?.

2.00 37.6 3.56 -11.411 -0.06
3.00 - 70.9 5.41 -7.720 -0.04
4.00 -94.0 5.81 -6.947 -0.02
5.00 -104.6 5.99 -6.599 0.02
6.00 -111.5 6.10 -6.376 0.06
7.00 -116.6 6.19 -6.213 0.11
8.00 -120.6 6.26 -6.088 0.16
9.00 -124.1 6.32 -5.979 0.21
10.00 -127.0 6.37 -5.890 0.26
11.00 -129.6 6.41. -5.812 0.32
13.00 -134.4 6.49 -5.668 0.42
15.00 -138.5 6.56 -5.549 0.53
17.00 -142.1 6.63 -5.446 0.64
19.00 -145.7 6.69 -5.344 0.75
21.00 -149.0 6.74 -5.253 0.86
23.00 -152.2 6.80 -5.166 0.97
25.00 -155.4 6.85 -5.081 1.07
27.00 -158.7 6.91 -4.994 1.17
29:00 -162.1 6.97 -4.906 1.27
31.00 -165.6 7.03 -4.817 1.36
33.00 -169.2 7.09 -4.727 1.45
35.00 -173.1 7.15 -4.632 1.53
37.00 -177.3 7.23 -4.532 1.60
39.00 -181.8 7.30 -4.427 1.66

Titration No. 5

E" = 248.08 mv, 's = 58.861 mv,

[E*1y = 2.252 x 10 mol dm™, [2zn?*]1, = 1.666 x 10~ mol am™?,
Letolenly = 9.987 x 107 mol dm™?,

[a*tly = 0, EZn2+]T = 0, [etolen]T = 4.993 x 107? mol dm™?,

Vg = 120.00 cm?.

2.00 27.7 3.74 -11.064 -0.21
3.00 -74.6 5.48 - 7.597 -0.15
4.00 -97.3 5.87 -6.842 -0.10

5.00 -108.9 6.07 -6.464 -0.02



NP, DD OWUOODONOUOWODWULIGTOY W W WWO

6.00 -116.
7.00 -122.
8.00 -127.
9.00 -132.
10.00 ~135.
11.00 -139.
12.00 -142.
13.00 -145.
14.00 -148.
15.00 -151.
17.00 -156.
19.00 ~162.
21.00 -168.
23.00 -173.
25.00 -180.
27.00 -187.
29.00 -194.
31.00 -203.
33.00 -213.
35.00 -226.
37.00 -239.
39.00 -250.
Titration No. 6
EC" =

[atl, = 4.610 x 1072
[etolen],

Lt 1

WMOOIJNJJDJ~JOOOOOOOOoOHO OO O

.20
.30
.39
.46
.52
.58
.64
.69
.74
.79
.88
.97
.07
.17
.28
.39
.52
.67
.85
.06
.28
.47

84 mvV, s = 58.758 mV,

mol dm~3,

[2Zn?*], = 5.218 x 10™° mol dm™?,

.210
.018
.863
.735
.620
.520
.423
.337
.255
177
.026
.880
.734
.587
.437
.282
.115
.930
.724
.492
.259
.059

= 2.084 x 107? mol dm™3,

[an +:IT

Vo = 115.00 cm®.

WO u b wN

10.
11
12
13
15.
17.
19
21
23.
25

.00
.00
.00
.00
.00
.00
.00
.00

00

.00
.00
.00

00
00

.00
.00

00

.00

-22.

-82.

-97.
-106.
-113.
-118.
-122.
-125.
-129.
-132.
-135.
-137.
~-142.
-148.
~153.
~158.
~163.
-169.

N D WP, OWJdONRFE YONR E e b

NOOOOOOOOO OO WU U

.58
.60
.86
.02
.13
.21
.28
.34
.40
.45
.50
.54
.63
.72
.81
.90
.99
.09

-9

.078
.061
.543
.249
.043
.884
.756
.641
.543
.449
.365
.286
.134
.988
.846

.705
.562
.413

0.06

0.15

0.24
0.35
0.45
0.55
0.65
0.75
0.85
0.95
1.13
1.29
1.41
1.52
1.59
1.65
1.69
1.70
1.71
1.72
1.76
1.83

0, [etolen]T = 9.987 x 107 mol dm™?,

-0.10
.04
.03
.11
.20
.29
.39
.48
.58
.68
.77
.87
.05
.22
.37
.50

.61

.69

{
e, P, R, 00000000000
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27.00
29.00
31.00
33.00
35.00
37.00
38.00

-175.
-182.
-189.
-197.
-207.
-218.
-224.

(oo IEE I = e BNV N O o))

W~~~ N

.19
.30
.43
.57
.73
.92
.03

-4.
-4,
-3.
.760
.563
-3.
.228

-3

262
106
940

343

.76
.80
.83
.84
.84
.84
1.85

[ N = GO
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TABLE 7.2

Titration calorimetric data for the varicus systems.

1. System: HY + etolen

Titration No. 1

[H+10
[E+]p = 5.001 x 107*

0, [etolenly

Vo = 95.00 cm’®.

0.1698 -4.341
0.3890 -5.285
0.6081 -5.332
0.8273 -5.052
1.0464 -5.205
1.2655 -5.141
1.4847 -5.130
1.7038 -5.283
1.9230 -5.108
2.1421 -4.654
2.3613 -4.637
2.5804 -4.619
2.7995 -4.656
3.0187 -4.526
3.2378 -4.562
3.4570 -4.430
3.6761 -4.520

Titration No. 2

[H+]o
[(E*Ir = 5.001 x 10~!
Vo = 95.00 cm®.

0, [etolenl]y

C.1644 -4.176
0.3837 -5.385
0.6029 -5.325
0.8222 -5.209
1.0414 -5.145
1.2607 -5.135
1.4799 -5.234
1.6992 -5.334
1.9184 -5.049
2.1377 -4.705

= 9.958 x 107? mol dm™?,

mol dm~3*, [etolenly = 0,
T

= 9.958 x 107 mol dm™?,
mol dm™*, [etolenly = 0,
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2.3569 -4.633
2.5762 -4.560
2.7954 -4.597
3.0147 -4.522
3.2339 -4.502
3.4532 -4.538
3.6724 -4.461

Titration No. 3

Cat],
EH+]T

Vo = 95.00 cm?.

0, [etolenly

5.001 x 107*

= 9,958 x 1073? mol dm™?,
mol dm™*, [etolenly = O,

0.1810 -4.456
0.4005 -5.413
0.6199 -5.135
0.8393 -5.070
1.0587 -5.223
1.2782 -5.158
1.4976 -5.257
1.7170 -5.081
1.9365  -4.848
2.1559 -4.888
2.3753 -4.596
2.5947 -4.633
2.8142 -4.503
3.0336 -4.594
3.2530 -4.686
3.4725 -4.443
3.6919 -4.421
2. System: HY + oden

Titration No. 1

[H+1o
[H+1T

Vo = 95.00 cm®.

0, [odenl; =

0.1076 -2.714
0.2799 -4.278
0.4521 -4.417
0.6243 -4.340
0.7966 -4.370
0.9688 -4.347
1.1410 -4.431

8.303 x 10™* mol dm™?,

5.000 x 107! mol dm™?, Lodenly = 0,
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1.3133 -4.408
1.4855 -4.438
1.6577 -4.468
1.8300 -4.498
2.0022 -4.419
2.1744 -4.558
2.3467 -4.644
2.5189 -4.509
2.6911 -4.594
2.8634 -4.624
3.0356 -4.431

Titration No. 2

Eat] 0
[g*tlp = 5.000 x 1071
Vp = 95.00 cm’.

0, [odenly =

1
l

8.303 x 107% mol dm ?,
mol dm™?, [oden]T = Q,

0.0969 -2.355
0.2908 -5.018
0.4846 -5.057
0.6785 -5.041
0.8723 ~-5.080
1.0662 -5.009
1.2600 -5.101
1.4539 + =5.139
1.6477 -5.067
1.8416 -5.104
2.0354 -5.141
2.2293 -5.234
2.4231 -4,995
2.6170 -5.19%6
2.8108 -5.178
3.0047 -4.936
3. System: HT + Ni**t + etolen

Titration No. 1

[B*]y = 1.091 x 107! mol dm™?, [Ni**J, = 2.676 x 1072 mol dm™®,

[etolen]y = 6.081 x 107* mol dm™?,

Lu*ly = 0, [Ni1+]T = 0, L[etolenly = 1.274 mol dm™,

Vg = 95.838 cm®.

0.2192 -8.157
0.4383 -8.227
0.6574 -8.242
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.8766 -8.202

0

1.0957 -8.326
1.3149 -8.450
1.5340 -8.353
1.7532 -9.034
1.9723 -8.382
2.1914 -8.282
2.4106 -8.684
2.6297 -8.753
2.8489 -8.596
3.0680 -8.325
3.2872 -8.163
3.5063 -7.886
3.7254 -7.604

Titration No. 2

[a*]y = 1.091 x 107! mol dm™, [Ni2*], = 2.676 x 1072 mol dm™?,
[etolenl]ly, = 6.078 x 10~% mol dm™*,

(a*tly = 0, [Ni**]p = 0, [etolenly = 1.274 mol dm™?,

Vo = 95.836 cm’.

0.2190 -8.267
0.4381 -8.119
0.6572 -8.299
0.8763 -8.260
1.0954 -8.275
1.3145 -8.455
1.5335 -8.525
1.7526 -8.318
1.9717 -8.664
2.1908 -8.511
2.4099 -8.860
2.6290 -8.538
2.8480 -8.381
3.0671 -8.221
3.2862 -8.058
3.5053 -7.611
3.7244 -7.271
3.9435 -6.415
4.1625 -5.607
4.3816 -4.790

Titration No. 3

[E%1o = 1.091 x 107" mol dm™, [Ni?*1, = 2.677 x 10~ mol dm™?,
Letolenl; = 6.063 x 107% mol dm™?,

Latly = 0, INi2*1g = O, Letolenly = 1.274 mol dm™?,

Vo = 95.824 cm?.



WWWWNONNONNN P PP P22, O00O0O0

Titration No.

.2187
.4374
.6561
.8749
.0936
.3123
.5310
.7497
.9684
.1871
.4059
.6246
.8433
.0620
.2807
.4994
.7181

sttem:

Et + Ni?*t + oden

1

[H+]0

Lodenl,

[E+1p

Vo

STV b BB D WWWNNOMNR, A2, O0O0

= 95.

. 2464
.5624
.8783
.1943
.5103
.8262
.1422
-4581
.7741
.0900
.4060
.7219
.0379
.3538
.6698
.9857
.3017
.6176
.9336
.2495

.950
.237
.308
.267
.281
.461
.530
.322
.668
.681
.526
.594
.436
.388
.001
.609
.212

.001 x 107% mol dm™?, [NiZ*],
2.900 x 107? mol dm'?,
0, [Ni**1; = 1.667 x 107" mol dm™*, [odenlyp

.081
.725
.646
.564
.371
.065
.864
.605
.397
.241
.971
.921
.758
.705
.538
.426
.312
.253
.194
.191
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Titration No. 2

Ca*ly, = 4.001 x 1072 mol dm™?, [Ni?+]1; = O,

Lodenly = 2.900 x 1072 mol dm™?,

[e*ly = 0, [Ni**], = 1.667 x 107" mol dm™, [odenly = 0,
Vo = 95.00 cm’.

0.2097 -1.803
0.4945 -2.493
0.7794 -2.356
1.0642 -2.380
1.3491 -2.185
1.6339 -2.042
1.9188 -1.731
2.2036 -1.692
2.4885 -1.375
2.7733 -1.164
3.0582 -1.118
3.3430 -0.903
3.6279 -0.853
3.9127 -0.746
4.1976 -0.694
4.4824 -0.584
4.7673 -0.416
5.0521 -0.360
5.3370 -0.246
5.6218 -0.244

Titration No. 3

[H*], = 4.001 x 107* mol am™*, [Ni?*], = O,
Loden], 2.900 x 10”2 mol dm-3,

(e*lr = 0, [Ni**]p = 1.667 x 10 ! mol dm™, [odenly = O,
Vo = 95.00 cm’.

0.2017 -1.713
0.4864 -2.542
0.7712 -2.405
1.0559 -2.320
1.3407 -2.234
1.6254 -1.982
1.9102 -1.836
2.1949 -1.632
2.4797 -1.425
2.7644 -1.160
3.0492 -1.058
3.3339 -1.011
3.6187 -0.794
3.9034 -0.743
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4.1882 -0.635
4.4729 -0.582
4.7577 -0.415
5.0424 -0.359
5.3272 -0.245
5.6119 -0.187

Titration No. 4

[g*l, = 4.001 x 107% mol dm~*, [Ni**l, = O,
Loden]y 2.900 x 107> mol dm™?,

[a+lp = 0, [Ni2*]p = 1.667 x 107" mol dm™, [odenly = 0,

Vg = 95.00 cm’.

0.2039 -1.733
0.4884 -2.531
0.7729 -2.447
1.0574 -2.363
1.3419 -2.222
1.6264 -2.024
1.9109 -1.878
2.1954 -1.620
2.4799 -1.413
2.7644 -1.203
3.0489 -1.101
3.3334 -0.998
3.6179 -0.838
3.9024 -0.731
4.1869 -0.566
4.4714 -0.569
4.7559 -0.459
5.0404 -0.290
5.3249 -0.290
5.6094 -0.175
5. System: H' + Co** + etolen

Titration No. 1

[atl, = 1.091 x 107! mol dm™, [Co**], = 2.974 x 10~% mol dm~?,
[etolenly = 6.085 x 10~* mol dm~?,

[g*lp = 0, [co**lp = 0, [etolenl; = 1.274 mol dm™>,

Vg = 95.842 cm®.



.2192
.4383
.6574
:8766
.0957
.3149
.5340
.7532
.9723
.1914
.4106
.6297
.8489
.0680
.2872
.5063
.7254

WWWWRDNONND PP =~ QO OO

Titration No.

-4

-4
-4

2

[Ht]y = 1.091 x 107! mol dm™, [Co**],
[Letolenly, = 6.102 x 1072 mol dm™?,

.326
.745
.782
.985
.244
.340

.325
.143
.015
.885
.697
.787
.654
.349
.549
.412
.329

[atl, = 0, [co* g =

Vg = 95.855 cm®.

.2191
.4382
.6574
.8765
.0957
.3148
.5340
.7531
.9722
.1914
.4105
.6297
.8488
.0680
.2871
.5062
. 7254

WWWWNDNONDNNNEFE —, PP, OO0 00

Titration No.

[atl, = 1.091
[etolenly = 6

x 107! mol dm™, [Co**1, = 2.974 x 10™? mol dm™°,
.086 x 107* mol dm™,

.550
.530
.004
.767
.520
.953
.156
.194
.842
.821
.799
.553
.585

.561
.367
.454
.144

[H+]T = Q, [Coz+]T =

Vg = 95.843 cm’.

2.973 x 10~% mol dm™?,

0, Letolenlyp 1.274 mol dm™?,

0, [etolenlp = 1.274 mol dm™,
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.2189
.4378
.6567
.8756
.0945
.3134
.5323
.7512
.9701
.1890
.4079
.6268
.8457
.0646
.2836
.5025
L7214

WWWWNDNOMNMN P, PR, P, P, OO00O0

6. System:

Titration No.

H+ + c02+

[H*], = 4.001 x 1072 mol dm™3, [Co®*],

Loden],

[E+1p = 0, [Co**1p = 1.667 x 107" mol dm™*, [odenly = 0,

Vo = 95.00 cm’.

.1913
.4760
. 7606
.0453
. 3299
.6146
.8992
.1839
.4685
.7532
.0378
.3225
.6071
.8918
.1764
.4611
. 7457
.0304
.3150
.5997

VMU E D R LWWWWRNNNNR, » P 2 000

.398
.543
.744
.836
.151
.246
.287
.161
.921
.903
.660
.750
.560
.481
.457
.376
.407

.089
.521
.427
.332
.181
.137
.982
.825
777
.616
.620
.513
.347
.405
.350
.238
.295
.182
.181
.180

+ oden

2.900 x 1072 mol dm™?,

0,

242
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Titration No. 2

[g*ly, = 4.001 x 1072 mol dm™®, [co**1y = O,

Lodenl 2.900 x 10™? mol dm™?,
[+l = 0, [Co**Ip = 1.667 x 10~" mol dm™*, [odenlp = O,
Vo = 95.00 cm®.

0.1935 -1.083
0.4779 -1.577
0.7623 -1.374
1.0467 -1.387
1.3311 -1.290
1.6155 -1.082
1.8999 -0.981
2.1843 -0.824
2.4687 -0.720
2.7531 -0.670
3.0375 -0.563
3.3219 -0.511
3.6063 -0.402
3.8907 -0.348
4.1751 -0.293
4.4595 -0.238
4.7439 -0.238
5.0283 -0.239
5.3127 -0.182
5.5971 -0.125

Titration No. 3

(8], = 4.001 x 107% mol dm™*, [Co**], = 0,
Loden] 0

2.900 x 107% mol dm™3,
(E+1p = 0, [Co**Ip = 1.667 x 107! mol dm™?, Codenly = 0,
Vo = 95.00 cm®.

0.2057 -1.169
0.4906 -1.547
0.7754 -1.400
1.0603 -1.305
1.3451 -1.264
1.6300 -1.111
1.9148 -0.901
2.1997 -0.854
2.4845 -0.695
2.7694 -0.644
3.0542 -0.537
3.3391 -0.485
3.6239 -0.431
3.9088 -0.377
4.1936 -0.321
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4.4785 -0.265
4.7633 -0.265
5.0482 -0.151
5.3330 -0.207
5.6179 -0.207

Titration No. 4

[g*]l, = 4.001 x 107 mol dm™?, [co*¥1, = 0,
[odenly = 2.900 x 107% mol dm™?,

[E*]lp = 0, [co**lp = 1.667 x 107! mol dm™*, [odenly = 0,

Vg = 95.00 cm’.

0.1804 -1.000
0.4653 -1.591
0.7501 -1.389
1.0350 -1.403
1.3198 -1.197
1.6047 -1.099
1.8895 -0.943
2.1744 -0.841
2.4592 ~-0.793
2.7441 -0.577
3.0289 -0.581
3.3138 -0.473
3.5986 -0.420 °
3.8835 -0.310
4.1683 -0.311
4.4532 -0.255
4.7380 -0.256
5.0229 -0.200
5.3077 -0.200
5.5926 -0.200
7. System: HT + zn®*t + etolen

Titration No. 1

[e*ly = 1.089 x 107! mol dm™, [2n**]; = 2.971 x 107? mol dm™?,
Cetolenly = 6.018 x 10" * mol dm™?,

[H+]T = 0, [an+]T = 0, Letolenlp = 1.139 mol dm™3,

Vo = 95.903 cm®.
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Titration No.

.3201
.6402
.9603
.2803
.6004
.9205
. 2406
.5607
.8808
.2009
.5210
.8411
.1612
.4813
.8014
.1215
.4416
.7617

-6.
.693

)

-6.
.060
.302
.435
.624
-7.
.668
.803
.824
.845
-7.
.423
-7.
.811
.410
-5.

-7
-7
-7

-7
-7
-7
-7

-6

2

[H+]0
[Letolenly
[H+]T =0 7

Vo = 95.870 cm®.

GO und BB WWWRNDNDNNRPR, 2, OO0O0

.3221
.6441
.9662
.2883
.6104
.9325
. 2546
.5767
.8988
.2209
.5430
.8651
.1872
.5093
.8314
.1535
.4756
.7977

293

820

591

579

148

829

1.089 x 10~! mol dm™?,
5.981 x 107? mol dm7?,
[zn**1p = 0, [etolenl;

.384
.841
.973
.216
.517
.654
.680
.874
.957
.152
.895
.861
.654
.558
.229
.779
.322
.682

2.972 x 107 mol dm ?,

1.139 mol dm™?*,

245
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Titration No. 3

[g*l, = 1.089 x 10°* mol dm™, [zn**1, = 2.971 x 107* mol dm™,
[etolenly; = 6.015 x 1072 mol dm™’,
[a*ly = 0, [zZn**1p = 0, [etolenlp = 1.139 mol dm™?,

Vo = 95.900 cm®.

0.3219 -6.294
0.6438 ~6.751
0.9657 -6.827
1.2876 ~7.235
1.6095 -7.425
1.9315 ~-7.506
2.2534 -7.530
2.5753 -7.835
2.8972 -7.804
3.2191 -7.942
3.5410 -7.910
3.8629 -7.819
4.1848 -7.555
4.5067 -7.515
4.8286 -7.128
5.1505 -6.850
5.4724 -6.278
5.7943 -5.755

Titration No. 4

[a*l, = 1.088 x 107! mol am™2, [Zn?*1, = 2.971 x 107? mol dm™?,
[etolenly = 6.034 x 107% mol dm™?,

[a*1l; = 0, [2n**ly = 0, [etolenly = 1.139 mol dm™3,

Vg = 95.916 cm’.

0.3221 -6.392
0.6441 -6.629
0.9662 -6.978
1.2882 -6.943
1.6103 -7.129
1.9323 -7.540
2.2544 -7.732
2.5764 -7.813
2.8985 ~-7.837
3.2205 -7.861
3.5425 -7.770
3.8646 -7.848
4.1866 -7.812
4.5087 -7.487
4.8307 -7.156
5.1528 -6.820
5.4748 -6.420
5.7969 -5.723
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7.10. Preparation of various solid complexes

The assumption that the total strain energies developed in the ring systems
for oden and etolen are rather similar, can be checked with the aid of
conformational strain energy calculations. For such calculations to be
possible the crystal structures of the complexes must be known. To this
end attempts were made to prepare crystals, of crystallographic quality,

of the various complexes studied.

7.10.1. Preparation of [Ni(etolen), 1(NO,),

A gquantity of Ni{(NO,), .6H,0 was dissolved in the minimum amount of hot
ethanol. This solution was then added dropwise to a sample of neat
etolen. The mole ratio of the metal salt to the ligand was 1:2. To the
ethanolic sclution was added an equal volume of a mixture containing 90 %
acetone and 10 % butanol. On cooling of the mixture in ice, crystals
were obtained. This preparation sometimes yielded blue crystals and at
other times purple crystals. In fact, when the above procedure was
repeated with the use of a liquid diffusion method (170) and without

ccoling in ice, both types of crystals were obtained in the same tube.

The space group and approximate cell constants of each type of crystal were
determined by standard oscillation and Weissenberg techniques using Co—Ku
radiation with A = 1.7902 A. (Mrs P Sommerville is thanked for help given
with these measurements.) Only the blue crystals were suitable for an
X-ray structural study. These were sent to the Chemistry Department of

the University of the Witwatersrand, where Mr P W Wade determined the

crystal structure (171).

The results of all the above measurements are given in Section 8.8.

7.10.2. Attempted preparations of other solid complexes

Despite numerous attempts to grow crystals of Ni**t and oden, no crystals

of this complex were obtained.

Attempts were also made to grow crystals of Zn?* and etolen. The following
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" procedure was used. A quantity of etolen (2 mmol) was added to

Zn(NO,), .4H,0 (1 mmol) which had been previously dissolved in the minimum
amount of hot ethanol. Acetone was then added as the precipitant. White
crystals were obtained when the liquid diffusion method described by
Jones (170) was used. However these crystals turned yellow on standing
in air for a couple of hours, which indicated possible oxidation. No

attempt was made to prepare these crystals under an inert atmosphere.

7.11. Electronic Spectra

The electronic spectra of the complexes of etolen and oden with Ni?*t were
recorded. For these measurements solutions with a metal to ligand

ratio of 1:2 were prepared. The spectra of these solutions were recorded
on a Pye Unicam SP1800 UV-visible spectrophotometer. The spectra obtained

are shown and discussed in Section 8.9.



CHAPTER EIGHT

RESULTS AND DISCUSSION

In this chapter the results derived from the potentiometric and calorimetric
data are described and discussed in detail. 1In addition the results of

the crystallographic and spectroscopic studies are discussed.

The analysis of the potentiometric data listed in Table 7.1 was started
by plotting the appropriate formation curve. In the plots of these curves
the symbols O,A ,+ ,X ,0 ,‘P ,X ,Z ’ andY were used, in that
order, to represent the successive titrations. (In those cases where for-
ward and reverse titrations were performed, separate symbols were used

for the forward run and the reverse run.) Once the choice of model had
been made the final stability constants were calculated by using either
MINIQUAD or ESTA. The program used is indicated in the tables together
with the results obtained. These stability constants were then used

to arrive at ‘'calculated' formation curves. These are depicted as solid

lines on the various figures.

The program LETAGROP KALLE was used to calculate all the enthalpy changes
from the corrected calorimetric data listed in Table 7.2. In those cases
where four titrations were performed the data from three were input at a

time. The resulting four sets of output were then averaged.

For all the results obtained in this work the standard deviation calculated
by the program is shown in parentheses after the appropriate result. In
the calculation of stability constants and enthalpy changes fixed values
of certain constants were used, some of which were taken from the litera-

ture. Table 8.1 lists those values.

8.1. The hydrogen ion - etolen system

The formation curves for this system are shown in Figure 8.1 and can be
seen to be superimposable. Hence the titrations were considered to be
reproducible. Unfortunately the titrations were not carried out to pLH*]
values high enough to achieve complete deprotonation of the ligand. As

far as can be determined, however, the formation curves are symmetrical



250

TABLE 8.1

Constants used in the calculation of stability constants and enthalpy

changes. All data are for 25°C and ¥ = 0.5 mol dm™®, except where indicated.

Reaction log B AHe/kJ mol~?! Reference
H,0 = HY + OH” -13.74 56 .69 160

Ni?* + H,0 = Ni(oH)* + HY -10.152 32.47° 168,172
co*™ + H,0 = co(om) ¥ + m* - 9.84 168

zn®*t + H,0 = 2Zn(OH)* + HY - 9.28€ 173

@ Corrected from uy = 0.1 to p = 0.5 with the Davies equation (174).

b value for u = 1.0 mol dm™®.

€ Corrected from p = 0 to y = 0.5 with the Davies equation (174).
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Formation curves for the protonation of etolen.



252

under rotation about their mid-point - a property of formation curves for
dibasic acids. The fact that the j(loglH*]) curves level off at j = 2

is of course consistent with the diprotic nature of etolen.

A single value was used for the ionic product of water throughout the
calculation of the protonation constants of etolen. The values obtained
for these constants, together with the values available from the literature,

are shown in Table 8.2.

In reference 182 the compilers give the following values (inter alia) for
the protonation constants of etolen: log Kigi = 10.12 and log K2q1 = 7.21.
In the original paper (183}, however, these values (stated as pK values)
refer to the dissociation of a proton or protons from Cu(etolen)?*, and
not to the protonation of etolen. Similarly, the constant log Kloi = 7.3
quoted in reference 182 as being reported by Martell et al. (184) refers
to the dissociation reaction depicted below, and not to the protonation

of etolen.

HN—Cu + OH™ —— | HN—Cu + HQO

O—H \ O
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TABLE 8.2

Protonation constants obtained for the ligand etolen, together with.values

reported in the literature. (All values are for 25°C.)

log Kig1 log K291 Medium Reference

9.641(3) 6.88(2) 0.5 mol dm™* KNO, This work
’ (MINIQUAD)

9.74 - 0.01 6.85 + 0.1 0.5 167

9.74 6.84 0.5 mol dm™* NaCXLOy 175

9.73 6.93 0.5 mol dm~ KNO, 176

9.83 6.72 0.5 mol dm™® KNO, 177

9.59 + 0.03 6.60 - 0.01 0.1 167

9.56 + 0.01 6.60 + 0.01 0.1 mol dm™® KNO, 178

9.52 6.49 0.1 mol dm™* KNO, 179

9.82 6.83 1 mol dn™ KCZ& 180, 181

9.56 6.34 0 167, 175
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The value of the first protonation constant of etolen (log Kig:i) obtained
in this work is much lower than any of those reported in the literature
and referring to the same conditions. This could be due to the fact that
not many points were obtained at low values of § (i.e. below j = 0.42),
and so the value of log Kig1 is less precise than that of log Kzq1, for
which points were obtained for the full range from 5 =1 to j = 2. The

value obtained for log K201 agrees fairly well with the reported values.

The protonation constants obtained were then used to calculate a formation
curve for the protonation of etolen. This curve (see Figure 8.1) fits

the experimental values fairly well, which indicates that the calculated
protonation constants explain the experimental data adequately. Never-
theless it was found, when processing the calibration data for those
potentiometric titrations in which the cell had been calibrated with
strong acid and ligand, that the relation of cell e.m.f. to log [H*] was
persistently non-linear if the protonation constants obtained in this work
were used. When the values quoted in reference 167 (viz. log Kig1 = 9.74
and log Kog1 = 6.85) were used, linear plots resulted. In all subsequent

calculations, therefore, these latter values were used.

The protonation constants for etolen reflect the fact that protonation
in etolen can occur at both primary and secondary nitrogen atoms. These
values are compared with those of several other amines.in Table 8.3.

One sees that substitution of a hydroxyethyl group on one nitrogen atom
of en decreases the base strength of the ligand. This is to be expected
because the electron-withdrawing effect of the oxygen atom means that
protonation must occur at a more positive centre. The value of Kjg1

for etolen is slightly larger than one might have expected, possibly
because of the stabilizing effect of hydrogen bond formation. (See
Figure 8.2.) Such bond formation causes steric hindrance, however, and
thexeby decreases the ability of the second nitrogen to attract a proton

from solution, which is reflected in a lower value of Kjg1.

Delfini e£ af. (57) have shown, by means of n.m.r. techniques, that in
triamines protonation occurs first at the primary nitrogen atoms and only
thereafter at the secondary nitrogen atoms. We can therefore conclude
that Kig1 for dien is associated with the protonation of a primary

nitrogen atom. The similarity &6f this value to the corresponding value
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Protonation constants of various amines. (All values are for t = 25.00°C
and u = 0.5 mol dm™>.)
Amine¥* log Kig1 log K201 log K301 Reference
en 9.980 7.280 185
eten 10.27 7.33 186
dien 9.79 8.98 4.25 57
etolen 9.74 6.85 167
2-hn 9.32 6.52 177
* en = ethylenediamine
eten = N-ethylethylenediamine
dien = diethylenetriamine
etolen = 2-(2-aminoethyl)aminoethanol -
2-hn = N,N'-di(2-hydroxyethyl)ethylenediamine
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for etolen suggests that in etolen protonation must also occur first at
the primary nitrogen atom. This implies that the secondary nitrogen atom
in etolen is less basic than the primary one. This is in fact the tenta-

tive conclusion reached by Keller and Edwards (181).

The stability constant and enthalpy change associated with the dissociation
of water, and the protonation constants of the ligand, were used as inputs
in the calculation of the heats of protonation of etolen. In Table 8.4

the results obtained are compared with similar values reported in the
literature. Relative to the standard deviations quoted, these results

agree very well with the reported values.

The value of |AH?01| for the protonation of etolen is greater than

|AH§01| , as 1is also the case for other diamines (55). This trend has

been eXplaingd by Barbucci and Barone (55) as follows. The presence

of a positively charged group, in this case possibly the protonated primary
nitrogen group, withdraws electron density from the second protonation
site. (This effect may be increased by hydrogen bond formation.) This
causes a decrease in the strength of the second N-H bond formed and an
increase in the repulsion between the incoming hydrogen ion and the

atoms of the amine. These effects result in a less exothermic AH?Ql.

The value of AS?Ol is less than that of AS?Ol, in accordance with the
results for other diamines. The positive entropy change for the first
stage of protonation reflects the fact that the reaction proceeds with
the liberation of several molecules of water. The entropy change for
the second stage of protonation, however, is negative. This is caused
by an increase in the rigidity of the molecule, which is in turn due to
the repulsion between the two positively charged centres which in etolen
are in close proximity. This chain-stiffening effect counteracts any
entropy increase which might result from the release of water molecules

in the second step of protonation.

8.2. The hydrogen ion - oden system

The first step in the analysis of the potentiometric data was the calcula-
tion of values of j(log [H*]). It was found that, if the j values were

calculated by taking into account the amount of carbonate present in the
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TABLE 8.4

Thermodynamic parameters obtained for the protonation of the ligand
etolen together with the values reported in the literature. All data

are for 25°C and ¥ = 0.5 mol dm™?.

Reaction log K AHeykJ mol™? ASe/J mol=*k~?! Reference
Bt + L = gLt 9.74 -47.0(2) 28.8 This work
gt + HL* = H,12*  6.85 -41.6(3) -8.4 This work
gt + 1 = mt 9.74 -46.6(3) 30.1(8) 77

BHY + HLY = B,12"  6.84 -42.1(6) -10.5(2.1) 77
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sodium hydroxide titrant (see Section 4.1.1}, the plots of 5 against
loglH*] were not superimposable. These plots are shown in Figure 8.3.
However, when the j values were calculated by using the total base
concentration obtained from the Gran plot, the formation curves were found
to be superimposable for values of j greater than about 0.5. (See Figure
8.4.) Unfortunately, this procedure produced some negative j values,
which are of course meaningless. This suggests that the carbonate present
in the system need only be distinguished from hydroxide above a certain
value of the solution p[H*]. 1In order to select this cutoff value, J
values were calculated for the protonation of oden, with -9.5, -10.0,

and -10.5 as the cutoff value for loglH*]. Figure 8.5 illustrates the effect
of varying the cutoff point for one of the titrations. From these cal-
culations it was concluded that loglH*] = -10.0 was the best cutoff point,
since for this value the formation curve was most symmetrical under rota-
tion about the point with 5 = 1 - a required property of the formation

curve of a diprotic base such as oden.

Thus, in all the subsequent calculations for solutions in which carbonate

was present, the following assumptions were made.

1. At values of pl[H*] < 10 the carbonate anion was assumed to behave

like two moles of hydroxide because of the following equilibria:
CO; + H,0 = 20H™ + CO,+
and

coF + 2m*

(

H,0 + CO, +.

These equilibria were driven to the right because nitrogen was

bubbled through the solution in the reaction vessel and this expelled
‘carbon dioxide from the system (187). 1In this region the total base
concentration (as obtained from the right-hand branch of the appro-

priate Gran plot) could be used as the 'base’ concentration.
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Figure 8.3 Formation curves for the protonation of oden. These curves

were computed by taking into account the amount of carbonate present

in the sodium hydroxide titrant.
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Figure 8.5 Formation curves computed for titration 1 for the protona-

tion of oden, with different cutoff values of log [at]. The symbols

Q),AS and 4‘ refer to cutoff values of -9.5, -10.0 and -10.5 respec-
tively.
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'

2. At p[H+] values above 10 the carbonate present will react as follows:
CcoT + H,0 = HCO,~ + OH”

In these solutions the carbonate present had to be distinguished
from hydroxide. The actual hydroxide concentration as obtained

from the left-hand branch of the Gran plot was used, and the effects
of the above equilibrium were accounted for from a knowledge of

the appropriate equilibrium constant.

The formation curves for the protonation of oden, calculated in accordance
with the above assumptions, are shown in Figure 8.6. The curves obtained
for different thtrations are superimposable - an indication that the
titrations were reproducible. The curves level off at j = 2, as one

would expect for a diprotic base.

In the calculation of the protonation constants of oden the ionic product
of water was held constant. The titration points having values of log Catl
below -10.6 were not included in the data set, because in this region’

the formation curves were irreproducible. The protonation constants

obtained in this work, together with those reported in the literature,

are shown in Table 8.5.

As can be seen from Figure 8.6, the fit of j(calc) to E(Obs) is satisfac-

tory. Hence the constants obtained were considered to give an adequate

account of the available data.

The value of log Kig:1 obtained for the protonation of oden is much lower
than that reported by Barbucci and Vacca (78). Since the details of the
experiments performed by Barbucci and Vacca are not available, it is
difficult to explain this difference. Nevertheless the value obtained

in this work agrees fairly well with the value given in reference 188.
(The difference in ionic strength between the two measurements may not
greatly affect the first protonation constant, since the ligand is un-
charged.) 1If the value of log Kjg1 reported in reference 188 is corrected
from ¥ = 0 mol dm™ to U = 0.5 mol dm ° by means of the Davies equation
(174) , the same value as reported in this work is obtained. This value

is also very close to that of Barbucci and Vacca (78).
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Figure 8.6 Formation curves for the protonation of oden, computed
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Protonation constants obtained for the ligand oden, together with the

values reported in the literature.

log Kig1 log K201 Temperature/°C Medium Reference

9.77(1) 9.17(2) 25 0.5 mol dm™® KNO, This work
(MINIQUAD)

9.888 9.146 25 0.5 mol dm~> KNO, 78

9.75 8.90 25 0 188

10.20(1) 9.26(1) 10 Ocorr

9.88(1) 8.94(3) 20 Ocorr

9.59(2) 8.62(2) 30 Ocorr 189%

9.33(1) 8.28(1) 40 Ocorr

*In this case the numbers in parentheses represent 95 % confidence limits.
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The 5 (log[H+]) plots for both oden and etolen show no plateau at 5 =1
because the difference between the stepwise formation constants is
insufficient to prevent overlap of the successive protonation steps.

For oden this difference, i.e. between log Kjg1 and log Kzgi, is much
smaller (0.6) than for etolen (2.89). This is to be expected, since oden
has two primary nitrogen atoms (which one would expect to have very
similar protomnation constants) and etolen has one primary and one secon-
dary nitrogen atom. In addition, the protonation sites in oden are much
further apart than in etolen and thus exert less influence on each other.
The protonation constant of the second nitrogen atom in oden has never-
theless a lower value than the first. This too is possibly due to hydro-
gen bonding of the type depicted in Figure 8.2 and the increased repulsion
of the incoming hydrogen ion caused by the presence of a positively
charged centre. These effects, though, are less marked than in etolen
because of the greater distance between the amine groups. Oden is more
basic than etolen because of the symmetric nature (175) of the former
ligand and because there is less steric hindrance for the incoming

hydrogen ions.

In the calculation of the heats of protonation of oden, the stability
constant and enthalpy change associated with the dissociation of water,
and the protonation constants of the ligand,were used as inputs. The
results obtained in this work, together with the values reported in the
literature, are shown in Table 8.6. The enthalpy changes of protonation

obtained for oden are in good agreement with the reported values.

&
As can be observed, |AH201| > PAH?01| for oden, unlike the situation
for most other diamines. This reversal of trend was explained by Barbucci

and Barone (55) as follows.

Since oden is symmetric about the oxygen atom, when it is diprotonated
it exists as two terminal centres of positive charge separated by a
central negative charge. This configuration generates a new orientation
of the solvent water molecules (as depicted in Figure 8.7) about the
diprotonated amine. Barbucci and Barone have calculated that this pro-
duces a favourable energy contribution of 3.3 kJ mol™!. This value is in

: . , <
close agreement with the dlfference[AH201| - |AH?§1| obtained in this

work (3.2 kJ mol'l).



TABLE 8.6

Thermodynamic parameters obtained for the protonation of the ligand oden together with the values reported in the

literature.

log Kig1 AH?OI/ As?bl/ log Kag1 AH?bl/ AS?Ol/ Tempera- Medium Reference
kJ mol™} J mol” k™! kJ mol™?! J mol” k™! ture/°C

9.77 -50.2(5) 18.7 9.17 . -53.4(7) -3.6 . 25 0.5 mol dm ? This work

KNO,

9.888 -50.7 19.3 9.146 -54.2 -6.7 25 0.5 78

9.75 -50 17 8.90 -54 -13 25 0 188

10.20 21 9.26 -17 10

9.88 21 8.94 ~17 20
-49.0 ~55.2 Ocorr 189

9.59 21 8.62 -17 30

9.33 21 8.28 -17 40

L9



268

Fiqure 8.7 Arrangement of the solvent water molecules in the

vicinity of diprotonated oden.
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The decrease in ASe with successive protonations observed for etolen is
also observed for oden. However, the decrease is smaller for oden than
for etolen. This is possibly because the two centres of positive charge
are further apart in oden and this leads to a smaller decrease in the
ligand entropy, i.e. a smaller increase in rigidity of the ligand.

The solvent orientation effects discussed above may tend to increase the
rigidity of the ligand, but presumably this causes only a small decrease

in entropy.

8.3. The nickel ion - etolen system

The observed formation curves for the Ni-etolen system are shown in Figure

8.8. A number of features of these curves will now be discussed.

One sees that the formation curves are fairly superimposakble up to a value
of Z = 1.5. BAbove this value there is a 'fanning out' effect, as well

as 'shoot-up' and 'curl-back'. The fanning out for Z values between 1.5
and 2.0 is most probably due to small errors in the solution concentrations.
From an analysis of the formation curves obtained by varying the solution
concentrations slightly, it was found that 7 was more sensitive to errors
in the concentrations of the components at high p[H*] values than at low
values. These findings are in keeping with those of Cabani (190) and
Avdeef of al. (191). The reason why Z is not very sensitive to concentra-
tion errors at low values of plH*] is that in this region [H]y is always
significantly larger than [H]. This results from the presence of sub-
stantial amounts of protonated ligand. All the data points with z > 1.5

were obtained at p[H'] values greater than about 6.5, where these errors

become more significant.

The reverse runs of titrations 2 and 3 exhibit 'shoot-up' and 'curl-back'
at Z values greater than 2. These data points were all obtained at basic
plE*Ilvalues (above p[H't] = 7.5), i.e. when [H]. in equation (4.98) becomes
negative. In these cases the expression for [L], given by equation
(4.103), has a numerator which is the difference between two numbers of
similar magnitude. It was found that a small uncertainty in the value

of [H]t results in a large uncertainty in the value of Z for Z > 2, i.e.
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when excess hydroxide is present. Hence this ‘curl-back' and 'shoot-up'
effect may well be a manifestation of experimental error. It is noted
that these effects occur only in those titrations in which no excess pro-
tonated ligand is present. One cannot exclude the possibility, though,
that these effects may arise from the formation of ternary hydroxo-
complexes, or traces of ML,, or the deprotonation of the alcoholic group

of etolen.

Thus, within estimated experimental error, the formation curves obtained
for Z values between O and 2 are superimposable. Since the metal ion
concentration was varied, and repeat and reverse titrations were performed,
one can conclude that no polynuclear species are present, the results

are reproducible, and the equilibria are reversible.

Because the highest reliable value of Z reached was approximately 2, and
there was evidence of a plateau at this value, the highest major mono-
nuclear complex formed was taken to be ML,. Also, the formation cuxves
are fairly symmetrical under rotation about the point with z = 1, which
suggests that only two major species, viz. ML and ML, , are present.
Attempts were made to introduce various minor species into the model, but

with no success.

During the calculation of the stability constants for this system, fixed
values of the stability constants for the species H,0, HL*, H2L2+ and
Ni(oH)*, as given in Table 8.1 and Section 8.1,were used. The results

obtained, together with pertinent values reported in the literature, are

shown in Table 8.7.

The Z (calc) curve derived from these results, and shown in Figure 8.8,
agrees fairly well with the experimental formation curves. Hence it was
concluded that the complexes Ni(etolen)?t and Ni(etolen)3* adequately

account for the potentiometric data.

The stability constants obtained for this system agree very well with
those reported in references 167 and 175 and obtained under similar
experimental conditions. However, they do not agree well with those ob-

tained by Hall et af. (183), and even less with those reported by Edwards
(180, 192).



TABLE 8.7
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Stability constants obtained for Ni(II) with etolen, together with the

values reported in the literature.

(All data are for 25°C.)

log Ko11 log Kg12 Medium Reference

6.955(9) 5.83(1) 0.5 mol dm™* KNO, This work
(ESTA)

6.96(1) 5.82(2) .5 mol dm™* KNO This work
(MINIQUAD)

6.97 - 0.3 5.83 .5 mol dm™? 167

6.97 5.83 .5 mol dm™?® NaClO 175

6.66 5.80 .5 mol dm™? KNO, 183

6.82 5.62 .1 mol dm™3 167

7.78 6.08 mol dm™? KCL 180, 192

6.76 5.52

167




273

The values reported by Edwards are very high relative to the others, even
if one takes into account the differences in ionic strength used. However,
if the results for other systems reported by Edwards in reference 192

are compared with other literature values, it will be noticed that his
values are all considerably higher. When the formation curves obtained

by Edwards are compared with those obtained in this work the former are
seen to lie at lower free ligand concentrations,which implies greater
stability of the complexes present. Thus there seems to be something
inherent in the experimental method employed by Edwards that gives rise

to higher values. His manner of calculating log K values by the 'half n
method' may be the problem. The equilibria in this system aie not
sufficiently separated for this method to be reliable. As his 'raw'

data were not available it was not possible to re-analyze his data to see

if any improvement could be achieved.

Although the value reported by Hall et al. for log Kgi is in fair agree-
ment with the values reported later, the value of log Kgi; is substantially

lower. The reason for this discrepancy is not apparent.

These studies, like those of other authors (175, 183, 192), do not provide
evidence for the formation of a Ni(etolen)f,+ complex in solution.
Breckenridge (67) and Karpeiskaya et af. (193) report the formation of such
a complex in the solid state, however. It has been shown (65) by means

of n.m.r. contact shifts that etolen behaves as a tridentate ligand in
aqueous solution. This seems to indicate that the ML, complex, which

requires etolen to bind as a bidentate ligand, does not form in solution.

To calculate the heats of formation of the Ni-etolen complexes, LETAGROP
KALLE was provided with the stability constants and enthalpy changes for
the species H,0, HLY, H, L% and Ni(OH)*, and the stability constants for
ML?* and ML:*. The thermodynamic parameters obtained for the formation
of Ni(etolen)?’™* and Ni(etolen)?* are shown in Table 8.8, together with

pertinent values reported in the literature.

The enthalpy changes obtained for the formation of the Ni-etolen complexes
do not agree well with the values reported by Barbucci (77). However,
the calorimetric results obtained for the protonation experiments agree

very well with those of Barbucci. This seems to indicate that the experi-



TABLE 8.8

Thermodynamic parameters of complex formation for Ni(II) with etolen.

All data are for 25°C.

log Kp11 AHG 11/ AST11/ log Kgi2 AHG 1,/ Asglz/ Medium Reference
kJ mol~! J mol” k™! kJ mol~?! J mol~ k™!
6.96 -29.7(2) 33.06 5.82 -37.8(4) -15.4 0.5 mol dm™* This work
KNO,
6.97 ~32.6(5) 24.3(1.7) 5.83 34.8(1.0) -5.0(3.3) 0.5 mol dm * 77

NaCLOy

vLe
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mental methods used here are not in question. The discrepancy could arise
from the way Barbucci performed the complex formation titraticns. He
destroyed the Ni-etolen complexes by addition of excess nitric acid. This
indirect method has the disadvantage that the heat liberated by the reac-
tions of interest is overshadowed by the heat liberated by the protonation
reactions. 1In this work the heat liberated was a direct measure of the
extent of complex formation. The p[H+] in Barbucci's experiments would
also have been higher than in these experiments where part of the back-
ground electrolyte was replaced by protonated ligand. This higher p[H+]
may have led to hydrolysis reactions which were not corrected for. Apart
from the reasons mentioned above, it is difficult to explain the discre-
pancy, especially as the same model of the species in solution and

virtually the same stability constants were used in the calculations.

The exothermicity of the complex formation reactions is expected, because
these are reactions between a fairly 'soft' ligand and a metal ion which
is borderline (194) between 'hard' and 'soft'. Hence the energy released
to form the metal-nitrogen bonds greatly exceeds that required to displace
the coordinated water molecules. The greater exothermicity on reaction
with a second ligand molecule is in keeping with the behaviour of many 3d
metal ions when reacted with polyamines, and has been explained as

follows (42). On the addition of a molecule of ligand the charge on the
metal ion is partially neutralized and the soft character of the metal ion
is enhanced. Thus the reaction with a second ligand molecule will involve
a more covalent interaction, with a correspondingly greater (exothermic)

heat of reaction.

The entropy change for the first step is positive and that for the second
step is negative. This is in keeping with the model for metal-polyamine
complex formation suggested by Paoletti et af. (42), and they explain the
observation as follows. On complex formation solvent molecules attached
to the metal ion and ligand are released,which makes a positive contribu-
tion te the entropy change. This positive contribution is partially off-
set by the loss of ligand entropy on formation of the chelate ring.
However, for the first step of complex formation the former contribution
is greater than the second and so the overall entropy change observed is
positive. The addition of a ligand molecule to the metal ion causes a

dielectric screening of the metal ion, which in turn results in a decrease
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in the interaction with the solvent. Hence, on the addition of a second
chelating ligand, fewer water molecules will ég released and the loss in
ligand entropy exceeds the positive contribution made by the release of

solvent molecules. This results in decreasing entropy changes with suc-

cessive steps of complexation.

In considering the entropy change for the reaction Ni2+_+_2L = NiLlZ*¥,
Barbucci (77) used the fact that the value for etolen (19.2 J mol™?! K'l)

is larger than that for dien (0) fo suggest that one of the alcohol

groups in Ni(etolen)?* is not coordinated to the metal ion. The value
obtained here for this entropy change (18.2 J mol~! K™1) is only slightly
smaller. One can however explain the entropy changes observed for the
formation of the Ni-etolen complexes by making use of the results of
Everhart et al. (65). They showed for Ni(etolen) (H,0)2% that, although
AHY for coordination of the alcoholic oxygeﬂ is 0, coordination is favoured
by a gain in entropy of about 6.3 J mol™! K™!. When this result is used
in conjunction with the entropy changes for the Ni-dien complexes in the

equation
AS° (etolen) = 2[as”  (dien)/3] + 6.3,
par par
: o -1,-1 = _ -1 =1
one obtains ASgi1; = 30.0 J mol™ 'K and ASp1, = -17.4 J mol K for the
stepwise formation of the Ni-etolen complexes. These estimates are fairly
close to the experimentally observed values. It therefore seems reasonable

to assume that etolen behaves as a tridentate ligand in these complexes.

8.4. The nickel ion - oden system

The formation curves obtained from the potentiometric data for this system

are shown in Figqure 8.9.

One notable feature is that, except for low values of -loglL], the curve
for titration no. 3 (denoted by ><) lies slightly above the others. This
titration was carried out at the lowest metal ion concentration used
(INi?+]y = 5.007 x 10™* mol dm™2). It is well known that titrations in-
volving sub-millimolar concentration levels are more prone to experimental
error, so it was concluded that this upward displacement was merely a

reflection of slight inaccuracies in the solution concentrations.

!



AND Z (CALC)

Z (0BS)

4,00 5.00 6.00 7.00

3.00

Figure 8.9

Formation curves for the

nickel - oden system.

LLe



278

Those titrations (nos. 1 - 3) which were carried out at higher pla*l
values exhibit 'curl-back' and tshoot-up'. These effects are obserxrved
even for Z values somewhat less than 2 (which was not the case for

the Ni-etolen system). This suggests that these effects may not be due
only to experimental error, and that the éossible presence of hydrolysed
or protonated species needs to be investigated. The ‘'curl-back' feature
starts at lower Z values for titration no. 1 than for the other two.
This is not surprising, because no. 1 was carried out at the highest
metal to ligand ratio of the three. The operating plH*] was therefore
higher and hydrolysis more likely to occur at an early stage. It is
interesting to note that those titrations (nos. 4 - 7) which were carried
out with protonated ligand as part of the background electrolyte exhibit

no hydrolysis and level off at zZ = 2.

The plots of the repeat titrations (nos. 4 and 7) were completely super-
imposable, which indicates that the reéults are reproducible. The forward
and reverse runs of titration no. 1 are also superimposable, up to zZ ~ 1.
Thus within experimental error the formation curves are superimposable
(apart from the 'curl-back' and 'shoot-up'), and one can conclude that no

polynuclear species are present.

For species selection purposes, ML and ML, were treated as the major
complexes present. Attempts were then made to introduce various protonated
and hydrolysed species into the model. Fixed values were used for the
stability constants of the species H,0, HLY, H,L1*' and Ni(oH)*. Table

8.9 lists the results obtained for the 'successful' models tried, i.e.

those models for which the program ESTA yielded successful refinements.

For models 1 and 2 the data were divided into two sets. One set
(titrations 4 - 7) consisted of those titrations which were carried out
with protonated ligand as part of the background electrolyte, and exhibited
no 'shoot-up' or 'curl-back'. The titrations in the other set (nos. 1 -

3) did not use protonated ligand, and did exhibit 'shoot-up' and 'curl-
back'. All attempts to include hydroxy species in the model failed

when the two sets were treated separately. The 'curl-back' and 'shoot-up'
effects could be feproduced only when the complete data set was used. On
the basis of the value of the objective function U, model 4 was taken

to be the best description of the species present in solution. It is



279

TABLE 8.9

Stability constants* for Ni(II)-oden complexes obtained from different

models.

Model 1 2 3 4
Mmp?t 5.86 5.75 5.75 5.78
Mzt 9.91 9.30 9.20 9.25
ML (OH) * -3.60 -4.65
ML, (OH)* -0.33
Titrations used 1 -3 4 - 7 1 -7 1 -7
No. of Roints 44 83 127 127
UgsTa 3124 81 635 369
RESTA 0.030 0.004 0.012 0.009

*For complexes containing the hydroxide ion, e.g. MLr(OH)p, the values

given in the table represent log B—plr + p(log Ky) -
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pleasing to note that the stability constants in model 4 for the species
ML and ML, are fairly close to those obtained in model 2. The formation
curves obtained from the data used in model 2 exhibit all the features
expected when only two mononuclear species are present in solution. The
results obtained for model 4 are compared with literature values in

Table 8.10.

The formation curves calculated by using the stability constants from
model 4 are depicted in Figure 8.9. One can see that they reproduce the
essential features of the observed formation curves. The agreement is
very good except at 7Z values above 1.8. It is known, however, that the
results are more sensitive to experimental error in the solution concen-

trations for high Z values than low.

As can be seen from Table 8.10, the results obtained for log Ky;i; and

log K315, do not agree closely with any of the values previously reported,
but they do lie well between the extremes of those values. It is possible
that the values reported by Barbucci and Vacca (78) are higher because
they did not consider the possibility that any species other than ML and
ML, were present in solution. In their potentiometric titrations the
plEY] values covered ranged from 3.0 to 11.2. This range is wider than
that covered in this work 56.9 - 10.4). Thus the formation of hydroxy
species in their experiments was most likely. On the basis of model 4,

one would expect to find hydroxy complexes in the work of Lotz ¢t al.
(189) .

There are no literature values available for comparison with the stability
constants found for the mixed hydroxy complexes. The ML (OH) ¥ complex is
also formed in the systems involving oden and Cu?*+ or Zn®*+. Tt is most
likely that this complex is formed by the deprotonation of a coordinated
water molecule (42). The ML, (OH)* complex is rossibly formed by substitu-
tion of a hydroxide ion for one of the coordinated ligand donor atoms.

In this case the atom could be either a primary nitrogen atom or the
ethereal oxygen atom. The fact that hydroxy species were formed here but
not in the Ni-etolen system is in keeping with the higher basicity of

oden, and the precipitation encountered in the preliminary calorimetric

experiments.



TABLE 8.10

Stability constants obtained for Ni(II) with oden together with values reported in the literature.

log Ko11 log Kgi2 log B_,4, log B-y1, Medium Temperature/°C Reference
5.78(1) 3.47(3) 9.1(3) 13.41(6) 0.5 mol dm™> 25 This work (ESTA)
KNO, .
5.895(5) 3.62(2) 0.5 mol dam™* 25 8
KNO,
5.62 3.39 0 25 188
5.93(1) 3.69(7) Ocorr 10
5.75(1) 3.50(6) Ocorr 20
189*
5.54 (1) 3.19(6) Ocorr 30
5.41(1) 3.18(6) Ocorr 40

*In this case the numbers in parentheses represent 95 % confidence limits.

18¢
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In order to visualize the amounts of ternary complexes present at some
typical concentrations and metal to ligand ratios, two species distribu-
tion diagrams were drawn. These are Figures 8.10 and 8.11. Figure §.10
refers to a titration which used protonated ligand as part of the back-
ground electrolyte. At the highest p[H'] reached in this titration, viz.
8.90, less than 11 % of the total nickel is present as ternary species.
Figure 8.11 refers to a titration which did not use protonated ligand in
the background electrolyte and for which the metal to ligand ratio is
much lower. At the highest plH™] reached here, viz. 10.39, about 90 %
of the total nickel is present as ternary species. From these examples
it is clear that the substitution of part of the background electrolyte
by protonated ligand leads to a marked decrease in the formation of
hydrolysed species. The protonated ligand prevents the working pla*]

from rising to too high a value near the end of the titration.

In the calculation of the heats of formation of the Ni-oden complexes
fixed values were used for the stability constants and enthalpy changes
of the species H,0, HLY, H,L'T and Ni(OH)*, and for the stability con-
stants of ML**, ML, %%, ML(OH)* and ML, (OH)*. The results obtained are
shown in Table 8.11, together with pertinent values reported in the

literature.

The enthalpy changes obtained for the ML and ML, complexes agree fairly
well with the reported values. No reliable value of AH® could be deter-’
mined for the formation of the ML (0H) T complex. (A species distribution
calculation confirmed that no significant amount of ML (OH)' was formed

during the calorimetric titrations.)

The magnitude of AH?ll is greater than that of AH?lz, which reverses the
usual order for polyamines (cf. etolen). Barbucci and Vacca (78)
suggested that the second ligand addition step is less exothermic for
the following reason. The complex ML (where L is tridentate) may exist
in solution as the meridional or the facial isomer. However, in the ML,
complexes the ligands are usually equatorially placed and a certain
amount of facial -+ meridional conversion therefore takes place during

the second ligand addition step. It was found by Evilia et af. (66) that
this conversion is endothermic in the case of Ni’*t and oden.

Hence this
conversion decreases the value of AH?lz.



PERCENTAGE NICKEL

100,00

90.00

8?.00

70.00

B0.00

2?.00 3?.00

!?.00

ML (OH)

',.0 00

9.00 9.680

P [H*]

~T
10.00

T
10.680

T
11.00

T
11.60

1
12.00

Figure 8.10 Species distribution
diagram for the nickel-oden system,
for the case [Ni**l_ = 5.0 x 107°

mol dm™ and [odenly/[Ni?*]. = 2.0.

€8¢



100.00

80.00

PERCENTAGE NICKEL

Figure 8.11 Species distribution
diagram for the nickel-oden system,

for the case [Ni?*l i = 5.0 x 107"
mol dm™* and [odenly/[Ni?t]¢ = 9.0.

2 (OH)

ML, (OH)

.00 00

T ¥ T ¥ L]
7.00 7.80 8.00 8.50 8.00 9.50 10.00 10.80 11.00 11.850 12.00

P [H*]

8z



TABLE 8.11

Thermodynamic parameters of complex formation for Ni(II) with oden.

Reaction log K AHe‘/kJmol_1 ASe'/Jmol_1 Temper— Medium Reference
k! ature/°C
Ni?t + 1 = Niz2t 5.78 -29.1(2) 13.1 25
NiL** + I == NiLn2+ 3.47 -26.7(6) -23.1 25 0.5 mol dm~* KNO, This work
Ni?*+ 2L + OH™ = NiL, (OH)* 13.41%* -36.69(4) 133.7 25
N-2+ = 72+ -
Nir?’t + L &= Nip2+ 3.62 -27(2) -21(8) 25
£ 2 4 —~ T2 + _
Ni‘t+ L = NiL 5.62 -29 8 25 0 188
Nil*t + L = izt 3.39 -29 -33.5 25
N
Ni?t + L = pNiz?t 5.93 10
5.75 20
< ss -29.7 8 30
5.41 40 b Ocorr 189
, R +
NiL?* + L = NiL? 3.69 -42 10
3.50 -42 20
3.19 -31.4 -42 30
3.18 -38 40 )

* log B-112

s8¢
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The above explanation presupposes that the ML, complex is meridional. This
assumption is justified by Barbucci and Vacca on the grounds that the
rather similar Ni(dien)§+-complex.is meridional in the solid state. There
is however no evidence to suggest that the stereochemistry observed in the
solid state is maintained in solution. In fact there are suggestions to
the contrary (42). The crystal structure of Ni(oden)§+ has not yet been

reported.

This decrease in the enthalpy change on addition of a second ligand mole-
cule was also observed in studies of the ligand dpt with Ni**, where it

was known that all the nitrogens are coordinated to the metal ion in solu-
tion (195). In that case steric repulsion between the two ligand molecules
was used to account for the phenomenon. This may also be the explanation

in the case of oden.

Another possible explanation for this phenomenon 1is that in the second
step of complex formation more water molecules are lost. This endothermic
effect lowers the heat liberated in spite of the fact that the second step
is a softer interaction and should be more exothermic than the first.

If this increased desolvation effect were operative it would manifest
itself in abnormally large AsY values. As this does not obviously occur,

the previous explanation is the more plausible of the two.
Again, the entropy changes observed follow the usual trend for polyamines.

A comparison of the stability constants obtained for the etolen and oden
complexes of Ni(II) shows that the oden complexes are weaker than those

of etolen. This is in keeping with the supposition that the stability

of a nickel-polyamine complex increases as the number of secondary nitrogen
donors increases at the expense of primary nitrogen donors. But Barbucci
and Vacca (78) and Lotz et af. (189) ascribed this lower stability of the
oden complexes to the destabilizing effect of the ether oxygen. This

lower stability cannot be ascribed to non-coordination of the ether oxygen,
because it has been shown that in aqueous solution oden behaves as a tri-
dentate ligand towards Ni?%t (66). The lower stability of oden complexes

is also due to a somewhat less favourable enthalpic contribution. The
sﬁailer positive entropy change observed for the formation of the M2 7t
complexAinvolving oden suggests differing degrees of solvation of the

ML’ * complexes of the two ligands. The difference between the AS%Elvaluesofetole
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and oden (20.5 J mol™! k™ 1) suggests that in the reaction with oden at
least one water molecule fewer is liberated. (The liberation of one
water molecule corresponds to an increase in translational entropy of at
least 21 J mol~t K~! (42).) If this is so, then it would be in keeping
with the findings of Evilia et alf. (66) that at 300 K Ni(oden)?? is
found to exist primarily as the facially coordinated species, and that
this geometry may be stabilized by coordinated water molecules. The
presence of these coordinated water molecules may sterically hinder the
attachment of the second ligand molecule and thus give rise to the un-

<
expected lower value of AHgi2-

8.5. The cobalt ion - etolen system

The observed formation curves for this system are shown in Figure 8.12.
One noticeable feature is the fanning out of the curves at Z values
greater than about 1.3. This is thought to be due to small inaccuracies
in the solution concentrations, as in the case of the Ni-etolen system.
The curves of the repeat titrations (nos. 6 and 9) are completely super-
imposable, which indicates that the results are reproducible. Titrations
1 and 2 (i.e. those in which protonated ligand was not substituted for
background electrolyte) exhibit 'shoot-up' from about Z = 0.8 upwards.
Apart from this 'shoot-up' the curves corresponding to different metal
ion concentrations are superimposable within the limits of experimental

error. This rules out the presence of polynuclear complexes.

Titrations 1 and 2 were carried out at higher operating plH'] and lower
solution concentrations than the others. Both were carried ocut at a
metal ion concentration of 5.005 x 10™" mol dm™® . These conditions favour
the formation of ternary complexes, although the 'shoot-up'’ may also
merely reflect experimental error. The possible presence of ternary
complexes was investigated by adding such species to the initial model,
which consisted of ML and ML, . As usual, fixed values of the stability
constants of the relevant species (H,0, aLt, H,L** and Co(OH)*) were

used in the calculations. The various 'successful' models obtained are

listed in Table 8.12.
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Figure 8.12

Formation curves for the cobalt - etolen system.
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TABLE 8.12

Stability constants* for Co(II)-etolen complexes obtained from various

models.

Model 1 2 3 4 5 6t
M2t 5.20 5.19 5.20 5.19 5.19 5.17
MLt 9.22 9.31 9.21 9.21 9.25 9.25
ML (OH) T -3.42 -3.42

ML, (oH)* 1.10 1.01 1.11 1.00

ML, (OH)* 4.56

MLH? * 10.63

ML, H*Y 15.21

U 95 311 85 96 80 4 x 10~°
R 0.008 0.014 0.007 0.008 0.007 0.002
Tltratlons 1 -9 3-9
Jused

No. of points 167 134

*For complexes containing the hydroxide icn, e.q. MLr(OH)p, the values

given in the table represent log e—plr + p(log Ky) .

+MINIQUAD was used to determine model 6, and ESTA for the others. The

objective value (U) for model 6 is therefore not comparable with the others.
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Obviously model 6 is not comparable with the others because it cannot
reproduce the 'shoot-up' observed. On the basis of the values of U and
the numbers of complexes included in the models, possibilities 2 and 4
were rejected. From inspection of the remaining three models it appears
that inclusion of species other than ML Y, ML§+ and ML, (OH)* does not
greatly improve the objective value. Model 1 was therefore preferred
because of its simplicity and because it reproduces the essential features
of the observed formation curves. It should be noted that the inclusion
of various minor species does not greatly alter t@e values of the stabi-
lity constants for the ML?* and ML2* complexes. The results obtained

from model 1 are compared with various reported values in Table 8.13.

The Z(calc) curves based on model 1 and depicted in Figure 8.12 are able
to reproduce the 'shoot-up' and fanning out to a very satisfactory extent.
Therefore it was decided that this model of the species present in solu-

tion adequately describes the data collected.

The value of log Kp11 obtained is higher than that of Hall ef af. (183),
and vice versa for the value of log Kg12. However, as stated by Hall et
al., their value of log Kq12 is unreliable because further action with
base was required in order to obtain complete formation of the ML,
complex. It should be noted that Martell and Smith, in their stability
constant compilation (167), quote as unreliable both values reported by
Hall et al. The values obtained in this work are in kéeping with those
obtained for other, similar, systems in that log Kgi11 > log Kg12, whereas

the results of Hall ef af. reverse this relation.

The fact that the stability constants obtained by Edwards (180, 192) for
this system are much higher than the other sets of values is perhaps to

be expected, in view of the comments made in Section 8.3.

Species distribution diagrams for this system are shown in Figures 8.13

and 8.14. In 8.13, which relates to a typical titration with no proto-

nated ligand in the background electrolyte and a high metal to ligand
ratio, the ternary complex ML, (OH)* accounts for over 90 % of the total

cobalt at the end of the titration, i.e. at ple*]l = 9.45. 1n 8.14,
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~

Stability constants obtained for Co(II) with etolen, together with values

reported in the literature.

(All data are for 25°C.)

log Kg11 log Kp12 log K* log B_112 Medium Reference

5.205(6) 4.02(1) 14.84(3) 0.5 mol dm~® This work
KNO, (ESTA)

4.87 5.0 9.07 0.5 mol dm™? 183
KNO, -

6.58 5.25 1 mol dm™? 180, 192
KCE

* g = [Me]

Cmr (om) JLg+]
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which is for a titration with protonated ligand in the background electro-
lyte, and a fairly low metal to ligand ratio, the ternary complex accounts
for less than 20 % of the total cobalt at the end, i.e. at pletl = 7.64.
These results are in keeping with the presence or absence of 'shoot-up'

in the Z(obs) curves.

In the calculation of the heats of formation of the Co-etolen complexes
fixed values of the stability constants and enthalpy changes for the
species H,0, L' and H2L2+, and of the stability constants for mr2*,
ML§+ and MLz(OH)+, were used. The results obtained are shown in Table
8.14. The enthalpy changes obtained for this system are new and thus
cannot be compared with literature values. No reliable value of the
enthalpy change for the formation of the MLz(OH)+ complex could be deter-

mined.

Again, as for the Ni-etolen system, |Aﬁ?12| > |AH?11| and the entropy
changes show the expected decrease with each step of complexation. The
stability constants and the énthalpy changes found are lower than those
obtained for the corresponding Niz?t complexes. This is in keepihg with
the Irving-Williams order and the results for other, similar, systems.

If one takes the difference between log Koi11 and log Kpi2, and similar
differences for the other thermodynamic quantities, one finds that
within experimental error the values obtained for the Co-etolen complexes

are virtually the same as those for the Ni-etolen complexes.

The entropy changes observed do not suggest non-coordination of one of

the donor atoms of etolen. This is in keepiné with the results of Ever-
hart et af. (65). They found, from n.m.r. studies of the ML?* complex

in aqueous solution, that all three donor atoms of etolen were coordinated

to Co*t. Thus one must assume that in these complexes etolen behaves as

a tridentate ligand.

8.6. The cobalt ion - oden system

The Z(obs) curves for this system are shown in Figure 8.15. Apart from
those of titrations 3 and 4, the curves are superimposable within the
limits of experimental error. Titrations 3 and 4 were carried out at

the lowest initial metal ion concentration, viz. 5.0 x 10™" mol dm™3,
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TABLE 8.14

Thermodynamic parameters of complex formation for Co(II) and etolen.

(All values are for 25°C and Y = 0.5 mol dm™3.)

Reaction log K AHoykJ mol~ ! ASG/J mol~tg~!

co*t + L = coL?* 5.20 -21.4(3) 27.8
cor*t + L =& coL2* 4.02 -32(2) -30
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so it is very likely that the upward shift in the Z curves reflects
experimental error rather than the formation of polynuclear complexes.
Nevertheless attempts were made to include various polynuclear complexes
in the model to see whether the upward shift could be explained thus.
The repeat titrations (nos. 5 and 8) are completely superimposable, and
the results are therefore reproducible. Apart from nos. 3 and 4 the
curves are straightforward and what one would expect if only two mono-
nuclear complexes ML and ML, were present. During the calculation of
stability constants, fixed values of the stability constants of the
species H,0, HLY, H,1L2* and Co(OH)* were used. The various 'successful'

models tested are shown in Table 8.15.

The attempts to introduce polynuclear complexes into the model were
unsuccessful. This meant that the upward bias of the Z curves for titra-
tions 3 and 4 could not be reproduced. The data for these titrations

were subsequently removed from the data set.

The U values of the models determined from the remaining six titrations
can be seen to be very similar. The simplest of these models, viz. model
7, was therefore selected. The results are new and hence cannot be com-
pared with any reported values. Figure 8.15 displays the calculated
formation curve based on the model selected. Clearly the observed and

calculated formation curves match very satisfactorily.

In the calculation of the heats of formation of these complexes fixed
values were used for the stability constants and enthalpy changes of
H,0, HLY and H,1?%, and the stability constants of ML?™* and MLZt.  The

thermodynamic parameters of complexation of Co(II) and oden are given

in Table 8.16.

As in the Ni-oden case, |AH?11| is greater than |AH?12|. However, the
entropy values do not display the usual pattern. Both are positive,

and in fact the value of Aé?lz is surprisingly high. This is almost
suggestive of non-coordination of cne of the ligand donor atoms. However,
if this is so it is not reflected in the enthalpy changes. So one must

conclude tentatively that both ligands in the Mr2*¥ complex are tridentate.



TABLE 8.15

Stability constants* for Co(II)-oden complexes obtained from different models.

Model 1 2 3 4 5 6 7

M2 * 4.16 3.76 4.12 4.09 4.07 4.13 4.12
MLt 6.88 7.26 7.24 7.09 7.25 7.26
ML (OH) * -4.97 -4.55 -5.32

ML (OH), -16.4

meg®t 12.49

ML, B>+ 15.43

U 1032 816 172 168 163 2.7 x 1077 169

R 0.014 0.013 0.006 0.006 0.005 0.003 0.006
Titrations 1 -8 1 -8 1,2,5 - 8 1,2,5 - 8 1,2,5 - 8 5 -8 1,2,5 -8
used

No. of 103 103 77 77 77 69 77
points

*For complexes containing the hydroxide ion, e.qg. MLr(OH)p, the values given in the table represent

log B—plr + p(log Ky) .

*MINIQUAD was used to determine model 6, and ESTA for the others. The objective value (U) for model 6

is therefore not comparable with the others.

862
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TABLE 8.16

Thermodynamic parameters of complex formation for Co(II) and oden. (All

values are for 25°C and u = 0.5 mol dm™.)

Reaction log K AET/kJ mol ™t 28°/3 mo1™t k71
co*t + L = cor?? 4.12(1) -18.7(2) 16.2
CoL’* + L = conz? 3.14(2) -15.2(4) -9.13
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The complexes of oden with co*t are weaker than the analogous complexes

of Ni?¥. This is a consequence of the less favourable enthalpy contribu-
tion, because the entropy term makes a larger contribution to the stabili-
zation of the Co-oden complexes than to that of the Ni-oden complexes.

The larger entropy stabilization is in keeping with the greater hardness

of cort (196).

The complexes of co*t with oden are also weaker than those with etolen,
which is further evidence of the greater donor power of secondary nitrogen
atoms. The difference between the Aé?lz values for oden and etolen is
rather large at 39.13 J mol™! K™!. A possible explanation is that in

the second step of complexation two more molecules of water are liberated
in the case of oden than for etolen. Such greater desolvation would

imply a larger endothermic contribution to AH?lz for the oden complex.
This could also account for the fact that |AH%12| is less than |AH%11|.

(This explanation can however be shown to be invalid in the case of Niz*.)

8.7. The zinc ion - etolen system

In Figure 8.16 are shown the formation curves for this system. It can be
seen that the curve for one titration (no. 5) is displaced downwards from
the rest. This titration was carried out at the lowest metal ion concen-
tration (1.67 x 107° mol dm™®) and the lowest initial metal to ligand
ratio (1 : 6). These conditions may have increased the likelihood of
experimental error but it is not clear that this is in fact so. The fact
that the remaining curves, including those of the repeat titrations, are
superimposable makes one suspect that the data from no. 5 may be unreli-
able. This titration was therefore excluded from the data set for
calculation purposes. The rest of the curves show an interesting feature
in that, instead of levelling off at Z ~ 2 as might be expected, they
consistently level off at Z ~ 1.8. As has been shown by Avdeef ot al.
(191), such an effect is produced by small systematic errors in the
solution concentrations. It was however thought safest not to alter these

solution concentrations during the calculation of the stability constants.

During the calculation of the stability constants of the species present

in solution fixed values of the stability constants for H,0, HLY, H,L**
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and Zn(OH)* were used. The 'successful' models are shown in Table 8.17.

On the basis of its U value model 4 should be selected. However this
model does not produce formation curves with the correct curvature at
high values of 7. Furthermore, log Kgiz > log Koi11, which is not in
keeping with other reported systems involving zZn*%t and various polyamines.
Therefore model 4 was not chosen. Model 5 differs from model 1 by the
inclusion of the ML(OH)' species. The addition of this species merely
improves the U value by about 2 %. In addition, the Z(obs) curves obtained
are simple and do not feature any 'curl-back' - the usual Sign of the
formation of hydrolysed complexes. One would in any case not expect
hydrolysis to occur, because all the potentiometric titrations were per-
formed with protonated ligand in the background electrolyte. It was
therefore felt that the simpler model ! should be selected. The results
obtained by using this model are listed in Table 8.18 and compared with

various reported values.

The Z(calc) curve obtained by using these results and depicted in Figure

8.16 reproduces the experimental curves apart from the plateau at z ~ 1.8.

The results obtained agree best with those of Thém et al. (197) despite
the difference in ionic strength. The results of Hall et af. (183) again
differ in the same way as did their Co - etolen results from the results
given in Section 8.5. Their value of log Kqi2 for Zn(etolen)2? is
however only an approximate one, because further action with base was
required. The value of log Kg11 obtained by Gaur et af. (198) is very
much higher than any of the other values reported, yet their log Kgi2
value is much lower. They also report a value of log Kgi3 for the

Zn(etolen)?® complex, in which etolen presumably behaves as a bidentate

ligand. No evidence for such a complex was obtained in this work.

When the heats of formation of the Zn - etolen complexes were calculated,
fixed values of the stability constants and enthalpy changes of the species
H,0, HL'* and H,L'*", and of the stability constants of ML?* and M2t were

used. The results obtained are shown in Table 8.19. The enthalpy changes

obtained for this system are new and therefore cannot be compared with

literature values.

The enthalpy and entropy changes obtained for the Zn - etolen complexes

show the same variations as did the results for the other etolen complexes.
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TABLE 8.17

stability constants* for Zn(II)-etolen complexes obtained from different

models.
Model 1 2 3 4 5
M2t 5.37 4.94 5.00 5.23
mr2*t 10.27 10.23 9.97
ML (OH) * -1.28 -1.29 -1.62
ML, H*? 16.66 17.01
U(ESTA) 1202 1230 1281 1112 1179
R(ESTA) 0.025 0.025 0.025 0.023 0.024
Titrations
Used 1 -4, 6
No. of points 132

*For the complex containing the hydroxide ion, viz. ML(OH) *, the values

given in the table represent log B-y11 + log Ky-




TABLE 8.18

Stability constants obtained for Zn(II) with etolen, together with values reported in the literature.

log Ko11 log Ko12 log Kg13 log K* Medium Temperature/°C Reference

5.37(3) 4.90(5) 0.5 mol dm™? 25 This work
KNO, (ESTA)

4.75 5:4 8.05 0.5 mol dm™? 25 183
KNO,

5.28 4.79 0.1 mol dm™? 25 197
NaNO,

8.00 3.30 3.31 KNO, 30 198

M1l

* =

LML (o) JTHT]

voe



305

TABLE 8.19

Thermodynamic parameters of complex formation for Zn(II) and etolen.

(All data were obtained at 25°C and u = 0.5 mol dm™*.)

Reaction log K AET/kJT mol-? As%/3 mo1~ K71

Zn®t + L = ZnL? ™" 5.37 -19.6(1) 37.1

ZnL?t + L = znL?t 4.90 -30.8(1) -9.50
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The complexes of etolen with 7zn*t are less stable than the corresponding
complexes with Ni?*, but more stable than those with Co** in spite of the
less favourable enthalpy contribution. The fact that the zn? T complexes
are more stable than those of Co®’*t can therefore be attributed to a more
favourable entropy contribution, as can be expected for a at? ion, which
has no CFSE. Also, Co?t and zn?t have similar ionic radii and heats of
hydration. This means that in the aquo state the water molecules are

held by these two ions with equal strength, while the two etolen molecules
are bound less strongly to Zn?* than to Co**. Consequently the Zn(etolen);™ .
complex is less rigid and this is reflected in the larger value of

<
(cumulative) AS 1-2.

For comparison purposes the results of Barbucci and Vacca (78) for the

zinc ion - oden system are presented in Table 8.20.

The results of the zinc - oden system differ markedly from those of the
other oden systems. The ML?t complex is only slightly less stable than
that of Ni?**, but the ML??T complex is more stable than that of either

Ni?* or Cco?*. For the zinc - oden system (unlike the other oden systems),
|AH?12|>'AH?1J , which is more in keeping with the behaviour of etolen
systems. In fact the MLt complex is stabilized in comparison with the
other oden complexes by. the large enthalpic contribution. In the first
step of complexation the fairly large positive entropy change makes a
significant contribution to the stabilization of ML?*. This is often the
case with zn*%t complexes of polyamines (11). However the AS?ll value is

not large enough to suggest tetrahedral coordination, which has been

suggested for other polyamines.

The complexes of etolen and oden with Zn®>T have virtually the same enthalpy
changes. The Zn(oden)?* complex 1is more stable than the analogous etolen
complex because of a more favourable positive entropy change. On the

other hand, the Zn(etolen)§+ complex is more stable than Zn(oden)§+
because of a less negative entropy contribution. Here we have the first

instance of secondary nitrogen donors apparently not enhancing the

stability of the complexes.
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TABLE 8.20

Thermodynamic parameters of complex formation for Zn(II) with oden.

(All data are from reference 78 and were obtained at 25°C and y = 0.5 mol

dm™® KNO, .)
Reaction log . X AHeykJ mol~?! ASﬁ/J mol~ ! k71
zn2t + L = znL?t 5.74(1) -20.1(4) 43(2)
znL:t + L = znL2? 4.12(3) -30.5(8) -24(4)
znL’t + OH™ = znL(oH) ' 5.11(3) 1.7(2.1) 103(8)

ZnL?*t + 20HT = 2znL(OCH), 8.37(3) - -
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8.8. Crystallographic Results

The blue crystals of nickel and etolen (see Section 7.10.1) proved to be
[Ni(etolen), 1(NO,), . Some of the crystal data obtained for this complex
by Wade (171) are compared in Table 8.21 with those obtained by Ndsdnen
et al. (76) from powder diffraction data. From these results we see that
the same compound was prepared. The structure of the molecule is shown
in Figqure 8.17 and the bond distances and angles, with their estimated

standard deviations, are given in Table 8.22.

Each of the ligand molecules in solid [Ni(etolen),J(NO,), is tridentate,
coordinating in a meridional configuration. The geometric arrangement of
ligand donors about the central nickel atom is a distorted octahedron with
the primary nitrogen atoms and the oxygen atoms cis to each other, and the
secondary nitrogen donors trans to each other. The Ni - secondary nitrogen
bond lengths of 2.049(7) and 2.064(8) A are somewhat shorter than the Ni -
primary nitrogen bond distances of 2.08(1) and 2.121(7) i. Wade (171)
found that the Ni - O bond length in the above molecule is longer than the
Ni - O bond length in [Ni(en) (H,0)41(NO,), and [Ni(en), (H,0), 1(NO,), .

This most probably arises from steric strain caused by the ethylene bridge
which, through its reluctance to bend, pulls the oxygen away from the
nickel. This strain is easily observed from an examination of a Dreiding

model of the Ni(etolen)?* cation.

From the measurements made on the purple crystals of Ni - etolen it was
possible to conclude that [Ni(etolen),](NO,), was present. The unit cell
was orthorhompic with the following approximate dimensions: a = 8.912 i,

b = 15.12 & and ¢ = 15.80 A.

It is therefore evident that, in the solid state, etolen can form both the
bis and tﬁe tris complex with Ni?%t. 1In the former complex it acts as a
tridentate ligand, coordinating through the nitrogen atoms and the hydroxyl
group, whereas in the latter complex it is bidentate, coordinating only
through the nitrogen atoms. Karpeiskaya et al. (193) attributed the
absorption band at 1408 cm™' in the infrared spectrum of [Ni(etolen), Jcg,
to the presence of two close hydroxy groups capable of forming a hydrogen

bond. It is therefore possible that this hydrogen bond formation gives

the Ni(etolen)}* ion its stability.
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Crystal data for bis[2—(2—aminoethyl)aminoethanol]nickel(II) nitrate.

Results obtained by Wade
(171)

Results obtained by N&asdnen

et . al. (76)

Formula
-1
My/g mol

Space Group

a/R

b/A

c/A

a/deg
B/deg
Y/deg

Ve /R

Z

Dobs/g cm™>
Dcalc/g cm™

Ueff/B.M.

3

(NiCgH24N4O2) (NO3) 2
391.024

centrosymmetric triclinic
(PT)

13.098(3)
8.737(4)
7.746(3)
112.66
90.65
85.03

814.69

1.58

1.59

(NiCgH»2 4Ny02) (NO3) 2
391.02

triclinic

13.141(8)
8.744(11)
7.734(9)
112.55(10)
90.55(10)
85.18(10)

817.6

1.58

1.59
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Figure 8.17  Structure of [Ni(etolen),l(NO,),. (Diagram

reproduced from reference 171.)
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Bond lengths (A) and bond angles (°) for [Ni(etolen), 1(NO,),, with

estimated standard deviations given in parentheses.

reproduced from reference 171.)

[Ni(etolen), 1?™

Ni-O11
Ni-N11
Ni-N12
o11-Cc11
cl1-c12
Cl12-N11
N11-C13
C13-C14
C14-N12

Ni-O11-C11
Ni-N11-C12
Ni-N11-C13
Ni-N12-C14
011-Ni-N11
011-Ni-N12
N11-Ni-N12
011-Ni-021

011-Ni-N21
O11-Ni-N22
N11-Ni-N22
N12-Ni-N22
011-Cc11-C12
N1l-cl2-C11
N11-C13-C14
N12-C14-C13

Nitrates

N31-031
N31-032
N31-033

031-N31-032
031-N31-033
032-N31-N33

= e NN
oS
S

109.
107.
106.
110.
80.
163.
82.
88.

N w O O 0 ;o
I T T e N Py
N WWN L Loy
N N N

95.
85.
100.
96 .
108.
110.
109.
109.

oW WLe— O
W O J NN WwWwN N

121.1(8)
117.3(9)
121.6(9)

Ni-O21
Ni-N21
Ni-N22
021-C21
c21-c22
C22-N21
N21-C23
C23-C24
C24-N22

Ni-021-C21
Ni-N21-C22
Ni-N21-C23
Ni-N22-C24
021-Ni-N21
021-Ni-N22
N21-Ni-N22

021-Ni-N11
021-Ni-N12
N21-Ni-N12

021-C21-C22
N21-C22-C21
N21-C23-C24
N22-C24-C23

N41-041
N41-042
N41-043

041-N41-N42
041-N41-N43
042-N41-043

(This table is

_ e NN
N
[\]

111.24
109.2¢
106.4
108.0

80.4
161.5

83.0

96.0(2)
94.6(3)
101.3(3

107.7
108.4
107.9
110.6

1.2
1.22(1)
1.23(1)
122.1(7)

120.8(8)
117.0(7)
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8.9. Electronic Spectra

The ultraviolet — visible spectra for the NiL}* complexes, where L is either
etolen or oden, are shown in Figure 8.18. Although the spectra are in-
complete because of equipment limitations, one can see that the electronic
transitions for the Ni{oden)!' complex occur at lower energies than for

the Ni(etolen)?

complex. This is in agreement with the thermodynamic
results, which showed that the complexes of Ni(II) with oden are less

stable than those with etolen.

The wavenumbers corresponding to the electronic transitions of the various
nickel - etolen complexes are displayed in Table 8.23. One notices that
the tris complexes tend to have larger 10Dg values than do the bis com-
plexes. Two causes of these larger values could be: the presence of an
extra secondary nitrogen donor and the fact that the chelate rings are not
linked. This of course assumes a priori that secondary nitrogens have
greater donor power than primary. The nature of the counter ion in the

various complexes also tends tc cause a variation in the value of 10Dg.

8.10. The bonding capacity of primary nitrogen donors as compared to

secondary nitrogen donors

The question of whether secondary nitrogen donors do indeed form stronger
bonds with various metal ions than do primary will now be addressed. To

aid the discussion the thermodynamic parameters of complex formation for

metal ions for which both etolen and oden have been studied have been

listed in Table 8.24. In this table only the values for the formation of

the ML and ML, complexes have been included.

In Figure 8.19 the values of the thermodynamic parameters for the forma-
tion of the oden and etolen complexes of the first row transition metal
ions considered are plotted against the atomic numbers of these metal ions.
One immediately sees that the values of AGe present a simpler picture

than do the values of either AHe or ASG. For the ML complexes the usual
trend is found in the variation of AGﬁ and AHﬁ with the atomic number of

the metal ion. It will also be noted that:

Apart from the 1:1 complex with Zn®**t, the complexes of etolen are
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TABLE 8.23

Electronic spectra of various complexes of etolen involving Ni (II).

Complex Wavenumbers corresponding 10Dq/cm_1 B/cm™ ! Denticity of Method Reference
to d-d electronic transi- Ligand
tions/10° cm
NiL, (NO; ), 27.6 17.5 - - - tridentate Aqueous solution This work
27.9 17.9 11.2 8.4(sh) 11200 813 tridentate Nujol mull of salt 76
10950 870 Aqueous solution 199
11100 850 Aqueous solution 200
11250 860 Corrected for mixing 200
NiL, SOy - 17.7 10.9 10900 tridentate Aqueous solution 68
27.8 18.2 10.6 10620 947 tridentate Methanol 75
NiL,C&, 27.5 17.4 10.8 10800 833 bidentate Aqueous solution 193
NiL, (NO, ), 28.2 17.5 11.1 9.2(sh)11100 827 tridentate Reflectance spectrum 74
NiL, (C£0y), 27.8 17.3 10.8 9.3(sh) 10800 847 tridentate Reflectance spectrum 74
NiL, I, 27.3 17.2 10.7 8.6(sh) 10700 784 tridentate Reflectance spectrum 73
NiL,C%, 27.8 18.2 10.6 10600 947 tridentate Reflectance spectrum 75
NiL,CZ, 28.2 17.7 12.5 10.9 10900 808 bidentate Reflectance spectrum 73
(sh)
NiL,Br, 28.2 17.5 12.1 10.9 10880 824 bidentate Reflectance spectrum 73
(sh)
NiL, (NCS), 28.2 17.6 12.0 10.9 10900 814 bidentate Reflectance spectrum 73
(sh)
NiL, SO4 27.5 17.5 12.5 8.9 bidentate with Reflectance spectrum 74
sulphate co-
valently
linked to Ni%**
27.8 17.5 10.5 10530 920 tridentate Reflectance spectrum 75

v1¢



TABLE 8.24

Thermodynamic parameters of complex formation for etolen and oden with various metal ions.
indicated, all values are for 25°C and p =

0.5 mol dm™?*.)

(Unless otherwise

Parameters etolen oden

Cco?+ NiZt cut zn? t cart pb?t co?*t NiZ+ cu’t zn? ¥ cat pb2t
log Ko11 5.20 6.96 10.33  5.37 5.02 5.58 4.12 5.78 8.970 5.74 5.27 6.10
log Ko12 4.02 5.82 7.75 4.90 4.17 3.14 3.47 3.78 4.12 4.06
AHG11/kT mol~! -21.4 -29.7 -46.4 -19.6 -18.7 -29.1 -39.9  -20.1
AHg 1, /kJ mol™? -32 -37.8 - 4.44 -30.8 -15.2 -26.7 -18.8 -30.5
AS511/3 mol~tk"1| 27.8 33.6 42 .1 37.1 16.2 13.1 38.1 43
ASS12/T mol~ k"1 | —30 ~15.4 133.5 -9.50 9.13 23.1 8 _24
Reference 77 197% 197%* 78 78 197* 197%*

* Values from this reference are for

25°C and g = 0.1 mol dm™*.
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Figure 8.19 Thermo-
dynamic parameters
of stepwise for-
mation for:
M(etolen)?* (),
M(oden)** (+),
M(etolen)Z ™t ([5),
and M(oden)?* (X)
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more stable than the corresponding ones of oden.

2. Apart from the 1:1 complex with Zn** and the 1:2 complex with cu*t,
the complex formation reactions of etolen are more exothermic than

the corresponding ones of oden.

3. Apart from the 1:1 complex of Zzn**t and the 1:2 complex of Co**,
the etolen complexes have greater entropy of formation than do the

corresponding oden complexes.

From the above observations it is clear that the Zn(oden)?t complex does
not follow the trend exhibited by the other oden complexes under considera-
tion. However, a plot of log Kgii(oden) against log Kgii(etolen) (Figure
8.20) displays the interesting feature that those metal ions for which
CFSE is expected (Co?*+, Ni**t and Cu’?) fall very close to a straight line,
and those for which CFSE is not expected (2Zn®*?*, Ccd** and Pb*™*) fall very
close to a quite distinct straight line. Forxr the first group the etolen
complexes are the more stable, and for the second the oden complexes are.

A similar split based on the presence or absence of CFSE was also observed
by Hancock and Nakani (201) in their study of the oxygen donor ligands

acetylacetonate and hydroxide.

It has been found (202) that if two very similar ligands A and B form
complexes MA and MB with a series of metal ions such that the size, the
number and the geometry of chelated rings is the same, a plot of log Kmp
against log Kyg should be a straight liné with a slope of one and an
intercept of log Kgp - log Kgg. The line containing Co**, Ni** and cu®*
does have a slope fairly close to one, viz. 0.95. However the other

line has a much larger slope, 1.5. Thus it seems that the stereochemistry
for the zn?**, CA** and Pb?* complexes may not be the same as for the

remainder of the metal ions.

Let us now review what i1s known about the stereochemistry of the etolen
and oden complexes with various metal ions. Information concerning the
complexes in solution is summarized in Table 8.25, and Table 8.26
presents the information for the solid state. The complexes of the tri-
dentate ligand dien are considered also, for comparison purposes. In

addition the following points should be noted:
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Figure 8.20 The linear free energy relationship of log Kgii{oden) and
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TABLE 8.25
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Structural details of etolen, oden and dien complexes in solution.

Complex L = etolen?

L = odenb

L = dienP

alcoholic oxygen
coordinated 68%
of the time

NiL(H,0)% 7

AR for eoordina-
tion of alcoholic
oxygen is 0O and

AS = 6.3 J K 'mol™?

facial isomer at
least 1.05 kJ mol~!
more stable in

free energy terms
than meridional
isomer at 300 K

AH for the isomeri-
sation: facial =
meridional is posi-
tive

ethereal oxygen co-
ordinated to metal
ion

facial isomer more
stable than meri-
dional isomer

For the isomerisa-
tion: meridional =
facial AG = -4.90
kJ mol~! at 300 K
and AH = Q

dien is coordinated
meridionally 7% of
the time

CoL(H,0)3;* substantial amount
of oxygen coordina-
tion

dReference 65.

breference 66.




TABLE 8.26

Structural details of etolen and dien complexes in the solid state.
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Complex

Information

Reference

Ni(dien),CZ, .H,0

Cu(dien), (NO,),

Cu(dien),Br, .H,0
MoO, (dien)
Mo (CO), (dien)

Zn(dien), (NO, ),

Zn(dien), Br, .H,0

Cu(etolen),Cl,

Cu(etolen), (CLO4),

meridional
Ni-1°N » Ni-2°N

meridional
Cu-1°N > Cu-2°N

meridional
facial
facial

meridional
Zn-1°N > Zn-2°N

meridional
Zn-1°N > Zn-2°N

etolen bidentate,
hydroxyethyl arms of
ligands free and trans
to each other,

four nitrogens lie at
corners of a distorted
square,

Cu-1°N < Cu-2°N as in
other asymmetrically
substituted ethylene-
diamine complexes,
hydrogen bond between
O and N on adjacent
molecules

facial,

distorted octahedron
(tetragonal elongation),
Cu-1°N < Cu-2°N,

four nitrogens not co-
planar to accommodate
axial elongation,

each 2°N displaced in

direction of hydroxyethyl

group to which it is
attached,

strain in two ligands at
2°N atoms,

46, 203

204

205
206

207

208

209

210

211




Cu(etolen), (NOy),

Ni(etolen), (NO,),

321

N-Cu-O ring angles are

small because of strain
in axial attachment of

OH,

O trans to O

distorted octahedron, 212
one axial position occupied

by NO;, the other occupied

by OH group

meridional 171
O trans to N
Ni-1°N > Ni-2°N
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1. From repulsion - energy calculations it has been shown (213) that
in the solid state the meridional isomers of bis(tridentate ligand)-

metal complexes are generally more stable than the facial isomers.

2. It is possible that the greater stability of the facial isomers

of the ML complexes in solution is due to the presence of coordinated

water molecules (66).

3. A study of the isomers of [co(NH3) 3 (dien) It and [Co(NH3) {en) (dien)]* ™
(214) revealed that facial isomers tend to have slightly lower

strain energies than meridional.

We have seen from the UV-visible spectra of the Ni??* complexes of oden
and etolen that the ligand field is essentially octahedral. Hence we can
reasonably assume that this is also the case for the metal ions co* ™t

and cu?t.

On balance of the information available it seems likely that the facial
isomers of the Nil?*t complexes are probably present in solution. One

would also expect Co*t to behave in this fashion.

Because of the tetragonally distorted octahedral coordination favoured
by copper, one would expect the meridional isomers of the ML complexes
to be stabilized relative to other stereochemistries. This meridional
stereochemistry would enhance the CFSE for the ML complexes. This is in
keeping with the trends observed in Figure 8.19(b). This planar structure
would have a lower dipole moment and would therefore be able to orientate
fewer water molecules, hence the somewhat higher value of AS?El than
those of Ni** and Co?*. In the ML, complex the tetragonal distortion
would be smaller, with a concomitant smaller CFSE resulting in a lower
heat of formation for the ML, complex. This is especially marked in the
case of the Cu(etolen)?t complex. For this complex, AH?&Z is extremely
low and out of line with the behaviour of the other etolen complexes,
which suggests incomplete coordination of the second ligand molecule.

The fact that Ad?lz is not particularly low suggests that perhaps only
the hydroxyethyl arm of the ligand is uncoordinated. If this is so, it
would help to_explain the extremely high value of AS?&Z. This latter

value is consistent with a flexible structure.for the complex.
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* complex is less

Incomplete coordination of the ligand in the Cu(oden)?
likely. For this system, the value of AH?lz is less than that of AH?ll,
which is in keeping with the behaviour of Ni*¥ and Co**, although the
decrease is more pronocunced. This could be because of the decreased
CFSE. It is unlikely that the oxygen atom is not coordinated, as this
would lead to the formation of an unstable eight-membered chelate ring
with much steric hindrance between the atoms of the two ligands. If the
second ligand were coordinated only through oxygen and one nitrogen, one
would expect a somewhat lower AH?lz and higher AS?lz, as is the case for
the comparable etolen complex. Thus one must assume that the two ligand
molecules in this complex are fully coordinated, but that the strain
introduced by coordinating the ligand in the axial positions of the
tetragonally distorted octahedron is reflected in the lower value of

b g
AHg12.

A comparison of the thermodynamic data for Zzn?* with those of other com-
plexes of oden and etolen gives no reason to suppose that the complexes
of zinc with these two ligands are anything but octahedral. We shall

therefore assume that the ML complexes of zinc with etolen and oden are

octahedral, probably with facial coordination.

Thus, if we exclude the ML§+ complexes of copper, we are able to compare
directly the various thermodynamic quantities obtained for the complexes
of etolen and oden. If we subtract the values obtained for the oden
complexes from the corresponding ones for the etolen complexes, we should
get a measure of the relative bonding capacities of primary and secondary
nitrogen donors. These differences are listed in Table 8.27. In drawing
conclusions from the differences, we assume that the conformational
strains in the pairs of etolen and oden complexes are similar, and that
there is no difference between the bonding capacities of alcoholic and

ethereal oxygen atoms.

Examination of Figures 8.21 and 8.22 shows that the difference in complex

stability, A(log Kgi11), between oden and etolen varies linearly with

both the hardness and the ionic radius of the metal ion. We notice that,

as the metal ion becomes harder or larger, the prgference for coordination

with etolen decreases. The same split of the metal ions into two groups

as was observed previously is evident.



TABLE 8.27

Changes in thermodynamic parameters produced on changing from a primary to a secondary nitrogen donor.

Parameter co*t Ni* 't curt zn?t cazt pb? *
L
A(log Kgyi) 1.08(0.01) 1.18(0.01) 1.36(0.03) ~0.37(0.03) -0.25(0.01) -0.52(0.01)
A(log Kgyg) 0.88(0.02) 2.35(0,03) 3.97(0.55) 0.78(0.06) 0.11(0.01)
A(AHS 1) /KT mol~l ~2.70(0.4) ~0.60(0.3) ~6.50(0.3) 0.50(0.4)
A(AHg: ) /kT mol™? ~17(2) ~11.1(0.7) 14.4(2.4) -0.30(0.8)
A(ASS11) /T mol” k! 11.6 20.5 4.0 -6
A(ASG12) /T mol~ K1 ~39 7.7 126 14
Hp 4.34 3.37 2.68 4.26 3.31 6.69
r*t/a 0.74 0.72 0.69 0.74 0.97 1.20

* Reference 30.

bece
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<
If we consider the difference between the AHg11 values for etolen and
those of oden, we see (Table 8.27) that this difference varies with the
metal ion considered. However, there does not seem to be any obvious

trend in A(AH?ll) with hardness or ionic radius.

It is noticeable that the value for nickel is -0.60 kJ mol“l, which is
very different from -7.1 kJ mol‘l, the value predicted by Hancock et al.
(29) . One possible explanation of this discrepancy 1is that the wrong
stereochemistry has been assumed here for the Ni(etolen)2+_complex, i.e.
we have assumed it to be the facial isomer when it is in fact the meri-

dional.

The Ni(oden)?*t complex is known to be predominantly facial in solution
(66) . The above explanation therefore implies that we must correct the
value of -29.7 kJ mo]_‘l obtained for AH?ll for Ni(etolen)?t in order that
it should refer to the facial isomer and thus be directly comparable to

the figure for Ni(oden)?*.

This can be accomplished as follows.
Yoshikawa e af. (214) have shown that the difference in strain energy
between the meridional and facial isomers of [Co(NHJ)J(dien)]3+ is

3.7 kJ mol'l, the facial isomer being the less strained. If we assume
that the isomers of nickel and etolen behave similarly, we cam correct
the AH?ll value for nickel and etolen by means of the equation (1.33) of

Hancock et al. (29):
0B = n, 0B, + ng 8Hg + AU.

Assuming that AHp and AHg are the same for the two isomers, we then
conclude that, for the facial iscmer of Ni(etolen)?t, AH?ll is approxi-
mately -33.4 kJ mol_l. Hence the difference between the AH?il values
for the facial isomers of the Ni(etolen)??t and Ni(oden)?*t complexes is
-4.3 kJ mol™!. When we use this value in plotting A(AH?ll) against
hardness or ionic radius, it falls on a straight line with the values

for Co** and cu’*. (See Figures 8.23 and 8.24.)

It therefore seems likely that the Ni(etolen)2?™ complex was predominantly

meridional in solution, and that we have corrected adequately for this
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phenomenon.

Although the unavailability of enthalpy data for the cadmium and lead
complexes makes it impossible to determine whether the six metal ions
again split neatly into two groups, it can be seen at least that the
behaviour of zinc is not consistent with that of cobalt, nickel and

copper.

An interesting feature of the A(AH%lz) values for nickel and cobalt is
that they are significantly greater in modulus than the corresponding
A(AH?ll) values. This phenomenon could be due to the increased softness
of the metal ion which results from the first addition of a ligand
molecule. It could also occur because the strain induced by the addition
of a second ligand molecule is less than that induced by the first.

The strain energy calculations reported for the-similar ligand dien (215)
support this latter explanaticn in that the strain for the ML§+ complex
is less than twice that for the ML??* complex. It must be noted, however,
that, in the case of the complexes of cobalt and nickel with oden,
|AH?121<|AE?11|, whereas for etolen (and many other polyamines) the
opposite is true. This makes it difficult to draw any firm conclusions
from the A(AH%lz) values. It might be possible to discover by means of
strain energy calculations whether the above reversal of the usual

trend is due to strain in the oden complexes.

No useful general conclusion can be drawn about the cumulative thermo-
dynamic parameters for the ML§+ complexes, because the copper ion has
to be excluded for the reasons previously mentioned, and lead has no

ML:* complex. This leaves two sets of only two points each.

The three metal ions considered which have no CFSE, zn®t, cd** and pb? ¥,
seem to fall into a different category as regards the behaviour of

primary and secondary nitrogen donors. For these metal ions the M(oden)?+
complexes are more stable than the M(etolen)?’t complexes. However, the
opposite is true for the stepwise formation of the ML?™ complexes from

the M2+ complexes. Thus, as in the case of cobalt and nickel, the
second addition of a ligand moclecule involves a softer interaction than
does the first and so the enhancement of secondary over primary nitrogen

bonding is observed. This is in accordance with what has been observed
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of the crystal structures of the Zn(dien)?* complexes, that is, that the
zinc - primary nitrogen bonds are longer than the zinc - secondary nitrogen
bonds (208, 209). (The secondary nitrogen donor is thus seen to have an
inductive effect when one ligand molecule has already been attached to

the zinc ion. This effect may provide an alternative explanation of the
observations of Ciampolini ¢f af. (8) in the case of the complexes of

dien with zinc: they observed that AH?1£ is much less exothermic than

AH?IZ')

The zinc ion does seem to be the crossover point for the difference in
behaviour between the etolen and the oden complexes. It has also been
noticed by Thém and Hancock (216) that zinc does not seem to discriminate

between oxygen and nitrogen donors in macrocycles.

This difference in behaviour between metal ions which have CFSE and those
which do not, and the intermediate nature of zinc, can be observed in a

number of other respects:

1. The variation in complex stability with changes in the number of

atoms in the macrocyclic ring of tetraazamacrocycles (217 - 219).

2. The variation in complex* stability when rings or pendent groups

bearing neutral oxygen donors are added (220).

(In the above references, however, the variations are explained in terms
of the sizes of the metal ions rather than the presence or absence of

CFSE.)

There is evidence that in the gas phase all metal ions respond more
favourably to secondary amines than to primary (215). There is also

evidence of a similar preference for ethereal over alcoholic oxygens (215).

From this work we can conclude that only metal ions which have CFSE and
are fairly small seem to show a preference for secondary over primary
nitrogen donors. The size of this apparent effect increases linearly
with increasing softness and decreasing size of the metal ion. Such metal
ions do not seem to distinguish between alcoholic and ethereal oxygen

donors. (This conclusion is consistent with those of Everhart et al.
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(65) and Thém et af. (215).) In fact it seems that, in complexes of these
metal ions, the complexation of any neutral oxygen donor is destabilized
by steric strain (221). On the other hand, metal ions which have no CFSE
and are larger do not distinguish between types of nitrogen donor, but in

fact do prefer the (harder) oxygen donors (197).

However, for all the metal ions investigated, the addition of a second
ligand molecule to the ML complex leads to enhancement of secondary over
primary nitrogen bonding. It seems that the addition of one ligand
molecule softens the metallic éentre sufficiently for the inductive effect

of the secondary nitrogen donor to overcome all other effects.

We therefore conclude that the bonds between metal ions and secondary
nitrogen donors are not in general stronger than those involving primary
nitrogen. (This conclusion may need to be modified if evidence emerges
that the larger metal ions distinguish between ethereal and alcocholic
oxygen donors.) These bonds do, however, appear to be stronger in those
cases where crystal field stabilization energy is present and the metal
ion is small.. This enhanced stability appears to decrease as the size or

the hardness of the metal ion increases.



APPENDIX I

DERIVATION OF EQUATION (1.16)

The empirical equation of Hancock and Marsicano (28) states that

log Ki(polyamine) = 1.152 log B,(NH;) + (n-1) log 55.5,

(1.16)

where n is the denticity of the polyamine. The form of this equation can
be shown to arise as a result of the conventional asymmetric choice of
standard states of solute and solvent species for reactions taking place

in aqueous sclution.
Consider the following ligand replacement reaction:
MAp(ag) + L(ag) = ML(aq) + nA(agq) + xH,O,

where M is- the metal ion, A is a monodentate ligand, L. is an n-dentate
ligand and x is the number (usually unknown) of water molecules released

in the process.

The chemical potential uj of any species-i tan be written in terms of its

e , .
chemical potential uj in some defined standard state and a thermodynamic
activity aj, as follows:

My = U? + RT £n aj -

If the standard state of species i is defined as a hypothetical solution
of unit molar concentration in which the environment of every molecule is
the same as at infinite dilution, then, neglecting nonideal effects in the
real sclutions, we may replace aj by c¢j, the molarity of species i, since

by assumption the activity coefficient Y; is 1. Hence:
ec
M = py + RT Zn Ci,

where the superscript ec serves to indicate that the standard state is

taken to be unit molar concentration.
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For the unit mole fraction standard state (denoted by the superscript ex)

we obtain the following relation if once again we neglect nonideal soluticn

effects:
oK
Ui = Wy + RT &n x;,

where x; 1s the mole fraction of species i. Now, for a solution of fixed

volume, the mole fraction of any component i is given by

nj Ci
Xjy = =

inj  Ley

1 1

In dilute solution Zcj ~ 55.5 mol dm™, i.e. the molarity of pure water.
i

Thus it follows that for any solution component i

1™ = 13 + RT 4n 55.5.

For the ligand replacement reaction considered above we can write

©X ©xX oX oX oK X

AG = + + - -

Mo, BHy e, 0 P, T ML
eC X °eCc oc

= + + - - - 5
UML nuA XquO UMAn UL + (n-1) RT 4n 55.5

<
= 4G+ (n-1) RT &n 55.5,
as shown by Jones and Harrop (17). 1In the above equation the superscript

© on AG indicates the conventional asymmetric choice of standard states.
If we then use the facts that

A6 = -RT fn k°

and AG7%= -RT £n Kex,

the following expression is obtained:

< _ X

tn Kehelate = *° Kchelate ¥ (n-1) £n 55.5.
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Now

o _am ek
Kchelate ama ary,

I

where it has been assumed that the activity of water is 1 (since in dilute

aqueous solution Yg o > 1 as X1 g + 1). The last expression can be
2 2

rewritten as

© _ K7(Mw)
chelate Be(MAn)

I

© © s
where the constants K~ and 8, refer to the equilibria:

< M
M+L\_—\ML K =
aM 4L,
and
© aMa
M+ nA = MA, B = o
n ay aj
I . . X
Similar expressions can be written for K .
chelate
Thus
© X
K™ (ML K ML
4n —;;———L— = iIn —EEL——l— + (n-1) £n 55.5.
8, (MA) 8n (MAp)

Therefore, if we can assume that &n {KGX(ML)/ng(MAn)} ~ 0 (and Jones and

Harrop (17) discuss an example which suggests that this may be so) we

have:
© ©
In K (ML) ~ £n B (MAL) + (n-1) £Zn 55.5.

After conversion to logarithms to the base ten, this is equation (1.16)

without the factor which takes into account the inductive effect of the

chelate bridges.
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