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ABSTRACT 

This thesis shows the possibility of potentiometric titration of 

some metal ions, which form stable chloro-complexes in the solvents 

dimethylformamide and dimethyl sulphoxide, using the silver or the 

mercury indicator electrodes. 

The theoretical principles related to formation of complexes and 

electrode processes in organic solvents, are treated in Part 1. This 

part also deals with the theory of potentiometry and polarography, 

in their application to the evaluation of stability constants of 

complexes. The equations for the potentiometric titration curves are 

derived and some statistical principles for the treatment of experimental 

data are also considered. 

The standard potentials of the reference and indicator (silver 

and mercury) electrodes are evaluated in dimethylformamide. 

The DMF electrode, previously used by other workers in the 

Group, has been confirmed as an extremely reliable reference electrode. 

The ions studied are silver(I), mercury(II), cadmium(II) and 

zinc(II), which form one or two stable chloro-complexes. The ions 

other than the indicator metal ion are titrated in the presence of a 

very small amount of silver or mercury ion, according to which electrode 

is being used. 

Many other ions were tested, with respect to'their ability to 

form chloro-complexes and the possibility of detecting them using 

several metal indicator electrodes. 

The potentiometric measurements, together with the equations for 

the titration curves, are used to evaluate the stability constants of the 

complexes, which have also been calculated by another method, based only 

on measurements of ligand.concentration during the titration. 

Polarographic determinations are made with the purpose of studying 
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the shift of half-wave potential of the metal complexes, in an attempt 

to evaluate their stability constants. 

The reference electrode includes a salt bridge of fully methylated 

methylcellulose. Different methods of Synthesis of this substance, 

are shown to be inadequate for the purpose and another one, carried out 

in liquid ammonia, has been successfully used and improved. 
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INTRODUCTION 

The solvents dimethylformamide and dimethyl sulphoxide offer 

certain advantages which can explain their wide use as reaction media. 

In fact they can be purified efficiently by rather easy methods and 

have a large liquid range; due to their high donor strengths and 

dielectric constants, they are likely to dissolve salts of metal ions 

and keep the ions apart; another advantage, especially important in 

electrolytic processes, is their aprotic character which avoids 

the problem of hydrogen evolution. 

Earlier work by Kumar, frequently quoted in this thesis, showed 

the high stability of dichloro-argentate(I) ion in these solvents. It 

has been intended, then, to prove the possibility of using this fact 

for potentiometric determinations of other metal ions, using the silver 

electrode as indicator. Indeed some success was achieved in this 

direction but, as work progressed, it became evident that the 

analogous mercury electrode offered distinct advantages, due mainly 

to the higher stability of mercury(II ) chloro -complexes. 

The use of different indicator electrodes in the detailed ' 

measurement of potentials during the course of titration of several 

metal ions with chloride ion, enabled the determination of the 

stability constants of the chloro-complexes to be made. The values 

obtained by different methods were not consistent and so it was felt 

necessary to use another procedure, in order to check the results. An 

obvious choice was polarography, which unfortunately, and in spite of 

considerable effort, failed to give reliable quantitative information 

in the cases under study. For a particular case, cryoscopy has also 

been used as an auxiliary method. 

In view of this outline of the experimental work, the first 

part of the thesis deals with the following theoretical topics: 
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(a) Some principles of the chemistry in non-aqueous solvents, 

in an attempt to understand the differences, especially in electrode 

processes and complex formation, in the solvents used and particularly 

in comparison. with water. 

(b) The fundaments of potentiometry and polarography and the 

derivation of equations for evaluating stability constants by different 

methods. 

(c) Some considerations on statistical treatment, which has been 

widely used in the analysis of experimental data. 



PART ONE 

THEORETICAL PRINCIPTRS 
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PART 1 

THEORETICAL PRINCIPTXS 

1.1. CHEMISTRY IN NON-AQUEOUS SOLVENTS 

The recent increase in the use of organic solvents has its 

reasons on the larger possibilities they offer, in the whole, as 

reaction media. For example, due to different solvation abilities, the 

scale of solubilities and formation of complexes is expanded; owing 

to different acid-base properties, some weak species in water can be 

titrated in organic solvents; the problems arising from the 

reactivity between water and the components of some reactions or from 

the decomposition of water itself are eliminated and this enables some 

reactions which are impracticable in water, to be carried out in 

another solvent. 

Until recently the choice of a solvent for a reaction was made 

rather empirically and often its effect on the rate or course of the 

reaction was not considered in detail. However, by the proper choice 

of solvent, the products from a given set of reactants can be 

completely changed and in some cases the direction of the reaction can 

be reversed. Therefore the solvent properties such as dielectric 

constant, dipole moment, viscosity, density, melting and boiling points, 

etc., need careful consideration though, at the present stage, only 

some relations are known between measurable solvent properties and the 

characteristics of the reaction. Later reference will be made 

especially to solvent donacity. 

1.1.1. Classification of Solvents  

According to their co-ordinating properties, solvents may be 

divided into two main categories:I 
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(a) donor solvents, such as liquid ammonia, formamide, alcohols, 

acetonitrile, dimethylformamide and dimethyl sulphoxide, which have 

a high tendency to react with electron pair acceptors and so will 

preferentially solvate metal cations. 

(b) acceptor solvents, as for example hydrogen fluoride, sulphuric 

acid, nitric acid and- liquid sulphur dioxide, which tend to react 

with electron pair donors and therefore will mainly solvate anions. 

Each of these groups may again be divided into protic or 

hydrogen bridged solvents (examples are the first three mentioned in 

(a) and (b)) and aprotic or not hydrogen bridged solvents. 

In the last group, most of them have dipolar character and include 

solvents with low dielectric constant, e.g., diethylether (4.3), 

methylacetate (6.7), as well as solvents with fairly high dielectric 

constant, such as dimethylformamide (36.1) and dimethyl sulphoxide (1+5.0). 

1.1.2. Donor Strength 

The solvents used in the course of this work were dimethylformamide 

and dimethyl sulfoxide which belong to the aprotic donor group and 

have a strong dipolar character. Therefore special attention will now 

be given to this group of solvents. 

V. Gutman1'2  defined donor-number or donacity, DN, for a solvent D 

as the numerical quantity of its heat of reaction with antimony(V) 

chloride, taken as a reference acceptor, in dichloroethane: 

D
(dissolved) -I-  SbC45(dissolved) 	

D.SbC 
(dissolved) 

Then, 

DN
SbC15 - 611D.SbC/5  

A linear relationship was founi014  between - AR.SbC  and D4 
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log IC_ .u.SbC/5 	
.u.SbC/5 is the formation constant of D.SbC/5 ), for several 

solvents D. Considering the equations 

- AG = .RT ln
D 	

T tS 
41-1D.SbC; 

there is thus good reason to assume that the entropy change AS is the 

same, irrespective of the solvent; therefore the donor number gives 

a good index of the change of free energy, 63. 

In order to study the influence of the nature of the acceptor 

molecules, the - ARD.SbC25 values were compared with - AH D.A  values, for 

different acceptors A, such as trimethyltinchloride, phenol, iodine, etc 

A constant ratio was found between - D.SbC/5 and  - D.A values for every pair 

of acceptors SbCJ - A; so it is apparent that the relative donor 

strengths of different solvents measured against an acceptor A do not 

depend on A, showing that specific interactions between the solvent 

molecules and the acceptor molecules under consideration are small 

enough to be neglected. 

So the donor number provides an index of the total interaction 

between a solvent and an acceptor molecule, including contributions both 

by dipole-dipole or dipole-ion interactions and by the binding effects 

caused by the availability of the free electron pair. Thus the donor 

number is considered a semiquantitative measure of solute-solvent 

interactions. 

When co-ordination of several solvent molecules occurs or when 

little room is available for the solvent molecules within the 

co-ordination sphere, it is necessary to consider the steric factors 

involved, together with the donor number; this steric considerations 

will become more important when small ions are to be co-ordinated by 

several large or bulky ligands. 

Ionic compounds are likely to show increasing solubility with 
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increasing donor number of the solvent. Thus a high donor number 

and favourable steric properties are required to give useful 

solubilities; a high dielectric constant is not necessary, but it is 

useful in order to allow the solvated ions to remain far apart and 

therefore prevent ion pair formation. 

These characteristics exist in both dimethylformamide and 

dimethyl. sulphoxide and are part of the reasons for their use in the 

present experimental work. Their donor numbers are 26.6 and 29.8, 

respectively. Metallic perchlorates have been used in these solvents 

due to their large solubility, which can be understood on the basis of the 

high donacity and dielectric constant of the media, and to the weak 

ability of perchlorate ion to form complexes. When the chloride 

ion is allowed to be present the situation becomes less simple, as its 

donor strength has to be compared with the solvent's donacity. 

1.1.3. Electrode Potentials  

The relation between the standard free energy AO°  of the reaction 

M(s) -4  Mz+(solv.) + ze(in M) 

and the standard electrode potential EP for the pair M3+(solv.)/M(s) 

is given by the equation 

AG° = zFE° 	 (1.1.1) 

The most reliable way to obtain a value for AG°  is to calculate it 

from thermodynamic data; it will be the sum of the free energy 

changes for the following steps in a Born-Haber cycle:1 91°  

(a)  M(s) M(g) sublimation of the metal 

(b)  M(g) Mz+(g) + ze(g) - ionization of the gaseous metal atom 

(c)  ze(g) ze(in M) 

(d)  Mz+(g) Mz+(solv.) solvation of the ion 
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For a given metal ion the energies for (a), (b) and (c) remain 

constant irrespective of the solvent environment and so the 

differences for E° in various solvents are determined by the corresponding 

differences in the free energies of solvation. 

Much work has been done11012  in attempts to establish a series 

of values of EP for various couples in different solvents, relative to 

the standard hydrogen half-cell in water. An "absolute" scale of 

potential has also been sought, through efforts to compare EP values 

of.the hydrogen electrode in different media. 

It is easy to measure a half-cell emf EP relative to the standard 

hydrogen electrode in the same solvent S. This value is related to the 

half-cell emf EP of the same couple, relative to standard hydrogen in 

water, by the free energy change of transfer LY1 of a mole of hydrogen 

ions from the solvent S to water. This quantity AG° is the difference 

between the standard chemical potentials of a substance in the two 

solvents between which the transfer takes place. If this quantity 

could be obtained, values of EP for different couples and different 

solvents could form a universal scale of potentials. Many attempts 

to estimate it have been made and are discussed in detail by 

Strehlow1.2  

The free energy of solvation of N ions of radius r in a homogeneous 

medium of dielectric constant e is given by the Born equation." 

Ne2  
- 	= 2r 

(1 - 1  (1.1.2) 

where e is the electronic charge. If equation (1.1.2) were a true 

description of solvation energy, the observed free energy of transport 

of the neutral pair MX between two solvents of known dielectric 

constants could be divided into terms for le and X provided that the 
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radii of these ions were known. But the required values of r are radii 

of the solvated ion, which vary obviously with the solvent. Error in 

the- value of r will, however, be less important for large ions 

than for small ones. If an ion were very large, its solvation energy 

in any solvent would be so low that the free energy of transfer from 

one solvent to the other would be negligible. For this reason the 

pair Rbl-/Rb has been chosen as a reference1,4  since the Rb+  ion is 

very slightly solvated due to its large radius, small charge and high 

symmetry; it was assumed that the free energy of transfer of Rh+  

between any two solvents was zero. The free energy of transport of 

halide ions, and hence of other cations, could then be calculated. 

Other reference couples have been suggested more recently, 

because it was found that the free energy of transfer of Rb+  may be 

3-4 kcal. The p?irs ferrocene/ferricinium ion (ferrocene 

dicyclopentadienyl iron(II)) and the similar cobaltocene/cobalticinium 

ion have been used" as the metal ion is almost completely enclosed 

within an organic sphere, giving a much larger radius for the solvated 

ion. 

The use of reference redox couples eliminates the problem arising 

from the liquid junction potential but the methods based on it can 

be applied only where the system behaves ideally, i.e. when complex 

formation with the supporting electrolyte and the effect of ion pair 

formation can be neglected. This situation is approached by the use of 

perchlorates as supporting electrolytes in solvents of medium or 

high dielectric constant (e > 20). 

In the present work a reference electrode, previously tested by 

Kumar37  as a suitable reference in the solvents dimethylformamide 

and dimethyl sulphoxide, has been used; it consisted of a silver-

silver chloride electrode, immersed in a saturated solution of 
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potassium chloride in those solvents; its standard potential has been 

evaluated in reference to the normal hydrogen electrode in the same 

solvent. 

For metals which are soluble in mercury, the polarographic half-

wave potential E2  is a function of: 

(a) the standard electrode potential of the metal-metal ion 

couple, EP; 

(b) the solubility and the diffusivity of the metal in mercury 

and 

(c) the free energy of amalgamation. 

The factors (b) and (c) are independent of the nature of the solvent. 

Thus, for a reversible reduction the half-wave potential is a measure 

of the interaction of the metal ion with solvent molecules 

according to the reaction: 

M
Z+(solv.) + ze 	M(Hg) + solvent 

For an irreversible reduction the half-wave potential is 

determined not only by EP but also by the polarographic overvoltage. 

For a simple electrode process this overvoltage is mainly due to the 

metal ion-solvent interaction and so E1  of simple irreversible 
2 

reductions may also be considered as a function of the solvation. 

No general relation between the shift of the half-wave potential 

in different solvents and their physical properties such as dielectric 

constant or viscosity has been found1,6-20  but the solvating properties 

of a solvent are very important. Kumar" measured the half-wave 

potentials of several metal ions (alkali, alkaline earth, copper(II), 

zinc(II), cadmium(II), 	iron(II) and (III), cobalt(II), 

nickel(II), aluminium(III), etc.) against the silver-silver chloride 

reference electrode, in dimethylformamide and dimethyl sulphoxide 

These values were converted into the ferrocene-ferricinium scale, 
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using the measured value of the potential of this couple in the 

mentioned solvents. Through the comparison of the converted values 

. with data for other solvents, he could draw the conclusion that the 

solvation energies of metallic ions, are primarily influenced by the 

solvent donacity and only secondarily by the electrostatic forces 

resulting from the dielectric constants and the ionic radii of the 

solvent-ion system. 

The comparison)  of the half-wave potentials of alkali and alkaline 

earth metal ions expressed in the "rubidium scale" in several solvents 

(table 1.1) shows again that a relation exists between Ei  and the 
2 

donor number DN of the solvent, rather than the dielectric constant* 

e. For example, the dielectric constants of acetonitrile and propanediol-

1,2-carbonate are different but the Ei  of a given ion is similar in both 
2 

solvents as well as their donor numbers. On the contrary, acetonitrile 

and dimethylacetamide have nearly identical dielectric constants but 

the latter has a much higher donor number and its El  values are more 
2 

negative, showing a higher stability of the solvated ion in 

dimethylacetamide. With stronger solvation of ions (alkaline earth 

metal ions are more strongly solvated than alkali metal ions) the 

change of El  with the change of solvent becomes even more pronounced. 
2 

This is the reason why the polarographic method is one of the best 

ways for studying the solvation phenomena. 

1.1.4. Electrode Processes26-31  

Electrode reactions are characterized by charge transfer to or 

from ions or neutral molecules at an interface which can act as a 

controllable electron Source (cathode) or sink (anode). If this 

electric current flows without affecting the potential of the electrode, 

this is considered to be the hypothetical, completely reversible, 

nonpolarizable electrode. This property would require the electrode 
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TABLE 1.1  

E1  of Alkali and Alkaline Earth Metal Ions 
2 

in Different Solvents (in volts vs. El  of W.) 

SOLVENT 

0 

DN1  

DMS021  

45 

29.8 

DMF22  

36.1 

26.6 

DMA" 

38.9 

27.8 

FDC24  

69 

15.1 

CH3 CN25  

38.0 

14.1 

+ Li - 	0.39 - 	0.29 - 	0.34 + 	0.02 + 	0.03 

Na
+  - 	0.01 - 	0.01 - 	0.02 + 	0.01 + 	0.13 

+ 
K - 	0.05 - 	0.03 - 	0.04 + 	0.13 + 	0.02 

Rb
+  0.00 0.00 0.00 0.00 0.00 

Cs+  + 	0.03 - 	0.01 + 	0.01 0.00 + 	0.01 
2+ 

Mg - 	0.22 - - 	0.26 + 	0.25 + 	0.14 
2+ 

Ca - 	0.24 - 	0.31 - 	0.33 + 	0.05 + 	0.16 
2+ 

Sr - 	0.04 - 	0.12 - 	0.19 + 	0.14 + 	0.22 
2+ 

Ba - 	0.03 + 	0.03 + 	0.02 + 	0.30 + 	0.35 
- 

DMS0 - dimethyl sulphoxide 

DMF 	- N,N -dimethylfbrmamide 

DMA - N,N-dimethylacetamide 

PDC 	- propanediol -1,2-carbonate 
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to have zero resistance, which is unattainable in practice. But the 

reversibility is approached if the essential solid phases are present 

in adequate amounts and the proper ionic components exist in 

the solution at sufficiently high concentrations. However the 

Nernst equation for the reversible potential E of a metal M - metal 

ion Mz+  electrode (gm 	is the 'standard electrode potential), 

E 	+ RT 
zF In a m" (1.1.3) 

does not hold for indefinitely decreasing activity of the metal ion, 

a . As this activity tends to zero, the potential clearly cannot 
M 

reach the values given by exact application of equation (1.1.3) 

because, among other reasons, the electrode mould sooner or later 

become unable to provide enough electricity, at the proper potential, 

to work any recording instrument. In these conditions mixed potentials 

may be obtained, due to the simultaneous occurrence of other than the 

reaction under study. 

Every electrode can be considered as a mobile equilibrium system,. 

in which the equilibrium state is maintained by forward and back 

reactions proceeding at equal rates, defined by the slowest step in the 

overall electrode process. Since these processes involve the transfer 

of charge across the metal-solution interface their rates may be 

expressed in terms of electric currents and are sensitive to any 

variation in the effective potential difference across the interface. 

The phenomenon of overvoltage, which is the difference between the 

potential of the electrode when it carries a current density i and the 

equilibrium potential, arises from a slow attainment of equilibrium in the 

transfer of electrons at the electrode. Thus a free energy of 

activation is necessary for the reaction to proceed and the excess 



25 

applied voltage serves to provide this free energy. In many cases 

the overvoltage 11 varies with the logarithm of current density i, 

according to the empirical Tafel relation32  

= a + b log i 

which is found typical of the kinetics of electrode reactions; a 

and b are constants, defined by 

a = 
1

ln i and b = 
2.303  
a 

where 210  is the exchange current density and a is the transfer 

coefficient of the electrode reaction. 

The Tafel law applies only to the current densities determined by 

the finite forward and back reaction rates of a mobile equilibrium, 

taken separately, and not to their difference, the net current density. 

'Therefore it will hold for experimentally observed current densities only 

under conditions far enough from equilibrium, so that one of the 

opposing currents can be ignored. If this is not the case, the joint 

effect of the Tafel law for both currents is given by the 

relation i 	io TIFART, where i is the net current density in either 

direction and io  is the exchange current density. So, for a given 

value of i,1, is small when io  is large. For the ideal, non- 

polarizable electrode, ,S must be zero under all conditions and this 

would require ip  tending to infinity, which is impossible for any 

real system. 

The practical condition for a real electrode to be "reversible" 

is that its exchange current must be large compared with any net 

current which is required. Sometithes it is difficult to meet this 

condition, particularly in cases of decreasing ion activity, where the 

exchange current can fall too low and then, not only the electrode may 
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become polarizable, but it may no longer be able to reach its proper 

equilibrium potential at all. And some other process, dependent upon 

impurities but giving higher io,may take over. 

Exchange current density is a quantitative measure of 

the equilibrium rate of the two-way electron transfer between the 

electrode and particles in the electrolyte, when there is no net 

charge transport from one phase to the other; it reflects the 

kinetic properties of the particular interfacial systems concerned and 

thus varies from reaction to reaction, depending on the electrode material 

and on the solvent used. This fact can explain in part why some 

electrodes, which are thermodynamically well-behaved in water, are not 

so in non-aqueous solvents. 

The theory of the electrical double layer has special relevance to 

electrodes of all kinds, as it is essential for the description of 

metal-solution interfaces. The metal is made up of a lattice of 

positive ions and free electrons; when it is charged, all its charge 

will be on the surface of the metal. In the solution side, there is 

a first layer of solvent dipoles, preferentially orientated due to the 

excess charge on the electrode surface; this is the solvation sheath 

of the electrode. The second layer, the outer Helmholtz layer, is 

mainly of solvated ions; if their net charge equals the charge on the 

electrode, the potential drop between these two layers of charge is 

linearly dependent on the distance from the electrode. A more 

complicated case'occurs when the charge on this.layer is less than the 

electrode charge and some solvated ions are subject to the 

disorganizing effects of random thermal motions; there is then a 

diffuse layer, the Gouy layer, extending further into the solution, 

which is similar to the ionic atmosphere of the interionic attraction 

theory. The potential falls off into the solution, at first sharply, 
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and then assymptotically tends to zero. 

Although the first layer is largely occupied by solvent dipoles, 

some ions can get in contact with the electrode if they do not have 

a primary solvation sheath when they are in the bulk of the solution; 

these ions, in contact adsorption with the electrode, form the so-

-called inner Helmholtz layer and are said to be specifically adsorbed, 

because the extent of the phenomenon seems to depend on the chemical 

nature of the ion rather than on its charge. 

All species participating in an electrode process must pass 

through the electrical double layer in their movement to or from the 

interface. Electrolyte solutions are necessarily homogeneous but the 

situation of ions and solvent molecules in the double layer is 

discontinuous and so the electrostatic treatment of ionic solutions 

become more complex owing to the local superimposition of the 

electrode field upon that due to ions in the interface. In the same 

way, solvent molecules find themselves under either the conflicting or 

reinforcing influence of the fields arising both at the electrode 

interface and locally at ions in the double layer. 

A basic aspect of the latter situation is the degree of solvation 

and extent of orientation of solvent molecules at ions in the double 

layer and at the electrode surface itself. The presence of this 

oriented solvent layer at a charged metal interface is very 

important in regard to the nature of specific ionic adsorption. It 

was found33-34  that in some amide solvents the specific adsorption of 

anions is inversely proportional to the ability of the solvent to 

solvate anions through N-hydrogen bonding. 

The double layer capacity is not directly related to the 

macroscopic dielectric constant of the solventi5  however there is no 

doubt that the unusual structural properties of high dielectric 
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constant solvents are also reflected in the double layer properties. 

But probably more important factors are the specific chemical 

. interactions of the solvent molecules with both the ions and the 

electrode and the effect of the size of-the solvent molecule on the 

mean thickness of the inner region of the double layer16  

In so far as electrode reactions are heterogeneous processes, 

their rates will be influenced by the concentration of adsorbed 

reactant on the surface of the electrode. Another factor is the 

activation energy of the reaction, which is ruled by the electro-

chemical nature of the reactants and also by the catalytic and 

adsorptive properties of the surface. The potential difference at the 

interface, which, amongst other factors, controls the rate of the 

charge-transfer reaction, is the principal factor to distinguish 

electrochemical reactions from other heterogeneously catalysed 

reactions at the solid-solution interface. 

The double layer affects the rates of electrode processes by its 

influence on the surface concentration of the reactant and on the 

kinetics of the electrode reaction. This effect was first remarked . 

by Frumkin52  who considers that the electrode process involves 

only ions in direct contact with the electrode and that electron 

transfer to more distant ions is hardly likely. To keep the 

electrode reaction going and the electron transfer constant, a steady 

supply of ions must be maintained by transport from the bulk of the 

solution. This transport may be by diffusion, convection or migration 

under an electric field. In polarography it is essential that the 

reactant in the solution reaches the interface only by diffusion, so that 

the Ilkovie/  equation may be used to evaluate the concentration of the 

depolarizer as a function of the limiting diffusion current. Therefore 

the amount of substance reaching the electrode interface by 
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electrical migration and by convection must be made negligible. This 

is ensured by adding a large excess of an indifferent electrolyte, 

which does not take part in the interfacial charge transfer but takes 

care of the passage of current in the solution. In addition, the 

diffusion coefficient increases with increasing ionic strength of the 

solutiony then the supporting electrolyte will allow a higher 

transport rate of reactant ions towards the electrode. 

In the present experimental work, tetraethylammonium perchlorate 

has been used for this purpose, for reasons discussed in earlier 

work3.7 ,54 

1.1.5. Formation of Complexes 

Studies of complex equilibria in non-aqueous solvents are very 

relevant, both from the theoretical point of view, allowing a deeper 

understanding of mechanisms of different reactions, by 

comparison of results in several solvents, and from the practical side 

because of the potential applications of non-aqueous media in 

industrial processes. 

Solvents of low or medium donor numbers are most useful media 

to carry out ligand exchange reactions and to produce in this way 

various complex compounds. High donor properties of the solvent, 

although enhancing the solubility properties, will lead to high 

stabilities of the solvate-complexes112  

Water (DN - 18) may be considered as an intermediate solvent 

between solvents of medium and high donor properties and is therefore 

widely used in co-ordination chemistry. Due to the high reactivity of 

the solvent and the availability of the very strongly co-ordinating 

hydroxide ions, water will convert many acceptor compounds to hydroxo- 



30 

-complexes and thus prevent the formation of several other complex species. 

Many other solvents of low and medium donor properties are 

.available, for example, nitrobenzene (DN = 4.4), acetonitrile 

(DN = 14.1), sulpholane (DN = 14.8) and acetone (DN = 17.0). With all 

these solvents the exclusion of water has never been achieved completely 

and it has an important influence, even if present in trace quantities, 

in donor-acceptor equilibria. 

On the other hand, solvents of high donor numbers, such as 

dimethylformamide (DN = 26.6) and dimethyl sulphoxide (DN = 29.8), selected 

in the present work, will compete successfully with the donor tendencies 

of small amounts of water present in their solutions. So whenever it 

is wished to exclude water as much as possible, solvents of high 

donacity should be used, but their use in co-ordination chemistry is 

limited to reactions involving strong competitive ligands. 

The approach of measuring the enthalpy of the reaction in 

dichloroethane 

SbCi5  + D T D.SbC4 

as an attempt to assign a donor number to anions, cannot be applied 

to halide and pseudohalide anions, since ligand exchange reactions with 

the reference acceptor SbCi5 may take place and also because the 

solubilities of the salts of those anions are small in dichloroethane. 

Another attempt has been made my Gutmann and Mayer:55  

equilibrium studies have been carried out in solutions of 

dichloromethane and acetonitrile, using vanadylacetilacetonate, 

V0(CH3.00.CH.CO.CB02  or V0(acac)2 , as a reference acceptor, which 

has one ligand site available for co-ordination5.6-58  The V-0-bond 

energies of the chelate ring were found comparable with the 

C-C-bond energy" and are stable enough to exclude ligand exchange 
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reactions. The equilibria 

,V0(acac)2 + X- 	EVOX(acac)2 

were studied for X = 	Br, NCS and NT in dichloromethane and 

acetonitrile by the spectrophotometric method. The donor solvents 

trimethylphosphate (TMP), dimethylformamide (DMF), dimethyl 

sulphoxide (DMSO), pyridine (C5110),triphenyl phosphate ((C6 B5)3P0) 

and hexamethylphosphoramide (HMPA) have also been used. The following 

order in donor strength was found, both in dichloromethane and 

acetonitrile: Br < TMP < DMF < C/- < DMSO < (C6 H5 )3P0 < C5 H5 N HMPA 

< NCS < N3 . This series is in agreement with that of the donor 

numbers of the solvents. And the order found for DMF, DMSO and 

chloride ion can be taken as a semi-quantitative explanation for the 

lower stability in dimethyl sulphoxide of chloro-complexes of the metal-

ions studied, found in the course of the present work. 

Similarly to the acid-"base reactions, it may be concluded that a 

solvent of low donor number acts as a levelling solvent for the 

stabilities of analogous complex species containing competitive 

ligands of different donor properties. On the other hand, a solvent 

of high donor number may be considered to be a differentiating solvent 

with respect to the stabilities of analogous complex species with 

competitive ligands of different donor properties. For example, 

considering two solvents D! and.Dz and several ligands Li, with the 

following order in donor strength, 

> LT > Lz > D2 > 1 j > 

the solvent Di will allow, in principle the formation of complexes 

of comparable stability with all the ligands, whilst in solvent Dz 

complexes will be unstable with LI and IJ2 and easily formed with Lj and 14. 
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1.2. POTENTIOMETRY 

1.2.1. Introduction 

Potentiometric measurements are most of the time carried out in 

cells which contain two physically separate half-cells; the composition 

of one of these is varied throughout the experiment, while the other 

one is taken as reference. The two half-cells may come into contact 

at a liquid-liquid junction or be connected through a salt-bridge 

which contains a concentrated solution of a suitable electrolyte. 

During the present work a methylcellulose bridge, previously tested 

with success by Kumar3,7  had to be used to avoid the contact of the 

reference silver-silver chloride electrode with the chloride solutions 

in the titration cell, which would damage it. 

The e.m.f. E for the cell 

- 
EB I B, B

x+  I salt bridge lAz+, A I E
A 
+ 

(b) 	(a) 

is given by 

	

RT 	
a
ri
z+  X RT a B

-F 
E = EP + -- An - 	 E 	

+ Ej(b) 

	

A zF 	
a 	

.en a  
j(a) 	JA  

where 	andd 	 are the standard potentials for the couples Az+/A 

and B/B, respectively, and the junction potentials  Ei(a)  and 
Ej(b) 

are those parts of the eal.f. associated with the transfer of 

electricity from left to right of the cell as written across 

boundaries (a) and (b) respectively. 

These junction potentials are dependent on the concentration, 

transport numbers and activity coefficients of the ions in the 

boundary regions. Using a very concentrated salt bridge, it can be 

considered that the junction potentials are independent of the 
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composition of the half-cell solutions, as it has been demonstrated 

experimentally by Kumar37. Then E. 	= - E 
j(a) 

	Ej(b). 

Considering the left-hand half-cell as a reference electrode in 

the organic solvent being used, its e.m.f. 

a 
RT 	Bx+ 

+ — E
OS EZ - 

- F°
xF 	aB 

will be constant. If A is a metal in its standard state, then 

RT 
E 	- Eos EA .zE -n a  Az+  

Making the e.m.f. measurements in the presence of a bulk 

electrolyte which takes no part in the reaction, the ionic strength, 

and therefore the activity coefficients f, in the right-hand half-cell 

will be kept constant. Then, 

E Ep, RT rAz+3  
A zF L  

(1.2.1) 

where EPA' is the conditional standard potential for the pair 
Az-VA 

measured against the reference organic solvent electrode: 

RT Bo, = E° + — An f - E 
A 	A zF 	OS EL 

Equation (1.2.1) is the basis for potentiometric determination of 

end points of reactions, provided that a suitable indicator electrode 

is available. Many of the electrodes used successfully in water are 

irreversible in non-aqueous solvents; some of the reasons for this 

have been discussed in section 1.1. In particular, amalgam electrodes 

of copper3,6  zinc39  and cadmium" have proved to be not suitable as 
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indicator electrodes in dimethylformamide and dimethyl sulphoxide. 

Silver and mercury electrodes, which are often used in aqueous solutions, 

showed a very high degree of reversibility and no drift with aging in 

those solvents. 

It is known" that the mercury electrode may be applied, under 

certain conditions, as a pM indicator electrode for numerous metal 

ions in aqueous chelometric titrations. A mercury electrode in contact 

with a solution containing metal ions Mz+  to be titrated and a small 

added quantity of mercury(II)-chelonate, He
.(n-2)- 

(Y4-  = anion of EDTA, for example) exhibits a potential corresponding 

to the following half-cell: 

Hgl llgy(11-2)- my(n-z)- M 
z+ 

The potential for this indicator electrode may be found by combining 

the Nernst equation for a mercury electrode with the equations for 

the conditional overall stability constants 

and 

(n-2 )-]  
K 	[HgY
Hgy  - mg24-3[Yn-] for the mercury-chelonate 

KMY 

[my(n-z)-]  
[mz+][e-] 

for the metal-chelonate. 

Hence, at 250C, 

[MZ÷H}igY(n )-]KMY 
 

EHg  = 	+ 0.0296 log 
[MY ]'HgY 
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So the potential of the electrode bears a linear relationship with 

log[M] and consequently the electrode may serve as a pM indicator 

electrode in the presence of fixed concentrations of the metal- and 

mercury-chelonates. The electrode responds properly only to metal 

ions which form chelonates weaker than the mercury(II)-chelonate. 

1.2.2. Titration Curves for Mononuclear Chloro-Complexes  

Silver(I) and mercury(II ) ions form very stable complexes with 

chloride ion in dimethylformamide and dimethyl sulphoxide. Some of 

the published values for the stability constants are summarized in 

Table 1.2. 

Therefore it is logical to consider the possibility of using the 

thermodynamically well behaved silver and mercury metallic electrodes 

as indicators for titrations of metal ions which form less stable 

complexes with chloride ion in those solvents. This offers two 

important advantages, in comparison with the aqueous systems. In 

fact if complexes are formed with monodentate ligands in water, usually 

many are formed, thus making very difficult the detection of end 

points; what was found with the solvents used is that only one or 

two chloro-complexes are apparent for every metallic ion studied. 

On the other hand, the mercury(II)-EDTA system is pH dependent, due 

to the H4Y dissociation; this does not happen in the present case 

because hydrogen chloride, used as the ligand solution, is a strong 

acid in the solvents used°  

The equations for the titration curves have been established from 

the basic conditions of material and ionic balances for the species 

present in equilibrium. 

The method has been used previously51  and has the advantage of giving 
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TABLE 1.2 

Stability Constants of Chloro-Complexes 

• 

Complex Solvent 
Stability 	r  

Constant 

Ionic 

Strength 

Temper. 

(°C) 
Ref. 

Aga; DMF 9.3 x 1 022  0 25 37 

106.3  ? ? 42 

106 - 39  o 25 43 

DMSO 3.5 x 1012  0 25 37 

101 - 73  0.1 25 44 

1011  - 7  0.1 ? 45 

3.9 x 1010  0.1 25 46 

HgCL DMF 1024.1 6  0.1 25 47 

Hg C, 3  DMF 1031* 2 3  0.1 25 47 

Egg  DMF 1034:57  0.1 25 47 

103 ° 0.1 20 	- 48 

1032  • 9  0.1 25 49 

DMF - dimethylformamide 

DMSO 	dimethyl sulphoxide 
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only one equation, valid for the whole of the titration. So, in 

principle at least, the mathematical conditions for the inflexion 

points (null second derivative) can allow the exact determination of 

equivalence points and errors in the titrations. In practice it is 

difficult to achieve this for a general equation, because of its 

fairly complicated and lengthy form. 

It was assumed that only the complexes with higher number of 

ligands (AgC/T for silver(I) ions and HgCL for mercury(II) ions, as 

it .has been found in the course of the experimental work) were present 

and influencing the equilibria. This assumption was based on their 

high stability and on the fact that the indicator metal ion had a much . 

lower concentration than had the Metal ion to be titrated and so, 

since the beginning of the addition of ligand solution, the intermediate 

complexes could be overlooked. 

When the titrant (c molar in chloride ion) is added to a mixture 

of v ml of indicator metal ion 	solution (a molar), V ml of metal 

ion el- solution (b molar), and S ml of inert electrolyte (lithium or 

tetraethylammonium perchlorate), the following relationships can be 

written: 

av = ct
x 

and 

bV = ct 

with t and t as the particular values of m - volume of titrant - for 
—x 

which respectively the total concentration ratios of chloride 

ion/indicator metal ion and chloride ion/metal ion are 1 : 1. 

(a) Considering that only the complexes XCL(x-Y)+  and MCA(z-n)+  are 



[Man] 
n(c) - 	 

[M][a]n  
(1.2.6) 
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formed upon addition of chloride ion, after the volume m of titrant 

has been used, the material balances for the species in solution are 

as follows: 

S +V +v+ m - [Xxl-] + EXCI,
(x-y)+] 

S 
+ct  

+v+ m - [Mz+] + Diat
(3-n)-1-] 

V  

S 
+cm  +v+ m _ [Cr] + yEXCL(x-y)+ + n[MCknz-n)4] 

V  

It can be shown that the ionic balance gives a non-independent equation 

and so it will not be considered. Making 

J 7 S+V+v+ m 

and considering the conditional stability constants K and On(c)  for 

the complexes formed (charges will be omitted for the sake of 

simplicity), then: 

	

jtx = 	+ [XCA ] 

jt = ENO + [Man] 

jm = [CL] + y[XCA ] + n[MCkn] 

[XCL 

	

K _ 	y  

EXHC/]Y  

(1.2.2) 

(1.2.3)-

(1.2.4) 

(1.2.5) 

ct 



yjt jin 	x 
EMUn 

= 
n n / 	1 

nK
1 
 /Y[X] I/ Y  

(jtx)1 // Y  
(1.2.4') 
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If 
	

K 
>>n(c)' 

[XC/ ] >> [X] 	'and 

therefore 

[XCL ] 	jt y 	x 

1/ 
(jtx] /Y  

[CI]  - 1/ 1/ 
K ' Y[X] ' Y 

(1.2.2') 

(1.2.5' ) 

1/ n 	n 
j(m ytx)K Y  [X] Y  - (jt x) IY

K / / 
	/
Y[X] / Y 

n(c) 

	

	n 1/ 1 	n+1 
j(nt - m - yt )(jt ) x 	

x YK /Y[X] /Y  + (jt
x
) Y 

n+1 n+1 

(1.2.6') 

Then the equation for the titration curve, [X] vs. m, is: 

tuKnly[x]n/Y 
(11f1)/yEx]  (n+1)6 	

otx) i fJ 
j(ytx  m)K 

1 	1/ 	(n+1)/ 

+ j(ytx 
- m + nt)(jtx)n/YOn(c)K /Y[X] 	+ (jtx) 	IYOn(c)  = 0 

(1.2.7) 

(b) If the metal ion, M
Z+, forms two successive complexes, MCL

(z-n)+  
n 

and Ma(zn+p-n-13)+, with conditional stability constants O
n(c)  and 

P1-14-13(c) 
respectively, similar considerations lead to the more general 
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gytx  - m)K 
(n+p+1 ( 	) 	(n+p)(y  (n+p+1)/ 	l/y  ,n+p /ycx3 	l  

Y  + (jt ) 	K [X] 

(p+1)/y  
+ gytx  - m + nt)(jtx) "Pn(c)K "[X] 

	

(n+1)/ 	P/ 	P/ 
+ (jt ) 	Yp

n(c)
K /Y[X] Y  

(n+p)/y 	1/ 	1/_.  
+ gytx  - m + n+p)-0(jtx) 	Pni.p(c)K

y. 
 [X] J 

(n+p+1)/yp

n+p(c) + ( jtx) 	0 	 (1.2.8 ) 

The equation (1.2.7) can be obtained from (1.2.8) by setting 

n+p(c) . 0 when p = 0. 

The titration curves (E vs. m) obtained potentiometrically have 

been used in conjunction with these equations by means of the 

calibration curves established for the indicator electrodes: 

E  = 	0.0591  los[xx+]EoX' 

2+ 
with X

X+ 
= Ag+ or Hg 	(See equations (2.1.5) and (2.1.6)). 

1.2.3. Evaluation of Stability Constants 

If all the stability constants for a given system have been 

determined, it is possible, in principle, to calculate the equilibrium 

concentration or activity of each of the species present under a known 

set of experimental conditions; and this will allow the correct 

interpretation of the system's properties. The values of stability 

1+0 
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constants can also be•used to predict the conditions required for 

complete or maximal formation of a given complex and this is of 

great importance in planning analytical and separation methods. 

The validity of the original and of-the different extended forms 

of the Debye-Heckel equation is fairly limited and so reliable 

activity coefficients cannot be obtained. Therefore the calculation of 

thermodynamic equilibrium constants becomes difficult. Frequently 

the constant ionic medium method6°161  is used, with basis on BrSnsted's 

principle of the constant ionic environment6,2  which states that the 

activity coefficient of all solutes present as small fractions of the 

total electrolyte concentration is constant at constant total electrolyte 

concentration. For this purpose an inert electrolyte at high 

concentration is used; this electrolyte has to meet the 

following requirements: 

(1) it must be a strong electrolyte; 

(2) its cation must not associate with the ligand and with 

the complex species; 

(3) its anion must not associate with the central metal ion and with 

the complex species; 

(4) redox reaction must not occur between the constituents of 

the inert electrolyte and the central ion or ligand; 

(5) its solubility in the solvent used has to be large enough 

to allow sufficiently high concentration; 

(6) its contribution to the measured physical or chemical 

property which is being used must be negligible. 

Lithium and tetraethylammonium perchlorates, which satisfy these demands 

in the organic solvents under study, have been used for the purpose. 

The individual stability constants cannot be directly calculated 

and to obtain them it is necessary to find a suitable relationship 

4,” 
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between the individual constants and the experimentally measurable 

parameters. The total concentrations of metal ion, CM  = jt, and of 

ligand, CL  = jm, during the course of any titration are evidently 

known and the measured parameters were the concentrations of free 

(uncomplexed) metal ion and/or of free ligand. 

The extent of complex formation can be characterized by the ,  

complex formation function or the average co-ordination number 

introduced by Niels Bjerrum" and defined by the equation: 

C 	[L] 

CM 
	 (1.2.9) 

Then, considering only the successive formation of mono-nuclear 

chloro-complexes of metal ion M, 

n _ 
[CA] + [MCA] + 2[MCL2] + 	+ N[MC/N] - [CA] 

= jm  I
[

c l]  jt [MU] + [MCA2 ] + 	+ [MCAN] + [m] 

(1.2.10) 

Using the overall conditional stability constants 

[MCAT
] 

Pi(c) 	DaCkii  
(with 00(c)  = 1) 

equation (1.2.10) may be transformed into: 

jm - [CA] 	131(0[U] + 202(c)[CA] 2  + 	+ NON(c)[a]
N 

jt 
1 	/31(c)[CA]+ 132(c)[C1]2 	." 	NI3N(c)[CI]il  

or 
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N 

E (jm - [CL] - ijt)05.(c)[0A]1  = 0 	(1.2.11) 
i=0 

This important equation" permits the calculation of the complete set 

of stability constants for a given system, if the free ligand concentration 

[CL] is measured for at least N different total ligand concentrations 

CL  = jm, with constant jt. It can be solved by a least-squares 

procedure" for values of the stability constants and their 

standard deviations but this requires very good experimental data. Even 

relatively small errors result in negative values for.
(c 

 ) 
°I 

Equation (1.2.11) has been used in the present work; the values 

of free chloride ion concentration were obtained with a silver-silver 

chloride electrode, in solutions of constant ionic strength. A 

serious drawback of this indicator electrode in the organic solvents 

used is that it cannot be used in presence of large excess of chloride 

ion, due to the high stability of the dichloro-argentate(I) ion in those 

solvents. 

The stability constants of some chloro-complexes have been 

evaluated by an alternative method, based on equations (1.2.7) and 

(1.2.8) and using the silver and mercury indicator electrodes. 
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1.3. POLAROGRAPHY 

1.3.1. The Ilkovir Equation 

The direct proportionality between the limiting diffusion current 

and depolarizer concentration C is expressed in an equation derived 

by IlkoviC16,6  under the following conditions: (a) the migration 

effect on the ions under study is eliminated by the use of a large 

excess of supporting electrolyte; (b) the convection effects are 

eliminated by carrying out the experiments at controlled temperature; 

(c) the dropping mercury electrode is used, usually as a cathode, 

coupled with a suitable reference electrode. 

The equation, based on Faraday's law and the two diffusion laws 

of Fick, is given by 

= 706n D
1 2
m

2 3
t

1 6
C 	 (1.3.1) 

where n is the number of electrons transfered in the electrode process, 

D is the diffusion coefficient of the depolarizer in cm2  s 	m is the 

rate of mercury flow expressed in mg s-1 , t is the drop-time expressed 

in seconds and C is the millimolar concentration of the depolarizer; 

with these units, the current iA is given in 4A. 

Due to the growth of each mercury drop, the observed diffusion 

current varies with the variation of the surface area of each drop. 

Thus, at a particular applied voltage, the current oscillates between 

well defined upper and lower limits; the mean value of the limiting 

diffusion current, T1, is given by 

17-   
1L= 607n D

1 2
m

2 3
t

1 6
C 

It follows thatl if the same capillary is used with a constant 

height of the mercury head, the diffusion current is directly 

proportional to the analytical concentration of depolarizer in the 



1+5 

solution, 	= kC; and this equation is the basis of quantitative 

determinations by polarography. Due to the increase on diffusion 

coefficient with temperature, this must be kept constant during the 

experiments. 

In deriving the IlkoviS equation, the curvature of the electrode 

was neglected and only linear diffusion was considered; this is, 

equivalent to assuming that the thickness of the diffusion layer is 

very small as compared with the radius of the spherical electrode. 

Attempts to derive a corrected form of.the equation were made by 

several workers68-69 ; many equations have been obtained, differing mainly 

on the numerical value for A in the formula: 

=  1 

	1 

706n D 2 m 3 t 6 C 1 + A 
1 	2 	1 	D 2t 6 	. 

111 3  

(1.3.2) 

Although not much different from this corrected equation, the 

Ilk0viS equation (1.3.1) describes.better31  the experimental average 

currents on drops following the first one and is normally used for the 

deduction of polarographic waves equations. 

1.3.2. Polarographic Waves of Metal Ions 1 2 53,67  

A reversible electrode process can be defined as one for which 

the ratio of activities of oxidized and reduced species, at the 

electrode surface, obeys the Nernst equation. So this relation is 

strictly applicable only to thermodynamically reversible equilibria, 

which occur only when the net current flow is zero. During an 

oxidation or reduction process, the equilibrium is disturbed in favour 

of either the oxidized or reduced form and a small anodic or cathodic 

current will pass. Provided that the exchange current density remains 

- .- 
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fairly high, however, a small net current in one direction may be 

maintained without undue variation from equilibrium activities and 

the Nernst equation may still be applied. 

Considering the reversible reduction reaction, at the dropping 

mercury electrode, and assuming that metal M is soluble in mercury, 

Hg  + Mz+  + ze 	M(Hg) 

then, at applied potential E, 

RT Ele+J f e aHg 4 E = IP 	"Ti 411 EM(Hg)3e fa 
(1.3.3) 

where all the concentrations are considered at the electrode surface. 

Using  the Ilkovi'C equation, these concentrations can be related to the 

diffusion current, i,and limiting diffusion current,11, for the ion 

mz+. 

- i 

e 
	kI 
	and 

	
EM(lIg)]e 	kI

a 
	(1.3.4) 

1 
where k is the capillary constant (m

2 
 3 t

1 
 6 ) and I(706zD 2), and 

I
a
(706zD

a
2) are the diffusion current constants for the ion and for 

the metal in the amalgam, respectively. 

Substitution of equation (1.3.4) in (1.3.3) gives the 

Heyrovsk§ - Ilkovic equation7° for a polarographic wave 

where 

RT 1-2 i  

	

2 zF 
=  + 	i  

RT ,e ,gf  RT I D? 

	

E° EP + 	n 
H  

zF 	f 
a 	

zF 	
D 2 

(1.3.5) 

(1.3.6) 
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is the half-wave potential for the metal ion. 

Equation (1.3.5) can be used to determine the number of electrons 

/ - i 
involved in the reversible process: a plot of log 	versus 

E is a straight line of intercept El  from whose slope z is directly 
2 

determinable. 

When the electrode reaction is irreversible, the form of the 

current-potential curve is described by the equation31,7°  

E = 	
RT2 	otzF In 

 iA  - i 	

(1.3.7) 

where a, the transfer coefficient of the reaction, is the fraction of the 

overpotential assisting the forward process and the remainder 0 

assisting the reverse process. Therefore a straight line may still 

result in the mentioned plot, but its slope can be different from 

the theoretical value. 

An additional and more reliable test of reversibility is the fact 

that E1  in the reduction wave should coincide with the half-wave 
2 

potential of the anodic wave. 

1.3.3. Polarographic Waves of Metal Complexes  

When metal ions in solution undergo complexation with ligands 

other than the solvent molecules, their polarographic reduction waves 

are altered in two distinct ways: firstly, the half-wave potential 

is shifted, almost invariably to the more negative direction of applied 

potential; secondly, the diffusion current changes and usually 

becomes smaller. Studies of the stabilities of metal complexes 

polarographically involve the determination of these variations in the 

presence of increasing amounts of complexing ligand. 
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From a simple point of view, the shift in the half-wave potential 

may be attributed to the more bulky complexed ion requiring more 

energy in order to undergo the reduction process at the electrode; if the 

rate of this process remains relatively fast with respect to that 

of diffusion, this will still be rate determining. The decrease of 

diffusion current with increasing ligand concentration is due to , 

the decrease of the diffusion coefficient, owing to the increased bulk 

of the complex ions relative to that of the solvated ions. 

ConsideringthereductionofacomplexionMX.to the metallic 

state (as an amalgam) at the dropping mercury electrode, the electrode 

reaction may be expressed as 

PDC. -F ze + Hg 414. M(Hg) + jX 

This overall process may be represented as being made up of two 

reactions, the first involving the dissociation of the complex into 

solvated ions and ligand, the second being the electrochemical 

reaction of the solvated ion itself. Thus, 

mx. 4-2 le+ jx  

It 

M - ze 

If these processes take place reversibly and much more rapidly than 

the rate of natural diffusion of ions to the electrode surface, then 

equation (1.3.3) will hold: 

[mz+1 f a  
RT 	Je Hg 

E = EP + 	in 
zF 	[M(Hg)]

e  fa  
(1.3.3) 

Similarly to the simple ion reduction, Ilkovio/  equation applied to the 

diffusion of complex ion gives 



• 
aHgfMX. 

f 
X a 

RT E = EP + — 
zF 

2  Da - i 1 	+ RT 
1 . zF D* 2 	.Da j  P j  

[MX j] 
e 	kI* and EM(Hg)]e = kI

a 
(1.3.8) 

1+9 

 

where I* is the diffusion current constant for the complex ion. 

ConsideringthestabilityconstantO.for the complex ion and that, 

with an excess of ligand, the bulk concentration [X] may be regarded 

as the concentration at the electrode,[X]a, then, 

e 

MX. 

friP 
X J 

Thus, 

The half-wave potential for the complex, El* 
 , will then be: 

2 

EP + 
RT 
— 
zE Ln 

aHgfg MX. 

fj  X fa 

D
a
2 1  
• . D*  12 
	.DCT ] Pa  

(1.3.9) 

and the shift AFB  = EI  - 2 	2  

is given by 

due to the complex formation, 

6E
2 

= 	
.en 	

RT RT In 0  . 	RT 
zF j(c) 2zD j In[X] 

where Oi(c)  is the conditional stability constant for the complex. 

If it may be assumed that the diffusion coefficients D and D* are 



approximately equal, then (at 25°C), 

0.0591 0.0591  log P
J
.
l
, , + j 	log[X] 
C)  

(1.3.10) 

This is the basic equation of the method of Lingane71  for the 

determination of stability constants and coordination numbers of metal 

complexes: a plot of log[X] versus AEI 	will give a straight line 
2 

whose slope and intercept allow the evaluation of j and 0j(c). 

When more than one complex is formed,the mentioned plot, instead 

of being a single linear portion, consists of a series of segments 

each corresponding to different values of j and Si(c). This will 

happen only for reversible processes and when the complexes have 

fairly different stabilities. 

Another method has been devised by DeFord and Hume7,2  which 

takes account, polarographically, of the step-equilibria between 

successively formed complexes in solution. 

In the course of the present work with chloro-complexes of zinc(II), 

cadmium(II) and mercury(II) ions, it was only possible to obtain 

qualitative information about the formulae of the complexes due to the 

irreversibility of waves for the complex ions. Another method, based 

on competitive complexation (of the ion being studied and 

another "indicator" metal ion) with chloride ion, could not be used in 

the organic solvents under study; this was due to the unavailability 

of a suitable indicator ion which must undergo reversible reduction at 

a more positive potential than the ion whose complexes were to be 

studied. 

5o 
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1.4. STATISTICAL ANALYSIS OF EXPERIMENTAL DATA 

Applied statistics is essentially a tool in the study of other 

subjects. For a chemist it is useful in the following contexts:101  

(a) Assessment of results, in terms of reproducibility and also in 

comparison either with the "right" answer or with another set of 

results. 

(b) Design of procedure and technique before experimentation, taking 

into account the actual conditions ,of the experiments and the 

accuracy and precision to be obtained in the results. 

(c) Evaluation of the overall error in a result which is obtained 

through several experimental results that are subject to error. 

(d) Fitting data to formulae, either in deciding the type of frequency 

distribution of results or in finding the best curve or formula 

to fit a set of results. 

This last topic was the most frequently used in the treatment of 

data obtained in the course of this work and therefore will be 

treated in some detail, for the particular case of straight lines. 

1.4.1. Fitting of Straight Iines101-14:13  

The problem involves the basic linear equation. 

y = a + 	 (1.4.1) 

and its statistical aspect arises through th presence of errors 

associated with x and/or y. The fitting of straight lines must imply 

not only the determination of the most suitable values fora and 0, 

given a certain set of N points, but also the evaluation of the precision 

of the fitted line. 

In most practical cases x can be treated as the errorless variable; 
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thereforeonlyzissubjecttoexperimentalerrorsS..It is assumed 

thatvaluesofS.belong to the same statistical population, that the 

mean of this population is zero and that Si  values are statistically 

independent. The procedure used for establishing the best line to 

fit the experimental data was the method of least squares, which can 

be formulated by stating that the sum (Q) of squares of the deviations 

must be a minimum. Then,if xi, yi  is any given observation, the 

deviation from the best line is measured in the y  direction, since the 

error of x is negligible. The deviation is given by 

y. - (a + Px.) (1.4.2) 

and the values of a and 0 are then chosen to make Q a minimum, where 

a 4- 1  2  
(1.4.3 ) 

This can be done by differential calculus, setting the derivatives of 

Q with respect to a and P. The best estimates a* and 0* are: 

and 

N E x.y. - ( 	x.)( E y.) 1 1  

N E x? - ( 	xi)2  1 

(1.4.4) 

a* = 	E yi  - 0* E xi) (1.4.5) 

The minimum sum of squares of deviations is given by substituting 

the values of a* and 0* into equation (1.4.3); the result is 

Qmin 

N E 	( E yi)2  - 0*2  N E xi -( E xi) 2] 

N 	
(1.4.6) 
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This expression is useful for estimating the precision of the best line. 

The variance of the z's is the sum of the squares of the deviations 

divided by N-2 degrees of freedom; this number is obtained by 

subtracting from the total number of values /1  the number of parameters 

for which estimates were calculated, two in the present case (ci and 0). 

Therefore 

V(y) = min N-2  (1.4.7) 

gives the variance of the values y , evaluated from the equation for 

the fitted line 

yt = ci* 0*x. 

and it can also be calculated using the deviations, di  = yi  - 4, in 

the following equation: 

E d? 
V(y) = N 2 	 (1.4.8) 

In practice these deviations must be calculated because a single large 

value of d., which cannot be noted in using equation (1.4.7), will 

demonstrate a wild result which, perhaps, should be discarded. Another 

important reason is that the values di  may show a trend or definite pattern, 

this being an indication that the true model underlying the data is 

not a straight line. The use of equation (1.4.8) is a safer method for 

computing V(y), in comparison with the use of equation (1.4.7), because 

this equation involves very small differences of generally large quantities 

and so slight rounding errors can give misleading values for V(y). 

The variance V(y) is a measure of the scatter of the experimental 

points about the straight line that represents them. It is clear that 

the success of the fitting procedure increases as V(y) decreases. 
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Therefore the precision of the estimates u* and 0* must depend on 

V(y). The formulae establishing their variances V(a*) and V(0*) are: 

v(l*) = V(y) 
	N 	 (1.4.9) 
N E x? 	( E x.)2  

and 

E X 2  

  

v(ce) = V(y) 	 
N E x? 	( E x.)2  

(1.4.10) 

In practice the fitting of straight lines has been carried out using 

a computer programme which includes the different points mentioned above, 

namely, evaluation of u*, p*, y!, square roots (standard deviations) of 

V(y) (via both equations (1.4.7) and (1.4.8)), V(u*) and V(0*). 

The difference NV(Y) - Idi -  = 2sy 	 Y - Id. I for every. value ., 

was also calculated as a way of spotting likely wild results, considering 

as such-theresultsforighich2s-Id.lis negative. 

1.4.2. Other Applicationsl" 

Other computer programmes have been used with the purpose of 

applying similar statistical considerations to different problems: 

(1) Fitting of data to a cubic equation, by the method of least squares. 

(2) Calculation of real and/or imaginary roots of a third degree 

polynomial, by a combination of the Carden and trigonometric methods. 

(3) Solution of simultaneous linear equations by the Banachiewiez-Cholesky-

Crout method. 
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PART 2 

RESULTS AND DISCUSSION 

2.1. STANDARD ELECTRODE POTENTIALS IN DIMETHYLFORMAMIDE  

2.1.1. Reference Half-Cell (DMF Electrode) 

The determination was made using the cell." 

Pt, H2  (g) IIC,e(C M )1 bridge I KCLO, (0.8 M),KCL(satd),AgCL(satd) I Ag 

in which the reference half-cell 

!bridge IKCA04(0.8 M),KCL(satd),AgCL(satd) I Ag 

is called the "DMF electrode", with standard potential EP DMF 

measured against the hydrogen electrode in dimethylformamide. 

Applying the Nernst equation, the e.m.f. E of the cell is given 

RT 	RT E = EP 	— An 	— F An AgCA,Ag - F 	aCA-   

RT 
E = EP DMF EA F 	aH+ 

Using the Debye-HUckel limiting law" for the value of activity coefficients, 

the above equation may be rearranged into: 

E + 0.0591 log C = 0.0591 bid + Imp EL 	(2.1.1) 

Hence a plot of [E + 0.0591 log C] against Aid should give a straight 

line, with an intercept equal to DMF  EL. 

by 

or 
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Applying the extended form of the Debye-Hackel equation97 , which 

takes into account the effect of ionic interactions, the following 

equation can be obtained: 

E + 0.0591 log C - 0.0591 AV = aB(E6F El  - E - 0.0591 log C),/d 

+ EP 
DMF EL (2.1.2) 

Again, plotting [E + 0.0591 log C - 0.0591 A.,,/] versus 

(E6F EL - E 0.0591 log C),A7], from the intercept of the straight 

line a better value for EPDMF EL is obtained. 

If the polarizability of the solvent is considered, the use of the 

Debye-Huckel-BrySnsted equation97  gives the following equation: 

E + 0.0591 log C - 0.0591 Ald = 0.0591(aBA + c)C + E3DmE EL  (2.1.3) 

A new value for Ebmp EA  is then obtained from the plot of 

[E + 0.0591 log C - 0.0591 Aid] against C. 

The hydrogen chloride solutions in dimethylformamide were made at 

constant ionic strength (0.1 M lithium perchlorate) in the range 10
-2 
 to 

-4 
10 M, by dilution of a stock solution. The results are shown in 

Table 2.1 and were used for the fitting of straight lines (Fig. 2.1). 

The best values for their intercepts, which give successive 

approximations for 11F EL, are as follows: 

0.275 + 0.002 V (from eq. (2.1.1)) 

0.275 + 0.002 V (from eq. (2.1.2)) 

0.276 ± 0.001 V (from eq. (2.1.3)) 

The last value was taken as a best approximation and used for subsequent 



TABLE 2.1  

E 

(volt) 

C (M) 

(a) (b) 

E + 0.0591 log C 

(c) 

-(V.MF EL - E  - 0.0591 log C)Vd 

* 	
(a) 

+ 0.0591 log C - 0.0591 ANid 

* 
(e) 

0.3890 2.754 x 10
2 

 16.59 	x 10 0.2968 0.003600 0.26996 

0.3990 1.836 x 10-2  13.55 	x le 0.2964 0.002886 0.27448 

0.4110 9.180 x 10 3  9.581 x 10-2  0.2906 0.001485 0.27510 

0.4210 7.344 x 103  8.570 x 10-2  0.2949 0.001697 0.28103 

0.4260 5.508 x 10 3  7.422 x 10 2  0.2925 0.001291 0.28049 

- 3 
0.4330 3.672 x 10  6.060 x 10-2  0.2891 0.000848 0.27929 

0.4440 1.836 x 103  4.285 x 10-2  0.2831 . 	0.000308 0.27537 

0.4590 9.180 x 10
-4 
 3.030 x 10-2  0.2795 0.000133 0.27460 

0.4620 7.344 x 10-4  2.710 x 10 2  0.2768 0.000046 0.27241 

0.4690 5.508 x 10-4  2.347 x 102  0.2764 0.000031 0.27260 

0.4770 3.672 x 104  1.916 x 102  0.2740 - 0.000021 0.27090 

Evaluated from plot 1 ((b) vs. (c)): E° 
	

= 0.2751 V 
DMF EL 

0.0591 A = 0.1618 
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(c) 
(e) 

x 
	1__t 

102 
 

8 	12 	.16 	20 	24 	 (d) x 104 

C x 103 

1 	Equation (2.1.1) - A/5 vs. 	(c) 	(see Table 2.1) 

2 

- 

Equation (2.1.2) - (d) vs. 	(e) 

3 

- 

Equation (2.1.3) 	C vs. 	(e) 

FIG. 2.1 

Fitted Straight Lines for the Evaluation of Ej°,141, El  



calculations: 

EpMF EL = 0.276 + 0.001 V 

It agrees well with Kumar's value which is 0.279 V. 

The good agreement between the values obtained in the successive 

approximations, which has also been obtained by Kumar3,7  is remarkable 

considering the fairly high ionic strength at which the experiments have 

been carried out. 

2.1.2. Indicator Electrodes  

2.1.2.1. Silver and Mercury Electrodes  

The cell used for the determination of standard electrode 

potentials was 

DMF Electrode I Xx+, X 

whose emf E is given by 

E = EP F° 	0.0591 	0.0591  
X 	'DMF EL 	log f + x  log[Xx+] (2.1.4 ) 

Thus the value of EPX 
 has been obtained from the intercept 

Eo X 
	X 	D 
1(= EX - EoMF 

	
+ 0.0591 log f) of the straight line, E vs. log[Xx+]. 

The ranges of concentration [XX+ in which the electrodes behave 

according to equation (2.1.4) have been established, but extra-

polation to zero concentration was assumed as valid in further 

calculations, in view of the excellent agreement with theory of the 

short-range calibration. In the lower range of concentration 

(< 10 5  M) it was found that [Xx4]'was lower than it should be. This 

may be due to traces of chloride ion in lithium perchlorate, used as 

inert electrolyte which, in spite of careful purification, cannot be 

60 
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considered completely chloride free; part of the metal ion will then 

be retained under complex form. 

The solutions of silver and mercury(II) perchlorates were prepared 

by dilution and made at constant ionic strength (0.1 M lithium 

perchlorate). 

The results are shown in Table 2.2, and the value for EP is in Ag 

good agreement with that of Kumar" (0.852 V). 

TABLE 2.2 

Standard Electrode Potentials 

Silver Electrode Mercury Electrode 

Range of concentration -1 
10 	to 10

5 
M - 1 10 	to 10

-5 
 M 

Slope of straight line 	. 0.060 + 0.001 0.0299 + 0.0006 

Expected slope 0.0591 0.0296 

Intercept, E° ' 0.546 + 0.004 0.508 	+ 0.002 

Standard potential, lc  

0.851 + 0.004 V 0.900 	+ 0.002 V  0.0591 
EX, 

 (._ 
	

log f)  + Eo 	
EA 	x 

_ . 

DMF  

In most of the subsequent calculations the "calibration curves" 

shown in Fig. 2.2 and obtained by fitting the results of several 

experiments (Table 2.3) to straight lines, 

E = 0.546 + 0.060 log [Ag+] 
	

(2.1.5) 

and 

E = 0.508 + 0.0299 log [Hg ] 	(2.1.6) 



TABLF,  2.3 

Calibration Curves for Indicator Electrodes 

Silver Electrode Mercury Electrode Silver-Silver 
Chloride Electrode 

log[Ae] E(V) 
2 

log 	
+

Hg 	J E(V) log[CA-] E(V) 

- 0.95078 0.4790 - 1.25259 0.4680 - 1.9144 - 0.0705 

- 1.64782 0.4560 - 1.25259 0.4680 - 2.0904 - 0.0555 

- 1.64782 0.4450 - 1.95078 0.4510 - 2.6133 - 0.0245 

- 1.95078 0.4280 - 1.95078 0.4500 - 2.9144 - 0.0060 

- 2.74473 0.3830 - 2.34969 0.4400 - 3.0904 0.0045 

- 2.74473 0.3830 - 3.14509 0.4170 - 3.6133 0.0345 

- 2.87290 0.3770 - 3.14509 0.4170 - 3.9144 0.0510 

- 3.97062 0.3090 - 3.44612 0.4070 - 4.0904 0.0620 

- 3.97062 0.3090 - 4.14509 0.3800 - 4.6133 0.0900 

- 4.14267 0.2970 - 4.14509 0.3810 - 4.9144 0.1040 

- 4.76700 0.2670 - 4.54363 0.3680 - 5.0904 0.1090 * 

- 5.23958 0.2220 - 5.46471 0.3460 - 5.6133 0.1330 * 

- 5.23958 0.2240 - 5.46471 0.3460 - 5.7894 0.1320 * 

- 6.3362o 0.1900 * - 5.86328 0.2950 * - 5.9144 0.1360 * 

- 8.35458 0.0830 * - 6.38510 0.2600 * 

- 9.78252 - 0.1100 * - 6.78252 0.2320 * 

62 

value not included in the calibration curve 
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E(V) 

0.6 

0.5 

0.11- 

0.3 

0.2 - 5 - 1 loeMz+] -4 	-3 	- 2 

FIG. 2.2 

Calibration Curves for Silver(1) and Mercury(2) Electrodes in DMF 

E(V) 

0.2 

0.1 

- 0.1 

FIG. 2.3  
Calibration Curve for Silver-Silver Chloride Electrode in DMF 
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2 + 
have been used to evaluate [Ag] and [Hg ] from potentiometric 

measurements, carried out at 0.1 ionic strength, versus the DMF 

electrode. 

2.1.2.2. Silver-Silver Chloride Electrode 

The cell used is a concentration cell 

DMF Electrode IHC/(C M), AgC/ I Ag 

whose e.m.f. E is given by 

E = 0.0591 log a-nuk(satd) - 0.0591 log f 0.0591 log[Cr-] 	(2.1.7) 

A calibration curve, relating log[Cr] with E (Table 2.3), was prepared-

using hydrogen chloride solutions made by dilution, at constant ionic 

strength (0.1 M lithium perchlorate). 

The best straight line obtained (Fig. 2.3) obeys the following 

equation (I = 0.1): 

E = 	0.177(+ 0.003) - 0.058(+ 0:001)log[CA-] 
	(2.1.8) 

The range of concentrations in which the electrode responds well is 

10
-2 
 to 10

-5 
M; the upper limit is dependent on the solubility of 

silver chloride in excess of chloride ion. The extrapolation to zero 
a 

concentration was assumed as valid for the subsequent calculations, 

although it was recognized that this might be a dangerous assumption. 

In fact, in the lower range of concentration (< 10-5 
M), the value of 

[CC] was found to be higher than it should be; this may again be 

explained by the presence of traces of chloride ion in the lithium 

perchlorate. If this is so, the impurity in the electrolyte is ca. 
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-4 	
(w/w), value which has been evaluated from the results 

(marked *, in Table 2.3) not included in the calibration curve. 

However, in view of the excellent agreement with Nernst 

equation in the higher ranges of concentration and also due to the 

fact that results based on the silver - silver chloride electrode, 

even at very low chloride concentrations, agreed well with those from 

an independent method, it was concluded that'the extrapolation 

was valid. 

2.2. POTENTIOMETRIC DETERMINATIONS  

2.2.1. Preliminary Results 

2.2.1.1. Complex dichloro-argentate(I) Ion as Titrant  

A potentiometric study of the reaction of hydrogen chloride with 

silver perchlorate, previously remarked by Kumar37  and treated in 

detail in section 2.2.2. , showed that the resulting complex, 

dichloro-argentate(I) ion, is very stable in dimethylformamide and 

dimethyl sulphoxide. Therefore the possibility of applying this 

complex in titrations of several metal ions, using a silver indicator 

electrode, was considered; the basic requirement would be that the 

titrated metal ions were able to form chlorocomplexes in those 

solvents, so that competitive equilibria would be established and the 

change in silver ion concentration could be followed by the silver 

electrode. 

The titrations of the perchlorates of the following metal ions have 

been made: lithium, sodium, potassium, barium, magnesium, copper(II), 

cadmium, zinc, mercury(II), iron(II) and iron(III). The titrant was 
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a solution of dichloro-argentate(I) ion, previously prepared by adding 

stoichiometric amounts of silver and chloride ions. Only the copper(II), 

cadmium, zinc and mercury(II) ions showed clear interaction with the 

titrant, as some inflexions appeared in their titration curves 

(Fig. 2.4). However, the method has been abandoned because these 

inflexions were not sufficiently distinct and also due to the 

lack of knowledge about nature and stability of the species being formed. 

2.2.1.2. Use of Metal Indicator Electrodes 

Several metallic electrodes, in the form of foil, rod or 

electrolytic deposit, were used in an attempt to test their 

behaviour in the organic solvents, not only as indicators for their own 

ions but also as pM indicators, similar to the mercury electrode in 

aqueous EDTA titrations, as described in section 1.2.1. Therefore the 

titrations for ions other than those of the electrode metal, were 

carried out in presence of a low concentration of the indicator 

electrode's ions. 

The qualitative results for the different electrodes and ions in 

dimethylformamide (DMF) and dimethyl sulphoxide (DMSO) were as shown 

in Table 2.4. 

In general the inflexions were more steep in dimethylformamide 

than in dimethyl sulphoxide and the electrodes which seemed more widely 

applicable were the silver and mercury electrodes. 

Therefore more quantitative work was made with them in 

dimethylformamide, in order to evaluate the stability constants for 

chloro-complexes of silver(I), mercury(II), cadmium(II) and zinc(II) 

ions, which gave reproducible titration curves, with clear inflexion 

points (Figs. 2.5 to 2.8). The titration of silver(I) ion, using the 

mercury electrode, damages the electrode by abrasive removal of the mercury 
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10 	 20 	m(ml of Aga ) 

FIG. 2.4 

Silver Electrode - Titrations of M(C204)z  with AgCL; 

2 - Mercury; 3 - Cadmium; 4 -- Zinc 



TABU', 2.4  

Titrated ions 
with HCA 

Electrodes 

Silver Mercury Copper Cadmium Aluminium Zinc Platinum Paladium Rhodium Gold 

DMF DMSO DMF 1 DMSO v  DMF 

N Lit , 	+ a , 

l3 	+, Mg 	+ 

Ag+  

Hg2  ÷ 

• Cu 
 + 

Cd2  ± 

Zria + 

Pb
2-I-

2+ Ni 

AA3  + 

CO ÷ 

Phi + 

Fe3  + 

Pt
4 
+ 

Pd2  +

Rh
3 + 

le N 
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G - good inflexion(s) in the curve. 
D - doubtful case (no reproducible curves). 
N - no inflexion in the curve. 
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Silver Electrode - Titrations of 14(C/04)z  with HC2 

1 - Silver; 2 - Mercury; 3 - Cadmium; 4 - Zinc 



1 m(ml of M(CA04)z) 

7o 

FIG. 2.6  

Silver Electrode - Titrations of HCA with M(C204)z  

1 - Silver; 2 - Mercury; 3 - Cadmium; 4 - Zinc 
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FIG. 2.7 

Mercury Electrode - Titrations of M(C/04)z  with HC/ 

2 -. Mercury; 3 - Cadmium; 4 - Zinc 
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10 m(ml of M(C/04)z) 

FIG. 2.8 

Mercury Electrode - Titrations of HC/ with M(C204) z  

2 - Mercury; 3 - Cadmium; 4 - Zinc 
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by the silver chloride precipitate. The shielding of the electrode however 

avoids partly the effect and complete titration curves can be obtained. 

The first information which has been obtained is related to the 

formulae of the species formed. The solutions used (hydrogen chloride 

and metal perchlorates) were previously titrated separately and 

therefore the relative total concentrations of chloride ion (Ca) and 

metal ion (CM) could be known at every end point of the curves. The 

determination of these points was made by the "ring" method"; a 

process which unfortunately lacks any theoretical foundation:99  

large number of concentric circles, drawn on a transparent plate, are tested 

against the two opposite curvatures of the inflexion of the 

potentiometric curve to find the best inscribed circles that fit the 

curves. The line joining the centres of these circles cuts the 

curve at the inflexion (see Fig. 2.9) and then allows the determination 

of potential and volume m of titrant at that stage. 

Assuming that the species formed are mononuclear and according to the ( 

proportions CCL  : CM  at the end points, their formulae were found to 

be: 

Silver ion 	- AgCL1 	AgCAT 

Mercury(II) ion - Hgak 	HgC/T 

Cadmium(II) ion - CdCL 	CdCAT 

Zinc(II) ion 	ZnCih, 

2- 47-49 Other workers report the existence of Diga ] 	and  

2- 
[ZnCL4  ],100  but these species have not been found in the course of 

this work. 

The possibility of mixtures of complexes of comparable stabilities 

at the end points was considered at this stage of the work, but later 

it was proved false as it will be shown in section 2.2.4. 
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2.2.2. Silver Electrode  

2.2.2.1. Stability Constant of dichloro-argentate(I) Ion 

A. In previous work37  the value 0, = 9.3 x 1022) for this 

stability constant was evaluated using the value El  (Fig. 2.6 - curve 1) 

to obtain the actual silver ion concentration, by means of a 

calibration curve, similar to (2.1.5). 

However it was found that the volume y is slightly lower than t/2: 

this is probably due to early local precipitation and adsorption of 

chloride ion by silver chloride while the titrant is being added. 

The same kind of difference appears at different ionic strengths and in 

barium perchlorate medium (in water the barium ion seems to prevent the 

effect). 

The experimental values of m (< t/2) and E were used for fitting 

a cubic equation to which the data fortuitously fit quite well. The 

errors of the titration curves, based on the cubic equations obtained, 

were evaluated by fitting the experimental and theoretical values of 

E for straight lines. The theoretical values were obtained for each 

value of m using the coefficients of the cubic equations previously 

found. The straight lines always had a slope approximately equal to 

one, showing that this part of the titration curve is described quite 

closely by a cubic equation. The best fitting was obtained when the 

first and last parts of the curve were not considered, i.e., when 

m was well inside the range 0 < m < t/2. The equation had the 

following form 

E = -314.99 + 124.80 m - 42.62 m2  + 9.70 m3  

and the value 4 for m = t/2 was calculated and used to evaluate 

the silver ion concentration at the equivalence point for the formation 

of dichloro-argentate(I) ion. 
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The results, from the replicated titration of 5.00 ml of 0.14 M 

hydrogen chloride (in 25 ml of 0.1 M lithium perchlorate) with 0.11 M 

silver perchlorate, are as follows: 

- 0.0191 + 0.0018 V 

[Ag+] = (3.81 + 0.11) x 10 1°  M (from eq. (2.1.5)) 

[cr] = 2CAg+] = (7.62 + 0.22) x 10-1°  M 

m = t/2 = 3.182  ml 

CAgCAT] = jm  EAdfl = jt [CL -] 
2 

j = 3.315 x 10-3  (Wml) 

= 1.055 x 10-2  M 

The Debye Rickel extended law, in dimethylformamide, is given by the 

equation 

- log f = 
1.593 zIli,s/1 

Then, 

= 0.5171 

Hence, 

[Ag04-] 
	  - (1.78 + 0.09) x 1026  M-2  

,e CAg+] cc —  j2 

The apparent solubility product, KS = [AgCAT][Ag+]f21 , can be 

evaluated using the value of [Ag+] at the equivalence point: 

[Ag-/-] = [AgC47] = 1.507  x 10-6  m (for E = 0.1967 V). Then, 

= 6.07 X jo-13  M2 
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4/67S 
The solubility product, KS 	- = [Ag'][at 	- Jf2 	7- 	will then 

P2 

be: 

K
S 	5.84 x 10-20  M2  

The corresponding values found by Kumar37  .are: 

02  . 9.3 x 1022  M-2 ; K = 1.10 x 10-'3  M2; KS  = 1.09 x 10-18  M2  

The differences are mainly due to the way in which the values of potential 

for equialence points were chosen. In fact the values obtained using . 

the potential Fl  from the present experiments, are as follows: 

02  = 4.96 x 10" M-2  ; K's  = 1.46 x 10'2  M2; Ks  = 1.72 x 101 8  m2 

B. A theoretical attempt was made to confirm the values obtained 

by the previous method. The titration is considered in the reverse 

direction (m ml of hydrogen chloride added to silver perchlorate) and 

the titration curve is divided in two Separate sections, before and 

after m = 2t (see Fig. 2.5 - curve 1). 

(a) If m < 2t, then 

[AgCt]p  = jm [dr] - 2[AgCtT] 

[AgCA]p  = jt - [Ag4-] - [AgaT] 

When m 	[AgCt]p  -4 0, thus [Cr] = j(m - 2t) 	2[Ag4-] and 

2[Ail-]2  + j(m 	2t)[Ae] - K
s(c) 

= 0 	(2.2.1) 
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(b) If m > 2t, there is no precipitate and then 

jt - [lkg+]  
0. 	= 

2  le) 	CAg-J [j(m 	2t) + 2[Ae]] 2  

or 

4132 (c)[Ag+33  + Lfj(m - 2t)02 (c)CAg+Y + [ja  (m — 2t)2  2 ( c)  + li[Ag+] - jt 

. 0 	 (2.2.2) 

(c) At the point (equivalent point for [Aga:3) where [Ag+] and m 

are the same in both curves, eliminating (m 2t) between (2.2.1) and 

(2.2.2), it can be shown that 

EAg+T - jt[Ae] + 02(c)It(c)  = 0 	(2.2.3) 

which, in this part of the titration curve, can be reasonably 

approximated to 

[Ag+] _ 
132  

jt (2.2.4) 

Substitution of (2.2.4) in (2.2.1) gives, when m = 2t: 

it 
(c) 

4CAg+33  

which is a good approximation of (2.2.2) for m = 2t: 

jt - CAR.4-3  
132 (c) 4CAg

+ 3 

(2.2.5) 

C. 

Equation (2.2.1), for m = 2t, gives: 
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KS(c) = 2CAg+12 
	

(2.2.6) 

Substitution of typical numerical values in (2.2.5) and (2.2.6) gives 

the following results: 

132 = 3.56 x 1026  m2  

and 

KS = 7.76 x 10
-20 M2  

They are in good agreement with those obtained in section A, 

= 1.78 x 10 26 m-2  

and 

Ks  = 5.84 x 1020  M2  

and act as a remarkable confirmation. However, these results from 

section A will be used for further calculations because they were 

derived on the basis of a statistical analysis of replicates of 

chloride titration with silver ions, while some approximations have 

been made in section B. 

2.2.2.2. Silver Electrode as pM Indicator 

The values of potential of the silver electrode, measured versus 

the DMF electrode, during the titrations of solutions of mercury(II), 

cadmium(II) or zinc(II) perchlorates with hydrogen chloride, in presence 

of a small concentration of silver perchlorate and at ionic strength 

0.1, were used for the evaluation of stability constants. Equations (1.2.7) 

and (1.2.8) and the calibration curve (2.1.5), for the silver electrode, 

provided the basis for all the calculations, under the assumptions made in 

Section 1.2.2. 
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The data shown below are drawn from some of the many titrations 

which have been carried out with reproducible results. The titration 

curves are shown in Fig. 2.5, curves 2, 3 and 4, for mercury(II), 

cadmium(II) and zinc(II) ions, respectiVely. 

The results are as follows: 

(a) Mercury(II) ion 	(Fig. 2.5, curve 2) 

3.00 ml of 0.090 M mercury(II) perchlorate 

0.04 ml of 0.099 M silver perchlorate 

25.0 ml of 0.1 M lithium perchlorate 

Titrant 	- 0.140 M hydrogen chloride 

Thus, 

t = 1.93 ml 

tAg = 0.028 ml 

Equation (1.2.8): n = 2; p = 1; X = Ag; y = 2; K = 4.76 x 1025 M-2  

According to the assumptions made for the derivation of equation (1.2.8), 

K is the conditional stability constant p 
k
, 
C)  
, for the species 

2  

Aga; , evaluated in section 2.2.2.1. 

The coefficients of equation (1.2.8) were established for different 

pairs of values m and every pair of equations gave the conditional 

stability constants for the species Hgae2  and HgCL.T, 02(c)  and 03(c)  

(Table 2.5). 
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TABLE 2.5 

Mercury(II) Moro-Complexes (Silver Electrode) 

m(ml) 

R 

P 	, 	, 	(m 
	
) 

s2(c) 	— 

3 
P 	, 	, 	(m 	) 
S3(c) 	— 

I 

4 

2t(3.86), 3t(5.79) 1.92.x 1025  2.49 x 1035  

4.5 	, 	5.5 3.03 x 1024  1.01 x 1037  

3.o 	, 	5.5 	. 8.18 x 1025  6.02 x 1038  

Average Values -' 3.47 x 1025  2.87 x 1035  

(b) 	Cadmium(II) ion (Fig. 	2.5, curve 3) 

2.00 ml of 	0.120 M cadmium perchlorate 

0.04 ml of 0.099 M silver perchlorate 

25.0 	ml of 0.1 	M lithium perchlorate 

Titrant 	- 0.140 M .  hydrogen chloride 

Hence, 

t 	= 1.71 ml 

t
Ag 

= 0.028 ml 

Equation (1.2.8): n = 1; p = 2; X = Ag; y = 2; K = 4.76 x 1025  le 

In the same way as for mercury(II) ion, every pair of equations gave 

the values air 01(c) and 03(c), conditional stability constants for the 

species CdCe and CdCA,T respectively (Table 2.6). 
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TABLE 2.6 

Cadmium(II) Chloro-Complexes (Silver Electrode) 

m(ml) 13
1(c) 	(11

r1 
)4 03(c) 	(113)  

t(1.71), 3t(5.13) 1.42 x 1012  2.58 x 1033  

3.0 	, 	4.0 1.45 x 1012  8.39 x 1032  

4.5 	, 	6.0 1.29 x 1012  1.39 x 1032  

1.0 	, 	2.5 3.84 x 1012  4.75 x 1032  

Average Values -, 2.00 x 1012  1.01 x 1033  

(e) Zinc(II) ion 	(Fig. 2.5, curve 4) 

4.00 ml of 0.100 M zinc perchlorate 

0.04 ml of 0.099 M silver perchlorate 

25.0 ml of 0.1 M lithium perchlorate 

Titrant - 0.140 M hydrogen chloride 

Therefore: 

t 	= 2.86 ml 

tAg = 0.028 ml 

Equation (1.2.7): n = 2; X . Ag; y = 2; K = 4.76 x 1025  Nr2  

For every value of m, the value of p 2k ,o) conditional stability constant 

for the species ZnCA2, could be evaluated (Table 2.7). 
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TABLE 2.7  

Zinc(II) Chloro-Complexes (Silver Electrode) 

m(ml) 0 	(M-2  ) 
2(c) 	— 

, 

2.0 3.45 x 1022  

4.0 2.32 x 1022  

2t(5.72) 1.26 x 1022  

6.0 8.18 x 1021  

Average_. 
Value 

1.96 x 1022. 

The values of stability constants evaluated above appear to be 

surprisingly high in view of the shapes of the titration curves; these 

curves show a change of potential, for example, for titration of zinc(II) 

ion, which is fairly small and so cannot be due to the formation of a 

very stable complex, as the value of 1022  for its stability constant would 

imply. 

It must be remembered that the equations (1.2.7) and (1.2.8) for the 

titration curves, have been derived assuming that the dichloro-argentate(I) 

ion is the only species which controls the concentration of free silver 

ion and that the other metal ion chloro-complex is less stable than 

dichloro-argentante(I) ion. These conditions seemed to be reasonable, 

taking into account the very low concentration of silver ion present 

(ca. 100 times lower than the other metal ion concentration) and the 

confirmed high stability for the indicator complex. 
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However, when mixed titrations are carried out, with silver and 

other metal ions in comparable concentration ranges, the titration curves 

are as shown in Fig. 2.9. The equivalent volumes of hydrogen chloride, 

evaluated by independent quantitative determination of the solutions 

involved, were as follows: 

Silver tAg 
= 1.48 ml (AgCL) ; 2tAs  = 2.96 ml (Ag0272) 

Mercury 2tHg  = 5.20 ml (HgC) ; 3tHg  = 7.80 ml (Hg0/73) 

Cadmium  t
Cd 

= 1.58 ml (CdCe) 3tcd  = 4.75 ml (CdCA-3) 

Zinc 2tZn  = 5.75 ml (ZnC22) 

For the zinc and cadmium ions it is clear that the precipitation of 

silver chloride occurs prior to the formation of their complexes; however 

this does not happen for the mercury ions, because the first inflexion 

point appears at tAg + 2tHg,  showing the simultaneous formation of silver 

chloride and mercuric chloride. 

In all the cases the silver chloride precipitate persists during the 

following part of the titration, in spite of a very slow addition of the 

titrant and vigorous stirring. A more or less distinct inflexion point 

appears at the equivalent volumes for the species HgCA3, CdCA; 

and ZnCA2, but the end point for the formation of species AgCA2 (y) is 

apparently delayed in all the cases; this is probably related to the 

kinetics of the dissolution df silver chloride, which is superimposed 

on the thermodynamics of the whole process. 

The titrations have also been carried out in the opposite direction, 

by addition of metal (Hg, Cd or Zn) perchlorates to a mixture uf 

silver perchlorate and excess of chlthride ion. Therefore the mixture 

being titrated was dichloro-argentate(I) and chloride ions. The curves are 

shown in Fig. 2.10. 

During the titration with mercury(II) ions (Curve 2), the precipitate 

of silver chloride is apparent from the introduction of the first drop 
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FIG. 2.9 

Silver Electrode - Mixed Titrations with HU 

1 - Silver (tAg=1.48 ml); 
	2 - Silver + Mercury (tHg=2.60 ml) 

3 - Silver + Cadmium (tcd=1.58 ml); 4 - Silver + Zinc (tzn=2.88 ml) 
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of titrant; and the volumes'corresponding to the inflexion points are 

larger than expected (tHg/3 and tHs/2), if only the original chloride 

ion was to be titrated. Therefore the dichloro-argentate(I) ion, upon 

addition of mercury(II) ion, yields silver chloride and chloride ion, 

with the simultaneous formation of trichloro-mercurate(II) ion. This, 

should imply that this ion is more stable than dichloro-argentate(I) ion. 

Then, summarizing the likely chain of reactions, it is: 

2 	2+ 
(Hg ) 	(Hg ) 

Aga; + Ct 	 AgC/1 + HgCA; 	AgCLL 	HgC22  

For the titrations with cadmium or zinc perchlorates (Curves 3 and 

4), the inflexions appear at the equivalence points for the excess 

chloride ion in t1 mixture (tCd/3 or tZn
/2) and only after these 

points the silver chloride precipitate is formed. Therefore it may 

be concluded that dichloro-argentate(I) ion is more stable than both 

trichloro-cadmate(II) ion and zinc chloride. Then, 

24. 	 2+ 
(Cd ) 	CdCk; (Cd ) 	Cdal 

Aga; + 	AgCL 2 + 	AgCLI 
2+ 	 2+ 

( Z11 ) 	ZnCL2 	(7-in ) 	ZnCL2  

No sign of monochloro-cadmium(II) ion could be found. 

In view of these facts some conclusions can be drawn: 

(a) The titration curve of mercury(II) ion with chloride ion is not 

properly describe'd by equation (2.1.8) due to the clearly higher 

stability of trichloro-mercurate(II) ion, in comparison with 

dichloro-argentate(I) ion stability. Furthermore, it was found that 

the silver electrode, when immersed for some time in mercury(II) 

perchlorate solutions, becomes damaged and probably behaves similarly 

to a silver-amalgam or a pure mercury electrode. Reinforcing this 

suspicion is the fact that the values of potential, when the mercury 



2- Mercury (tile:: 6.6m1); 3-Cadmium (tCd  5.2m1); 4- Zinc (tze:6.0m1) 	A - Mercury Electrode; B - Silver-Silver Chloride Electrode 
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Silver Electrode - Titrations of (Aga; + C/-) with M(C204)z  
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electrode is used as indicator, are very similar to the results 

obtained with the silver electrode (See Curves 2 in Figs. 2.5 and 2.7). 

In principle, this could be expected, taking into consideration the values 

of standard potentials in dimethylformamide: 0.851 V and 0.900 V, 

2+, 
respectively for the pairs Ag/Ag and Hg /Hg. It is remarkable how 

easily the equilibrium is established, even with very low concentrations 

of the ions involved, and this may be a sign of the reversibility of the 

reaction. 

(b) Although the chloro-complexes of cadmium and zinc ions are less stable 

than dichloro-argentate(I) ion, the presence of the sparingly soluble 

precipitate of silver chloride, even in very small amounts, may deform 

the titration curves and therefore lead to erroneous values of potential, 

which will not be controlled by the dichloro-argentate(I) ion alone. 

(c) Therefore the stability constants obtained in this section, based 

on equations (1.2.7) and (1.2.8) are to be taken with much reserve and 

most probably to be disregarded later. 

2.2.3. Mercury Electrode  

The use of this electrode as indicator in potentiometric determinations 

showed that it has some advantages over the silver electrode. In fact, 

it proved to last for a long time, without appreciable drift of 

potential with aging; the silver electrode, however, becomes damaged 

when used in solutions of mercury(II) ions. Another and more important 

advantage is the high stability of the mercury(II) chloro-complexes in 

the organic solvents being used, with the absence of any precipitate 

which, in the case of silver chloride, seems to disturb the titration 

processes. 

In order to make use of this electrode as a pM indicator it is 
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necessary to determine the stability constants of the corresponding 

chloro-complexes. Several methods have been used for that purpose as 

described below.' 

2.2.3.1. Evaluation of Stability Constants  

A. Following the same line as in the derivation of equations (1.2.7) 

and (1.2.8), an attempt was made to express the mercury(II) ion concentration 

in terms of one variable only, the volume m of hydrogen chloride added, 

so that it would be possible to evaluate the stability constants from 

the potential measurements at different points of the titration. Two 

cubic equations were obtained, based on the material balances for the 

mercury(II) and chloride ions: 

2 + 	2 	2 	2 + 	_ 3 
jt = 	J 	HCA J P2(e)  + EHg ][CA ] 03(c) 	(2.2.7) 

2 	 . 	2 • _ 
jm = [CL ] + 2[Hg.

+ 
 ]EC/-]2 02(c) 

	
3[Hg + J[CL7]

3 
 03(c) 	. (2.2.8) 

However success was not achieved on amalgamating them into a single 

equation, in spite of extensive efforts in this direction, involving: 

(i) Elimination of terms in 02(c),or 03(c)  between equations (2.2.7) 

and (2.2.8). 

(ii) Resolution of the resulting cubic or quadratic equation in 

[C/ 7]. This manipulation became extremely complex and in its 

course it was necessary to invoke some approximations which 

limited to a great extent the usefulness of the former 

equation. 

(iii) Substitution of the expression obtained for [C/-  ] either into 

(2.2.7) or (2.2.8) in order to obtain one equation dependent 
2+ . 

on m and [Hg ]. 

(iv) Solution of a system of several simultaneous equations, obtained 
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2+ 
for different experimental values of m and [Hg J. The 

unknowns in these equations were various combinations of 

the values 	
) 

0
2( 
,c, and 03(c). 

The solution of these systems of equatiohs lead to negative and non-

consistent values 
for2(c) 

 and 
 03(c)  

, and therefore the method has been 

abandoned, eliminating the possibility of using the mercury electrode 

alone for the aimed purpose of stability constants evaluation. 

A trial and error method, assuming values for 0 	and , , in 
2(c) 	3kc)  

a wide range and substituting them into the general solution for the 

cubic or quadratic equations in [Cr], might have been successful in 

finding the values of 0 
2
( 

C) 
\ and 03()  which are in better agreement 

2+ 
with the experimental measurements of [Hg ]. However, this method 

would have been extremely laborious and so a-different approach has 

been tried, as described below in D. 

B.' A new attempt included the simultaneous use of mercury and 

silver-silver chloride electrodes, then allowing the calculation of 
2+ 

both [Hg ] and [Cr], during the course of the titration. The curves 

are shown in Fig. 2.11, curve A for the mercury indicator electrode 

and curve B for the silver-silver chloride electrode; this one could 

not be completed, because excess of chloride ion would damage the 

electrode. The intermediate part of the titration (2t < m < 3t) is the 

most reliable for evaluating 02(c)  and  03(c)' since the species mercuric 

chloride and trichloro-mercurate(II) ion are both present in measurable 

concentrations. 

The calculations were done using a programme, which included the 

use of calibration curves (2.1.6) and (2.1.8) for both electrodes and 

the modified forms of equations (2.2.7) and (2.2.8): 



2 + 
jre 	jm 	3[Hg ] + [C2-J.  

132(c) - 	2+ 	_ 2 [Hg 
][CA ] 

(2.2.9) 

90 

2+ 
jm - 2jt + 2[Hg ] - EaTj  

3(C) - 	2+ 	_ 3 

' Mg ][a ] 

(2.2.10) 

The initial sets of results were obtained from the values of 

potential drawn from the titration curves A and B in their intermediate 

parts, allowing for the dilution during the course of the experiments. 

However a trend on the results has been found - the stability constants 

were increasingly larger with increased values of m; this is probably due 

to the progressive formation of very small amounts of dichloro-argentate(I) 

ion from the silver chloride on the electrode, then making the 

actual chloride ion concentration lower than it should be. 

Therefore another technique was chosen, which had the advantage of 

avoiding the dilution adjustments : separate solutions with known total 

concentrations of mercury(II) and chloride ions were prepared, at 0.1 

ionic strength, and made up to 25.0 ml in volumetric flasks. The 

measurements of potential were then made by immersion of the electrodes, 

for a short time, in every one of the prepared solutions, this 

avoiding the continuous contact of the silver-silver chloride electrode 

with the same solution. The results show no noticeable trend with the 

increasing chloride ion concentration (Table 2.8). The average values 

are (32(c)  = (2.4 + 1.0) x 102°  M2  and 133(c)  = (6.2 + 3.7) x 1025  M-3 ;  

after the rejection of results (*) falling well away from the main group 

of results, the average values are 

02(c) = (2.5 + 0.6) x 1020 14-2 

P3(C) = 
(5.9 + 2.0) 

x 1025 m-3 
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TABU 2.8 

Mercury(II) Chloro-Complexes (Mercury and Chloride Electrodes) 

m 

(ml) 

--2 0 2(c)X10 

(111 2 ) 

xi0-2 5 3(C) 

(M 3 ) 

Exp. 1 

3.20 1.14 * 1.80 * 

t=1.53 3.40 1.80 4.17 

=8.12x103  3.60 2.13 5,17 

3.80 1.03 * 1.87 * 

4.00 1.85 4.76 

4.20 0.85 * 1.61 * 

Exp. 2 

2.3o 3.79 * 11.55 * 

t=1.14 2.40 2.95 8.48 

j=8.12x10 3  2.50 2.65 7.57 

2.80 2.85 8.5o 

3.00 2.15 5.91 

3.10 2.77 8.97 * 

3.20 0.98 * 2.15 * 

Exp. 3 

2.10 3.15 3.16 

t=0.97 2.30' 1.81 1.46 * 

j=6.38x10 2.40 2.72 2.65 

2.50 1.91 1.43 * 

..- 
2.70 1.47 0.78 * 

m 

(ml) 
2(c)`10 20 

(M 2 ) 

03(c)x10-2 

(M-3) 

Exp. 4 

2.00 2.93 11.42 * 

t=0.92 2.10 3.32 11.90 * 

j=6.38x103  2.21 2.66 8.58 

2.30 3.73 * 11.62 * 

2.411 1.66 4.45 

2.50 1.77 5.19 

2.61 0.87 * 2.54 

2.71' 0.57 * 2.36 * 

Exp. 5 

1.90 3.98 * 7.46 

t=0.92 	2.01 4.19 * 9.89 * 

j=6.38x103  2.10 4.36 * 13.19 * 

2.20 3.68 * 11.04 * 

2.31 3.00 7.99 

2.41 2.62 6.57 

2.50 2.61 6.3o 

2.61 3.18 6.74 
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As a further improvement, it was found that the data fit quite well 

to cubic equations of the forms: 

EH  = a
o 
+ 	+ a2m + a30 

and 

= a' + 	m + a12m2  + a; m3  

and the values for the coefficients ai  and al were evaluated. With them 

the cubic equations were solved for both the experimental and other values 

of m. Therefore fitted values forAg  and EC/' EHg and E* were obtained 

and straight line fittings have been carried out between the pairs 

EHg  - Ei'is  and Ea  - ELL. It was proved that these values are in good 

agreement, since the slopes of the lines are approximately equal to 

one. 

All the fitted results EHg  and ECG  were used for the evaluation 

of stability constants, by means of the same calculation method. Many 

more results were obtained, giving the following average values, after 

rejection of wild results: 

P2(c) = (2.4 ± 
0.5) x 1020 m-2 
	

( 2.2.11) 

3■c ) = (6.2 + 2.0) x 1025  M-3 
	

(2.2.12) 

These values will be considered for further comparisons with results 

from other methods, because they are based on many more values which 

have been established statistically. 
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C. As described in section 2.2.2.2., using the silver electrode 

as indicator for the mercury(II) ion titration, under much reserve the 

following values were obtained: 

P2(c) = 3.47 x 1025  

and 

03(c) ' 2.87 x  103e 

D. In view of the enormous discrepancy between the two sets of 

results, not only in absolute terms but also in their relative order 

of magnitude (0
2ker 

/ P
3(c) 

some means of deciding which set of results 

is the best was sought. A method of trial and error was followed, 

assuming values in the ranges of 1019  - 1025  for 0
2(C)  and 10

22  - 1040 

for 03(c). All the possible combinations of the two constants, in steps 

of 102  and considering the minimum ratio 03(c) / 02(c) as 103, have 

been substituted into equation (2.2.7), together with the experimental 
2+ 

values of m and [Hg ], for the whole course of the titration curve. 

The large number of resulting cubic equations were solved (by means of 

a computer programme) for the chloride ion concentration, which was then 

substituted into equation (2.2.8) with the corresponding values of 
2+ 

2(c) and p3(c). Linear equations in [Hg ] have been obtained and 

their solutions were compared with the experimental values for the 

mercury ion concentration. 

The following conclusions could be drawn from the results: 

(i) Whenever the ratio p 31,  , C)  , / 0 2% ,
0) was 103  - 105, negative values 

appeared for mercury(II) concentration, particularly in the early 

part of the titration curves. 

(ii) The ratio P3(c) / 02(0)  which gave whole sets of results of 
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mercury(II) concentration in better agreement with the experimental 

ones was in the range 105  - 107. For values of the ratio larger than 

107  the results were in clear disagreement with the experimental 

values. 

(iii) The pairs of values cp2(c) 
	p3(c) ) which were found to give 

better agreement are in the range 1019  - 1026  to 1023  - 1030. 

In view of that the values obtained in B., (2.2.11) and (2.2.12), 

will be taken as the conditional stability constants (I = 0.1) for 

mercuric chloride and trichloro-mercurate(II) ion: 

2(C) 

03(c) 

= 

= 

(2.4 ± 0.5) x 1020 m-2 

(6.2 -I- 2.0) x 1025 m3 

(2.2.11) 

(2.2.12) 

2.2.3.2. Mercury Electrode as pM Indicator  

The equations (1.2.7) and (1.2.8) have been applied to the 

titration curves of cadmium(II) or zinc(II) perchlorates with hydrogen 

chloride, for the evaluation of the stability constants of the corres-

ponding complexes. The titrations have been carried out in presence of a 

very small concentration of mercury(II) ion and at ionic strength 0.1 M. 

The titration curves are shown in Fig. 2.7 - curves 3 and 4. 	1' 

The data shown below are drawn from replicated titrations. Use 

has been made of equation (2.1.6), to evaluate the mercury(II) ion con-

centration from the measured potential of the mercury indicator electrode 

versus the reference half-cell. 

The results are as follows: 
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(a) Cadmium(II) ion (Fig. 2.7, curve 3) 

2.00 ml of 0.120 M cadmium perchlorate 

0.04 ml of 0.088 M mercury(II) perchlorate 

25.0  ml of 0.1 M lithium perchlorate 

Titrant - 0.140 M hydrogen chloride 

Therefore, t = 1.71 ml 

tHg = 0.025 ml 

Equation (1.2.8): n = 1; p = 2;  X = Hg;  y = 3;  K = 6.2 x 1025  M-3  

According to the assumptions made for the derivation of equation (1.2.8) 

K is the conditional stability constant 0 31/4  
, 
c)  , for the species 

HgC23, evaluated in section 2.2.3.1. 

The coefficients of equation (1.2.8) were established for 

different pairs of values m and every pair of equations allowed the 

evaluation of s1(c) and  s3(c) for the monochloro-cadmium(II) and 

trichloro-cadmate(II) ions (Table 2.9). 

(b) Zinc(II) ion (Fig. 2.7,.curve 4) 

4.00 ml of 0.100 M zinc perchlorate 

0.04 ml of 0.088 M mercury(II) perchlorate 

25.0 ml of 0.1 M lithium perchlorate 

Titrant - 0.140 M hydrogen chloride 

Therefore, t = 2.86 ml 

tHg = 0.025 ml 

Equation (1.2.7): n = 2; X = Hg;  y = 3;  K = 6.2 x 1025  M-3 
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For every value of m, the conditional stability constant for zinc 

chloride, B2(c)' could be evaluated (Table 2.10). '  

TABLE 2.9  

Cadmium(II) Chloro-Complexes (Mercury Electrode) 

m(ml) 
R 1(c) 	(11 

i 
) 0

3(c) 	(1-1-3 ) 

t(1.71), 	3t(5.13) 2.47 x 106  1.13 x 1014  

4.0 	, 	6.0 1.1 2 x 106  2.61 x 1014  

3.0 	, 	4.0 4.30 x 106 3.70  x 1014  

Average Values -4  2.63 x 106  2.48 x 1014 

TABLE 2.10 

Zinc(II) Chloro-Complexes (Mercury Electrode) 

m(ml) )  (le ) 
2\CJ 	— 

2t(5.71) 4.09 x 100 

2.0 5.12 x 107  

4.0 3.71 X.10' 

61.---..--- 

Average Value -4 4.31 x 109 
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The values obtained appear to be more logical in their order of 

magnitude, in comparison with those obtained by a similar way with the 

silver indicator electrode. In fact the variation of potential shown 

by the titration curves is not very large, suggesting values for the 

stability constants in the range which has been obtained. 

Mixed titrations, with mercury and cadmium or zinc ions in comparable 

concentration ranges, have been carried out and the corresponding 

curves are shown in Fig. 2.12. In both cases the formation of mercury(II) 

chloride occurs in first place, at m = 2t11 . The formation of both 

species CdC13 or ZnCL2  seems to be simultaneous with formation of 

trichloro-mercurate(II) ion, since the inflexion point appears at 

3tHg + 3tCd 
 (curve 3, for cadmium) and at 3tHg + 2tZn (curve +, for zinc). 

However, the reverse titrations (Fig. 2113), carried out by addition I 

of cadmium(II) cr zinc(II) perchlorates to a mixture of trichloro-_-_, 

mercurate(II) and chloride ions, show that both species Cda; and ZnCL2  / 

are formed without dissociation of HgCl3. This conclusion is based on 

the fact that the inflexion points correspond to volumes of titrant 	i 

(tCd /3 or tZn/2) which, by separate quantitative determination of the 

solutions involved, were found to be equivalent to the initial quantity 

of chloride ion, considering the formation of the complexes CdC/3 or 

ZnCA2. 

Therefore it may be concluded that the overall stability of the 

complex Hga; is higher than those of complexes Cda; or ZnC/2; but 

its stepwise stability, i.e., considering the formation of trichloro-

mercurate(II) ion from mercuric chloride, is comparable with the other 

species' stabilities. 

In .7.iew of these facts the assumptions invoked in the derivation of 

equations (1.2.7) and (1.2.8) are not strictly valid, since K (= P3(0) 

does not seem to be very much larger than p
n(c) 

for cadmium and zinc 

chloro-complexes. However, in practice, the mentioned equations should 
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Mercury Electrode - Mixed Titrations with HCA 

2 - Mercury (tHg  = 1.33m1); 3 - Mercury Cadmium (tCd  = 3.43 ml); 4 - Mercury Zinc 	n  = 2.86m1) 
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be a good approximation for describing the real titration curves, 

because the concentration of mercury(II) ion is about 100 times lower 

than that of the metal ion being titrated; therefore, in these 

conditions, most of the mercury(II) ions must be in the trichioro-complex 

form since the beginning of the titrations. And this is the implication 

of the assumption on which the derivation of the equation is based, that 

is K(= 	3(c)) is much larger than the stability constants for the 

cadmium and zinc complexes. 

2.2.4. Silver-Silver Chloride Electrode  

The use of this electrode, as an indicator of chloride ion con-

centration, makes possible the evaluation of stability constants as 

described in 1.2.3.. The basic equations to achieve this purpose are 

N 

E 	(jm - Col] - ijt)k(c)[C2]i 	0 	 (1.2.11) 

= 0 

and the calibration curve for the electrode, at a given ionic strength. 

For I = 0.1, equation (2.1.8) has been established, as described in 

2.1.2; by similar methods, calibration curves have been obtained for 

I = .0.02 : E = - 0.181 (+ 0.002) - 0.060 (+ 0.003) log[CL] 

(2.2.13) 

I = 1 	: E = - 0.155 (-1- 0.003) - 0.061 
	

0.004) log[CA-] 

(2.2.14) 
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FIG. 2.13  Mercury Electrode - Titrations of (HgCr3  Cr) with M(CA04)z  

3 - Cadmium (tcd  = 6.10 ml); 4 - Zinc (tzn  = 11.48 ml) 
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FIG. 2.14 Silver-Silver.  Chloride Electrode - Titrations with HCA, at 

Ionic Strength 0.02 (a), 0.1 (b) and 1 (c), of 
2 - Mercury; 3 - Cadmium; 4 - Zinc 
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Titrations of mercury(II), cadmium(II) and zinc(II) with chloride 

ions have been carried out at different ionic strengths (0.02, 0.1 and  

1 M lithium perchlorate) and the coefficients of equation (1.2.11) have 

been evaluated at different points of the titrations; the dilution 

occurring during the course of the titration has been considered 

through the variable which depends on m. 

For every metal ion under study, besides the complexes evident 

from the ratio of concentrations of metal ion and ligand at the 

end points, the existence of other mononuclear complexes has been 

considered. It was intended to prove whether the end points correspond 

to a single complex or to a mixture of two (or more) complexes of 

similar stabilities; for example, in terms of overall concentration 

ratios", it is the same to consider the equivalence point for the species 

ZnCL2  or for the mixture of species ZnCe and ZnCA-3  in equal proportions. 

Therefore the different possibilities were tried along the whole 

course of the titration curves and the values for the constants Si (c) 

have been worked out by combination of the necessary number of equations, 

according to the number of complexes being considered. 

The different parts of the titrations are separated by the points 

where the ratios of metal ion and ligand concentrations are 1 : 1, 1 : 2, 

etc., which correspond to m = t, 2t, 3t... It was never possible to make 

measurements in presence of a large. excess of chloride ion, due to the 

mentioned limitation of the electrode in the solvents being used - 

that is the dissolution of the silver chloride coating the electrode by 

excess of hydrogen chloride. The titration curves are shown in 

Fig. 2.14. 

The outlines below, summarizing the results obtained for every 

ion at different ionic strengths, show the extreme values for the 

stability constants, found in the indicated part of the curve for a 

certain combination of supposedly existent complexes; these extreme 
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values are written in an order corresponding to increasing volume of 

titrant, m. The different parts of the curves are limited by the points 

which give negative values for the stability constants. 

The assessment of results has been made on the basis that the 

best "model", i.e., combination of complexes, to describe the real 
• 

process is the one which produces minimum variation for the stability 

constants in the maximum course of the whole titration. 

(i) Cadmium(II) ion 	(curves 3, Fig. 2.14) 

D i  + D3  (E) 

f3 3  (D) 

02  + 03  (C) 

D i  + 02  (B) 

13 1  (A) 

Y 

    

2t 	 

 

31t 	m( 1i 0 t 

  

(a) I = 0.02 

0i(c) 0 
2(C) 

0 
3(C) 

_ 

(A)  
4.71 x 105 

- _ 

1.05 x 106  

(B)  
4.28 x 105  4.06 x 101°  - 

5.30 x 105  3.61 x 105  

( 	) _ 
1.16 x 105- 2.80 x 1012  

2.86 x 105  1.08 x 1010 

2.61 x 1014  
(D) - - 

3.39 x 1013  

4.97 x 105  4.64 x 1°14  

(E) 1.63 x 106 - 4.02 x 1014  



103 

(b) I ::: 0.1 

-
~ 1( c) I' 2(c) ~ 3(C) 

(A) 1.30 x 10 5 - -
1.08 X 10 6 

(B) 1.10 x 10 5 6.19 X lOa -
4.06 X 10 3 3.10 X 10 8 

(C) - 2.03 X 10 8 1.49 X 10 11 

2.50 X 10 6 3. 06x10 1O 

(D) - - 4.40 X 10 12 

1.10 X 1013 

(E) 1.32 x 10 5 1.54 X 101:5 -
3.39 X 10 5 1.11 X 10 13 

(F) 3.10 x 10 5 2.49 x 10 8 1.03 x lOB 

2.60 X 10 4 2.68 X 10 8 9035 X 10 11 

(d) I ::: 1 

!31(C) 6 2(c) ~3(c) 

(A) 
3.48 x 104_ - -
4.61 X 10 5 

(B) 3.29 x 10 4 1.05x10 8 
.. -

9.85 X 10 3 1.58x10 8 

(C) - 1.17x10 8 1.77 X 10 10 

1.08 X 10 7 1.05 X 10 12 

(D) -. - 1.07 X 10 12 

4.83 X 10 11 

- .. 

(E) 1.36 x 10?. 2.00 x 10 12 
-

1.41 x 10' 1.08 x 10 11 

(F) 1.24 x 104 1.47x10 8 6.60 X 1010. 

9.92 X 10 4 1.44 X 10 8 1.46 X 10 12 
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The combination P2 + P4 gave negative results for one or both constants, 

at all the values of ionic strength. 

In view of these results, it appears that the complexes CdCL and 

CdCA; are the most likely to be formed, since the combination of these 

complexes (E) gives reproducible results for the stability constants 

in the first part of the titration; then, when m is well over t, the 

monochloro-complex loses importance, as it is not very stable, and the 

existence of.the species CdC23 alone (D) describes quite well the 

remaining part of the titration. 

The average values, at I = 0.1, are evaluated from the results 

(b)(E) and (b)(D): 

01(C) = 2.36 x 105 M
-1 

03(c) = 1.05 x 
1013 m-3  

which are in fairly good agreement with those in Table 2.9, obtained 

through the use of mercury electrode and are clearly different from 

those in section 2.2.2., evaluated with silver electrode as indicator. 

(ii) Zinc(II) ion 	(Curves 4, Fig. 2.14) 

02  (A) 

01 + P3 (C) 

pi 	P2  (B) 

02 	03  (D) 

2t 	3t m m 



(a) I -= 0.02 

~1(C) !32(c) ~ 3( c) 

... 

(A) 
2.68 x 10 9 

- -
1.15xl0 8 

-.-

(B) 2.68 x 10 3_ 2.80 X 10 9 

-
2.99 x 10 5 1.63 x 10 8 

CC) 
2.07 x 10'* 1.24 X 10 1 '* -
6.60 x 10 3 5.00 x 10 H 

--

CD) - 9.26 x 10 7 8.67 x 10 9 

Cb) I = 0.1 

!31(C) f3 2(c) !33(C) 

(A) 4.46 x 10 8 

- -
7.60 X 10 7 

(B) 3.26 x 102 3.24 x 10 8 

-
4.49 X 10'* 1.06 X 10 7 

(C) 4.10 X 10 3 1.30 x 10 13 . -
6.70 X 102 . 4.70 X 10 12 

(D) 6.40 x 10 7 . 4.07 x 10 8 -
3.95 x 10 6 3.33 x 10 7 
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(c) I = 1 

S 0 1(C) , 	.  a 2(C ) 	p 3(c) 

(A) 

• 
( B) 

(C) 

— 

1.01 x 103  

1.10 x 104  

4.48 x 103  

5.60 x 103  

5.77 x 107  

1.39 x 106  

1.89 x 107  

5.99 x 107  

— 

- 

- 

2.72 x 101 1 

1.45 x 1011  

The combination Pi  02 03 gave negative values for one or more 

constants, irrespective of the ionic strength. 

Therefore, the possibility of having the species Zn0e and ZnCI 

indicated together at m = 2t, must be disregarded, as the consideration 

of their existence gives values for O i  much different from those for 03, 

showing their different stabilities; and, at the same time, this is 

valid in a very narrow interval of the curve (m < t), as shown above. 

The remaining results show that the formation of zinc chloride 

alone describes quite well the real process, since the variation of 

02(c)  found along the whole course of the titration is not very 

large. This variation shows a clear trend, as it becomes smaller with 

increasing m; it may be due to the slight misbehaviour of the electrode, 

previously mentioned, which, in the course of addition of titrant, 

would make the free chloride ion concentration lower than it should be; 

at the same time the volume t for equivalence' would become larger, 

since some titrant is being consumed on the reaction with silver 

chloride from the electrode. The average value for the conditional 

stability constant (I = 0.1) was then taken from values (b)(A): 
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2\CJ = 2.61 x 108 
W2 

Similarly to the cadmium ion, this result is in acceptable agreement only 

with that from Table 2.10 (mercury electrode). 

(iii) Mercury(II) ion 	(Curves 2, Fig. 2.14) 

01+ 02  (E) 

[3 3  (D) 

02  + [33  (C) 

[3 2  (B) 

(A) 

V 

0 

  

t 2t 	3t 	m(ml) 

(a) I = 0.02 

Pi(c) 02(c) 13 	\ 3koi 

(A)  3.05 x 101° - 1.01 x 1031 
8.16 x 1011 5.77 x 1031  

(B)  - 1.55 x 1020 - 
1.58 x 1018  

(C)  - 1.54 x 1018  1.83 x 1023  

1.46 x 108  3.23 x 1014.  

(D)  - - 5.06 x 103° 

2.65 x 1014.  

(E)  1.47 x 101° 8.12 x 102° - 
1.81 x 1011  3.65 x 1021 
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(b) I:: 0.1 

-
13 1(c) 

a . 
2(C) 

13 
3(C) 

--

(A) 2.62 x 10 9 3.28 x 10 31 -
5-34 X 1010 3.70 x 10 31 

(B) - 1.07 x 102.1 -
2.04 x 1021 

(C) - 1.35 x 1020 3.41 X 10 31_ 

1.31 x 10 10 2.81 X 10 15 

(D) - - 3.90 x 10 31 

6.77 x 10 12 

(E) 2.69 x 10 10 2.90 :ic 1021 -

(c) r:: 1 

l3 1 (C) l3 2 (c) 13 3 (c) 

(A) 1.05 x 10 10 1.20 x 1030 

-
8.36 x 10 11 1.80 X 10 31 

(B) 1.42 x 1020 

- -
1.99 X 1020 

(C) - 1.27 X 10 20 3.06 X 1025 

6.45xl0 11 8.76 x 10 16 

(D) - 1.66 x 10 30 

-
7.53 x 101) 

(E) 6.93 x 10 8 2.03 x 102 .0 -
7.89 X 10 9 2.77 x 1020 
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When the constant 04 is considered, in several combinations with other 

constants, negative values are obtained. 

Unlike the previous cases, it is not possible to find any model 

to describe this titration, since any combination of mononuclear 

complexes gives either large variation for the values of the stability 

constants or a very narrow range where it holds. This appears to be 

strange, especially because the values of these constants have been 

obtained previously by two different methods which gave concordant results. 

One reason for that may be the occurrence of more complicated 

equilibria, involving binuclear (or pol4nuclear) complexes, such as 

2- 
Hg2CA4 , Hg2C/6  , etc. and their dissociation in other species. 

An attempt has been made to see whether there is any type of 

molecular association of mercuric chloride, using cryoscopic determinations. 

Unfortunately, as described in next section, no positive information has 

been reached. 

2.2.5. Auxiliary Methods for Mercuric Chloride Study 

Cryoscopic determinations have been carried out in dimethyl sulphoxide 

with the purpose of determining the molecular weight of mercuric chloride in 

that solvent. Although the problem has arisen in dimethylformamide, it 

was decided to use dimethyl sulphoxide in a first attempt, to solve it, 

due to the similar properties of these solvents and to the identical 

behaviour of their solutions of mercury(II) ion when titrated with 

hydrogen chloride. From the practical point of view, the main reason 

was the difference in the freezing-points (4- 18.4°C for dimethyl 

sulphoxidel" and - 610C for dimethylformamidel") which makes the 

cryoscopic determinations in dimethyl sulphoxide much easier. 

This solvent proved to be an excellent medium for cryoscopy; 

in fact, the determinations made with naphtalene, in order to evaluate 
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the cryoscopic constant for dimethyl sulphoxide, gave results comparable 

with those obtained in benzene, for example. 

One important detail is the influence of moisture, which is 

difficult to prevent due to the highly hygroscopic character of the 

solvent; therefore moisture-proof cells have to be used, in order to 

avoid water itself contributing for the freezing-point depression of 

the solvent. 

Raoult's law gives the formula which relates freezing-point 

depression, AT, with molecular weight M of solute: 

1000 K 
AT 	w2  M w (2.2.15) 

where K is the molecular cryoscopic constant,for 1000 g of solvent and 

El  and w2 are the weights of solvent and solute, respectively. 

The freezing-point depresSion depends upon the number of particles 

present in the solution, irrespective of their characteristics. The 

effect of dissociation of the solute in AT values can be expressed 

through the van't Hoff factor, [1 ci(n - 1)]: 

1000 K w2 
AT _ 	. IF [i ce(n — 1)] (2.2.16) 

where a is the degree of dissociation of the solute and n is the 

number of particles resulting from every molecule of solute. 

If mercuric chloride (M = 271.5) was under a dimer form, Hg2C24 , 

in solutions of dimethyl sulphoxide, the molecular weight given-by 

cryoscopic determination would be about 540; but if the dimer molecules 

suffer dissociation yielding for example the ions HgC2; and HgCe, the 

results would lie somewhere between 540 and 270; this last value 

would correspond to total ionization and would also be the value to be 

obtained in the simple case of no molecular association for the solute. 
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(i) Determination of cryoscopic constant K: 

Naphtalene (M = 128.17) has been used for this purpose. A 

straight line has been obtained, plotting w2  against AT and, from its 

slope, K has been evaluated. Results are shown in Fig. 2.15. 

Slope of straight line, 0.536 = 1000 K  

For w1  = 59.17 g and M = 128.17, then 

- 
K = 4.065 °C mol 

1
kg 

This result is in good agreement with the literature107  value: 

K = 4.07 °C mot-1  kg. 

(ii) Experiments with mercuric chloride (Fig. 2.16 and Table 2.11): 

The initial determinations (curve 1) lead to values of M for 

mercuric chloride much lower than the molecular weight (271.5); this 

fact is most probably due to traces of water entering the system. 

A new cell (Fig. 3.3) has been designed and tested to see if it was 

moisture-proof. Determinations of the freezing-point of pure solvent 

have been made over long periods of time (18 and 24 hours) and the 

results showed a standard deviation of 0.002 °C, which is, after all, the 

limit in the readings of the thermometer. 

Other determinations (curves 2 and 3) have been carried out in the 

tested cell, without special care with respect to the time allowed for 

the dissolution of every pellet of mercuric chloride added to the solution; 

and the results obtained lead to the conclusion that in these 

conditions it must be the monomer HgCA2  which is the predominant form 

in the solution. 

However when -the determination is made shortly after the addition of 

the solute, speeding up its dissolution by strong stirring, the values for 

AT are, proportionally, much lower than before and the corresponding values 

M  



a (°C) 

0.3 

0.2 

0.1 

D-1.1 	01.2 	6.3 

FIG. 2.15  

AT (°C) 

0.3 

0.2 

0.1 

FIG. 2.16  
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Cryoscopic Determinations - Naphtalene in Dimethyl Sulphoxide 

Cryoscopic Determinations - Mercuric Chloride in Dimethyl 

Sulphoxide 
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TABLE 2.11  

Cryoscopic Determinations for Mercuric Chloride in DM() 

T 1N/2(g) 

Exp. 1 

from 
every point 

from 
the slope 

4.985 0.0808 0.040 

4.952 0.1864 0.073 

4.932 0.2457 0.093 

4.906 0.3459 0.119 

4.826 0.4816 0.195 

T = 5.025 

wl = 56.547 g 

Exp. 2 	A 

TO  = 5.138 

wi = 73.465 g 

Exp. 3 	❑  

To 
 = 3.099 

w i  = 24.594 g 

Exp. 4 

T
o 
 = 3.065 

w i  = 22.827 g  

5.111 

5.095 

5.062 

5.042 

3.031 

3.008 

3.005 

2.960 

3.020 

2.968 

2.870 

2.805 

3.064 

3.048 

3.002 

2.945 

2.852  

0.1156 0.027 

0.2312 0.043 

0.3373 0.076 

0.4714 0.096 

0.1062 0.068 

0.1544 0.091 

0.2026 0.094 

0.2392 0.139 

0.1216 0.045 

0.2215 0.097 

0.2963 0.195 

0.4026 0.260 

0.0242 0.008 

0.0760 0.024 

0.1443 0.070 

0.2575 0.127 

0.3383 0.220 

145.4 

183.8 

190 

209 

178 

237.2 

297.9 

245.9 

272.0 

258.5 

280.8 

356.7 

284.8 

481.8 

407.1 

270.9 

276.1 

508.7 

532.5 

346.7 

341.0 

258.6 

193.6 

263.2 

287.8 

Exp. 5 

T
o 
= 3.072 

w i  = 24.202 g 
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of M, being nearly 2 x 270, suggest the formation of a dimer Hg2C24 , 

partly dissociated. This is more evident in the lower concentration 

range of experiments 4 and 5 (see Table 2.11). With increasing 

concentrations the values of M approach again the monomer's molecular 

weight although in a non-reproducible way and become even lower, 

suggesting thus some further ionization. 

Therefore it may be the kinetics of the process which is responsible 

for the differences found in the values for the molecular weight. Some 

determinations of AT have been done, over a long period of time, in 

both ranges of low and high concentrations of mercuric chloride. In 

every case M decreased with time, becoming even less than 270. With the 

dilute solution (ca. 0.25% w/v) some very large values for M (— 750) 

were obtained, although in a non-reproducible way, 

In view of these results no conclusion could be drawn from the 

use of this method. 

Other attempts have been made to solve this problem, using 

different methods; but unfortunately they also failed to give any 

information. In fact mercuric chloride proved to have no influence at 

all in both ultraviolet and infrared spectra of 

dimethylformamide and dimethyl sulphoxide. Some conductimetric 

measurements were also carried out in a moisture-proof conductivity 

cell; they showed little variation in the conductance of solutions 

of different concentrations of mercuric chloride, over a fairly long 

period of time. However the irreproducibility of the results obtained 

did not allow the interpretation of the process. 
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2.2.6. Conclusions 

The different values obtained for the conditional stability constants 

(I = 0.1) are summarized in Table 2.12. 

(i) The result from method I (4.76 x 1025  M-2) is taken as the 

best value for the stability constant of dichloro-argentate(I) ion, 

since it is based on reliable and statistically fitted results. 

Moreover. it is in fairly good agreement with the result based in a 

theoretical derivation. 

(ii) The stability constants for mercuric chloride and trichloro7, 

mercurate(II) ion are considered as the results from method IV 

(2.4 x 1020  M-2  and 6.2 x 1025  M-3  respectively). They are based on 

measurements with the silver-silver chloride and the very reliable 

mercury electrodes and are within the limits obtained via the trial 

and error method IV. 

(iii) The results from methods VI and VII, for the mono-chloro 

cadmium(II) and trichloro-cadmate(II) ions and zinc chloride, are in 

mutual fair agreement and are clearly different from those from 

method III. Method VI, based on the use of titration curves 

indicated by mercury electrode, in spite of the reliability of the 

electrode, is not strictly exact; this is due to the fact that the 

equilibrium HgCL2  + C/ 7-- HgC/-3  is not independent of the formation 

of zinc and cadmium chloro-complexes. On the other hand, method VII 

depends on measurements with the silver-silver chloride electrode, 

which misbehaves in presence of excess of chloride ion. Therefore it 

appears to be reasonable to take the average values from these methods 

as the conditional stability constants for the corresponding complexes: 

1.4 x 106  M-1  for complex CdCe 

1.3 x 1014  M-3  for complex CdCA3 

2.3 x 109  M-2  for complex Zna2 



TABLE 2.12 

Conditional Stability Constants of Chioro-Complexes in Dimethylformamide (I = 0.1) 

Methods 

P 

Aga; (M-2  HgCL2  (M-2  Hga3  (M 3  CdC2 	(M Cda3 04-3  ZnCA2  (M-2  

I 	Silver Electrode'and Curve 
Fitting (2.2.2.1.A) 	- 4.76 x 1025  _ _ _ _ _ 

II 	Theoretical Method (2.2.2.1.B) 9.52 x 1025  _ _ _ _ _ 

III 	Silver Electrode Titration 
Curves (2.2.2.2) - 3.47 x 1025  2.87 x 1038  2.00 x 1012  1.01 x 1033  1.96 x 1022  

IV 	Mercury Electrode + Silver-Silver 
Chloride Electrode (2.2.3.1.B) 

_ 2.4 x 102°* 6.2 x 1025  * - - _ 

V 	Trial and Error Method 
(2.2.3.1.D) - 

__ 

1019  to 1023  1026 	to 103°  _ _ _ 

VI 	Mercury Electrode Titration 
Curves (2.2.3.2) - - -  2.63 x 106  2.48 x 1014  

1.3 x 1014  

1.05 x 1013  

4.31 x 109  

2.3 x 109  

2.61 x 108 
VII 	Silver-Silver Chloride Electrode 

(2.2.4) - ? ? 

1.4 x 106  

2.36 x 105  
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(iv) The results from method III, based on the titration curves 

indicated by the silver electrode, are to be disregarded, since they are in 

complete disagreement with other results. 

(v) The use of the silver electrode in the titration of 

other metal ions seems to be a good method, as far as titrimetry is 

concerned; but the presence of the sparingly soluble silver chloride, 

though in very low concentration, distorts the titration curve in a 

way that the evaluation of stability constants becomes meaningless. 



2.3. POLAROGRAPHIC DETERMINATIONS 

2.3.1. Introduction 

The polarographic experiments were carried out with the purpose 

of measuring the shift in the half-wave potentials of the metal ions 

under study, caused by variable concentrations of ligand chloride ion, 

in order to evaluate the stability constants in dimethylformamide of 

the corresponding chloro-complexes, by means of equation (1.3.10). 

Tetraethylammonium chloride has proved to be a strong electrolyte 

in.dimethylformamide, since solutions with the same molar 

concentration as hydrogen chloride solutions are also equivalent on 

their complexing effects. In view of this, that salt has been used 

as a source of ligand instead of hydrogen chloride which was used in the 

potentiometric determinations; the reason was to avoid hydrogen 

evolution, choosing at the same time a cation which undergoes de-

composition at a highly negative potential (- 2.8 V vs. DMF electrode). 

Tetraethylammonium perchlorate was selected as a supporting 

electrolyte, as an alternative for lithium perchlorate which causes 

maxima in the waves of some cations in dimethylformamide.22,37  

Separate solutions were prepared in 10.00 ml volumetric 

flasks, with an exactly known concentration of metal ion perchlorate 

and a variable total concentration of tetraethylammonium chloride, at 

constant ionic strength (0.1 M tetraethylammonium perchlorate). 

The  concentration of free chloride ion was measured with the 

silver-silver chloride electrode; for the solutions where the chloride 

ion was in excess, the total concentration of chloride was takgn as the 

free chloride one. 

The minimum resistance R
m 

of the polarographic cell (thus just 

before the end of the drop-life) was about 3 x 103  ohm for the 

solutions used. It is a fairly high value of resistance and this 

means, since the instrument used does not have an automatic iR 
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FIG. 2.17 
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compensating circuit, that the recorded polarograms will be distorted 

because of the iR drop. Corrected values for the cathode 

potential EP  have therefore to be evaluated, using the equation 

Ep  = E
V 
- iU, where E

v 
is the recorded voltage of the cathode and R 

is the mean resistance given by31  R = 3 m R 	4 x 103  ohm. 

The determination of half-wave potentials and wave heights, 

where possible, was made graphically by the point of section method 

(Fig. 2.17). The wave height is measured as the vertical distance, iA, 

between the limiting and residual currents at the half-wave potential. 

Determination of Half-Wave Potentials and Wave Heights 

2.3.2. Zinc(II) Ion 

The  solutions used for the polarograms (Fig. 2.17) were prepared 

in tetraethylammonium perchlorate 0.1 M with 1.00 ml of 0.024 M zinc 

perchlorate and different amounts of tetraethylammonium chloride to give 

the proportions m/t, which are shown in Table 2.13, together with tin 

results from the polarograms. 
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TA.TLL7 Pi 2.13  

Polarographic Data for Solutions of Zinc + Chloride Ions 

SOL. m t log [Cr] E 	(V) 	1Val 
2 

(V) 
2 

i,e, (PA) 

1 0 0 * 1.0 ... 5.10 

2 0.28 - 5.5517 - 1.0 0 4.50 

3 0.56 - 4.9483 - 1.0 0 3.75 

h 0.85 - 4.7759 - 1.o 0 3.00 

5 1.13 - 4.4310 - 1.02 0.02 2.33 

6 1.41 4.2931 - 1.03 0.03 1.55 

7 1.69 - 3.8276 - 1.04 0.04 0.80 

8 1.97 - 3.3103 - 1.07 (?) 0.07 0.26 (?) 

9 2.25 - 2.7069 - - _ 

10 3 - 2.2306 - - - 

11 lo - 1.7077 - - - 

12 30 - 1.2306 - - _ 
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FIG. 2.18 

Polarograms of Solutions of Zinc + Chloride Ions 
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Amperometric Titration of Zinc with Chloride Ions 
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FIG. 2.20 

Variation of ai  with Chloride Concentration (Zinc) 
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The wave obtained for zinc(II) ion alone (Fig. 2.18 - Curve 1) is 

remarkably good, since there is no residual current and its shape shows 

that the reaction at the electrode is reversible. On the contrary the 

reduction of complex zinc ion seems to be either irreversible or even 

non-existent; in fact the wave (Fig. 2.18 - Curves 2-8) decreases in 

height as the ligand concentration increases, indicating the decreasing 

concentration of simple ion; but no evidence appears for the 

reduction of the complex ion, as the wave becomes completely flat when 

m/t > 2. (Fig. 2.18 - Curves 9-12). 

Therefore it can only be concluded from these results that the zinc 

ion is converted into the species ZnCA2  upon addition of chloride. This 

is clearly proved by the amperometric titration curve (Fig. 2.19), 

obtained by plotting the values of limiting currents, i,, against the 

titration fraction m/t; the end point occurs at m = 2t, corresponding 

then to the formation of zinc chloride. 

There is a small shift in the half-wave potential, increasing with 

increased amount of chloride ion. The values of al  have been plotted 
2 

against log[0/-] (Fig. 2.20), in an attempt to use the mentioned 

equation (1.3.10) for the evaluation of the stability constant. The 

results, statistically derived, are as follows: 

Slope, m = j 
0 .0591

= 0.0431; then j = 1.46 

Intercept, c =
9.0591  logI3j(c) 	13j(c) 

= 0.2103; then 	= 107.12  

In view of the fact that the values of AZ1  cover a very narrow 
2 

range of chloride concentration, these results deserve very little 

confidence, which is highly disappointing. 
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2.3.3. Cadmium(II) Ion  

The results (Table 2.14) were obtained with solutions prepared with 

1.00 ml of 0.023 M cadmium perchlorate and variable amounts of 

tetraethylammonium chloride, in tetraethylammonium perchlorate 0.1 M. 

The polarograms are shown in Fig. 2.21 a/b. 

The wave for cadmium(II) ion (Fig. 2.21 a - Curve 0) is clearly 

reversible, but the addition of chloride ion seems to destroy the 

reversibility of the process at the electrode, since the waves become 

drawn-out. There are some flat parts on the waves (Curves 4-12), which may 

indicate the reduction of the metal complexes, but no clear conclusions 

could be taken. 

The variation of the wave height (a), supposedely corresponding to 

the decreasing concentration of simple ion, allows the conclusion that 

it is mainly the species CdCA; which is present, at least when m > t; 

this is shown in the amperometric titration curve (Fig. 2.22 - Curve A), 

where the end point occurs clearly at m = 3t, if the first part of the 

titration curve (m < t) is overlooked. This part is not clearly defined 

and does not show the existence of the species CdCe, which is not 

surprising since this complex has a very low stability, as has been 

proved in the potentiometric work. 

The wave which appears at the more negative values of potential 

(- - 1.6 V) is evident at the early addition of ligand solution and 

its height (Table 2.14 - values (b-d)) increases steadily with the 

total amount of tetraethylammonium chloride (Fig. 2.23 - Curve B). 

This could be explained by some non-identified impurity in the salt, 

though it does not appear to be logical since these waves are not 

evident when zinc solutions are studied and the same batch of the 

purified salt is used. 

The heights ((c-a) and (d-c)) of the hypothetical waves, which 

might correspond to slightly flat parts of the curves, were plotted 



TABLF 2.14 

Polarographic Data for Solutions of Cadmium + Chloride Ions 

SOL. m t log[C2-] E 	 (V) 
2 

AE,2  (V) , dec(V) adec(V)477-  
Wave Heights 	(PA) 

d c-a(0) -c(6) b-d(+) 

0 0 - 7.5138 - 0.615 - 0.570 - 5.90 - - 

1 0.26 - 6.0422 - 0.620 0.005 - 0.570 0 5.87 - - - - - - 
2 0.53 - 5.4776 - 0.625 0.010 - 0.573 0.003 5.55 - - $ 	- - - 
3 0.79 - 5.1596 - 0.630 0.015 - 0.578 0.008 5.52 6.49 5.52 5.52 0 0 0.88 

4 1.06 - 4.7902 - 0.630 0.015 - 0.590 0.020 3.88 5.60 4.63 4.68 0.75 0.05 0.92 
5 1.32 - 4.6999 - 0.642 0.027 - 0.596 0.026 3.12 5.18 3.88 4.30 0.76 0.42 0.88 
6 1.58 - 4.3533 - 0.650 0.035 - 0.600 0.030 2.70 5.30 3.62 3.96 0.92 0.34 1.34 
7 1.85 - 4.2845 - 0.651 0.036 - 0.611 0.041 2.02 4.97 2.99 3.54 0.97 0.55 1.43 
8 2.11 - 4.2556 - 0.652 0.037 - 0.619 0.049 1.43 4.59 2.32 2.95 0.89 0.63 1.64 
9 2.38 - 4.1244 - 0.700 0.085 - 0.623 0.053 1.01 4.51 2.02 2.61 1.01 0.59 1.90 
10 2.64 - 3.7568 - 0.740 0.125 - 0.639 0.069 0.59 4.21 1.47 2.23 0.88 0.76 1.98 
11 2.90 - 3.5863 - 0.752 0.137 - 0.692 0.122 0.17 4.13 1.01 1.77 0.84 0.76 2.36 
12 3.17 - 3.3988 - 0.810 0.195 - 0.757 0.187 0 3.83 0.59 1.35 0.59 0.76 2.48 
13 3.43 - 3.1682 - 0.860 0.245 - 0.850 0.280 - 3.20 0.17 0.76 0.17 0.59 2.44 
14 3.70 - 2.9291 - 0.890 0.275 - 0.889 0.319 - 3.54 0.13 0.67 0.13 0.54 2.87 
15 3.96 - 2.7763 - 0.960 0.345 - 0.922 .0.352 - 3.50 0  0.42 0 0.42 3.08 
16 4.22 - 2.6494 - 0.961 0.391 - 3.52 0 0.34 0 0.34 3.18 
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Polarograms of Solutions of Cadmium + Chloride Ions 
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FIG. 2.22  

Amperometric Titration of Cadmium with Chloride Ions 

0 0 

1 2 3 4 

PA 
6 

5 

4 

3 

2 

1 

0 



129 

against m/t, in an attempt to prove if their variation could show any 

relation with the formation and disappearance of complex species. 

There is a slight maximum of (d-c) (Fig. 2.22 - A ) over m = 3t, which 

could be related with the complex Cda; , existing at maximum 

concentration at that point. 

No further results can be drawn from the measurement of "wave" heights, 

which has been done in an approximate way, as the shapes of the curves 

hardly allowed any exact determination. 

The same difficulty has been found in the half-wave potentials 

determination; this was the reason why the decomposition potential has 

also been considered, in an attempt to have another approximate way of • 

measuring the displacement of the wave. The decomposition potential has 

been determined as shown in Fig. 2.17. . 

The values of AE A  and A Edec (Table 2.14) are plotted against log[a] 

in Fig. 2.23. No clear straight lines can be drawn based on all the 

points. Therefore different possibilities were tried, fitting several 

groups of points to straight lines. The results, evaluated from the 

obtained values for slopes and intercepts using equation (1.3.10), 

are as follows: 

A. AE A 	vs. log[a] 2  B. 
AEdec 

vs. log[a]  

Points j log Oj(c)  Points j log Oi(c)  

1-3 0.4 2.4 1-3 0.3 1.8 

1-4 0.3 1.9 1-6 0.7 3.8 

4-8 1.2 6.3 6-10 1.9 9.6 

9..15 6.5 28.7 10-16 9.7 39.3 

9-11 3.3 16.7 

11-15 7.9 33.3 
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Variation of al  and adec with Chloride Concentration (Cadmium) 2 
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In face of these disparate results, no conclusions can be drawn 

about the values of stability constants. 

2.3.4. Mercury(II) Ion  

Reduction of mercuric ions do not cause chemical polarization of 

the electrode since the reduced form is identical with the electrode 

material. The equation for themave is then different from (1.3.5) and 

is given by 

RT f(iA i)  

	

E = E° + 	An 
2F 	kI 

The half-wave potential, E1  , is then 
2 

i 
RT  RT 

Ei2  = 	+ 	f + — 2F 	F 2kI 

or 

2+ 
RT 

A 	
RT 	[Hg ]  Ei  = E° + 	n f + 	An 

2 	2F 	2F 	2 

and it is therefore dependent on the concentration of mercury(II) ions in 

the bulk of the solution. 

In view of that, the general equation (1.3.10) cannot be used for 

the evaluation of stability constants, since the shift of Ei  is not 
2 
2+ 

only due to complex formation but also to the variation of [Hg ] which 

occurs at the same time. 

The wave for mercury(II) ion in dimethylformamide is showA in 

Fig. 2.24; the increase in current starts at + 0.48 V, vs. the DMF 

electrode. 
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iL  

+0.5 -0.5 

FIG. 2.24 

Polarographic Wave of Mercury(II) Ions 

2.3.5. Conclusions 

The method of evaluating the formulae and stability constants, 

based on the shift of half-wave potentials and decomposition voltages 

of the ions caused by addition of ligand, did not succeed in 

dimethylformamide for the chlero-complexes of zinc and cadmium, due to 

the irreversibility of the waves obtained. This irreversibility 

could not be overcome by using another method, which involves the 

Simultaneous reduction of one indicator ion; this ion must form a 

stable complex with the ligand and it has to be reduced reversibly at 

a more positive potential. The unavailability of such an indicator ion 

in dimethylformamide prevented the use of the method. 

Both for zinc and cadmium ions it was possible to obtain the 

amperometric titration curves, which gave clear evidence for the existence 

of species ZnCA2  and CdC2 , respectively. 

The method cannot be applied to the mercury(II) chloro-complexes, 

since El  is dependent on the bulk concentration of mercury(II) 
2 

even in the absence of ligand ions. 
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2.4. ANALYTICAL CONSIDERATIONS 

The possibility of using the potentiometric method, in the conditions 

outlined in this work, as an analytical tool is an important aspect to be 

considered. 

The values obtained for the stability constants and the mixed 

titrations curves (Fig. 2.12) show that a mixture of mercury ions with 

either cadmium or zinc ions can be easily titrated, as the first 

inflexion point corresponds to the formation of mercuric chloride and the 

second one to the mixture of species HgCA; + CdC173  or HgCA; + ZnCL2  . 

Similar mixtures with silver instead of mercury ions can be 

titrated only for silver, since the slow dissolution of silver chloride ' 

precipitate complicates the last part of the titration curve (Fig. 2.9). 

Therefore it can be concluded that zinc and cadmium ions do not prevent 

the possibility of titrating silver ions with hydrogen chloride, in 

dimethylformamide. 

It is possible to separate silver and mercury ions, as the first 

inflexion corresponds to both species HgCL2  + AgCL, but the second one 

gives the formation of complex HgCA; alone (Fig. 2.9). 

The same cannot be achieved with zinc and cadmium ions: the 

only inflexion in the curve corresponds to the formation of zinc 

chloride and trichloro-cadmate ions together; this is in keeping with 

the values of their stability constants which are not sufficiently 

different to allow the distinction of the two species as separate steps. 

The results obtained in section 2.2.1. stow that there are many 

metals which do not form chloro-complexes in the solvents used; therefore 

those ions will not constitute chemical interference and any salt 

effects, from evidence from lithium perchlorate media of different ionic 

strengths, are not likely to affect the purely analytical interpretation 

of the titration graphs. Indeed these predictions have been experimentally 

verified for several ions (Table 2.15) which have no effect on the analyses 
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TABLE 2.15 

Interferences 

Silver(I) Mercury(II) Cadmium(II) Zinc(II) 

Lithium(I) 

Magnesium(II) 

Cerium(III) 

Manganese(II) 

Iron(II) 

Cobalt(II) 

Nickel(II) 

Copper(II) 

Aluminium(III) 

Lead(II) 

No 

No 

No 

No 

Int. * 

No 

No 

Int. * 

No 

Int. * 

No 

No 

No 

No 

int. * 

No 

No 

Int. * 

' 	No 

Int. * 

' 

No 

No 

No 

No 

Int. 

int: 

No 

Int. 

No 

Int. 

 No 

No 

No 

No 

Int. 

Int. 

No 

Int. 

No 

Int. 

* Titration is still feasible 
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when present in 10 : 1 excesses. Bearing in mind that many of these 

ions are representative of several others, the technique seems 

remarkably specific for silver, mercury(II), cadmium and zinc ions. 

2+ 	2+ 	2+ 	2+ 
Other ions (Fe , Co , Cu and Pb ) were found to give some 

interference, but even this did not prevent, in some cases, the 

possibility of titrating the other ion. This is so with silver and 

mercury ions because the precipitation of silver chloride and the 

formation of mercuric chloride are not affected by the interfering 

ion. 

The strongest interference seems to be the copper ion, which 

prevents, or at least affects, the titration even when it is present 

in a low concentration (1 :.10) compared with the main ion. 

The titrations were carried out either with silver or mercury 

electrodes, at constant ionic strength; the concentrations were in the 

1 
range 10 - 10-2  M. 



PART THREE 

EXPERIMENTAL 
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PART 3 

EXPERIMENTAL  

3.1. METHYLCELLULOSE 

In order to minimize liquid junction and to keep the reference 

electrode.  apart from the experimental electrolyte it is necessary to-

use a salt bridge. Several gel forming materials, like agar-agar, 

gelatine, polyamides, etc., were found" to be unsuitable in 

dimethylformamide and dimethyl sulphoxide due to their.high water 

content or the instability of the gels formed in solutions of these 

organic solvents. Fully methylated cellulose has been found37  a 

satisfactory bridge material because of its inertness to cations in 

solution (no free hydroxyl groups) and the stability of the gels formed 

in saturated solutions of various salts in dimethylformamide and 

dimethyl sulphoxide. 

3.1.1. Synthesis of Fully Methylated Methylcellulose 

The starting materials for the methylation were either purified" 

cotton linters (high and low viscosities) or commercial methylcellulose 

(nominally, monomethylated - 17.6% methoxyl content). 

The following methods of methylation have been used: 

(i) Repeated methylation with dimethyl sulphate7,6  followed by 

freeze-drying and methylation with methyl iodide and silver oxide77  

or barium oxidq78-79  in dimethylformamide. The maximum methoxyl 

content obtained was approximately 45% (fully methylated methyl-

cellulose - 45.6%); but this was not chemically inert, as evidenced 

by rapid formation of a brown layer when in contact with silver 

perchlorate solution in dimethylformamide. 

(ii) Methylations with trimethyl phosphatet,0 181  under dried 
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nitrogen, have been carried out at different temperatures (100 - 

170°C) and allowed to proceed for different times (6 hours to 2 weeks). 

Chloroform was added to the solution before cooling and the cold 

solution was poured into petroleum ether. The precipitate of 

methylcellulose was filtered and purified twice, by dissolving in 

chloroform and reprecipitating with petroleum ether to free it from excess 

of trimethyl phosphate. The highest methoxyl content in the purified 

material was only 31%; but the most important fact is that the resulting 

methylcellulose does not form a consistent gel, probably indicating 

the breaking of the polymer's chain. 

(iii) Methylation with methyl iodide and silver oxide, in 

pyridine, has been attempted under dried nitrogen, using excess of 

reagents at 0°C. The product obtained was impure, probably due to 

decomposition of the solvent, and a repeated treatment with charcoal, 

for purification purposes, did not succeed. 

All the experiments following the cited methods, which have been 

carried out during the course of this work and also by other workers 

in the Analytical Serizices Laboratory for a fairly long time, lead to 

the conclusion that they are inadequate for the aimed purposes and such 

methods have been abandoned. 

(iv) An alternative method82 ,84  has been used and improved, with 

good results. It.has the following steps, all of them carried out in 

anhydrous conditions: 

(a) Freeze-dried commercial methylcellulose was dissolved in liquid 

ammonia. The dissolution occurred completely, the resulting solution 

being clear and not viscous; this is of advantage in the subsequent 

operation and is an improvement compared with the previously cited 
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methods of methylation, using dimethylformamide and pyridine as 

solvents. 

(b) The sodium salts of methylcellulose were prepared from 

sodamide in liquid ammonia. First, sodium oxide was made as a catalyst 

by blowing a stream of dry air into the liquid ammonia containing small 

amounts of metallic sodium and hydrated ferric nitrate, until the, 

• blue colour disappeared. Metallic sodium in slight excess over that 

required by the methylcellulose was subsequently added, giving the 

colourless sodamide solution which was then added, by pouring, to the 

solution of the methylcellulose in liquid ammonia, previously prepared. 

The reaction was allowed to proceed overnight, with stirring and 

under dried oxygen-free nitrogen or argon. The ammonia was allowed 

to evaporate on a water bath, still under dried nitrogen or argon. 

(c) Methylation of the sodium salts of methylcellulose was carried 

out by distilling methyl iodide, previously kept over phosphorus 

pentoxide, into the flask containing them. The reaction mixture was 

kept at room temperature for two days, with stirring and under 

dried argon. The excess of methyl iodide was distilled and the residual 

solids were dried in a vacuum oven, washed with distilled water (to 

free them from sodamide and soluble salts), dried again and 

ground. A very finely powdered yellow methylcellulose was obtained. 

(d) This powder was soaked overnight in sufficient chloroform to 

give about 	solution. In practice a suspension resulted and it was 

possible to separate crudely the two phases by centrifugation. 

The solution obtained from this separation will be called Solution 1. 

The precipitate was extracted with chloroform in a Soxhlet extractor 

for 48 hours, giving Solution 2, while the residue proved to be low 

(29%) in methoxyl content. Both the solutions were yellow, needing 

further purification. This purification was attempted by treatment 

with charcoal, by passing the solutions through alumina columns and by 
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filtering on fine porosity filter paper. 

None of these procedures was good enough in itself, as has been 

proved by the different orders in which they have been carried out. 

But the treatment with alumina has the most significant effect on the 

whole method since it removes gelatinous material that baulks all of 

the other purification procedures. 

From the purified Solutions 1 and 2, evaporated separately under 

reduced pressure to a small volume, two lots of methylcellulose were 

obtained by precipitation with petroleum ether. The last traces of 

charcoal in these precipitates have been removed by dissolving them in 

chloroform and reprecipitating small amounts of methylcellulose (the 

less soluble and also less methylated material), which were 

separated by filtration before the precipitation was completed by 

further addition of petroleum ether. The methoxyl contents of these 

purified methylcelluloses were 40.3% and 36.7% and they were obtained 

with overall yields of 22% and 6%, respectively for Solutions 1 and 2. 

They gave fairly good and chemically inert gels and so were used for the 

salt bridge in the reference half-cell. The filtrates 

(chloroform 4- petroleum ether) of the previous precipitations 

(containing the most soluble methylcelluloses) were evaporated to 

dryness, the small residues were dissolved in chloroform and 

reprecipitated with petroleum ether. Their methoxyl content was 

41.7%. These results show the feasibility of separation of mixtures of 

variously methylated methylcelluloses based on their different sol-

ubility in chloroform. 

3.1.2. Determination of Methoxyl Content  

Qualitatively the degree of methylation of the various methyl-

celluloses was ascertained by their solubility (about 2.% solutions) in 
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water and organic solvents, especially chloroform, according to the 

following criteria85 : methylcellulose with degree of methylation 

from 1.4 to 2.0 (23.5 to 32.5% methoxyl content) is water soluble; 

nearly fully methylated methylcellulose (degree of methylation 2.4 to 

2.8 - 37.6 to 43.0% methoxyl content) is soluble in organic solvents 

but is insoluble in water. 

Quantitatively the method of Zeisell6  modified by ViebOck and 

Brecher87 ,88  and improved in the Analytical Services Laboratory, was 

used. When substances containing methoxyl groups are boiled with 

hydriodic acid, the methoxyl groups are quantitatively split off as 

methyl iodide. The methyl iodide is distilled into a solution of 

bromine in glacial acetic acid. The excess bromine is reduced with 

formic acid and the iodate formed is reduced with potassium iodide 

to iodine, which is titrated against sodium thiosulphate. 
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3.2. PREPARATION OF ELECTRODES 

3.2.1. Reference Half-Cell 

The silver-silver chloride electrode coupled with a methylcellulose 

salt bridge was used as reference half-cell37  in the potentiometric 

titrations and in the polarographic determinations. 

The electrode was made by chloridizing a silver spiral foil 

(approximately 25 cm2 area) in 0.1 M hydrogen chloride as electrolyte, 

at a current density of 0.4 mA/crrF for 20 minutes. The electrolyte 

in the reference half-cell is a saturated solution of potassium 

chloride and silver chloride in a solution of potassium perchlorate, 

0.8 M in dimethylformamide or 0.5 M in dimethyl sulphoxide. 

The salt bridge was made of a 5% w/v gel of fully methylated 

methylcellulose in dimethylformamide or dimethyl sulphoxide, saturated 

with tetraethylammonium perchlorate. In the cell used for 

potentiometric titrations the salt bridge filled a narrow 

(ca. 4 mm diameter) and long side arm of the reference electrode 

container (Fig. 3.1); for the polarographic determinations, a thin 

layer (ca. 3 mm) of gel was deposited at the bottom of the reference 

electrode container, made of a sintered glass disc (ca. 1 cm diameter) 

with some small holes, in order to minimize the resistance of the 

half cell (Fig. 3.2). 

3.2.2. Indicator Electrodes  

The 0.5 cm2  silver electrode from a commercial source, was 

regularly cleaned either with diluted nitric acid (1 : 1) or ammonium 

sulphate + ammonia solution. After being rinsed with distilled water, 

it was dried and stored in the organic solvent. 
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The mercury electrode was prepared by electrolytic deposition of 

mercury metal over a platinized89  platinum commercial electrode, 

from a dimethylformamide or dimethyl sulphoxide solution of mercury(II) 

perchlorate. The deposition was made until an obvious grey deposit 

appeared but no discrete droplets of mercury were allowed to form. 

The electrode was kept in the organic solvent for at least eight hours 

before use and proved to be an extremely reliable electrode. 

The zinc and cadmium electrodes were prepared also by electrolytic 

deposition of zinc or cadmium over platinized platinum electrodes from 

zinc or cadmium sulphates solutions. 

The  mercury-zinc and mercury-cadmium electrodes have been prepared by 

electrolytic deposition of zinc or cadmium over a mercury electrode. 

Zinc and cadmium perchlorates solutions in dimethylformamide were 

used. 

The silver-silver chloride electrode was prepared as the reference 

electrode by anodic chloridization of a silver spiral in a 0.1 M 

hydrogen chloride aqueous solution. The electrode, after washing and 

drying, was kept in the organic solvent for several hours before use. 

3.2.3. Hydrogen Electrode  

This electrode, used farthe determination of standard potential 

of the reference half-cell, consisted of a platinized platinum electrode 

immersed in hydrogen chloride solutions (C M) in dimethylformamide. 

The electrolyte was first completely deoxygenated by passing through 

it hydrogen gas, presaturated with the experimental solution. The rate 

of bubbling of hydrogen gas on the platinum electrode surface was 

increased until equilibrium was reached and no further change in e.m.f. 

occurred with increase in 'the rate of hydrogen bubbling. 
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Hydrogen gas was purified27  by passing through a column of solid 

potassium hydroxide to remove acid impurities, then through a 

furnace tube containing reduced copper at 500°C to remove oxygen, 

followed by a drying system to absorb residual water from the 

previous treatment. 

3.3. PREPARATION AND PURIFICATION OF. REAGENTS 

Dimethylformamide5,3  supplied by Griffin and George, was 

successively treated with potassium carbonate, potassium hydrogen 

sulphate, potassium carbonate again and activated molecular sieves 

(type 5A), followed by two fractional distillations under reduced 

pressure (b.p. 44-45°C/7-8 mm Hg). The purified dimethylformamide was 

kept over molecular sieves and used normally within one week after 

purification. 

Dimethyl sulphoxide37 , supplied by BDH, was purified by 

successive treatment with anhydrous magnesiUm sulphate, ignited barium 

hydroxide, chromatographic grade alumina and activated molecular 

sieves (type 5A), followed by double fractional distillation under 

reduced pressure (b.p. 54-55°C/7-8 mm Hg). The purified solvent was 

kept over molecular sieves. 

Tetraethylammonium perchlorate53  was prepared by addition of a 

hot 1 M aqueous solution of tetraethylammonium bromide, pretreated with 

activated charcoal, to an equivalent amount of 1 M aqueous perchloric 

acid. After cooling in ice water, the precipitated was filtered 
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through a sintered glass funnel and washed with absolute ethanol until 

the filtrate was free from bromide. The salt was then recrystallized 

twice from absolute ethanol and dried in a vacuum oven at 60°C for 

48 hours. A.R. tetraethylammonium perchlorate, supplied by Kodak, 

has also been used after two recrystallizations from double distilled' 

water, but it proved to have traces of potassium,ion and so its use has 

been avoided. 

Metalperchlorates were prepared37'90-95  mostly by reaction of 

A.R. perchloric acid (70%) with their carbonates (lithium(I), sodium(I), 

barium(II), copper(II) and cadmium(II)) or their oxides (zinc(II), 

lead(II) and nickel(II)) or the pure metals (aluminium(III) and 

cobalt(II)). Magnesium(II), potassium(I) and silver(I) perchlorates 

were supplied by BDH and mercury(I) and (II) by Kodak. The solutions 

of platinum(IV), palladium(II) and rhodium(III) were obtained by 

reaction of concentrated perchloric acid with ammonium chloro- 

platinate, ammonium paladium and ammonium rhodium chlorides, respectively. 

All the salts have been recrystallized twice from double distilled 

water and made anhydrous by heating in a vacuum oven at the following 

temperatures: lithium(I), barium(II), copper(II), zinc(II), nickel(II), 

aluminium(III), cobalt(II), magnesium(II), silver(I), mercury(I) and (II) 

at 60°C for 48 hours; sodium(I), cadmium(II) and potassium(I) at 

130°C for 48 hour's; and lead(II) at 180°C for 48 hours. 

Their solutions, where necessary, were standardized either by 

electrogravimetry or by potentiometric titration with standard solutions 

of hydrogen chloride. All the solutions were kept dried over activated 

molecular sieves, type 5A. The mercury(II) perchlorate solutions in 

dimethylformamide were always freshly prepared because they become 

aged, giving mercury metal by reduction of mercury(II) ion, caused by the 



formic acid generated by hydrolysis of the dimethylformamide96  

Hydrogen chloride gas was obtained by the addition of concentrated 

hydrogen chloride to concentrated sulphuric acid and was dried by 

passing it through concentrated sulphuric acid, calcium sulphate and glass 

wool. The dried gas was dissolved in the organic solvent contained 

in a bottle. The solutions were prepared by dilution of a concentrated 

stock solution and were standardized by gravimetry and/or potentiometric 

titration with silver perchlorate solution. They were stable for 

several weeks. 

Tetraethylammonium chloride, supplied by BDH, was recrystallized 

twice, dried in vacuum oven at 60°C and its solutions were standardized 

in the same way as for hydrogen chloride. 

11+6 
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3.4. INSTRUMENTS AND APPARATUS 

(a) The potentiometric determinations were made with Radiometer 

equipment, which included a pH Meter (PHM 26), an Automatic Burette 

(ABU 16), a Titrator (TTT 11 a) and a Titrigraph (SBR 2 c). The cell 

used is shown in Fig. 3.1 and all the e.m.f. measurements were 

carried out under dried nitrogen and in a thermostatic bath at 

25.0 + 0.1°C. The titrations were made at constant ionic strength 

(lithium per.chlorate) and with adequate  stirring. 

(b) A Tinsley instrument (MK 19/2) has been used for the 

polarographic experiments in dimethylformamide. The DMF electrode was 

the anode and the dropping mercury electrode was the cathode. The 

mercury head was adjusted to give a drop-time of about 4-5 seconds at 

zero volts. The tip of the capillary was cleaned with warm 

concentrated nitric acid for a few seconds, whenever it proved 

necessary. The polarographic cell is shown in Fig. 3.2. The 

determinations were carried out at room temperature and, before each 

run, the solutions were deoxygenated by bubbling oxygen-free nitrogen 

through them for 8-10 minutes. The resistance 'of the cell, measured 

with a Wayne Kerr universal bridge, was about 4 x 103  ohm with 

solutions of 0.1 ionic strength. Tetraethylammonium perchlorate was 

used as supporting electrolyte, to avoid the maxima which appear with 

some ions22 137  when lithium perchlorate is used in dimethylformamide 

solutions. Some maxima still appeared with mercury(II) solutions, but 

they have been removed with methyl orange and methylene blue (0.001%). 

(c) The cryoscopic determinations for mercuric chloride solutions 
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FIG. 3. • 

Cell for Potentiometric nitrations 



Reference 
Half-Cell Dropping 

Mercury Electrode 

Salt Bridge 
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FIG. 3.2 

Cell for Polarographic Determinations 
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FIG. 3.3  

Cryoscope 
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in dimethyl sulphoxide have been carried out in a cell (Fig. 3.3) 

designed with special care to avoid moisture entering in the system. 

The Beckman's supercooling method89  has been followed. The solution 

was cooled very slowly in a thermostatic bath kept at 14°C, which is 

about 4°  below the freezing point of dimethyl sulphoxide. The 

freezing point tube C was previously heated and allowed to cool down, 

assembled with part D and drying tubes G, containing magnesium 

perchlorate. The weighed solvent was added through side arm E, 

filled with activated molecular sieves, pre-saturated with dried 

solvent. The mercuric chloride pellets, previously weighed, were 

added to the solvent, one at a time, by rotating tube F carefully. 

The stirring was made with a platinum wire stirrer S, fitted through 

a mercury seal to the head D. A Beckmann thermometer T was used for 

reading the temperatures, with an error less than 0.002°C. 

(d) The ultraviolet and infrared spectra of mercuric chloride 

solutions have been obtained with Perkin Elmer equipment, respectively, 

Double Beam Spectrophotometer 124, coupled with Recorder 165 and 

Grating Infrared Spectrophotometer - 621. 

(e) Most of the computing work has been carried out in a digital 

computer, either.Mathatron 4280 (Mathatronics, Waltham, Massachusetts) 

or Digital PDP78/E (Digital Equipment Corporation, Maynard, 

Massachusetts). For one particular problem, solution of cubic 

equations in section 2.2.3, a CDC 6400 (Contrbl Data Corporation, 

U.S.A.) had to be used. 
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CONCLUSIONS 

1. The possibility of titrating some metal ions with chloride ion, in 

dimethylformamide and dimethyl sulphoxide, has been proved. The method 

is potentiometry, using the silver or the mercury indicator electrodes, 

and the titration is carried out in presence of a small concentration of 

silver or mercury ions, depending on the electrode used. The basis for 

the method is the high stability of dichloro-argentate(I) and 

trichloro-mercurate(II) ions in the solvents used. The process is similar 

to the aqueous EDTA titration of some metal ions, using the mercury 

electrode in presence of a small concentration of mercury-EDTA complex. 

However there are some advantages in the systems studied, due to their 

independence on pH, as hydrogen chloride is a strong acid in 

those solvents, and also to their simplicity, since only one or two 

chloro-complexes aim formed for every metal ion. 

2. Both silver and mercury electrodes show a reversible behaviour in a 

fairly large range of concentration and none of them have special 

advantages, as far as titrimetry is concerned. The silver(I), mercury(II), 

cadmium(II) and zinc(II) ions have been titrated with equal success, 

using either one or the other electrode. 

3. Theoretical equations for the titration curves have been derived, 

valid in the whole course of the titrations; the assumptions in which 

they are based limit their applicability to the cases of metal-complexes 

less stable than that of the indicator ion. These equations allowed the 

evaluation of stability constants of the complexes formed. 

4. For this purpose, the silver electrode gives much worse results than 

the mercury electrode does. In fact the silver electrode is damaged by 

mercury(II) solutions, being converted probably in a silver-amalgam 
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electrode. Another reason is the influence of silver chloride precipitate, 

even in very small concentration, during the titrations, which changes 

the expected values of potential. 

5. Therefore the mercury electrode appears as a more reliable electrode 

because it does not show any sign of alteration and proves to be 

mechanically quite strong. It has been noticed that some mercury is 

removed by the silver chloride precipitate, making the electrode less 

suitable for'silver ion titration; however this has been improved by 

shielding the electrode, which enabled the whole normal titration curve 

to be obtained. Another advantage of the electrode is the fact that 

no solid phase is formed, as the mercury(II) chloro-complexes, 

HgC22  and HgC23, are both soluble and the last one even more stable 

than the species AgC22, which makes more exact the use of the 

theoretical equations for the case of mercury electrode. 

6. These equations, in a slightly modified form, could give an exact 

account'of the experimental procedure, if small amounts of the 

complexes AgC22 or HgCA; are used, instead of the simple ions. This 

alternative has not been tried in the work. 

7. The stability constants in dimethylformamide for the species Age22, 

HgC22, HgC23, CdGe, CdCA; and ZnG/2  have been evaluated by different 

methods, besides the use of the titration curves equations. These 

methods involve the use of either one of the mentioned electrodes or the 

silver-silver chloride electrode. 

8. This electrode, indicator of chloride ion, behaves reversibly in a 

narrower range of concentrations, in comparison with the other indicator 

electrodes. The upper limit is determined by the solubility of silver 

chloride in excess of chloride ion. The extrapolation to zero 

concentration, used in the course of the work, proved to be valid. 
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9. The polarographic waves in dimethylformathide of zinc(II) and 

cadmium(II) ions are remarkably reversible. However the irreversibility 

of the waves for the metal complexes is disappointing and 

prevented the use of the method to evaluate stability constants. 

Only some information about the formulae of the complexes could be 

obtained, through the amperometric titration curves. 

10. The analytical possibilities of the potentiometric method were 

considered, in terms of interferences of the studied metal ions with other 

ions. 

11. The synthesis of fully methylated methylcellulose for the salt 

bridge has been attempted by several methods, based on repeated methylations 

with dimethyl sulphate or methyl iodide in dimethylformamide or pyridine. 

These methods have been abandoned since they proved to be inadequate for 

the purpose. 

12. Another method, based on methylation of sodium salts of methylcellulose 

with methyl iodide in liquid ammonia, succeeded in giving good results 

in only one step. The method has been improved,' especially in the 

purification procedure. 
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