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CHAPTER 1

INTRODUCTION

l.l The hydrated electron

l.l.l Historical survey

The hydrated electron was postulated by Stein 30

years ago (Ste-52). He explained his results on the bleaching

of aqueous meUiylene blue solutions by ionizing radiation by

the reactions:

Dye + e" •*• Dye"

CO 2 + e~ * COj

When carbon dioxide was present in the oxygenfree

solutions the bleaching was partially inhibited. It was known

that H atoms are rather unreactive towards carbon dioxide.

Stein therefore proposed a more reactive intermediate, the

hydrated electron. He also proposed a model for this species:

a secondary electron, formed by the ionization of H3O, becomes
— 12

thermalized in about 10 s. The electron polarizes the water

dipoles and thus becomes hydrated, 'digging its own hole'.

Platzman considered a more detailed model and pre-

dicted a blue colour for the hydrated electron and a lifetime

of about 10 s (Pla-53).

The development of the pulse radiolysis technique

made it possible to collect convincing evidence for the
i.



I, existence of the hydrated electron. In 1962 Boag and Hart rg-

: ported an intensely absorbing species in water with Xmax =

72Q nm. (HarB-62). That this species indeed was el_ was con-

firmed by numerous pulse and steady state radiolysis experi-

I ments which revealed the chemical nature of the newly dis~
1 covered species. The actual charge of e~q was established by

the ionic strength effects on the reaction rates of the spe-

cies with different ions (HarA-70).

Important chemical and physical properties of the

hydrated electron are now well established. It is a powerful

reducing agent with E° « - 2.86 V (Mat-75). Shis makes it

possible to study unusual oxidation states of a large variety

of chemical species, for instance reduced metal complexes

(BuxS-77).

The formation of e~ by ionizing radiation is accom-

panied by the formation of other radicals and molecular pro-

ducts;

H2O«-v* e~q, H
+, H«, OH-, H2, H2O2

The production of the other reactive species compli-

f cates the study of e~ reactions. However, the H* and OH» ra-

dicals can be "scavenged" efficiently by the addition of t-

butanol or another alcohol.

1.1.2 The hydrated electron in biochemistry

! Bioligical damage caused by ionizing radiation has

a purely chemical nature, starting with the highly reactive

radicals formed from water. The special role of the hydrated

electron has been the subject of many articles in this field.

Paraggi and coworkers reported that the carbonylgroups, the

1 disulfide bridges and the imidazole-rings of proteins are

very susceptible to attack by e" (ParB-77, FarK-78 and re-

ferences therein). The radiation chemistry of amino acids was

studied extensively by Kopoldova et al. From their results it

,' can be concluded that the hydrated electron is partly



responsible for the degradation of the amino acids (KopL-63).

The radiation sensitivity of the aromatic groups found in DNA

is related to the electron affinity of these groups (EriS-80).

In spite of all the in vitro results it is still

uncertain whether e~ plays an important part in the processes

leading to permanent biological damage. The concentrations of

biochemical species in living cells is very large. Therefore,

the in vitro experiments, where low concentrations must be

used, are not automatically applicable to biological systems.

It is also possible that the electron reacts with a protein

before it becomes hydrated (WarH-80).

Another line of research involves the use of hydrated

electron to study the electron transfer processes in the pro-

tein cytochrome c (WilB-75, ButK-77). A promising tool is the

reverse micelle technique. Thus model systems can be made that

resemble the living cell. Recently, electron transfer pro-

cesses were studied by pulse radiolysis involving cytochrome

c in these model systems (VisF-82).

1.1.3 Reactions of e~ with organic molecules

Many reactions of e with organic species have bean

studied. From the results it appears that the hydrated elec-

tron behaves like a classicial nucleophilic reagent. In the

case of the carbonyl compounds, the esters, the amides, the

carboxylic acids and the halogen compounds the rate constants

can be correlated quantitatively with Taft's o -function

(HarA-70, MicM-72) .

The products of the reactions are usually unstable

intermediates. The physical and chemical properties of these

intermediates can be studied by pulse radiolysis (PriB-80).

Further reactions of the intermediates often lead to bond

breakage in the functional groups: the carbon-oxygen bond in

carboxylic acids (MicM-72), the carbon-nitrogen bond in amino

acids, the carbon-halogen bond in halogen compounds and the

sulfur-sulfur bond or the sulfur-carbon bond in the disulfide

compounds (HarA-70).



The reaction rates of e with aromatic compounds can

be quantitatively interpreted by the use of Hammet's equation

(HarA-70).

It seems reasonable to conclude that e can be re-

garded as t\ normal chemical species.

At present, the reactions of e" with thionine,

methyléne blue and related compounds are studied in detail.

The reducing properties of these photo-sensitizers are of

great interest to their possible application in the conversion

of solar energy by the reduction of water to hydrogen (SolS-82,

HeeP-82, NenM-8l).

1.1.4 Reactions of e" with inorganic species

Many rate constants for reactions of hydrated elec-

trons with inorganic species have been measured (HarA-70,

AnbH-68). It appears that it is difficult to order these rate

constants in a systematical way as is possible for most orga-

nic reactants. To our opinion the main reasons for this are

the following:

Firstly, homologous series as with organic molecules

are difficult to find with inorganic species. Therefore, the

characteristics ox each individual reactant have to be consi-

dered carefully before comparison is justified, To put it in

another way: to correlate rate constants with merely the dif-

ference in the standard redox potentials or some other suitable

parameter is not sophisticated enough. Secondly, reactions of

the hydrated electron with many inorganic species are accom-

panied by large negative free enthalpy changes. Recent results

on the redox reactions of metal complexes show that such reac-

tions form a different class: they are not adequately des-

cribed by the Marcus theory (ScaB-79), contrary to the reac-

tions with moderate or small free enthalpy changes (Gou-79,

Alb-80, Far-81, Dix-80).

Keeping these points in mind it should be possible

to obtain more insight in the kinetics of e~ reactions with

inorganic species. Although e~ is an extreme reactant with
o ^
E = - 2.86 V, there seems to be no reason why it should



behave differently from other electron transfer reactants such

as metal complexes. Therefore, it is a suitable hypothesis to

assume that the Marcus theory is valid for e~ reactions.

It seems that interpretation by most authors of the

kinetics of e~ reactions with inorganic solutes often had anaq
ad hoc character.

Hart and Anbar have tried to treat the subject syste-

matically. They do not come up with an unambiguous answer,

but conclude that the Marcus theory is probably not valid for

reactions of the hydrated electron (HarA-70, AnbM-69). Since

the review of Hart and Anbar the interest in the kinetics of
e~ reactions has elapsed. Attention is now concentrated onaq _ „
the products of the e reaction. By reduction with e it is

possible to create metal complexes in unusual oxidation

states 'BuxS-77). These products are unstable and cannot be

studied by classical chemical methods. An interesting example

is the Ru(bpy)3 complex which is formed by (BaxF-72):

Ru(bpy)^+ + e~q •* Ru(bpy)3

This Ru(bpy)_ complex is a powerful reducing agent capable,

at least in principle, of reducing H,0 to Ho. It is also form-
2+

ed by photochemical reaction from excited Ru*(bpy)3 and it is

therefore interesting for solar energy conversion (MulE-78) .

The Tl° species is interesting for similar reasons and can be

studied by the reduction of Tl+ by e" using pulse radiolysis
a*j

(ButH-80), Other recently studied metal complexes in unusual

oxidation states involve the products of e~ reactions with
lg" (Bro-80) ,Pt (II) (NH3)^

+ (KhaW-8l),Pt(IV) +

(KhaW-82), and the bipyridyl and phenanthroline complexes of '

Cr(IIl), Co(III), Rh(III) and Ru(III) (VenE-80). It may be •

mentioned that reduced complexescan also be studied by eloiv ,•

reactions in other solvents. Metal carbonyls have been studied ê



in ethanol, cyclohexane and isooctane (Fla-79, MecW-82, KanH-

82). Diphosphine complexes of Co(II) and Rh(l) have been stu-

died in methanol (MulF-?7).

1.2 Electron transfer

1,2,.I Comparison with conventional reactions

Conventional chemical reactions between two reac-

tants involve the breakage and/or formation of bonds. Abso-

lute rate theories for these reactions are greatly restricted,

as complex quantum-mechanical calculations are required (ReyL-

66). In the case of electron transfer reactions no bonds are

broken or formed. Consequently, the electronic interactions

involved in the formation o£ an "activated complex" are much

smaller than for conventional reactions. Classical methods for

the calculations of potential energies are then adequate and

it is expected that absolute reaction rates can be obtained

by theory (ReyL-66) .

1.2.2 Definitions

From the many experiments on electron transfer reac-

tions between metal complexes in aqueous solutions it has been

shown that two different activated complexes can be distin-

guished:

(i) Inner sphere activated complex. Electron transfer takes

place after the formation of a ligand bridge between the

metal centres. These reactions are usually slaw, but the

rates can be influenced drastically by the nature of the

bridging group (Can-80).

(ii) Outer sphere activated complex. Here the ligand spheres

of the reactants remain intact. These reactions can be

very fast, with rate constants close to the diffusion

controlled limit. For instance, the exchange rate con-

stant between Ru(bpy)g+ and Ru(bpy)g+ has been reported

as 1.2 x 109 M~1a~1 (ChaD-79, p, 201).



Another characterization, more or less independent from the

previous one, is based on the electronic interaction energy

(overlap) in the activated complex;

(i) If the electronic interaction in the activated complex

is large (and thus forms an important contribution to

the energy of activation), the reaction mechanism is

called strongly adiabatic, Typical examples are conven-

tional chemical reactions, whereas electron transfer

reactions do not appear to be of this type,

(ii) If the electronic interaction energy in the activated

complex is of the oi'der of kT, which is about 0.03 eV at

room temperature, the reaction is said to be of the adia-

batic type. It is assumed that the electron transfer

probability is unity and that the electronic interaction

energy forms a negligible or small contribution to the

energy of activation. This type of reactions is treated

theoretically (Mar-65b, Hus-61).

(iii) If the electronic interaction energy is much smaller

than kT, the electron transfer probability is much less

than one. The mechanism is then called non-adiabatic.

Examples are found in the long-range electron transfer

reactions in solid matrices. In solution, it is ex-

pected that these reactions are generally slower than

reactions following the adiabatic mechanism. It will be

shown that some e~ reactions do no fulfill this expec-
aq

tation.

From the success of the Marcus theory (Gou-79, Alb-

80), it can be inferred that most electron transfer reactions

follow the adiabatic mechanism in solutions at room tempera-

ture. However, recently it has been shown that the Marcus

theory tends to fail in the case of very negative free reac-

tion enthalpies (ScaB-79, BalV-81, BalS-81, MarS-82) . This

may be explained by the existence of more favourable, non-

adiabatic pathways (DuyF-74, SidM-81a, SidM-8lb, ScaB-81).



1.2.3 The Franck-Condon principle

1.2.3.1 Reorganization energy

The electron transfer process takes only about

IQ s. This means that during this process nuclear motion

can be neglected. In other words: electron transfer reactions

are governed by the Franck-Condon principle. The consequence

is that the activated complex is isolated in the thermodyna-

mic sense and there has to be a degeneracy requirement:

the reactants' activated complex and the products1 activated

complex must have equal energy, otherwise the first law of

thermodynamics would be violated. So, before the electron

transfer can take place, the coordination spheres and solva-

tion spheres have to be rearranged. The amount of energy re-

quired for this process is called the reorganization energy

and it constitutes a large part of the free enthalpy of acti-

vation for the reaction.

1.2.3.2 Angular momentum

Another consequence of the Franck-Condon principle

is that the angular momentum of the activated complex must be

constant during electron transfer. This restriction may be

responsible for the relatively slow reactions of Co with
2+Fe and other complexes (WesS-72, StrS-78). The reactions do

not follow the Marcus theory. This is attributed to the change

of the spin multiplicity of cobalt from 1 to 3.

Reaction of e" with Co(bpy), has been shown to
2+ ̂

give low spin Co(bpy)| . This excited state complex is then

converted to the high spin ground state at a relatively low

rate (WalP-69). In this case the spin restriction is clearly

shown to be important, although it does not lead to a slow

t)

In principle, electronic coupling between the activated com-

plex and the environment is possible. In practice this coupl-

ing is too weak to be of significance (ReyL-66).



f 9 \
$ ' „1
rii\ "i

•S-i- _ 3+ ;;

S reaction as might have been expected: k{e + Co(bpy), } = )
10 ~1 ~"1

8.3 x 10 M s .It is not clear whether the spin restric- ;

'.„ tion is of general importance, as there are complicating fac-

:\ tors as spin-orbital coupling,
'J ' :•
f 1.2,4 Theory of adiabatic electron transfer i

X.2.4.X Marcus theory

Adiabatic outer-sphere electron transfer reactions '

involving weak interactions in the activated complex were

treated theoretically by Marcus arid by Hush (Mar-56, Hus-61).

The two theories are equivalent and it suffices to give Mar-

cus1 results. As a first approximation his theory gives (Mar-

65a) :
i

(1.1) i;

\
(1.2) ••

1 \

w is the work necessary to bring the reactants to-
1 gether, which is a Coulombic term. A is the reorganization

energy, consisting of the inner shell term A., involving the

metal ligand bonds, and the outer shell term A , involving

the solvent molecules. Both A and w can be calculated for

given reactants, provided that the geometries and the vibra-

tion frequencies are known.

[ The Marcus equation has been successfully applied

to many kinetic data on electron transfer reactions (Gou-79,

Alb-80). An interesting feature of equation (1.2) is the qua-

dratic dependence of AG* on the standard free reaction enthal-

py AG°. This will be discussed in the next section.

| 1.2.4.2 Limitations of the Marcus theory

[ In recent years it appeared from experiments in the

• region of very negative AG° values that equation (1.2) is not

generally valid. As a consequence of the quadratic dependence
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(1.2) predicts that for very negative AG° values, AG* will in-

crease with - AG° and the reaction rate will decrease, There

is occasional evidence for the existence of such an "inverted

region " (CreS-77) , but most results in this region are in dis-

agreement with (1.2). Several axithors suggested that alterna-

tive mechanisms are predominant in the inverted region (DuyP-

74, ScaB-79). Thus within the frame of the Marcus theory

one can distinguish two AG° regions; the normal region with

intermediate or small AG° values where the Marcus theory is

usually successful, and the inverted region, with very nega-

tive AG° values, where the Marcus theory tends to fail. Van

Duyne and Fischer ascribed this failure to the prevalence of

a non-adiabatlc mechanism (DuyF-74). Siders and Marcus in-

dicated that longe-range electron tunneling offers an expla-

nation of the experimental behaviour in the inverted region

(SidM-81a, SidM-8lb).

1.2.5 Electron transfer by long-range tunneling

i
. 1.2.5.1 Experimental evidence

In many cases reactions of the hydrated electron in-

volve large negative free enthalpy changes. In view of the

foregoing these reactions are especially suited for the expe-

rimental confirmation of electron tunneling in solutions.

Ample experimental evidence in favor of electron tunneling

has been accumulated for biochemical systems at room tempera-

ture and for glasses at low temperature (ChaD-79, ChaA-82,

Mil-72, DaiP-75, Lee-8l, LeeH-80) . Stein et al. concluded

from spectral measurements on binuclear ruthenium compounds

that intramolecular electron transfer through fully saturated

systems is possible over distances of 1 nm and more. They

suggest that a tunneling mechanism is operative (SteL-82).

; In all these systems the active sites are strictly localized.

• This is in contrast with solutions where the species can dif-

> fuse freely. This essential difference explains why the evi-

: dence for electron tunneling in solutions is hard to obtain:
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in most cases the tunneling mechanism is not fast enough to

compete with the combination of diffusion and adiabatic reac-

tion.

So, although the original tunneling hypothesis for

electron transfer reactions in solution (MarZ-54) is dated

well before the tunneling hypotheses for biochemical systems

(DeVC-66) and glasses (Mil-72), evidence is still scarce. An

important contribution by Anbar and Hart showed that the hy-

drated electron reacts faster than the theoretical diffusion

limit with several inorganic oxidants (AnbH-68). These high

rates were attributed to long-range electron tunneling.

1.2.5.2 The tunneling distance

In biochemical systems the acceptor and donor are

often separated by distances of the order of 2 ran (ChaD-79,

p. 506). Nevertheless, electron transfer is quite efficient

in these systems. This is in accord with the results of Stein

et al. , who report tunneling distances ranging from 1.1 to

1.7 nm for some aliphatic systems (SteL-82).

In glasses at low temperatures tunneling distances

of 1 to 2 nm were estimated (BuxK-79, Lee-81, LeeH-80). The

treatment of Zamaraev and Khairuthdinov results in larger dis-

tances: up to 3 nm and in some cases 5 and even 7 nm (ZamK-74),

In solutions, the tunneling distances are expected

to be smaller, since the reactants are brought close together

by diffusion. This is in accord with the results of Ballard

and Mauzerall. They presented evidence for electron tunneling

through about 0.6 nm in different solvents for the photoreac-

tion of zinc octaethylporphyrin (ChaD-79, p. 581).

Zamaraev and Khairuthdinov have compared the beha-

viour of several efficient electron scavengers in glasses at

low temperatures with their behaviour in aqueous solutions.

The reducing species in both cases was the trapped electron

(or hydrated electron). They suggested that there is a fairly

linear relation between the tunneling distances (ZamK-74) in

both systems. However, further analysis of their data shows
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that the correlation is not so simple. At high temperatures,

i.e. room temperature, activation controlled reactions can

often successfully compete with tunneling reactions (Kes-80).

1.3 The scope of this thesis

The subject of this thesis is the reactivity of the

hydrated electron towards metal complexes. The electron is

transferred to the central metal ion and usually these reac-

tions are very fast, with rate constants of 10 - 10 M" s" .

The main objective is to shed some light on the theoretical

implications of the rates of these particular reactions. This

is aggravated to the roles of the reaction free enthalpies

and the ligands which are coordinated to the metal ion.

1.3.1 Ligand effects

The experiments described in Chapter 3 involve

metal EDTA complexes and similar complexes. EDTA, ethylene-

diaminetetraacetic acid, is a hexadentate ligand, which al-

most fully encloses the metal ion (NutS-77). These complexes

are very stable and the geometry of the metal ligand bonds

approximates the octahedral structure.The metal ions studied

are mainly Ni , Co and Cu . Rates of the reactions of

| the complexes with e~ were measured using the pulse radio-

lysis technique.

The EDTA chelatea easily from ternary complexes

with different monodentate ligands, such as cyanide, ammonia

and hydroxide ion (BhaK-63, KorL-83, Chapter 7). This pro-

vides a method to change the coordination sphere around the

metal ion in a subtle but well-defined manner.

1.3.2 Electron tunneling theory

As will be shown in Chapter 3, the reactions of e~

with the copper complexes display unusually small kinetic salt

effects. The results suggest long-range electron transfer by



13

tunneling. In Chapter 4 a tunneling model for electron tunnel-

ing Is presentedf and the experimental results are discussed

in terms of this modal.

1,3.3 The role of the reaction free enthalpy

1.3.3.1 Calculations of reaction free enthalpies '

It is a general belief (Can-80, ReyL-66) that O.<5

rate of electron transfer reactions is governed to a large

extent by LG°, the standard reaction free enthalpy. The basis

for this belief is Marcus theory. This theory is not general-

ly validr but it gives an important foothold for the experi-

menter. It was Marcus who suggested the following straight-

forward test for his theory: a series of similar oxidants

should be studied. The rates of the reactions with one reduc-

tant, for instance e~ , may then be correlated directly with

the reaction free enthalpies (Mar-65a). In this context "simi-

lar11 means that the oxidants should have similar sizes and

equal structures to get equal reorganization energies X.

A promising series is formed by the EDTA complexes. They were

studied by Anbar and Meyerstein (AnbM-69). Their conclusion

concerning the validity of equation (1.2) is somewhat in-

conclusive: "Not all the results for this series can be ex-

plained by the Marcus theory." Although this bears important

information, it was expected that the redox potentials of the

EDTA complexes were needed to deepen the theoretical insight.

The results of approximate molecular orbital calculations of

some of these redox potentials are given in Chapter 6. To-

gether with the EDTA chelates, the series of the hexacyano and ;

the hexaquo complexes were subject to these calculations. ïl.e j

results and the implications with regard to the role of AG°

in the rate of the reactions are discussed. j

1.3.3.2 Diimine complexes 1

Another series of complexes was considered: the ,
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metal complexes of diazabutadiene derivatives (or diimines).

The substituents R can be varied (Figure 1.1) and the synthe-

sis is relatively easy. A number of Ni(II), Co(II), Fe(II)

and Gu(II) complexes were prepared (LeuK-82). Unfortunately,

* it appeared that they are unstable in aqueous solution, so

' eëiq experiments were ruled out.

<
\S>* J3

k
Figure 1.1 Schematic picture of a

substituted diimiae complex

The complexes proved to be reasonably soluble in ethanol and

consequently the kinetics of e~ . reactions with the diimine

complexes in ethanol can be studied. The lifetime of e" ,

in unpurified ethanol was too short (< 1 ys) for the measure-

ment of reaction rates, with the available time resolution of

the experimental set-up (Chapter 2). Impurities are mostly

carbonyl compounds, which are very reactive towards solvated

electrons. They were partly removed by distillation in the j

presence of dinitrophenylhydrazine or sodium borohydride.

However, the lifetime of e~olv after purification still was :

too short. The addition of a small amount of sodium hydroxide, j

sodium acetate or sodium borohydride to the ethanol samples ]

resulted in lifetimes of about 5 us, which is good enough for j

experiments. However, the complexes reacted rapidly with these 1

additives and the experiments were not pursued further.
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f* 1.3.3.3 Cd(I)EDTA3~ as a reductant

— 2—

The reaction of e with Cd(II)EDTA leads to the

reduced complex Cd(I)EDTA **, which is a strong reductant, al-

' though not as powerful as e~ . The reaction rates of this com-

' plex with some metal complexes were measured. These rates

were correlated with the rates of the corresponding reactions

of the hydrated electron. Also the rates of the Cd(I)EDTA3"

complex with some alcohol radicals were measured. The results

are discussed with regard to the possible reaction mechanisms.

1,3.4 Supporting experiments

In Chapters 7 and 8 equilibrium constants for the

formation of ternary complexes are reported. These data were

necessary for the interpretation of the kinetic results pre-

sented in Chapters 3 and 4. The results are discussed in view

of the relevant literature.

I
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CHAPTER 2

EXPERIMENTAL SECTION

2.1 Pulse radiolysis

2.1.1 Experimental set-up

Pulse radiolysis is a common technique for the study

of fast chemical or physical processes. Even the picosecond

region is accessible by the stroboscopic technique of Hunt and

coworkers (BroH-68) . For those readers who are not familiar

with the pulse radiolysis technique a short description will be

given.

[ The basic set-up used for the experiments for this

'.. thesis is the one of the Molecular Biophysics Department of

the Rijks Universiteit of Utrecht (Figure 2.1). The electron

accelerator G delivers a short pulse (0.5 or 5 microseccnd)

of high energetic electrons in the sample S. The sample, in our

case an aqueous solution, is contained in a quartz cell. The

energy deposition in the sample, typically 10 - 100 J.kg~ ,

results in the formation of hydrated electrons and other chem-

V ically reactive species. This process takes place in the sub-

nanosecond time region (HarA-70, p. 13). The hydrated electrons

react with the solute. This reaction occurs on the microsecond

time scale and it is followed by monitoring the concentration

of the hydrated electron by light absorption. The hydrated

electron has an absorption maximum at 720 nm, with an extinc-

tion coefficient of 1.85 x 104 M*"1 cm"1 (HarA-70). This high

value makes it possible to observe low e™ concentrations
aq
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The appropriate wavelength is selected front the light beam

emitted by the Xenon lamp L by the first monochromator Mj_,

The light beam is focussed and passed through the quartz cell.

The filter F suppresses second order light transmission. After

passage through the secoud monochromator M2» the light beam

falls on the detector 0, The outcoming DC voltage signal is

fed into the transient digitizer TD, which is manipulated by

an interactive computer program for conversion in optical den-

sity vs. time signals. T'ha time region can be varied from 5 ys

to 20 ms full scale.

M, F

Figure 2.1 Diagram of the experimental arrangement for

pulse radiolysis at the Molecular Biophysics

Department of the Rijks universiteit Utrecht.

Explanation of the symbols:
Ml' W2"H-iff*1 •intens-ity monochromators (Bausch

and Lomb)

G. 2 MeV van de Graaff generator

S. Sampleholder with sample

C. Coulomb meter

F. UV filter

D. Detector (photomultiplier)

TD. Transient digitizer (Tektronix R 7912', coupled

to a digital computer
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2.1.2 Dosimetry

The unit of absorbed dose is the gray, defined by:

1 Gy = 1 J.kg.-1 (2.1)

The gray is related to the formerly used rad by:

1 Gy = 1Q0 rad (= 100 erg.g" ). Measurement of the dose ab-

sorbed by the sample is usually done by chemical dosimeters:

the yield of the reactive radicals is proportional to the

dose, provided that the dose distribution is homogeneous.

For the e"
aq

4 - 1 -1
dosimeter a t 720 nm, E = 1.85 x 10 M cm ,

whereas the y ie ld of e~q per 100 eV i s given by G(e&q) = 2 . 7

(DraD-71). The absorbed dose can then be calcula ted from the

measured o p t i c a l density d i r e c t l y a f te r the pulse .

0D

1-

mm

Figure 2.2 Dose-depth distribution. The sample is

oxygenfree and contains 60 mM n-butanol,

pH = 11. Relative optical densities

(arbitrary units) are given at 600 nm (e )
aq

The width of the monitoring light beam is

about 0.5 mm, light path 10 mm.
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aq
dosimeter was used to get an idea of the

q
dose-depth distribution in the cell (Figure 2.2). It is seen

that the dose distribution is reasonably homogeneous in the

first 3 mm of the solution. Consequently, for experiments a

narrow light beam, 2 to 3 mm,was used covering the first part

of the solution after the 1 mm quartz wall.

Relative dosimetry is routinely done by measuring

the charge deposited on the sample holder by the accelerator

pulse (Figure 2.3). This is especially useful when the spec-

trum of a transient species has to be measured, as the accele-

rator pulse changes somewhat during the day. Figure 2.4 gives

the results of calibration of the charge dosimeter against the

e,_ dosimeter,aq

Ught-

Figure 2.3

to Coulombmeter

Detailed top-view of the sampleholder.

D is a diaphragm, mounted to the sample-

holder S (isolated). C denotes the posi-

tion of the quartz cuvette
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004

0D

002
A

.A A

A A / ^
A^A

1 1

1 2
nC

Figure 2.4 The secondary dosimeter. Optical densities

Are due to e at 700 nm aaq
the charge in nanocoulombs

are due to e at 700 nm and are plotted vs

2.2 Preparation of the samples

The irradiation cells used are shown in Figure 2.5.

The cell windows are of Suprasil quartz, and they remain per-

fectly transparant even after high doses* The solutions were

pipetted into the pyres bulbs. The samples were coupled to a

vacuum line and they were made oxygenfree by the freeze-thaw

method and then the tubes were sealed. Model 11, Figure 2.5

can contain two separate solutions. One solution contains £

metal chelate, the other contains a secondary ligand. When

mixed, these solutions react to give a ternary metal complex»

The solutions were not mixed until directly before the pulse

radiolysis experiment to suppress chemical degradation of the

ternary metal complexes.

Samples thus prepared/ containing no reactive solu-

tes, gave halflives of io to 20 ys for e~ .
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n

Figure 2.5 Irradiation cells used for pulse radiolysis

experiments. C is a Suprasil quartz cuvette with

10 mm light path, B is a pyrex bulb for the

freeze-that/ procedure and T is a pyrex tube for

coupling to the vacuum line and sealing

2.3 Chemicals

The chemicals used were of analytical grade and were

not further purified, except in the case of H2Ni(DCTA). This

complex iS relatively unreactive towards e~. It was recryB-

tallized twice to be sure that the reactivity was not caused

by a minor reactive impurity. Measured rate constants before

and after the purification Were equal.

Water was purified by a reverse osmosis apparatus,

after which it was led through a Millipore Milli Q2 system.

Thus most of the ionic and organic impurities were removed.

Alcohols were usually added to the samples in high
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concentrations (<v 1 M) to scavenge the OH and H radicals. It

appeared that methanol, ethanol and propanol contain oxidative

impurities, mainly carbonyl compounds, in the crder of 0.01%.

The alcohols were therefore distilled using a s-piar.ir.g band

column (Ferkin-Elner 251, auto similar still). The additives

used to remove the carbonyl compounds were dir-itrophenyl

hydrazine (DNPH) or sodium borohydride (BhaK-72). However,

complete removal of the impurities could not be attained in

this way. This was not disturbing for tlie eZ„ experiments, but

experiments with the pure alcohols gava 3„02V lifetimes shorter

than :. microsecond, inhibiting the measurexr.an~ of rate con-

stants for ©go^y reactions.
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CHAPTER 3 )

LIGAND EFFECTS ON THE REACTIVITIES OF SOME

TRANSITION METAL COMPLEXES TOWARDS THE HYDRATED ELECTRON

3.1 Introduction

The hydrated electron is a species with a strong re-
ducing capacity, its redox potential being - 2.86 V (Mat-75).
It reacts very fast with many species and numerous rate con-
stants are reported (AnbB-73).

The reactions of e~ are electron transfer reactions
by definition and it is of interest whether Marcus1 theory of
electron transfer applies (Mar-56, Mar-65a, Mar-65b). This
theory predicts a correlation between the reaction rate and
the standard free enthalpy change of the reaction (Chapter 1).
It has been applied to many electron transfer reactions with
considerable success (Sut-79, Gou-79). However, it was indi-
cated by Anbar and Meyerstein that certainly not all the e~
results can be explained by this theory (AnbM-69).

This chapter is concerned with the reactions of e~
2+ 2+ 2+ ^

with metal complexes of Co , Ni and Cu . With these and' many other ions the polydentate ligands EDTA, HEEDTA and
\ form very stable metal chelates. These metal chelates form

1 : 1 : 1 ternary complexes with monodentate and bidentate
i ligands (BhaK-63, KorL-83, Chapter 7). Thus it is possible to
' i*)
; The following abbreviations are used in this chapter:

j EDTA is ethylenediamine tetraacetate, DCTA is diamino-cyclo-
| tetraacetate, HEEDTA is hydroxyethyl-ethylenediaminetracetate,
: and DTPA is diethylenetriaminepentaacetate.
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study the effects of these secondary ligands on the electron

transfer rate, whereas the rest of the coordination sphere

remains unchanged (Figure 3.1).

The results are reported for the secondary ligands

CN~, OH", NH3 and ethylenediamine with EDTA, HEEDTA and DCTA

as primary ligands. The influence of the secondary ligands is

discussed, and also the role of the metal ion. Using estimated

values for the reaction free enthalpies, it is examined whether

Marcus1 theory is valid for these systems. Conclusion are drawn

with respect to the electron transfer mechanisms involved.

COO

\c&

Figure 3.2 Schematic picture of the partial

change of the coordination sphere

of a chelate M(L) by the introduc-

tion of a monodentate ligand, CN~

.2 Preparation of the ternary complexes

The complexes of the primary ligands EDTA, HEEDTA

and DCTA were always prepared with a sufficient excess of the

ligand t-i prevent hydrolysis at high pH (Kra-78). The equili-

brium in the case of ternary complex formation is:

ML + X ̂  * MLX (3.1)

where M is the metal ion, L is the primary ligand and X the

secondary ligaria.The stability constant of the complex MLX

with respect to equilibrium (3.1) is given by:



s [MLX]/{CML][X]}
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(3.2)

In the case of X = CN the rapid formation of the

ternary complex MLX is followed by a slow reaction with the

excess cyanide, eventually leading to M(CN)^~, Therefore, it

was necessary to prepare the ternary complexes by mixing the

separate solutions directly before the pulse radiolysis ex-

periments. For this purpose special irradiation cells were

used (Chapter 2). The stability constants of the ternary

complexes, taken from the literature, are given in Table 3.1.

The lifetimes of the ternary complexes depend on the cyanide

concentration. They were calculated from the literature data

and are also given in Table 3.1. The pulse radiolysis experi-

ments were completed within 10 minutes after the mixing in

the cell.

Table 3.1 Thermodynamic and kinetic stabilities of the

mixed complexes ML(CN)

Complex

NiHEEDTA(CN)2"

NiEDTA(CN)3"

NiDCTA(CN)3"

CODCTA(CN)3~

K, M"1

6.1 x 104

5.8 x 103

310

39

CN~ , mM

0.164

4.2 - 5.3

6.5 - 38.4

5.1 - 100

V hr

183

> 1.7

> 4 x 106

> 2.0

Reference

CooM-70

CooM-70

CooM-70

JonM-69

3.3 Results and discussion

3.3.1. The electron transfer

The reactivity of the free ligands towards the hy-

drated electron is negligible compared with the reactivities

of the free metal ions {AnbB-73, BuiB-77). It seems reasonable

to assume that reaction of the EDTA complexes with e" leads
aq

to the reduction of the metal centre. The product of the



26

reaction cd(II)EDTA + e~ has an intense absorption with

\ - 320 ran. The absorption spectrum of Cd__, formed by re-
«Va« 2+ -m »
duction of Cdfl with e_„, has equal intensity with X
300 nm (BuiB-80a). Thus it is deduced that the product of

Cd(II)EDTA2~ + e" is Cd(I)EDTA , Another example is the
a" 2- -

product of the reaction Cu(II)EDTA + e . This product

does not show a significant absorption itself, but it reacts

rapidly with alcohol radicals to form an intensely absorbing

intermediate with ^ma.x ranging from 400 to 450 nm (BuiB-80b).Similar transient absorptions have been attributed to the

products of reactions of Cu with alcohol radicals Involving

a copper-carbon bond (BuxG-78, FreM-80), So, it is deduced

that the reduced metal complex Cu(l)EDTA is the initial
— 2—

product of the reaction between e and Cu(II)EDTA

The assumption that the electron is transferred to

the metal centre bears two important consequences: Firstly,

it implies that the electron transfer is not accompanied by

the breakage of a chemical bond, and secondly, the redox

potential of the pertinent couple can be estimated from the
Maq ~l*+ c o u P l e b v taking the metal chelate stabilities

into account (Bel-77.- p. 46 ff) .

3.3.2 Charge effects

Charge effects on the reaction rates are of consi-

derable importance. These effects must be taken into account

for the mutual comparison of reactivities. To this end, the

Bronsted-Bjerrum equation (PetP-72) and Debye's expression

(Deb-42) for a diffusion controlled reaction are used:

R*

(ko b s) - log k° + 1.02

= 4irDR*NA

- r c / { exp(r c /R) - 1}

= ZAZBe2/(4TTEeokT)

ZAZ

1 + 3

B / y

.3 a/y"
(3

(3

(3

(3

• 3)

.4a)

.4b)

,4c)

1

i
i

1,
j?!
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jjg- Here k is the rate constant at zero ionic strength,

k' Z, and Zr, are the charges on the react ants and y is the ionic
: strength given by y = %E n^z.^, with n^ the molality of ion i.

R is the sum of the ionic radii, and. rq is called the Coulomb
radius. Equation (3.3) is only an approximation, but for many
cases it gives a good description of the results (PetP-72).
The parameter a originates from the Debye-Huckel theory and
can be interpreted as some kind of a mean distance of closest
approach (BocR-77). All the complexes we studied have radii of
about 0.28 - 0.30 nm. The radius of the hydrated electron is
0.25 - 0.30 nm (HarA-70) and consequently we have taken
a = 0,55 nm throughout this chapter.

The best method is to extrapolate to y » 0 by vary-
; ing y and measuring the rate constant k_. s: log(k°) is ob-

• tained as the intercept and 1.02 * Z A Z B as t*ie s l o P e o f t n e \
plot of log(k . ) vs /y/(l +3.3 a/y) . In the further discus- j
sion we shall refer to this slope as "Bronsted-slope". In
some cases extrapolation to y = 0 was Impossible and k° was
calculated directly from (3.3) using the formal charges of
the reactants. However, one has to be careful: at high pH ^
hydrolysis changes the óver-all charge of the metal complexes. |
Serious errors are then introduced by the application of
equations (3.3) and (3.4a-c). For some complexes the hydro-

; lysis was examined by potentiometric titration (Chapter 7).
The formal charges of the metal complexes can be determined
unambiguously from these experiments.

! 3.3.3 The Marcus theory

Marcus1 theory of outer sphere redox reactions can
I be applied to the reactions of the hydrated electron (Mar-65a, \
• Mar-65b). According to this theory it is assumed that the rate !
I. of electron transfer is limited by the energy necessary to re- ,|
I arrange the reactants (Franck-Condon principle, see Chapter 1). J
f This energy requirement is compensated by the gain in free en- '\
• thalpy of the reaction. As a first approximation the theory i

gives: \
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k = IQ11 exp{ - AGVkT} (3.5a)

(3.5b)

w is the work necesaary to bring the reactants together (Cou-

lombic interaction energy), X is the reorganization energy of

both reactants, which ranges from 60 to 250 kJ.mol"1, or 0.6 to

2,5 eV (Mar-65b). AG° is the gain in free enthalpy of the reac-

tion. In the framework of the Marcus theory complexation of

the metal ions by for Instance EDTA has a twofold effect on AG*:

(i) The redox potential of the couple M P + ' ( P ~ 1 ) + is decreased.

The reason is that the stability constants for the re-

duced and oxidized metal chalates are different (Bel-77,

p. 46 ff).

(ii) The reorganization energy X changes upon complexation.

In the cases reported here, the absolute values of

AG° and X are unknown, although AG° can be estimated. Con-

clusions with regard to the validity of the Marcus theory can

only be drawn on the basis of relative reaction rates.

3.3.4 Cobalt(II) and nickel(II) complexes

The results of the kinetic experiments are given

in the Tables 3.2 and 3.3. For the calculation of the kQ val-

ues according to (3.4a-c) the following values for the diffu-

sion coefficients were used: e~ ; 4.96 x 10 cm" s"1 (Mat-75).
2+ 2+ —5 2 «1

Co and Ni : 1.0 x 10 cm s (LanB-69). For the amino-
—5 2 —1carboxylate complexes the value 0.5 x 10 cm s was used in

all cases. The only two values found in the literature for
-5 2 —1 2—

such complexes are 0.5 x 10 cm s for Ca(EDTA) and
0.45 x 10"5 cm2 s"1 for Ca(DCTA)2" at 25 °C (MatH-77).

V-
v
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Table 3.2 Reaction rates of Co(II) complexes with e
aq

Species

Co 2 +

COHEEDTA"

CoEDTA2"

CoDCTA2"

Co(DCTA)CN3"

Co(CN)3."

H(DCTA)3"

idem

(5

(4

(1

(2

(1

k°

1.2xlO10

,0 t Q.lJxiQ8

.1 t 0.2)xl08

.7 £ 0.3)xl08

.7 £ 0.3)xl09

.4 £ Q.DxlQ10

4.6X105

9.7xlQ5

(b)

(b)

(b)

0

0

0

0

0

1

kD

.17

.039

,055

.027

.25

.3

4.5X10"5

3.7xlO"4

?

11

11

11.

11.

13

11

8.

4

4

5

Reference

BaxF-65

This

This

This

This

work

work

work

work

HarV-69

This

This

work

work

a)
b)

k~ is calculated according to equations (3.4a~c)

value at ionic strength 0.1

Table 3.3 Reactions rates of Ni(II) complexes with e
aq

Species

Ni 2 +

NiHEEDTA"

NiEDTA2"

NiDCTA2"

NiEDTA(NH3)
2~

NiEDTA(en)2"

NiDCTA(CN)3"

NiEDTA(CN)3~

NiHEEDTA(CN)2"

Ni(CN)2"

k°

2.3X1010

(1.5 ± 0.1) xlO8

(1.1 ± 0.05)xl08

(1.6 ± 0.4)

(3.0 ± 0.3)

(3.7 1 0.5)

(2.1 ± 0.4)

(2.1 + 0.4)

(5.4 ± 0.3)

4.1X109

xlO7

xlO7

xlO7

XlO8

XlO8

xlO8

k°/kD <
a)

0.32

0.012

0.018

0.0026

0.0048

0.0059

0.081

0.081

0.086

0.60

PH

?

11

11

11.4

11

11

11.4

11

11

11

Reference

BaxF-63

This

This

This

This

This

This

This

This

work

work

work

work

work

work

work

work

AnbH-68

a) is calculated according to equations (3.4a-c)

v.
i
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1 = 1 < 't, I Application of the Marcus theory

Anbar and Meyerstein reported that many metal EDTA

complexes are much less reactive towards e" than the corres-

ponding aquo complexes (AnbM-69). Tables 3.2 and 3.3 show

that the Uganda HEEDTA and DCTA have a similar effect as

EDTA on the reactivity of the ions Co2+ and Ni +, Anbar and

Meyerstein concluded on the basis of their data on the reac-

tions of about 30 EDTA complexes with e~ that the retarding

effect of EDTA is too large to give agreement with the Marcus

theory. However, they reached this conclusion on the basis of

several doubtful assumptions.

Firstly, they seem to neglect the contribution of w,

the work to bring the reactants together. This is not justi-

fied, since the difference in w alone can account for a rate

difference of two orders of magnitude: two species with charges

- 1 and - 2 at a distance 0.6 nm have a Coulombic interaction

of about 0.06 eV. One has to compare with reactants of charges

- 1 and + 2 and the difference in AG° values is thus about

0.12 eV, corresponding with a ratio of 100 for the rates.

Secondly» Anbar and Meyerstein state that the reorganization

energy \ is about the same for the aquo and EDTA complexes.

This is inferred from the small AH° value for the formation

of the EDTA complexes from the aquo complexes: about 0.3 eV

for the divalent metal ions. This implies that the bond

strengths in the EDTA and aquo complexes are only slightly

different (provided that the number of bonds is the same).

But the difference between the reorganization energies is not

related to the metal"ligand bond strengths in a straight-

forward way. Thus it seems that the assumption of equal X's

for the aquo and EDTA complexes lacks of a sound basis.

It was decided to reconsider the matter. The data

of Anbar and Meyerstein show that the reaction rates with e~

are reduced by EDTA with a factor of 10 to 100 in most cases

(uncorrected for charge effects), and in some cases with a

factor of 1000. It will be shown that equations (3.5a) and

(3.5b) can account for these figures.
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The redox potentials for the couples Co 2 + f +
f Ni

2 +' + and Cd2+'+

were estimated by Baxendale and Dixon (BaxD-64). For Cd '

they give the range - 1,9 to - 2.5 V. For this couple we used

the value - 2.0 V. Lower limits for the Co ' couple and the
2+ +

Ni ' couple have been estimated as - 3.I and - 2 , 7 V respec-

tively (BaxD-64). The value - 3.1 V for the cobalt couple
2+

seems too low, considering the fact that Co is easily re-

duced by e" (Table 3.2). For both the cobalt and the nickel

couple we used the value - 2.2 V for tha redox potentials. The
3+ 2+

redox potential of the couple SKI ' has been measured. Diffe-

rent values can be found in the literature ranging from - 1.00

V (MilC-78) to - 1.X5 V (HolW-76, p. X083) and - 1.55 V (CotW-

66). It is not clear which value is the best, and for the cal-

culations the value - 1.55 V was used.

The redox potentials of the chelates will be lower

than the redox potentials of the aquo complexes when the sta-

bility constants are taken into account (Bel-77). Reactions

with e~ are therefore less favourable for the chelates than
" 2+

for the aquo ions. The radius of the Sm ion is 0.111 nm,
2+

about equal to the radius of the Sr ion, which is 0.113 nm
(HolW-76). The stability constant of Sm(II)EDTA is assumed

2—
to be equal to the stability constant of SrEDTA / which is
108'6 (SchF-65). The stability constant of Sm(III)EDTA is

1017'1 (BjeS-57) and the estimated decrease of E° by the com-

plexation is calculated as RT/F*ln{10l7Él/108*6} = 0.50 V. The

decrease for the chelates CdEDTA2", CoDCTA2" and NiDCTA2" is

taken as 0.35 V, the same value as used by Anbar and Meyerstein

(AnbM-69) .

The purpose of the calculations of \G' values from

(3.5b) is to show that the Marcus theory may be valid for a

considerable number of the e~ reactions with the EDTA and

aquo complexes.

The results of the calculations according to the

equations (3.5a) and (3.5b) are shown in Table 3.4.

For the interpretation of the AG*values of table 3.4

two remarks must be made. Firstly, it must be noted that dif-

fusion is neglected in the Marcus theory and as a consequence
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Table 3.4 Calculated and experimental free enthalpies

of activation for reactions of e' with

some EDTA and aquo complexes. The work

term w is taken as ± 0.03, + 0.06 and ±0.09

for monovalent, divalent and trivalent

complexes respectively (minus sign for the

positively charged reactants)

Reactant

Co2+

CoDCTA2"

Co(DCTA)CN3~

Ni 2 +

NiDCTA2"

Ni(DCTA) CN3~

Cd2+

CdEDTA2"

SmOH2+

SmEDTA"

AG

- 0

- 0

- 0

- 0

- 0

- 0

- 0

- 0

- 1

- 0

a

.66

.31

.31

.66

.31

.31

.86

.5

.3

.8

X

1.

1.

1.

1.

1.

1.

1.

1.

2.

2.

4

1

1

4

3

3

4

2

0

0

AG+ .
calc

0.05

0.18

0.19

0.05

0.23

0.25

0.004

0.14

0.01

0.21

*G!xp

0.06

0.16

0.13

0.04

0.23

0.16

0.02

0.15

0.04

0.21

the calculated AGT values are somewhat too low for very fast

reactions. Secondly, although the Marcus theory is an abso-

lute rate theory, it cannot be expected that rate constants

calculated from (3.5a) and (3.5b) are better than within one

order of magnitude. This is caused by the approximations in-

volved in the theory. So testing the Marcus theory implies

comparison of rate constants rather than the calculation of

absolute rates. The very small AG' values for Cd2+ + e"
_ 2+ a"

and e a g + SmOH merely indicate that these reactions must

have rates near the diffusion controlled limit. The measured

rate constants are 5.0 x 1010 and 2.6 x 1010 (AnbM-73), 75%

and 40% of the diffusion controlled limit. These percentages
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' were calculated using equation (3,4a-c) for the diffusion
3+controlled limit, assuming effective charges of + 2 (the Sm

ion takes up an QH~ ion at pH 4,4, GuiD-71).

Table 3.4 shows that the data, except for the cyanide

complexes, can be fitted into the Marcus theory for reasonable

values of hG° and X. This is valid for most of the kinetic

/ data reported by Anbar and Meyerstein (AnbM-69) . There are

some exceptional Fe(III)EDTA, Cr(III)EDTA, Cu(II)EDTA and

Eu(lII)EDTA '. These species are all much stronger oxidants

than the complexes Ni(II)DCTA, etc. This means that the reac-

tions of e~ with these complexes probably belong to the in-

verted region, where Marcus' theory tends to fail (BalS-8l,

ScaB-79, SidM-81).

It is emphasized that the results of Table 3.4 do

not bear evidence in favour of the Marcus theory. It is merely

indicated that Marcus' theory may be valid, in contrast with

the conclusion of Anbar and Meyerstein. A rigorous test is im-

possible without knowledge of the exact values for the reac-

tion free enthalpies and the reorganization energies.

3.3.4.2 H20 as a bridging ligand

An alternative explanation given by Anbar and Meyer-

stein for their results is the following: the high reactivity

of the aquo complexes is explained by the fact that one of the

water ligands acts as a bridge for the electron transfer. It

is coordinated to the metal ion and is part of the hydration

' sphere of the electron as well (inner sphere mechanism). The

explanation of Anbar and Meyerstein is clearly based on the

assumption that complexation by EDTA excludes all the water

ligands from the coordination sphere. It seems difficult to

'If the redox of the potential of the couple Sm3+' should be

taken as - 1.00 V (MilC-78), then X has to be taken very

high to get agreement with the Marcus theory, 2.8 eV. So, it

is possible that the samarium results do not fit into the

Marcus theory. But then, the reaction SmOH2+ + e" probably

belongs to the inverted region (Chapter 1).
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ascertain whether or not this is the case (NutS-77). The che-

late structure is not the same for all metal ions, and in the

cases of Fe(III)EDTA and Cr(III)EDTA a H20 Hgand is probably

coordinated to the metal ions as indicated by hydrolysis at

neutral pH. With other chelates the question of the H20 ligands

in solution is still unsettled.

HOOC—H2C^9 ^ /CH2—COO
NH-CH2—CH2-NH

ftft r* LJ f** ^ COOH

Q
OOC — H ^ s ^ 9 9 ^ CH2—COOH

NH— CH2--CH2— NH
HOH2C -W{/ \ PU . _ . nnn e

,—C009

H 2 C ^ >SCH-NH-CH2— COOH

H2C ̂  ^ CH- N H - CH2— COOH
e

CH2—COO
1

NH-(CH2)2-NH-(CH2)2—NH
^ | \

CH2-COOe

Figure 3.2 Structures of the polydentate ligands EDTA, HEEDTA,

DCTA and DTPA (from top to bottom)
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Comparison with the ligands HEEDTA and DCTA could

provide a test of the role of the water ligands in the elec-

tron transfer. HEEDTA is much like EDTA, the only difference

being that it has three acetate groups and one ethanolgroup,

whereas EDTA has four acetate groups (Figure 3.2). The ethanol-

group of HEEDTA has a weaker tendency for coordination than

the acetate groups (OgiS-79). This is not surprising, as the

coordination ability is correlated with the base strength.

The stability constantsfor the HEEDTA chelates are smaller

than for the corresponding EDTA chelates (Per-79). in the al-

kaline region the complexes Co(HEEDTA)", Ni(HEEDTA)" and

Cu(HEEDTA)" take up an QH~ ligand at a lower pH than the

corresponding EDTA complexes (Chapter 7). It is concluded that

with the HEEDTA chelates there is a larger chance for a water

ligand to penetrate the coordination sphere than with the j

corresponding EDTA chelates. On the basis of the explanation !

given by Anbar and Meyerstein, one would then expect higher

reactivities of the HEEDTA chelates towards the hydrated elec-

tron. Taking the charge effect into account, this appears to

be not the case (Tables 3.2 and 3.3). \

The .DCTA chelates are more stable than the corres- I'

ponding EDTA chelates and it will be more difficult for a

H20 ligand to penetrate the coordination sphere. The expected

lower reactivity of the DCTA chelates compared with EDTA is

indeed observed. If this reactivity decrease is indeed caused

by the expulsion of a H20 ligand an inconsistency arises: the

reactivity decrease is much more pronounced in the case of \

nickel than in the case of cobalt. This can be understood if

the average number of H00 ligands is higher in the case of
2 - 2 -

NiDCTA than in the case of CoDCTA • But then it would be ;
expected that NiDCTA is more reactive towards e~ than \

2- a^

CoDCTA , which is not the case. Clearly other factors play a \

role. Another argument comes from the reactions of e~ with 1

Ni(EDTA)en2" and NifEDTAjNH2". In these complexes the H20 li- f

gand will be absent as the coordination sites are occupied by "\

the ligands NH3 or ethylenediamine. There is a reactivity de-

crease compared with NiEDTA2", but the reactivity of NiDCTA2"
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is still lower than that of NMEDTAJNH2" and Ni(EDTA)en2".

On the basis of these arguments it is concluded that

the H2O-bridge model of Anbar and Meyerstein cannot account

for the results of the tables 3.2 and 3.3. From this it must

not be concluded that the idea of a bridging H20 ligand is use-

less altogether: it explains the very low reactivity of

Ni(en)2+ towards e" compared to Ni(en)2+ (MeyM-6S; ,

To our opinion f the different reactivitie:3 of the

Co(II) and Ni(ll) chelates must be ascribed to smell diffe-

rences in the AGQ and X values. As an example the complexes

N1EDTA2" and NiDCTA2" can fce taken. If AG° • - 0.31 and \ *

1.3 eV for the reaction N1DCTA + e" , and AG° • - 0,39 and

X •» 1.2 eV for the reaction NiEDTA2" + e" , there is excellent

agreement with the experimental AG* values, being 0.235 eV

and 0.175 eV respectively. A similar reasoning can account

for the differences between the two aquo ions (Table 3.4).

3.3.4.3 Ternary complexes with cyanide

2-
Ionic strength effects for the reaction of CoDCTA

with e~ in the presence and absence of cyanide are given in

Figure 3.3. The data in the absence of cyanide give a Bronsted

slope of 2.19 ± 0.35, in good agreement with equation (3.3).

The experimental points obtained in the presence of cyanide

are somewhat scattered, but the rate enhancement by cyanide is

pronounced. This must be attributed to the higher reactivity

of the ternary complex Co(DCTA)CN compared with Co(DCTA) .

Each experimental point of Figure 3.3 corresponds with one

series of measurements with a constant cyanide concentration

and a varying concentration of Co(DCTA) . However, even at

the highest cyanide concentration, 0.1 M, the ratio

[Co(DCTA)CN3"]/[Co(DCTA)2"] is only 3.9 (Table 3.1). This mea-

surement is indicated by the open circle in Figure 3.3 and

it gives the most reliable value for the rate constant of the

reaction e~q + Co(DCTA) CN
3". The observed rate constant is

(2.27 + 0.22) x 109 M"1 S"1. This value must be corrected for

the reactivity of Co(DCTA)2" at ionic strength 0.1, which is
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Q

taken as 4.5 x 10 from Figure 3.3. The corrected rate con-

stants for the reaction e~ + Co(DCTA) CN at ionic strength

0.1 is (2.7 + 0,3) x 1Q9 M"1 s"*1. Assuming Z = - 3, it follows

that k - 6.6 x 108 M"1 S"1, Finally, taking the charge effect

into account, it is concluded that Co(DCTA)CN is about 10
2—

times as reactive as Co(DCTA) (Table 3.2).

log (kobs)

Figure 3.3 Ionic strength effects for the reaction of e
2- a^

with Co(DCTA) in the presence (circles) and

absence (triangles) of cyanide at pH 11.4. The

open circles correspond with lcN~l * 0.1. The

line has a slope of 2.19 ± 0.35

€ Ionic str. 4gth effects for the reaction of

Ni(DCTA) + e~ in the presence and absence of cyanide are

given in Figure 3.4. The respective Bronsted slopes are

3.27 ± 0.56 and 2.02 + 0.61, in good agreement with equation

(3.3) if the reactants are Ni(DCTA)2" and Ni(DCTA)CN3~. The

effect of the cyanide ligand is even larger than in the ca&e

of cobalt: Ni(DCTA)CN3" is about 30 times as reactive as
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2».

Ni(DCTA) (ïable 3»3). One experiment was done in the pre-

sence of Q.I M NaCl, whereas for all the other experiments

NaClQ4 was used as an inert electrolyte. The NaCl experiment

gives a lower rate constant (Figure 3.4). We think this is

due to the formation of the ternary complex Ni(DCTA)Cl3",

This reduces the concentration of Ni(DCTA)CN . If this expla-

nation is correct, thé stability constant KNi(DCTA)Cl3~ s h o u l d

be of the order of 100 M" 1 (of. equation 3.2). The ternary com-

plex Ni(DCTA)C13~ is not mentioned in the literature (Per-79),

but the existence of a mixed complex between NiDCTA and the

pseudo-halide SCN~ has been reported. However, the stability

constant KNI^DCTA)SCN3" i s v e r y s m a 1 1' < 0.1 M*"1 (HigS-70) .

Figure 3.4 Ionic strength effect for the reaction of e"
2- aq

with Ni(DCTA) in the presence (circles) and

absence (triangles) of cyanide. The lines have

slopes of 2.02 ± 0.61 and 3.27 ± 0.56.

k pH 8.5

A pH 11.4 } "aC1O4
D with cyanide, pH 11.4, NaCl (0.1 M)
0 with cyanide, pH 11.4, NaClO.
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When it is tried to fit the data on the cyanide ter-

nary complexes into the Marcus theory, a discrepancy arises.

As shown in Table 3.4, AG' values were calculated for com-

plexes of the composition M(L)CN and they are found to be

larger than the AG* values for the corresponding M(L) comple-

xes. To get agreement with the Marcus theory, it is necessary

to assume more negative AG° values or higher \ values. Both

these assumptions are unreasonable. Firstly, the presence of

the cyanide ligand favours the higher oxidation state, and

thus lowers the redox potential. For the ternary complexes

the AG° values will therefore be somewhat less negative (the

difference will probably be less than 0.06 eV).

Secondly, it seems unlikely that the presence of

the cyanide iigand will cause an important change in X, as

the rest of the coordination sphere remains the same. It is

concluded that the discrepancy with the Marcus theory is real
— 2+ 2—in this case. If the reactions of e with Co , Co(DCTA) ,

Co(EDTA)2", Ni 2 +, Ni(DCTA)2"", Ni(HEEDTA)" and Ni (EDTA)2"

follow the Marcus theory, then the Marcus theory is invalid

for the reactions of e" with Co(DCTA)CN3", Ni(DCTA)CN3",

Ni (HEEDTA) CN2"* and Ni (EDTA) CN3~.

The role of the cyanide ligand with respect to the

electron transfer is corroborated by comparison with the cya-
3— 2—

nide complexes Co(CN)5 and Ni(CN)| . The ratio of the reac-

tivities of Co(CN)3" and Co(DCTA)3" is about 5, which is the

ratio of the number of cyanide ligands in both complexes. In

the case of the nickel complexes a similar correlation can be

made, although the agreement is not as good as in the case of

cobalt: the reactivity ratio is 7.4, whereas the cyanide ra-

tio is 4.

The catalytic effect of cyanide is an interesting

phenomenon. In the literature many examples are known with

regard to catalysis of reactions between species of like

charge by a species of opposed charge (Can-80, p. 149, 166-7).

But here a negative ligand, CN*", acts as a catalyst for the

reaction between two negative species, Co(DCTA) (or

Ni(DCTA) ") and e~ . We suggest that the ïï-system of the
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cyanide ligand is involved in the electron transfer. It was
recently shown that some conjugated ir-systems are conducting
over more than 20 nm (Lar-82), in other words: the transition
probability through these systems is unity, in spite of the

large distance. A more pertinent example to the case discussed
2+here is the reduction of pentaamine-Co(III) complexes by Cr

(HuaB-78). This reduction is strongly catalyzed by 4-cyano-
pyridine coordinated to Co(III) by the pyridine nitrogen.

The conclusion is, in t^rms of an electron transfer
mechanism: the low-lying it -orbitals of cyanide facilitate
electron transfer by the super exchange mechanism (Can-80,
p. 223 ff), with a considerably lower free enthalpy of acti-
vation than the normal outer sphere mechanism when cyanide is
absent.

3.3.5 The copper complexes

The results for the copper complexes are summarized
in Table 3.5. Their behaviour is remarkably different from the
cobalt and nickel complexes. There is no clear-cut effect on
the reaction rates as a result of the complexation by EDTA,
HEEDTA, DCTA and DTPA. All complexes of Table 3.5 react with
e~ with a rate constant which is close to the diffusion con-
trolled limit and in some cases even larger. In the literature,
there is mentioned only one Cu(Il) complex which reacts slower
with e~ than the diffusion controlled limit. This is the com-

aq 2- 8 -l
plex Cu(CN)4 with a reported rate constant of 3.0 x 10 M
s"1 at pH 10 in 0.1 M CN~ (AnbH-65). However, copper(II) is
easily reduced by cyanide at room temperature and a copper(I)
complex is formed (PatB-65):

2Cu(CN)*~ -> 2Cu(CN)3~ + (CN)2

Therefore, the rate constant reported for the reaction
Cu(CN)4 + e is unreliable. It can then be stated that all
copper(II) complexes react very fast with the hydrated elec-
tron, that is, near the diffusion controlled limit. This is
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in striking contrast with for instance the Co(II) and Ni(II)

complexes, and this different behaviour is probably due to

the large difference in redox potentials of more than 2 V.

Table 3.5 Reaction rates of Cu(II) complexes with e~

Species

Cu2+

CuHEEDTA"

Cu(HEEDTA)OH2~

CuEDTA2'

Cu(EDTA)OH3"

CuDCTA2"

Cu(EDTA)CN3"

Cu(EDTA)en2"

Cu(DCTA(CN3"

CuDTPA3""

(3

(8

(4

(4

(4

(6

(3

(2

(3

(4

.0

.2

.8

.5

.8

.5

.0

.0

.9

.2

k°

± 0

+ 1

± 0

± 0

± 0

± 0

± 0

± 0

± 0

± 0

.3)xlO10

) XlO9

.5)xlO9

.4)xlO9

•4)xlO9

.6)xlO9

.DxlO9

.2)xlO9

.3)xlO9

.3)xlO9

k°/kD

0.42

0.63

0.77

0.72

1.85

1.04

1.16

0.32

1.51

1.62

PH

6.8

8.5

-Vi 1 2

7-11

^ 12

11

11

11

11

11

Reference

AnbH-65

This work

This work

This work

This work

This work

This work

This work

This work

This work

From Table 3.5 it can be seen that cyanide enhances the rate
2- 2- —

for the reactions of CuEDTA and CuDCTA with e . This

effect of cyanide is in concordance with the results on the

Co(II) and Ni(II) complexes. The secondary ligand ethylene-

diamine causes a decrease in the reaction rate of CuEDTA

with e~ by a factor of two, a small but significant effect.

It is in agreement with the retardation caused by ethylene-

diamine for the reaction NiEDTA2" + e"-. The effect of the li-
a<3

gand OH is a minor enhancement in the case of CuHEEDTA" and
a larger enhancement in the case of CuEDTA .

If it is assumed that the reactions of e

with the cobalt and nickel complexes follow the Marcus theory

(except for the ternary complexes with cyanide), then it must
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be concluded that the Cu(II) complexes cannot be fitted into

this theory: the AG° values for the Cu(ll) complexes range

from - 2,65 to - 3.0 eV. It is reasonable to assume that the

reorganization energies are similar as those of the cobalt

and nickel complexes. Taking AG° = - 3.0 eV and X = 1.0 eV

a value of 1.12 eV is obtained for AG* from equation (3.5b).

This corresponds with a rate constant of about 10 M s (•)

Taking less negative values for AG° and more positive values

for \ does not improve the result of the calculation. These

calculations illustrate a peculiar behaviour of equation (3.5b):

AG' becomes larger for more negative values of AG° in the

region where - AG° > X. This region is therefore called the

inverted region. From recent results on electron transfer

rates involving only metal complexes it appears that the Marcus

theory tends to fail in this region (ScaB-81, ScaB-79, SidM-

81). A possible explanation is that other mechanisms become

predominant at very negative AG° values. One such mechanism

is longe-range electron tunneling, which can lead to reaction

rates larger than the diffusion controlled limit (Chapter 4).

Examples of such high rate constants are found in Table 3.5.

For the copper complexes the ionic strength

effects are much smaller than expected from the Bronsted-

Bjerrurn equation (3.3) (Figures 3.5-3.9). The experimentally

obtained Brönsted slopes are summarized in Table 3.6. It is

emphasized that these small values cannot be explained by

ionic association. The structures of the copper complexes are

similar to those of the cobalt and nickel complexes, which

give normal Brönsted slopes (Figures 3.3 and 3.4). Thus,

ionic association is absent with the cobalt and nickel com-

plexes and the same can be expected for the copper complexes.
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Figure 3.5 Ionic strength effect for the reaction of e~

2_ aq

with Cu(EDTA) . Circles are at pH 11 (NaOH),

triangles at pH 8.6 (borate buffer, Li^SO*), and

squares at pH 7.5 (phosphate buffer, Li2SO4).

The slope of the line is 0.93 ± 0.17

1U.1

10.0
log tkohs)

9.9

9.8

9.7

9.6 -
I • i

o.3 0.4

Figure 3.6 Xonic strength effect for the reaction of e
3- a$

Ionic strength adjusted with
with CU(EDTA)OH

NaClO

The line has a slope of 0.66 ± 0.16

4 (circles) or Li2SO4 (triangles) , pH 12.
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log |k

Figure 3,7 Ionic strength effect for the reactions of e"

with Cu(HEEDTA)~ and Cu(RBEDTA)OH2~. ionic strength

Adjusted with NaClOf. Triangles are at pH 12,

circles at pH 8.5 and the square at pH 11. The

lines have slopes of 0.39 ± 0.17 and 1.08 ± 0.21

Figure 3.8 Ionic strength effect for the reaction of e"
~~ 2- ag

with Cu(DCTA) at pH 11. Ionic strength is ad-

justed with NaClOj. The line has a slope of

1.16 ± 0.33
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log

Figure 3.9 Ionic strength effect for the reaction of eaq
with Cu(DTPA) at pH 11. Ionic strength is ad-

justed with NaClO.. The line has a slope of

1.S3 ± 0.22

Table 3.6 Bronsted slopes for the ionic strength effects on

the reactions of e _ with some cu(II) complexes

Species

CuEDTA2"

Cu(EDTA)OH3"

CuDCTA2"

Cu(HEEDTA)"

Cu(HEEDTA)OH2"

CuDTPA3"

Brönsted

Experimental

0.93 ± 0.17

0.66 ± 0.16

1.16 ± 0.33

0.39 ± 0.17

1.08 ± 0.21

1.53 ± 0.22

slopes

Theoretical

2.04

3.06

2.04

1.02

2.04

3.06

,2- andThe slopes given in Table 3.6 for CuEDTA

Cu(EDTA)OH are slightly different from earlier reported

values (KorL-80). The values given here are the result of
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recalculations after correction for viscosity effects. For

this correction it was assumed that the relation of Einstein-

Stokes is valid: D * 1/n, and the viscosities of Li2SO4 and

NaCIO, were obtained from Landolt-Börnstein (LanB-69). In

Chapter 4 it is shown that these small Bronsted slopes are

connected with electron tunneling from large distances, con-

trary to an earlier conclusion (Korl>-80) .

3.3.6 The ligand F

In the literature mixed complexes of some rare

earth EDTA complexes with fluoride were reported (KirT-81).

It seemed interesting to study the effect of F~ on the reac-

tivity of these chelates towards the hydrated electron. Our

results are summarized in Table 3.7. It is clear from the

results that F~ has no significant effect on the reactivities.
— — 4 - 1

The rate constant of e=rf with F was reported as < 2 x 10 M

s (AnbB-73) . The empty p-orbitals of P" probably lie too

high to accommodate the electron or to act as bridge orbitals.

Table 3.7 Effect of the fluoride ligand

Complex vobs PH k°/kr

SmEDTA

SmEDTA(F)

EuEDTA"

EuEDTA(F)

2-

2-

(4.38 ± 0.36)xl0'

(3.33 ± O.lUxlo"

(8.9 ± 0.3) X1OJ

(1.07 + 0.1) xlO
10

0

0

0

0

.0012

.1

.1

(NaF)

(NaF)

8.6

8.6

8.7

8.7

0

0

0

0

.0031

.0021

.69

.67

The fluoride ligand influences the redox potentials

and the reorganization energies. However, this influence is

expected to be only marginal, considering the small stability

constants for the ternary complexes: K j ^ = 48 M - 1 for Sm

and 54 M " 1 for Eu3+ (KirT-81). It seems that the results for
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:?>• samarium are consistent with the Marcus theory.

It may be noted that the samarium and europium com-

plexes of EDTA contain H20 ligands, are the rare earth ions

are rather large. The charges, are definitely - 1 for the

SroEDTA and EuEDTA chelates in neutral solution, as hydrolysis

of the coordinated H20 ligands is only important in alkaline

solutions! the acid dissociation constant of EuEDTA(H20)~ is

reported as pKa = 12.48 (SouM-78), and for SmEDTA(H2O)~ it

will be about the same.

3.3.7 Conelus ions

i Aminocarboxylic ligands are shown to decrease the

: reaction rates of the hydrated electron with nickel(II) and

cobalt(II), It is shown that the results can be fitted into

the Marcus theory of electron transfer reactions. If the Mar-

cus theory is indeed followed by these reactions, it can be

deduced that some other e~ reactions do not follow this the-

ory: the reactions with the ternary complexes Co(DCTA)CN "",

Ni(DCTA)CN3~, Ni(EDTA) CN3~ and Ni(HEEDTA) CN2". These results

indicate a special role of the cyanide ligand in the electron

transfer, causing an acceleration of the reactions by a fac-

tor 10 and 30 in the cases of Co(DCTA)2~ and Ni(DCTA)2". The

high reactivities of the complexes Co(CN)3." and Ni(CN)^" sub-

stantiate this view.

The copper complexes behave very differently from

the cobalt and nickel complexes. The decrease in reactivity

f by the ligands EDTA, DCTA, HEEDTA and DTPA is absent. The

reactions of e with the copper complexes do not follow the

,, Marcus theory, which is attributed to the very negative free

< enthalpy changes. Furthermore, with the copper complexes the

;; kinetic salt effects are much smaller than predicted by the

I Bronsted-Bjerrum equation. Together with the high reaction

••: rates, this is an indication of electron tunneling.
f'
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CHAPTER 4

TUNNELING REACTIONS OF THE HYDRATEÜ ELECTRON.

REDUCTION OF KINETIC SALT EFFECTS FOR VERY FAST REACTIONS

4.1 Introduction

4.1.1 Tunneling of the hydrated electron

The hydrated electron reacts very fast with many

species. It hes been suggested by Anbar and Hart and by Jonah

et al. that in some cases the electron reacts by a tunneling

mechanism (AnbH-68, JonM-75). This could explain the very high

rate constants for reactions of the hydrated electron with

and many other species (AnbH-68, HarA-70). These

ions react faster with e~ than the diffusion controlled limit

according to Debye (Deb-42):

kD - 4TTDR*NA (4.1)

R* = rc/{exp(rc/R) - 1} (4.1a)

ZAZae
2

r_ - A 3 (4.1b)
4ireQekT

R is the so called encounter distance (r. + r D), r„
A o C

is the Coulomb radius and D is the sum of the diffusion coef-

ficients. To explain the large reaction rate it must be assumed

that there is an alternative reaction path.
The classical point of view is that a reaction can
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DIFFUSION O ELECTRON
TRANSFER

II
DIFFUSION

ELECTRON
TRANSFER

Figure 4.1 Schematic representation of an electron

transfer reaction following a classical

mechanism (I) or a tunneling mechanism(ll)

only take place when the two species actually encounter each

other (Figure 4.1). However, with electron transfer reactions

tunneling is expected to be effective, since electrons have a

much smaller mass than other chemical species. It is general-

ly accepted that electrons can tunnel over rather large dis-

tances in a variety of systems (Chapter 1). It has been esta-

blished that electron tunneling to scavengers takes place in

glasses at low temperatures (M1172, LeeH-80). According to

Zamaraev and Khairuthdinov electron tunneling distances in

solids can be as large as 3 nm (ZamK-74). Electron transfer

between biological redox proteins is assumed to occur by a

tunneling mechanism where distances of 2.5 nm or more are in-

volved (ChaD-79).

One consequence of a tunneling mechanism is the pos-

sibility of a reaction rate larger than predicted by equation

(4.1), as the reaction can take place even if the reactants

are separated by solvent molecules. Another consequence of

tunneling from large distances should be a smaller effect of

the charge on the reaction rate than is predicted by (4.1).

As was indicated by Pilling and Rice (PilR-75a), the electro-

static interaction energy is smaller when the reactants are

further apart and this reduces the influence of the charge on

the reaction rate. The actual charge effects in case of a
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tunneling mechanism have been calculated numerically by
Butler and Pilling (ButP-77). A reduced charge effect might
explain the negligible or very small kinetic salt effects
with some of the reactions of the hydrated electron (JonM-75,
AnbH-68, KorL-80), In this chapter the ionic strength effects
for tunneling reactions are evaluated by solving the diffusion
equation by numerical means. The purpose is to estimate the
reduction of the kinetic salt effect caused by electron tunnel-
ing. To be more specific: the central question is whether reac-
tions following the "classical" mechanium and electron tunnel-
ing reactions can be distinguished by tlielr kinetic salt ef-
fects .

4.1.2 The Brönsted equation

The Brönsted equation describes the kinetic salt

effect for reactions between ions in aqueous solution:

log(kobg) = log(k
u) +1.02

1 + 3.3
(4.2)

The ionic strength y is defined as y = %E m^Z^,
where m^ is the molality of ion i. The parameter a is usually
taken as the sum of the radii rA + rB- For y < 0.1 the para-
meter a is effectively the mean distance of closest approach
of the activated complex. The value 0.55 ran will be used
throughout this chapter for this parameter. Usually, results
are plotted as log(k

0bS)
 vs ^U7&+3.3a/y). The slope of such

a plot should equal 1.02 * Z&ZB and will be referred to as
Brönsted slope. The limitations of (4.2), particularly at
high values of y, are discussed in a review by Pethybridge
and Prue (PetP-72). Several alternative expressions are given
in the literature (PetP-72, Roc-69), but we will use (4.2)
for the discussion of the results as it gives an accurate
description for many reactions for ionic strengths up to 0.1
(PetP-72, Chapter 3 of this thesis).

Equation (4.2) is derived under the assumption of a
Boltzmann distribution of the ions in solution:
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C = C0 * exp(-U/kT) (WesS-72, Log-67), It can thus be expected |

' that equation (4,2) becomes inaccurate for diffusion controlled •

reactions. However, this appears to be not the case. That the

hydrated electron carries unit negative charge was confirmed
•t* — + — •"

experimentally for the reactions with H,0 , NO,, Ag , I, and
NO, (CzaS-62, ColD-62, DaiL-65, AnbH-68, JonM-75) using equa-

+
tion (4.2). The reaction with Ag is diffusion controlled,
with a rate constant of 4 * 10 M~ s , while the other reac-

tions are also very fast, but not completely diffusion con-

trolled. For these reactions the Boltzmann distribution will,

at least partially, be broken down as the species "disappear" ,;

too fast to maintain this equilibrium. Serious deviations from j

I equation (4.2) are expected in this case: Logan has calculated j

Ij Brönsted slopes for some diffusion controlled reactions and j

found that they were smaller by 20 - 60% than the slopes pre- ,i

dieted by equation (4.2) (Log-66). However, the results men- \

tioned above show that equation (4.2) seems to be valid even

for reactions near the diffusion limit. An explanation for

this inconsistency is given in the appendix. ;

In the case of tunneling the electron is transferred

from larger distances than the encounter distance and conse- j11quently the kinetic salt effect is expected to be smaller
than is predicted by equation (4.2) . It must be stressed that

this "tunneling effect" is not the same as the effect described

by Logan, although they are indistinguishable from an experimen-

tal point of view. Negligible salt effects were reported for

the reactions of CrO4~ and 10^ with e~ (JonM-75). Furthermore, I

I large deviations from equation (4.2) were observed in the fol-

lowing cases:

! e + [(CN)5Co02Co(CN)g] Brönsted slope + 1 instead of + 5

+ Cu(EDTA)OH3~ Brönsted slope + 0.6 instead of + 3

+ Cu(EDTA)2" Brönsted slope + 1 instead of + 2

(AnbH-68)

ead of +

(KorL-80)

d of + 2

(KorL-80)
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A negligible salt effect was also reported for the reaction
•• 2—
e + IrCl,. at salt concentrations above 1 M, if the observedaq 6
rate constants were corrected for the viscosity increase (HanS-
77). However, at these high salt concentrations equation (4.2)
cannot be expected to be valid (WesS-72, p. 169) and ionic
association becomes a complicating factor (PetP-72),

4.2 Formulation of the problem

4.2.1 Electron tunneling

Experimental evidence for long range electron tun-
neling in glasses at low temperatures was reported some ten
years ago (Mil~72). Theoretical models appeared in the litera-
ture shortly afterwards (TacM-74, DaiP-75). Here, the treat-
ment of Dainton et al. is followed. For a rectangular barrier
(Figure 4.2) of width (r-R) and height (VQ-E) the tunneling
probability is given by (DaiP-75):

w(r) = —§ . exp{- B(r-R)}.C (r) (4.3)

a is interpreted as the vibrational frequency of
the electron in its trap. It is estimated from experiments as
10 * s~ whereas B is about 10 nm"1, corresponding with an
energy barrier of 1 eV (DaiP-75). The factor rjj/4r2 in (4.3)
is the solid angle correction for a reactant of radius rA at
a distance r from the hydrated electron. R is the sum of the
radii (rft + r e ) , the previously introduced encounter distance.
The parameter B in (4.3) is related to the trap depth (VQ-E)
according to:

= ^ { 2 m (Vo-E)}* (4.4)

Here m denotes the mass of the electron. A schema-
tic picture of the tunneling process is given in Figure 4.2.
This simple model was employed by Pilling and Rice for calcu-
lations on electron tunneling in the case of uncharged
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Figure 4.2 Schematic representation of the tunneling process,

equation (4.3)

reactants (PilR-75b) in liquid systems.

4.2.2 Distance dependent barrier height

The rectangular barrier model is not realisitic

and in the model presented here the electrostatic interactions

are accounted for. When an electron is present at some point

in a dielectric medium with dielectric constant e, it will

polarize its surroundings. The effect of this polarization is

the creation of a Coulomb potential well in which the electron

is trapped. In the adiabatic approximation the potential ener-

gy is given by (Jor-59, FenK-80):
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-e (x re) (4.5)
4ire0 x e^ E

2
Por water at 298 K, ew = n =1.77 and e = 78.5.

Assuming a radius of 0.3 nm (HarA-70) for the hydrated electron
one calculates fro» equation (4,5) a potential energy of
- 2.71 eV. This value is too negative as the hydration energy
of the electron is only - 1.56 eV (HarA-70). Equation (4.5)
is therefore modified according to the following assumptions:

(i) A radius of 0,3 nm is taken for the hydrated electron.
The potential energy is taken to be - 1.56 eV relative
to VQ at this distance, independent of the ionic
strength. This requires substitution of the factor 0.33
for the factor (l/e^-l/e) = 0.55.

(ii) The potential energy is directly proportional to

exp(-Kr)/r for values of r > 0.3 nm. The inverse of
tc is the so called Debye length (Moo-72, p. 452).

(iii) At infinity the potential energy is VQ (quasi-free elec-
tron) .

This model implies a barrier height of 1.56 eV if
the scavenger is at infinity. The possibility of a distribu-
tion of the electrons over a range of trap depths is dis-
carded by experimental evidence (MarP-75). If the scavenger
is charged the electrostatic interaction with the electron
affects this barrier. At zero ionic strength for a scavenger
at distance r from the trap this contribution is given by:

V2(x) = r-x' (4.6)

Note that the dielectric constant e for water is 78.5 and
consequently Vx (x) forms a much larger contribution than V2(x)
The expression for the barrier height at zero ionic strength
becomes:

V(x) (Vo-E) -
0.33e*

lr r-x' (4.7)
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Here r is the distance between the hydrated electron

and the scavenger with charge Z-. In the following (VQ-E) is

taken as + 1,56 eV, From the absorption spectrum it may be

argued that a value of 1,72 eV is more appropriate. Calcula-

tions were also done with this value and it appeared that the

predicted ionic strength effects are almost equal to those in

the case of 1.56 eV (Appendix). It may be noted that the effec-

tive value of the potential energy barrier is about 1 eV,

caused by the distance effect. An equation similar to (4.7)

was used by van Leeuwen et al. (LeeS-79) to explain the blue

shift by the presence of geminate ions in the case of elec-

trons trapped in glasses. The variable barrier height is given

in Figure 4.3 for the case of an anionic scavenger of charge

- 3.

0 •

eV

-10

nm
1

Figure 4.3 Schematic representation of the tunneling process

In the case of a distance-dependent energy barrier,

On the left a" , on the right a scavenger with

charge - 3.

\!
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Butler and Pilling used a different equation for

calculations concerning the charge effect on the kinetics of

electron tunneling (ButP-77). They neglected the polarization

term as given by equation (4.5). This is not justified as this

term is about an order of magnitude larger than the scavenger

term, equation (4.6).

If Z > 0, V(x) can become negative for small val-
A

ues of r, When this occurred V(x) was adjusted to zero. The

expression (4.7) for the barrier height is substituted into

the Gamow equation (Gam-28):

dx/(r-rA-re)

(4.8)

r-rA

The variable 6' is used in equation (4.3) instead of

the constant B to calculate the tunneling probability. To

calculate (J1 at non-zero ionic strength, expression (4.7) has

to be modified to take the influence of the ionic strength in-

to account.

4.2.3 The ionic strength effect

Equations (4.5), (4.6) and (4.7) are based on a

purely Coulombic field and thus only hold at zero ionic

strength. At non-zero ionic strength the interaction between

the hydrated electron ancl the scavenger is given by:

"Ae
U(r) = — £ . e

 K r (4.9)

(4.9a)
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nm

•Figure 4.4 Effect of the ionic strength on the parameter

8'fr; . Z = + 3, 6 = 12.7 nm"1

Figure 4.5 Effect of the scavenger charge on the parameter

&• (r) . ]i = 0, B = 22.7 nm"1
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For aqueous solutions at room temperature (4.9a) re-

duces to K = 3.3 /y. A difficult point is the value of the

parameter r_ in (4,9). Its role is discussed by several au-

thors (BocR-77, MarS-82). It is a kind of mean distance of

closest approach for the reacting ions, it has been shown by

Logan, that the parameter a in (4,2) is practically equal to

r»e (Log-67). The hydrated electron has a radius of 0.25 - 0,3

iim (HarA-70) and the scavenger is an ion of similar size. Con-

sequently, a value of 0.55 nm was used for both parameters

throughout this chapter.

Equation (4.6) is modified according to (4.9), and

the screening factor is introduced into the polarization term:

2
V(x) = (Vo-E) - 0.33

e*rAe

1 + *r A e 4TTEO£ r r-x

The approximate character of this expression hardly forms a

restriction since the uncertainty in the frequency factor o

is very large: from experiments in glasses ct is estimated as

10 ~ s . For the calculations a is used as an adjustable

parameter,depending on the scavenger. After substitution of

(4.10) in equation (4.8) $' is calculated by numerical means.

3' is a function of r, Z and y. Figures 4.4 and 4.5 give the

dependence on r for some examples.

4.2.4 The diffusion equation

The subject is limited to the case of very fast or

difussion controlled reactions. When hydrated electrons are

generated in the solution by a short pulse of an electron
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accelerator, such as a van de Graaff generator, then initially

there is a random distribution of hydrated electrons. Following

von Smoluchowski (Smo-17) these species are hypothetically si-

tuated at the origin of a coordinate system. As a result of the

reaction with the scavenger a concentration gradient of the sca-

venger A is formed around this origin. According to Fick's law,

this gradient causes a mass flow of species A towards the "sink"

at the origin. Within a microsecond or less a steady state is

established which is described by the diffusion equation (ButP-

77):

d 2 dC C dU 2
D — {4Trr^[—s + _«(—)]} - c.uar^ exp [- 3' (r) (r-R)] (4.11)
dr dr kT dr A A i

i

The first term represents the mass flow, which is en-

hanced or reduced by the second term, the conductivity term. The !

third term is the tunneling term describing the disappearance of

species A by reaction with the hydrated electron. D is the sum

of the diffusion coefficients D,. + De and U is the potential

energy given by equation (4.9). Equation (4.11) was used by

Pilling and Butler for their calculations concerning tunneling \

reactions. j

The boundary conditions for a diffusion controlled

reaction are:

CA(r - ») = C° (4.11a)

CA(R) = 0 (4.11b) '|

(4.11a) expresses the fact that at large distances

from e the concentration of A equals the bulk concentration.

(4.11b) has been criticized by Collins and Kimball and later by

Noyes (ColK-49, Noy-61). It is based on the assumption of an in-

finitely fast reaction. In our case this is an electron transfer ;

from a distance of about 0.6 to 1.0 nm which can be a very fast '?,

process indeed. Noyes has shown that even for a very fast reac- '

tion (4.11b) is not necessarily fulfilled (Noy-61).
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A better + boundary condition for very fast reactions is the one
proposed by Marcus and Siders (MarS-82)j

dC C dU
{ — ^ + -S ( — )} = 0 (4.lie)

dr kT dr r~R

(4.11c) means that the sum of the mass flux and the
conductivity flux equals zero at r = R. It expresses the fact
that for small r the Boltzmann distribution is maintained.

There exists a unique solution for the set of equa-
tions (4,13), (4.11a) and (4.11b) or the set (4.1.1) , (4.11a) and
(4.11c), giving the concentration profile CA(r) . The total flux
of species A into the hypothetical sink at the origin can then
be calculated (MarS-82):

- dC, , D dU
* - lim {4irr^D(—-) + 4irrz — CA(—)} (4.12)

dr kT dr

4.2.5 Solution for an uncharged reactant

To test tha numerical method the results of the cal-
culations for the case Z A = 0 were compared with results from
the literature.

The potential energy U was taken zero in equation
(4.11). B'(r) = 6 was taken constant. (Although this is not rea-
listic, it was done for the sake of comparison.) Taking p = 1/r
as the independent variable, equation (4.11) can be rewritten
as:

d2C ar? 1
f ^ exp {- 6* (- - R) }C. - 0 (4.13)

dp* 4DP* p A

Pilling and Rice have solved this equation with analytical
means, assuming a' = ctr^/Ax is constant (PilR-75b). The equa-
tion becomes, written in the independent variable p = 1/rs

In the appendix the consequences of the choice of the boundary
conditions (4.11b) or (4.11c) are discussed.
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exp {-6*( R)}C. = O
A

(4,14)

(4.14) was solved numerically with the boundary conditions

(4,Ua) and (4.11b), Close agreement is found with the solution

of Pilling and Rice as can be seen from the concentration pro-

files (Figure 4.6).

nm

I
>•

\

t

figure 4.6 concentration profiles according to the

tunneling model with rectangular traps.

Curves are calculated numerically. Points

are taken from PilR-7 5b. Closed circles:

a' = 20 4 s" /& => 12.1 nm~2 . Open circles:
14 s'1 '1a' = 1014 s1,^ = 7.0 nm'1. The upper

curve gives the solution for u' - 0

(Smoluchowski's solution)

The solutions of (4.13) and (4.14) were compared and

it appeared that equal rate constants are obtained if a is

taken 20 to 30 times the value of a'. The value reported for a

in the literature is 10 1 4 ± 2 s"1 (DaiP-75) and consequently af

should be about 3 * 1012 s"1. Pilling and Rice used a value of
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1014 for cif (PilR-75b), while Butler and Pilling (ButP-77) used

a' = 4 * 1014, so they possibly overestimated the effect of

tunneling.

4.2.6 Solution for a charged reactant

(4.11) was rewritten in the variable p = 1/r:

d2C. dU 1 dC.1 e1 ( )
dp dp kT dp

1 1
- R)} - 0 (4.15)

d2U 1 avl 1 1
A 5 h )
A dp* kT 4p D p p j

Equation (4.15) was solved with the boundary condi- 1

tions (4.11a) and (4.11c) for different values of a, y and Z,..

Equation (4.12) in the variable p becomes:

dC. C dU ;
* = lim {- 4wD(—s) - 4irD — (—)} (4.16)

p-+0 dp kT dp ,•',

The diffusion coefficient D of the hydrated electron
— 5 2 — 1 i

is reported 4.96 * 10 cm s (Mat-75). This is much larger

than the diffusion coefficients of most ions. Typical values

for metal ions are 0.5 - 1.0 * 10~ cm s~ (LanB-69). In the
—5 2 —1calculations values of 5.5 - 6 * 10 cm s for D were used

in (4.15). It must be noted that this small uncertainty in D is* {

of no importance in view of the much larger uncertainty in a.

The function B'(r) was evaluated as follows: for 100 different

values of r smaller than 3.0 nm P'(r) was approximated by

numerical integration with a precision better than 0.1%. j

Through these 100 values a spline function was fitted and 6' }

was approximated by this function for all values of r < 3.0 nm. f

For small values of r the approximation by the spline function |

is better than about 1 percent. For values beyond 3.0 nm an- |

other approximation was used:
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(4,17)

Here 3 is given by equation (4.4). The error made by

using (4.17) is probably a few pergent. Por r > 3.0 nm the tun-

neling term is already very small due to the exponential de-

crease and this error has no significant effect on the calcu-

lated rate constant.

4.3 Results and discussion

4.3.1 Ionic strength and charge effects

In Figure 4.7 the calculated ionic strength effect

is illustrated for the case of an anionic scavenger with charge

- 3. The deviation from the Bronsted equation (4.2) is clear.

The calculated points do not lie on a straight line but the

curvature is only slight in view of the usual scattering of

experimental points. We have drawn the best straight lines

through the calculated points for 0 < u < 0.1f which is the

most suitable region for experiments. The slopes of these

lines are compiled in Table 4.1.

Table 4.1 Brönsted slopes for reactions of the hydrated elec-

tron. 0 < y < 0.1. R = 0.6 nm, D = 6*10 cm s

ZA

+ 3
+ 2
+ 1

0

- 1
- 2
- 3
- 5

cc = 1015

- 1.26
- 0.94
- 0.55
- 0.11

0.41
0.99
1.64
3 . 1

- Tunneling
a - 10 1 4

- 1.35
- 1.02
- 0.60
- 0.09

0.50
1.18
1.93
3 . 6

mechanism
a = 10 1 3

- 1.45
- 1.10
- 0.65
- 0.08

0.61
1.41
2.29
4 . 2

a « 101 2

- 1.76
- 1.40
- 0.86
- 0.13

0.72
1.64
2.59
4 . 5

kD(a = 0)

- 1.38
- 1.06
- 0.61

0

0.77
1.67
2.67
4 . 8
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Figure 4,7 Ionic strength effect in the case of a tunneling
mechanism, z = - 3, R = 0.6 nm, D = 6.0 * 10~5
2-1

cm v . Points are calculated. The line is drawn

according to the Bronsted equation (4.2)

Results for diffusion controlled reactions are also added in

Table 4.1 (last column). They were obtained by solving (4.15)

with a = 0 and taking the boundary conditions (4.11a) and

(4.11b).

At high reaction rates the Boltzmann distribution

of reactants cannot be maintained by diffusion. Therefore,

equation (4.2) cannot be expected to be valid for reactions

proceeding with the diffusion controlled rate. In this case

the Brönsted slopes are smaller than predicted by the Bron-

sted equation (Table 4.1, last column). This is in accord

with the conclusion reached earlier by Logan (Log-66). With

tunneling reactions there is an additional effect as the reac-

tion takes place at a distance larger than the encounter

distance. From Table 4.1 it can be seen that there is a sig-

nificant difference between a tunneling reaction and a purely

diffusion controlled reaction in the case of anionic scavengers.



65

The experimental ionic strength effect thus provides a clue

whether tunneling is important or not. It may be noted here,

that the very small kinetic salt effects reported for the

reactions of e~ with [Co (CN) .0,00(0!) -1 5" and Cu(EDTA)OH3"

(Bronsted slopes + 1.0 and + 0.66) cannot wholly be attributed

to a tunneling mechanism. In the case of the binuclear cobalt

complex dissociation may be an important cause of the surpri-

singly small salt effect. The case of the copper complex is

not well understood. The model presented here predicts 'a

small kinetic salt effect for an uncharged scavenger. This is

caused by the influence of the ionic strength on the polariza-

tion interaction, equation (4.10). This effect provides a

possible experimental test for the model, although this re-

quires many measurements in view of the experimental errors

of about 10%. Suitable scavengers for this experiment may be

tetranitromethane or I,» which were found to be efficient

electron scavenger in glasses (PilR-75b).

Table 4.2 Charge effects with tunneling and diffusion

controlled reactions. R - 0.6 run,

D = 6.0*10 cm s . Zero ionic strength

ZA

- 3
- 2
- 1

0
+ 1
+ 2
+ 3

k T * i o - 1 0

1.03
1.74
2.78
4.22
6 . 1

8 . 3

10.9

0.28
0.66
1.41
2.72
4.67
7.2

10.1

N.B. kT calculated for ot 1014

The charge effect for tunneling reactions is smaller

than for diffusion controlled reactions (Table 4.2). The re-

sults obtained on the charge effect are similar to those of

Butler and Pilling who used a tunneling model with rectangular
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traps (ButP-77).

A tunneling mechanism is indicated when very high

constants are observed. According to the calculations for

a a 10l4 s"1 the rate constants are 2 - 3 times the values for

diffusion control in the case of anionic scavengers. This

ratio is experimentally found for reactions of the hydrated

electron (HarA-68), For catlonic scavengers the effect is much

smaller; less than 20%. This small enhancement will hardly be

observable because of the experimental errors and theoretical

uncertainties with regard to equation (4.1). So, in the case
14

of cationic scavengers a fast tunneling reaction (a - l& )

can hardly be distinguished from a diffusion controlled reac-

tion: the ionic strength effects are practically the same

(Table 4.1) and the absolute reaction rates differ by only 20%

or less (Table 4.2).

4.3.2 The frequency factor a

Table 4.3 gives the results of the calculations on

reactions of e~ with anions where tunneling is thought to be \.

important. The rate constants were obtained by solving (4.15) !

with the boundary conditions (4.11a) and (4.11c) at the appro- I

priate ionic strength. The frequency factor a was adjusted so

that K c a l c = kobs*
 T h e s s values of a are reported in Table 4.3.

It is not surprising that the values for a are spread over a

wide range. The nature of the scavenger is not involved in the '

model. The ability to accept an electron will be different for y

different scavengers and is reflected in the range of values

for a. This large spread in the effectiveness of the scavengers

was also found for glasses at low temperatures. Factors which ;

are important in this connection are the redox potential and ;

; the density of the pertinent energy levels of the scavenger i
> ?

\ (DaiP-75, ZamK-74)T Both these factors have their impact on ?

I the Franck-Condon restriction (BeiM-79) . The values for kD )

i were obtained by solving (4.15) with a = 0 and for the bounda- I

I ry conditions (4.11a) and (4.11b). All reactions except one

: appear to be faster than diffusion controlled reactions as :
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Table 4.3 possible tunneling reactions or ej[„. R i s taken as 0.6 nm,

D => 6.0 • 10"5 cm2 s"1

species kQbs

Cr(CN)g"

Fe(CN)5NQ
2"

FeF|'

Mn(CN)g"*

TeO2"

PtCl2"

FeEDTAtOHJj"

CrEDTA"

cr(ox^3-

PdClf
Cro2"

io-4

Cr2O
2-

idem

idem

CotCNlgCl3"

CO(CN)5NO|-

Co(N0 2)
3"

CoEDTA"

Co(ox>3"

Co(CN)gNj"

Co(CN)5OH
3"

1.

2.

1.

2.

1

2

1

2

1

1

1

1

3

3

5

2

3

1

0

5

2

1

1

1

0"1C

4

35

05

5

6

0

6

6

8

4

2

.8

.7

.3

.4

.2

.7

.8

.8

.8

.9

.25

.3

.1

H

0.05

IQ"4

0.1

0.05

lO"3

0.01

io~a

T, 0

"\* 0

0.2

0.1

•\, 0

^ 0

'vi 0

0.1

•v, 0

0.1

•\j 0

•b 0

T, 0

T, 0

T, 0

•\. 0 ?

-v. 0 ?

pH

10.0

10.5

6.6

9.0

11.0

10.0

11

5

4.7-6.1

10

7.1

-

-

7

13

7

13

-

-

-

-

-

-

-

kcalc

1,

2.

1.

2.

1.

1.

1.

2.

1.

1.

1.

1.

3.

3

5

2

3

1

0

2

2

1

1

1

*io-10

44

35

07

47

64

99

58

59

83

38

25

82

70

24

06

18

69

83

81

29

.78

31

.31

.13

a-10-14

0.4

5.0

0.045

4.0

0,4

0.4

0.3

0.6

20

0.05

0.03

1.3

12.5

100

100

0.2

1.3

20

0.4

100

1.0

3.0

3.0

1.5

Reff

0.

1.

0.

1.

0.

0.

0.

0.

1.

0.

0.

0.

1.

1

1

0

0

1

0

1

0

I

1

0

,nra R'=

86

08

73

02

87

86

83

90

18

73

69

96

14

30

24

78

90

18

88

30

92

03

03

.97

1.

2.

0.

3.

1

1

1

1

3

0

0

1

1

3

2

0

1

3

1

12

1

2

2

2

bs/'kD

83

06

62

27

26

26

95

10

.88

.65

.49

.67

.57

.02

.18

.94

.07

.88

.73

.5

.23

.70

.81

.38

),nm Reference

AnbH-68

AnbH-68

AnbH-68

AnbH-68

AnbH-68

AnbH-68

This work

SzuT-65

SzuT-65

AnbH-65

AnbH-65

JonM-75

PelC-70

ThoG-64

ThoG-64

ThoG-64

ThoG-64

BaxF-65

BaxF-65

BaxF-65

BaxF-65

BaxF-65

BaxF-65

BaxF-65
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can be seen from the column R1. Only for the reaction

PdCl?" + e~ , R1 is smaller than 0.6 nm. For values of a above

4 • 1Q12 s~i the tunneling model predicts rate constants larger

than knr as can be seen from Table 4.3.
— 2 - 3 -

Por the reactions of e with c*2°7 a n d c°(NO2)g
the reported rate constants cannot be accounted for with a val-

16 2—

ue for a smaller than 10 . In the case of Cr2°7 t n e discre-

pancy between the experimental and theoretical values is less

than 10% which is within the experimental error. With Co(N02)g~

the discrepancy is much larger and certainly significant. This

can be seen from Figure 4.8, where log (kcaic)
 i s plotted vs

log(a). The initial slope is 1, but at values of a higher than
12 16

10 the slope gradually becomes less steep until at a = 10

the slope is only about 0.1. This means that in this region

the calculated rate constant is rather insensitive for the val-

ue of a. This is easily understood when it is realized that

even in the case of a tunneling mechanism the reaction rate

is ultimately limited by diffusion. From Figure 4.8 it is

clear that the observed rate constant for Co(N02)g , 5.8*10 ,

cannot be attained for a reasonable value of a. To our opinion

this must be attributed to the dissociation of the parent com-
— 2— —

plex into NO2 and complexes of the type Co(N02)c » Co(N02).,
etc. This increases the number of reactive species

— — 9
- M e „ + NO-) ̂  4*10 - and it reduces the effective charge.
Both effects lead to an overestimation of the rate constants

for the reaction Co(N02)g" + e". The reported value for this

reaction must therefore be considered as doubtful.4.3.3 The effective tunneling distance

An interesting parameter listed in Table 4.3 is
Reff' tïie e f f e c t i v e tunneling distance. Its definition is

based on the equality of the total reaction probabilities in

the two regions R < r < R ff and r > R ff. The total reaction

probability is given by the volume integral:

/w(r)dx = /w(r).4irr2dr = cnrr2./exp{-6' (r). (r-R) }.CA(r)dr (4.18)
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which is proportional to the area under the reaction probabili-

ty curve in Figure 4.9.

11

log (k)

13 14 15
log (a)

Reft* nm

Figure 4.8 Calculated rate constants and effective reaction

distances as a function of a. scavenger charge
-5 2 -1

- 3, D » 6.0 * 10 cm s , R - 0.6 nm

R e £ £ practically coincides with the maximum of the tunneling

probability in all cases. It gives an estimation of the effec-

tive distance from where the electron is transferred. To be

more precise: The region tReff ±0.1 nm} contributes about 50%

to the total reaction probability (Figures 9a and 9b), indi-

cating that the definition makes sense. The mean value of the
R
eff values in Table 4.3 is 0.97 ±0.18 nm, about 0.4 nm larger

than the sum of the radii R. As the radius of a water molecule

is about 0.14 nm it is concluded that the electron can be

transferred through two or even, three hydration layers (see

Figure 4.3). !•;. is anticipated that this tunneling distance

will not be ledger for larger scavengers. For the triplet-

triplet reaction of zinc octaethylporphyrin, for instance,

Ballard and Mauzerall reported experimental evidence for

tunneling over 0.6 nm while the sum of the radii is about

1.5 nm (ChaD-79, p. 581). It must be noted that the quantity
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1 2 3

Figure 4.9a concentration and reaction probability profiles

ichanism

0.05, k

— 5 2 —1
for the tunneling mechanism. D = 6.0*10 cm s ,

4*1014 s'1, y
calc

eff
- 2.02 nm.

1

Figure 4.9b D « 6.0*l0~5 cm2 s"1, a 4.5*1012 s"1, 0.1,

calc 1.07*1010 It'1 s'1, R
eff

0.73 nm.
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R1, obtained by multiplying R with the ratio kobs/kD (Table

4.3 f last column), does not give an accurate estimate for the

tunneling distance, This invalidates tha interpretation of

Anbar and Hart (HarA-70, p. 187-8) supported later by Pilling

and Rice (PilR-75b). According to their view there is normal

diffusion up to R' followed by electron tunneling. However,

as shown by the data in Table 4.3, R' is not the appropriate

parameter to use in this connection,

4.3,4 Some specific reactions of the hydrated electron

4.3.4.1 Reaction of e~ with CrO?~

Experimental data for the reaction between the hy-

drated electron and chromate ions from the literature are

given in Figure 4.10. Curves are calculated for a diffusion

controlled reaction and a tunneling reaction according to our

model. The experiments were performed in Na2SO4 solutions

(JonM-75, PelC-70) and we corrected for the change in the vis-

cosity with the Na2SC>4 concentration. This was done by assuming

the validity of the Einstein-Stokes relation, D ^ l/n« The vis-

cosities were taken from Landolt-Börnstein (LanB-69). Calcula-

tions were performed with the corrected diffusion coefficients.

It is clear that the reaction is much faster than diffusion

controlled. This is a strong argument in favor of a tunneling

mechanism. The tunneling model adopted here gives an adequate

description of the data for a = 1.3 * 10 s .

4.3.4.2 Reaction of e" with IO^~

There is a considerable scatter in the data for this

reaction. The curves in Figure 4,11 were calculated in the same

way as with CrO^~, albeit that the viscosity corrections were

much smaller here. Again it is seen that the reaction is sig-

nificantly faster than the diffusion controlled limit. The

tunneling model gives a reasonable fit of the data with one

point deviating if we take a = 1.25 * 1015 s"1. We believe
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10J6

log (k)

Figure 4.10 2- —
The reaction CrO4 + efl . Data taken from Pelc-70

(circles) and JonM-77 (triangles). Continuous

curve calculated for a tunneling mechanism, a =
24 -1

1.3 * 20 5 . Dotted curve is calculated for a

diffusion controlled reaction. R = 0.6 nm, D =
~5 2 —2

6.0 * 10 cm s (value at zero- salt concentra-

tion)

2_

that in this case and in the case of CrO^ a tunneling mecha-

nism is predominant.

4.3.4.3 Reaction of e" with Cr(EDTA)CH2-

At low pK the hydrated electron reacts very rapidly

with the complex Cr(EDTA)~, the rate is about twice the diffu-

sion controlled limit (SzuT-65, table 4.3). Therefore it seemed

interesting to measure the kinetic salt effect for this reac-

tion. The results obtained at pH 11 are given in Figure 4.12.

At pH 11 the complex has the composition Cr(EDTA)OH2" and thus

a charge - 2 (FurM-60) . The experimental slope obtained from
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73

log (k)

0.1 Q2 0.3 0L4

Figure 4.11 The reaction 10. •+ e Data taken from JonM-77.

Triangles represent experiments at very low con-

centrations of -TO./ circles are for [XO.] =

0.005 Af. Continuous curve calculated for a tunnel-

Dotted curveing mechanism, a = 1.25 * 10 s

is for a diffusion controlled reaction. R = 0.6 nm,
— 5 2 — 2

D = 6.0 * 10 cm s (value at zero salt concen-

tration)

the data of Figure 4.12 is 1.86 + 0.15, in good agreement with

the BrSnsted equation. This indicates that the reduction of

Cr(EDTA)0H2- by e does not follow a tunneling mechanism.
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4,3.4.4 Reaction of e~ with Cu(EDTA)2", Cu(EDTA)OH3~,

Cu(HEEDTA)", Cu(HEEDTA)OH2~, Cu(DCTA)2" and Cu(DTPA)3"

The reaction rate constants for these reactions are

all near the diffusion limit. The reactions exhibit rather

small kinetic salt effects. Table 4.4 shows the experimental

and theoretical Bronsted slopes obtained for these reactions

(Chapter 3 of this : thesis). These data indicate that the

Table 4.4 Brönsted slopes for the ionic strength on the reac-

tions of e~ with some Cu(ll) complexes, a is taken
14 v*as 10 s"1 in the case of the tunneling reaction

Species

CuEDTA2"

Cu(EDTA)OH3~

CuDCTA2"

CuHEEDTA"

Cu(HEEDTA)OH2~

CuDTPA3"

Brönsted

Experimental

0

0
1

0
1

1

.93 ±

.66 ±

. 16 ±

.39 ±

.08 ±

. 5 3 ±

0 .

0 .
0 .

0 .

0 .

0 .

17

16

33

17

21

22

Eq.

2.04
3.0b'
2.04
1.02
2.04
3.06

slopes

Theoretical
(4.2) Diffusion

controlled
reaction

1.7

2 . 7

1.7

0 . 8

1 .7

2 . 7

Tunneling
reaction

1.

1.

1.

0

1

1

18
93

18

.50

.18

.93

electron is transferred to these complexes by a tunneling me-

chanism. It may be argued that this evidence is not convincing

and that the results can also be explained by a reduction of

the charge of the complexes caused by ionic association. How-

ever, this is not a plausible explanation. The reactions of
2- ande with structurally similar complexes as Co(DCTA)

Ni(DCTA) ~ give Brönsted slopes in good agreement with equa-

tion (4.2). Furthermore, the Brönsted slope for the reaction

Cr(EDTA)OH2*" + e~ is 1.86 ± 0.15 (Figure 4.12), compared to
'aq ,3-0.66 ± 0.16 for the reaction of Cu(EDTA)OHJ with e (Table

4.4). Reaction rates are similar in both cases and the
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tog(kobs)

Figure 4.12 Ionic strength effect for the reaction

Cr(EDTA)OH " + e" . The calculated slope

is 1.86 ± 0.15

complexes have essentially the same structure. If ionic as-

sociation obscures the results, then why only in the case

of the copper complexes and not in the case of Ni(DCTA)2",

Co(DCTA)2" and Cr(EDTA)QH2" ?

It is rather more likely that the observed small

salt effects are caused by electron tunneling, in contrast with

an earlier reached conclusion (KorL-80). Taking a = 1014, the

small Brönsted slopes can indeed be explained, except in the

case of Cu(EDTA)OH3~. However, the calculated rate constants

at this value of a are a factor 2 to 4 too high (Table 4.2).

But when o is adjusted to give agreement with the absolute

rate constants (a £ 10 ), the corresponding Brönsted slopes

are only slightly smaller than the ones calculated for a pure-

ly diffusion controlled reaction (Table 4.1). It is concluded

that the evidence in favor of a tunneling mechanism for the

reactions of e with the copper complexes is weakened by the
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fact that the tunneling model presented here cannot account

for the data in a quantitative way.

4,3.4.5 Reaction of e" with LiFe(CN)|"

The literature data on this reaction in EiiCl solu-

tion were taken from HanS-77. They are given in Figures 4.13a

and 4,13b, together with the calculated curves. The viscosity

change was incorporated in the calculations as described above.

Both curves give good fits, albeit that the diffusion coeffi-
-5 2 —1

cient at o..nl - 0 had to be taken as 3.6 * 10 cm s in

Figure 4,13b. This is too small, which means that the reaction

is not 100% diffusion controlled.

It must be noted that no reasonable fits were obtain-

ed in either case if the charge on the complex was taken as

- 3. This is probably due to ion association between Li and
3~Fe(CN)_ . Dainton and Watt measured a kinetic salt effect
6 - 3

for the reaction of e with K3Fe(CN)g using competition kine-

tics. They found that the effective charge was - 2 at the con-

centrations they used. It is known that the ferricyanide ion

associates with the potassium cation: from conductivity expe-

riments the equilibrium constant was estimated as 0.06 M at

25 °C (JamM-50). There is no indication for a tunneling •• Na-

nism for this reaction.

4.3.4.6 Reaction of e~ with FeEDTA(OH)-"
aq *

Experiments on this reaction gave the results of

Figure 4.14. Calculations according to the diffusion controlled

model gave the dotted curves. At pH 11 the Fe(III)EDTA complex

has the form Fe(EDTA)(OH)^" as can be concluded from litera-

ture data (Kra-78) and the charge should be - 3. It is seen

that the reaction rate exceeds the diffusion limit even if the

actual charge on the complex is assumed to be only - 2. The

calculated curve for a = 3 * 10 s is given in Figure 4.14

(continuous curve). The data clearly point to an electron

tunneling mechanism for this reaction.
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log Ik)

5 10
Cuci (M)

2- -
Figure 4.23a The reaction LiFe(C~)c + e . Tunneling mecha-
— *— 12 -lq -5 2

nism with a = 1.3 * 10 s , D = 6.0 * 10 cm
s~ (value at zero salt concentration)

Figure 4.13b Diffusion controlled reaction with D taken as
— 5 2 —1

3,6 * 10 cm s (value at zero salt concen-

tration)

I
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log (k)

1*1.8 V?

Figure 4.14 The reaction Fe(EDTA)(0H)^~ + e" . (o) .-our data

(pH 22;, fA;:&nbM-69 (pH 11.S). (a) Continuous

curve calculated with a » 3.0 * 20 s" , Z =• - 3,

assuming a tunneling mechanism. Dotted curves cal~

cuiated for a diffusion controlled reaction as-

suming chargtts Z => - 3 (b) and - 2 (c) . For all

curves D = 6.6 * 10~ cm s~ and R = 0.6 nm

4.3.5 Relation with electron tunneling in solid glasses

It seems reasonable to assume a correlation between

the tunneling rates in aqueous solution on the one hand and in

solid glasses on the other hand. This idea was put forward by

Zaraaraev and Khairuthdinov (ZamK-74). Prom experiments they

calculated tunneling distances R, for trapped electrons tun-

neling to scavengers in glasses at 77 K. They plotted the R^

values against the observed reaction radii in aqueous solu-

tion for the same scavengers (the quantity R' in Table 4.3).

Their plot suggests a linear relation between the two quantities.
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However, not all the available data were used and the plot con- :

tains some errors. The correlation seems to be more complicated,
3- 2-

as can be seen from Figure 4,15. Fe(CN)6 and CrO4 are both ef-

ficient scavengers in 8 M NaOH and ethyleneglycol/water glasses
2—

(tee-Si) , However, in aqueous solution CrQ. is much more reac-
tive towards e „ than Fe(CN)^ , It was shown above that there

aq "

is no indication whatsoever for a tunneling mechanism in the :

case of Fe(CN)g , while in the case of CrO4 the evidence in

favor of a tunneling mechanims is very strong. These two sca-

vengers belong to different groups as shown by Figure 4.15.
3™The scavengers belonging to the group of Fe(CN)g react slowerwith e~ than the diffusion controlled limit. Vunneling in a-aq

queous solution is not proven for these reactants, while the

scavengers of the other group, 1 to 4, react faster than the

diffusion controlled limit, which is evidence for a tunneling

mechanism. The problem involved is that in aqueous solution the

electron transfer is unavoidably preceded by diffusion (Figure

4.1). In glasses, diffusion is negligible. This important dif-

ference makes comparison of reactions in the two media diffi-

cult.

4.5 Conclusions

The ionic strength effects as calculated for tunnel-

ing reactions of the hydrated electron are much smaller than

according to the Brönsted equation (4.2). For cationic sca-

vengers these deviations are about the same for a tunneling

reaction as for a purely diffusion controlled reaction. For

anionic scavengers, however, the deviations are larger in the

case of a tunneling mechanism. This provides a criterion for

the occurrence of electron tunneling. For an uncharged scaven-

ger a small negative kinetic salt effect is predicted. A test ''

for the tunneling model can thus be performed by experiment |

with a suitable scavenger such as iodine or tetranitromethane. |

The tunneling model chosen predicts reaction rates j

2 to 3 times larger than the diffusion controlled rate in the

case of anionic scavengers if a, the frequency factor, is ;
14 —1

taken as 10 s The enhancement for cations is smaller
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5Q

RA,nm

R.nm

Figure 4.15 Correlation between the effective reaction radii

in water at room temperature (R'),and the tun-

neling distance in solid glasses at 77 K (tt ) . The
2- 2- 2 —

scavengers are:!. So°o / 2- C r 0
4 t 3. Fe(CN)SNO ,

4. Co(ox)3', 5. C1CH-COOR, 6. ff.O, fethylene-
3 * * * 2-

glycol) , 6.' HaO- (7.S M NaClOj , 7. Pb(EDTA) ,
2+ — -

8. Ni(en), , 9. NO., 10. Acrylamide, 11. NO-,
3- 2+

12. Fe(CN), , 13. Cu(en)~ . 14. Benzene,
6

15. Co(en), , 16. CCl*

than 10 - 25% and will be difficult to observe, in view of

the experimental errors and the theoretical uncertainties.

The model calculations lead to effective reaction

distances of 0.7 to 1.3 run for small scavengers (R - 0.6 nm).

It can be concluded that the maximum tunneling distance in

aqueous solution is about 0.7 nm, which is much smaller than

the tunneling distances in glasses.

Experimental data in some specific reactions were

analysed using model calculations. For the reactions of e.

with IO4 and CrO^
'aq

there is strong evidence for a tunneling
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mechanism. These reactions are much faster than the diffusion

controlled limit and the kinetic salt effect and the viscosity

effect are in agreement with the model calculations. The reac-

tion of e" with Fe(EDTA)(OH) V* is also faster than the diffu-

sion limit and the kinetic salt effect relatively small. The

model calculations indicate that this reaction also proceeds

via a tunneling mechanism. The small kinetic salt effects ob-

served for the reactions of e with anionic copper complexes

indicate a tunneling mechanism for the electron transfer. How-

ever, the data cannot be described quantitatively by the tun-

neling model calculations in this case. Finally, in the case of

Cr(EDTA)OH2" and Pe(CN)g~ there is no indication for a tun-

neling mechanism.
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4.6 Appendix

4.6.1 Choice of the boundary condition at r - R

Calculation of the diffusion controlled rate is pos-

sible by solving the diffusion equation under the boundary

condition +* (Smo-17, Deb-42, Log-66):

CA(R) = 0 (i)

The underlying assumption is that the chemical reac-

tion following diffusion is infinitely fast. It is question-

able whether this assumption is realistic. This problem was al-

ready discussed by Collins and Kimball and they proposed a par-

tially reflecting boundary condition (ColK-49):

2 dcak'C.(R) = 4TrirD(—S) (Ü)A d r r=R

(ii) implies CA(R) f 0 and thus accounts for the

fact that the chemical reaction has a finite rate. Collins and

Kimball showed that the observed rate constant is given by:

k'k

Noyes extended the treatment of Kimball and Collins to the

time-dependent regime for uncharged reactants and gave a cla-

rifying discussion of the problem (Noy-61). Hummel used (ii)

for the calculation of recombination rates of positive and

negative ions (Hum-74). The idea of partial reflection is also

used by Marcus and Siders, who give the boundary condition for

a distance-dependent rate constant (MarS-82):

dC C A dU
{—- + — (—))„-* = 0 (iv)
dr kT dr r~K

Two boundary conditions are necessary; the second one is

given by equation (4.11a), but is not important for the

discussion.
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(iv) is the boundary condition used in this chapter,

(i) and (iv) give equal results if the reaction rate is very

large, i.e. if the frequency factor a in equation (4.11) is

1014 s"1 or larger.

The results in the case of relatively small a clear-

ly demonstrate the difference between (i) and (iv), as will

be shown.
The reactions of H30

+, Ag+, NOgr NO3 and Cr(EDTA)OH2"

with e" follow the Bronsted-Bjerrum equation (4,2) remarkablyaq
well. According to the diffusion controlled model of von Smo-

luchowski, boundary condition (i), the Brönsted slopes should

have been much smaller than was actually observed (Log-66).

The tunneling model adopted in this chapter assumes

a reactivity which decreases exponentially with the distance r.

The steepness of the exponential is related to the parameter B,

expression (4.3). The classical diffusion controlled model

(Figure 4.1, I) may be approximated by a tunneling model with

a very steep exponential. Boundary condition (i) can then be

discarded and instead (iv) is used. The approximation is per-

formed by evaluating the effect of increasing g, while the

value of a is adjusted to give constant reaction rates. The

results of these calculations are shown in Table A.

Table A Calculated approximate Brönsted slopes with varying B

parameter. The results are obtained by solution of

(4.15) with the boundary conditions (4.11a) and (iv).
—5 2 —1

Z = - 2 , D = 6 * 1 0 cm s , R = 0.6 nm

6, nm~

12.7

13.4

14.2

15.6

18.0

22.0

31.1

a.

10

1.25 *

1.50 *

2.0 *

2.8 *

4.0 *

7.0 *

s-1

12

1012

10i2

10i2

1012

iOi2

1012

Kcalc

2.84

2.85

2.81

2.87

2.87

2.80

2.83

(U=0)

* 109

* 109

* 109

* 109

* 109

* 109

* 109

Brönsted slope

+ 1.64

1.70

1.75

1.79

1.83

1.86

1.88

N.B. According to (4.2) the Brönsted slope should

be 2.04.
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Under the conditions of these calculations CA(R) is

significantly different from zero. The monotonous increase of

\ the BrSnsted slopes shown in Table A leads to the conclusion

i' that a reaction following the classical mechanism displays a

larger kinetic salt effect than a reaction following the tun-

neling mechanism, even if the reaction rates are equal.

The more interesting result is that for large g the

Bronsted slopes are larger than the Brönsted slope for a dif-

fussion controlled reaction according to (i), which is calcu-

lated as 1.67 (Table 4.1). Similar results were obtained for

other values of Z. The results offer an explanation for the

fact that the predicted small Brönsted slopes (Log-66) for

diffusion controlled reactions are not experimentally observ-

ed for the reactions of e~ mentioned above: the theoretically
aq

predicted slopes are too small as a consequence of the appli-

cation of the unrealistic boundary condition (i).

4.6.2 Numerical integration of the diffusion equation

The equation in the variable p ~ 1/r is:

0 (i)

The range of the variable p is [0, 1/R] . The limit

p H- 0 present no problem as the exponential factor approaches

zero much faster than p in the denominator of the tunneling

term. Equation (i) is a second order, linear, homogeneous dif-

ferential equation. It is hard, if not impossible, to solve

analytically (PilR-75a) . With the ) boundary conditions

C(p - 0) = Co (ii)

C(p = 1/R) = 0 + (iii)

d2C
2

dp2

1
+ —
kT

du dC
(—)—
dp dp

1
{—
kT

d2u
—- -
dp2

<
—^7 exE
4Dp

1
•[-e'(-)

p

i

p
R)]}c

For the alternative boundary condition, (4.11c), the treat-
ment i s the same.
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(1) for;ns a, boundary value problem with a unique solution.

The problem can be rewritten in the doroensionless parameter

y2 = C/CQ and the parameter yj_.

dy,
y, B — (iv)
1 dp

< 3 y l

dp

•-*
j

kT

du

%)Yl

Y2(P s

ï d2g

kT dp

= l

_ exp[-B (-) . (- - R)l }y, » 0
4Dp* p p (v)

(vi)

y2(p - l/R) o o (vii)

Defining the vector y = ( ) the problem can be
rewritten as:

y1(p) = T(p)*y (viii)

B1*y(0) + B2*y(l/R) = c

T(p), Bĵ  and B 2 are 2 * 2 matrices and c is a two-
dimensional vector. The problems belongs to a more general
class (StoB-73):

y1 (p) = T(p)*y + g(p) (x)

j B1*y(a) + B2*y(b) = c (xi)

In (x) and (xi) T(p), B1 and B 2 are n * n matrices and y and c
are n-dimensional vectors. The problem can be solved by start-

; ing from an arbitrary initial value s":
i.
; y(a;s) = i" (xii)

f
I It is shown (StoB-73) that this solution for the initial value
; problem can be written as:
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y(p;s) = Y(p)* s + y(p;ÏÏ) (xiii)

where Y(p) is the n * n matrix defined as the unique solution
of the initial value problem;

i
Y'(p) = T(p)*Y(p) (xiv)

Y(a) = 1 (xv)

where I is the unit matrix. Substitution of (xiii) in (x)

gives:

y1 (p,-s) = Yb (p) *s + y1 (p;Q) = T(p) *Y(p) *s + y' (p;0) =

T(p)*Y(p)*s + T(p)*y(p;Ö) + g(p) = T(p)*{Y(p)*s + y(p;ÏÏ)}+ g(p)

= T(p)*y(p;"s) i

The following step Is to choose ËT so that y(p;s")
satisfies (xi). A function ?(¥) is defined:

?(s) = Bj^fa;!) + B2*y(b;s) - c (xvi)

¥ must be chosen so that f"(is) = (T. Using (xii) and (xiii) we
obtain:

f(i) = Bj^Cs + y(a;ÏÏ)} + B2*Y(b)*s + B2*y(b;ÏÏ) - c =

{Af}*s + B2*y(b;ÏÏ) - c = ÏÏ

So f is a linear function of s* and consequently
(xvii) can be solved directly by the following procedure:

A. Take an arbitrary starting vector y(a;s"Q) = i"
B. Calculate y(b;¥Q) by integrating (x)
C. Calculate f(sQ) from (xvi)
D. Determine (Af) by solving the initital value

problem (xiv) - (xv) and calculating Y(b)
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E. Calculate the inverse of (Af) and then calculate

s = I o - (Af)"
1*!(ïo)

F. The desired solution is obtained by integration

starting from y(a) = 's
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CHAPTER 5

SECOND ORDER AND PSEUDO FIRST ORDER DECAY

OF Cd(I)EDTA IN OXYGENFREE SOLUTIONS

5.1 Introduction

The product of the reaction between the hydrated
2-

electron and CdEDTA is a transient species which absorbs

strongly in the ultraviolet region (MeyM-70, BuiB-77, BuiB-
4-80a). The free ligand EDTA is much less reactive towards

— 2—
e than the CdEDTA complex: rate constants at pH 11 are
*> 106 M"1 S"1 and 2.0 * 108 M~1s~1 respectively (BuiB-77).

2+On the other hand, the Cd ion is extremely reactive towards
e with a reported rate constant of 5.0 * 10 M~ s~ (AnbB-

73). This indicates that the electron is transferred to the
2-

central metal ion in the case of the CdEDTA complex:

CdEDTA2" + e~ •+ Cd(I)EDTA3" (5.1)

Comparison of the transient spectrum with the absorp-

tion spectrum of Cd=„ supports the assumption that the trans-
a<3 3_

ient is the reduced metal complex Cd(I)EDTA . The spectra

have almost equal maximum intensities, the wave-lengths of

maximum absorption being 320 nm for Cd(I)EDTA ~ (BuiB-80a)

and 300 nm for Cd* (BuxS-75, KelL-75, BuiB-80a).

The interest in the species Cd(I)EDTA is twofold:

Firstly, no explanation was given for the influence of alco-

hols on the decay rate of this transient (BuiB-80a). Here it

is attempted to clarify this, especially with regard to the
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3—
role of the alcohol radicals. Secondly, Cd(I)EDTA is a

strongly reducing species with E = - 2.0 v or lower (accord-

ing to BaxD-64 the couple Cd *'+ has a E of - 1.9 to - 2.5 V)

This makes it interesting to compare the reactivities of
.1 J-i It § -W \ 1-lft.WWt •» wCd(l)EDTA and e towards the metal complexes. 1
/• a q i

5.2 Results and discussion

5.2.1 Initially formed radicals

The pulse radiolysis technique generates, apart

from e~ . also other radicals in the solution (Chapter l).
" 2— »

When a solution of CdEDTA is irradiated, different reac-
tions occur simultaneously. To protect the metal complex j
against the H and OH radicals, usually an alcohol is added (

to the solution. Alcohols react very fast with H and OH radi-
cals. Hydrogen abstraction occurs, mainly from the a-carbon j

. (AdaW-69): ;•
i

R2CHOH + A' •*• RjCOH + H 2 (5.2) '

t R2CHOH + OH- •*• R2COH + H 2O (5.3) !

6 8
The rate constants are of the order of 10 -10 for

reaction (5.2) and 109 for reaction (5.3) (AnbF-75, DorA-73).

Hydrogen abstraction is a very common reaction for H and OH

radicals. In the absence of alcohols they probably abstract

f hydrogen from the EDTA ligand:

V CdEDTA2" + H' -*• CdEDTA2" + H2 (5.4)

CdEDTA2" + OH" •*• CdEDTA2" + H?O (5.5) i

'l
: This attack can take place at two different sites, leading to i

• different radicals. Alternative reactions are the electron '\

' transfer reactions:



.f

90

CdEDTA2" + H' •+ Cd(I)EDTA3~ + H+ (5.6)

CdEDTA2" + OH' •*• Cd(III)EDTA~ + OH* (5.7)

It is uncertain whether the H radical is capable of reducing
2_

CdEDTA . Reaction (5.6) , if thermodynamical ly possible, is
2+

probably too slow to compete with (5.4). The reduction of Cd

by H radicals proceeds, if at all» with a rate constant smaller

than 3 * 105 M~1s~1 (AnbF-75). The rate constant for (5.6)

is expected to be even smaller and this means that the hydrogen

abstraction reaction (5.4) with k of the order 106 - 108 is

the favourable reaction path for the H radicals. The OH radical
2+ *5

is also relatively unreactive towards the Cd ions: k < 5 * 10
M-1s as deduced by Buxton and Sellers (BuxS-75). So the hy-

q
drogen abstraction reaction (5.5), with k of the order 10 will
be favourable compared to reaction (5.7) . However, beforehand

reactions (5.6) and (5.7) cannot be excluded. For the analysis

of the kinetics the wavelength 335 nm was chosen, because the

signal-tcr noise ratio was better at this wavelength than at

320 nm, where the Cd(I)EDTA ~ transient has an absorption maxi-

mum.

It is necessary to establish whether other absorb-

ing species are initially present in the solution. In the pre-

sence of alcohols the alcohol radicals are formed according to

(5.2)and (5.3). Simic et al. reported the spectra of these ra-

dicals. The extinction coefficients in the region around 330 nm

are much smaller than the extinction coefficient of Cd(I)EDTA

(SimN-69, BuiB-80a). To estimate the contribution of species as
• o— —

CdEDTA and Cd(III)EDTA to the absorption signal, initial op-

tical densities at 335 nm were measured in solutions of
2—

CdEDTA in the presence and absence of methanol. Simultaneous-

ly with each measurement the charge on the secondary dosimeter

was measured. In this way results can be compared quantitative-

ly (Chapter 2). The results are listed in Table 5.1.

The experimental percentages of Table 5.1 can be

compared with the theoretical percentages from the known extinc-

tion coefficients and G-values for Cd(I)EDTA and the methanol



Table 5.1 Relative optical densities in nC , measured

immediately after the 0.5 us electron pulse.

Solutions contain 4 mM CdEDTA and are

oxygenfree. Each value is the mean of 8 - 10

measurements. Wavelength 335 ran.

Sample Relative OD, nC,-1

A: no alcohol, pH 10

B: 1.1 M methanol, pH 10

C: no alcohol, pH 11

D: 1.1 M methanol, pH 11

4.14 ± 0.28

4.21 ± 0.10

4.85 + 0.32

5.50 ± 0.49

A/B = (98 ± 9)%

C/D = (88 ± 15)%

- 3_ —
radicals. For GtCd(I)EDTA } the primary yield of e ,2.7, was

clC£

taken. For G{-CH2OH} a value of 3.2 was taken, which equals the

sum of the primary H and OH yields (DraD-7l). The extinction

coefficients at 335 nm are 9.3 * 103 M~1cm""1 for Cd(I)EDTA3~

(BuiB-80a) and 490 M"1cm"1 (pH 11) or 210 M"1cm"1 (pH 10) for

the methanol radical (SimN-69). The theoretical ratio of the

optical densities (in the absence and presence of methanol)

is 97% at pH 10 and 94% at pH 11. These figures must be com-

pared with those of Table 5.1. It is seen that the results

agree with the theoretical ratios, assuming that Cd(I)EDTA3~

and -CH2OH are the only absorbing species initially present.

It can be concluded that the other species, which are formed

in the absence of alcohols, such as the different radicals

CdEDTA2" and possibly Cd(III)EDTA~, contribute less than 10%

to the initial optical density. This result agrees with the

findings of Buitenhuis et al. at the wavelength 320 nm (BuiB-

80a) .

From the results of Table 5.1 it can also be con-

cluded that reaction (5.6) cannot compete with (5.4). Other-

wise the yield of Cd(I)EDTA3", and thus the optical density

in the solutions without methanol,would have been higher by

about 20% instead of lower.
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5.2.2 Analysis of the decay

When a transient T disappears exclusively by reac-

tion with a reactant R, which is present in a high concentra-

tion, i.e. [T] « [R] , the decay of T is described by:

[T] = [T30*exp{- kxt} (5.8)

Prom the plot of ln[T] vs time t the constant k1 is

obtained, which is the product of [R] and the bimolecular

rate constant k. The decay described by (5.8) is called (pseu-

do) first order decay. When the transient T disappears by

reaction with "itself", the decay is decribed by:

1/[T] = l/tT30 + 2kt (5.9)

This is termed second order decay. The constant k

is the bimolecular rate constant. When the concentration of T

is monitored by a light absorption signal, the alternative

equation:

1/(OD) = 1/(OD)0 + (2k/eT)t (5.10)

can be used. To analyse the radical-radical reactions of

Cd(I)EDTA , (5.10) is used, i.e. the analysis is based on

the plots of 1/(OD) vs the time t. This is justified, as

in most decay curves no first order components according to

(5.8) could be detected. When Cd(I)EDTA reacts with a diffe-

rent oxidizing radical, the decay is more complex than accord-

ing to (5.10). However, the reducing and oxidizing radical

yields are about equal ±n most cases and the decay plots will

be nearly linear. The slope of the second order plots accord-

ing to (5.10) is termed the second order decay rate and it has

the dimensions s~ . Prom this slope the bimolecular rate con-

stant k is directly obtained if the extinction coefficient

eT is known. (In the case of the reaction of T with T' the

decay rate is given by k/eT instead of 2k/eT>)



93

5.2.3 Second order decay of Cd(I)EDTA
3-

The Cd(I)EDTA ~ transient decays on the millisecond

timescale. It appeared that the decay can be described by a

second order process. Second order plots are shown in the

Figures 5.1 - 5.4. In all cases there are at least two diffe-

rent reactions participating in the decay, as can be seen from

the curvature in the plots. Meyerstein and Mulac reported

k = 2 * 109 M~1s~1 for the reaction between Cd+ and H2O2. The

initial fast decay in the absence of alcohols is probably due

to reoxidation of Cd(I)EDTA " by H2O2/ as suggested by Buiten-

huis et al. (BuiB-80a):

Cd(I)EDTA3~ + H2O2 •*• CdEDTA2" + 0H~ + OH'

~

(5.11)

Other possible reactions of Cd(I)EDTA ~ are:

3"Cd(I)EDTA3" + R2COH - CdEDTA]3"

Cd(I)EDTA3" + CdEDTA2" H2° 2CdEDTA2~ + OH"

Cd(I)EDTA3" + Cd(III)EDTA~ -»- 2CdEDTA2~

2Cd(I)EDTA3- Cd°EDTA4~ + CdEDTA2"

(5.12)

(5.13)

(5.14)

(5.15)

I;

It is indicated by the decay curves of Fig. 5.3

that in the presence of alcohols reaction (5.11) cannot be the

only process responsible for the initial fast decay: the frac-

tion of Cd(I)EDTA ~ that disappears in the initial fast compo-

nent is larger in the presence than in the absence of alcohols.

The relative contributions of the fast and slow decay compo-

nents are obtained by extrapolation of the slow decay compo-

nent to zero time. These relative figures are given in

Table 5.2.
-5
•a
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ms

Figure 5.2 Second order decay plot of

Cd(I)EDTA ". pH 11, 5 mM
2-

CdEDTA / no alcohol present,
Dose *\» 75 Gy.

VQD

15

Figure 5.2 Second order decay plot of

Cd(I)EDTA ~ in the presence

of 1.1 M methanol, pH 11.

Dose *** 55 Gy.
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1501-

ms ms

Figure 5.3 Second order decay plots for the transient

Cd (I) EDTA at pH 11. Left curves .-upper curve:

5.0 mM CdEDTA
2-

2-
0.46 M t-butanol;lower curve:

4.0 mM EDTA~ , no alcohol. Right curves: upper cur-
2-

ve : 3.8 mM CdEDTA , 0.58 M propanol-2;lower cur-

ve: 3.8 mM CdEDTA ~, 1.1 M methanol.
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VoD
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•

• ,\
m •
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• • *
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• •

. . . '

..' V

• % . * . .

400

VOD

200

ms

Figure 5.4 Second order decay plots of Cd(I)EDTA ~ at pH 11

in the presence of 0.73 M ethanol (left curve)

and 0.62 M propanol-1 (right curve). X = 335 nm,

light path 1 cm.
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Table 5.2 The fractions of the Cd(I)EDTA3~ species

disappearing in the fast component.

Solutions contain 3.8 mM CdEDTA , pH 11

0.

0.

1.

no

Sample

58 M propanol-2

49 M t-butanol

1 M methanol

alcohol

Fraction, %

44 ±

39 ±

47 ±

20 ±

3

8

5

5

From the G-value for H2O2, 0.68 (Har-72), it follows

that only 0.68/2.7 = 25% of the initially present Cd(I)EDTA3"

species can react with H2O2. Two conclusions may then be drawn

from the results of Table 5.2. The first is that reaction (5.11)

is the main process for the disappearance of H2O2. The second

conclusion is that the alcohol radicals are also very reactive

towards Cd(I)EDTA ~. This means that reaction (5.12) competes

successfully with the recombination and disproportionation

reactions (5.16a) and (5.16b):

2R2COH •*• R2-COH-COH-R2

2R2COH •*• R2CHOH + R2C=O

(5.16a)

(5.16b)

The sum of the rate constants k + k is re-
ported as 1-2 * 10 M s for methanol, ethanol, propanol-2

and t-butanol (SimN-69). So, reaction (5.12) must have a rate

constant £ 10 M s , because it is responsible for the dis-

appearance of about 20 - 50% of the alcohol radicals. From

Table 5.2 and Figure 5.3 it follows that the reactivities of

the different alcohol radicals towards Cd(I)EDTA3" are about

equal. Furthermore, the decay curves of Figure 5.3 show that

the lifetime of the alcohol radicals is about 1 ms. This is

consistent with the reported rate constants for reactions

(5.16a) and (5.16b). The initial concentration of the alcohol

radicals is 2.5 yM under the conditions of Figure 5.3. Taking
9tk 16a kl6bJ M~ 1S" 1 the initial halflife of the
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radicals is >\» 2 ms, if reaction (5.12) is neglected.

5.2.3.1 Decay in the absence of alcohols

The final decay rates in alcoholfree solutions at

pH 11 are given in Figure 5.5 as a function of the ionic

strength. They were plotted according to the Brönsted equa-

tion:

Z„Z„ /ÏÏ
• i .oa (5.17)

en
o

Q3

1.8VJ7+1

- 2
Figure 5.5 Final second order decay rates (s ") of

Cd(I)EDTA as a function of the ionic strength.

Circles: ionic strength adjusted with NaClO.;

squares: ionic strength mainly determined by

Na2SO4 and Na^CdEDTA. The black square is taken

from the literature (MeyM-70), ionic strength

determined by Na2CdEDTA and Na .EDTA. Wave length

335 nm, light path 1 cm.
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Figure 5.5 shows a positive ionic strength effect,

which means that the reactants have charges of equal sign.

Thus it is concluded that the pertinent reactions are (5.13),

(5.14) and (5.15). The slope seems uncertain as a consequence

of the spread in the experimental points. However, it should

be noted that strictly equation (5.14) is only valid at low

ionic strength, y < 0.1. Furthermore, in some experiments the

ionic strength was determined by the species Na+, SO." and
2- 4-

CdEDTA or even by EDTA at high concentrations. In these

case the actual ionic strength will be lower than calculated

due to ionic association (PetP-72). The effective charges of

the reactants may also be lower by the sameeffect. Taking

only the most reliable points of Figure 5.5, there is good

agreement with a straight line of slope 6. Therefore, it is

assumed that reaction (5.13) is the main process for the final

decay of the Cd(I)EDTA ~ transient. From the intercept of

Figure 5.5 and E 3 3 5 {Cd(I)EDTA
3"} = 9.3 * 103 M~1s"1 (BuiB-

80a), the rate constant for reaction (5.13) at zero ionic

strength is calculated as 9.3 * 102'8 = 5.9 * 106 M~1s~1. it

is estimated from the expression of Debye (Deb-42) that this

corresponds with about 15% of the diffusion controlled limit.

Figure 5.6 The initial second order decay rates (s ) of

Cd(I)EDTR ~, corrected for the final decay rates. Circles:

no alcohol present, pH 11; triangles: in the presence of 1.1 M

methanol, pH 11; squares: in the presence of 1.1 M methanol,

pH 10 • Wavelength 335 nmf light path 1 cm.
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To determine the rate constant for reaction (5.11)

the initial decay rates were corrected by subtracting the

final decay rates. The resulting corrected initial decay rates

are plotted as a function of the ionic strength in Figure 5.6

(circles). There seems to be no ionic strength effect, in

accordance with the proposed reaction (5.11) for the fast ini-

tial decay. From the experimental results an approximate value

of 104 * 9.3 * 103 * 2.7/0.68 = 3.6 * 108
 M " 1 S ~ 1 can be de-

duced for reaction (5.11). Buitenhuis reported a value of

2 * 109, but these experiments refer to solutions with t-

butanol (BuiB-80a). The contribution from reaction (5.12)

was neglected and therefore Buitenhuis1 estimate is too high.

In fact, from direct first order kinetics he obtained a lower

limit of 2 * 108 M""^""1 for reaction (5.11), which is in

better agreement with our value (Bui-77).

5.2.3.2 Decay in the presence of alcohols

o

-x 5

• * - * - +

Q1 0.2 0.3

-1Figure 5.7 The initial second order decay rates (s~ ) of

Cd(I)EDTA in 0.5 M t-butanol and 0.53 M propanol-2, correct-

ed for the final decay rates. Closed circles; 0.5 M t-butanol,

pH 11, ionic strength adjusted with NaC104; open circles; 0.5

M t-butanol, pH 11, ionic strength determined by Na.CdEDTA
id

and Na2SO4; triangles: 0.58 M propanol-2, pH 11, ionic strength
adjusted with SaClO..

4
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3-

The importance of (5.11) in the presence of alcohols

is not clear, since a reduction of the H2O2 yield has been re-

ported by the scavenging of OH radicals in the spur by the al-

cohol. In acid solution 0.1 M ethanol reduces Gd^C^) from

0.69 to 0.51 (BacJ-59). As can be seen from Figures 5.6 and

5.7 the initial decay rates are independent of the ionic

strength, as is the case in the solutions without alcohol.

However, in the presence of alcohols the initial decay is

faster by about a factor of 2 to 4 compared with the initial

decay in solutions without alcohol. This supports the con-

clusion that the alcohol radicals react rapidly with Cd(I)EDTA

It appears that the reactivities of the different alcohols

are about equal, which is also indicated by Table 5.1 and

Figure 5.3. The methanol radical appears to be more reactive

at pH 10 than at pH 11. This is in accordance with the pKa

value of the methanol radical, reported as 10.7 (AsnH-66).

So, at pH 11 the initial concentration of the uncharged ra-

dical is about 30% of the total methanol radical concentration,

while the radical anions 'CUJCT form the other 70%. The dif-

ference in decay rates at pH 10 and 11 corresponds with a fac-

tor 3, and it is concluded that the radical anion is at least

an order of magnitude less reactive towards Cd(I)EDTA ~ than

the uncharged radical. This conclusion is supported by the

absence of a positive ionic strength effect at pH 11 (Figure

5.6).

After the disappearanceof the methanol radicals the

decay rate of Cd(I)EDTA ~ becomes much slower. From the ionic

strength effect it is concluded that the final decay rate

in the presence of methanol is governed by the disproportio-

nation reaction (5.15) (Figure 5.8). No such a distinct ionic

strength effect on the final decay rate was found for the other
alcohols. This leads to the conelusion that ~Cd(I)EDTA ~ is

reactive towards the products formed from the alcohol radicals,

except in the case of methanol. In that case the final decay

fcate is slower than for the other alcohols. As carbonyl com-

pounds are oxidants, they should be very reactive towards

Cd(I)EDTA and it is suggested that the methanol radicals
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recombine rather than disproportionate (reactions 5.16a and

5.16b). The other alcohol radicals may form carbonyl compounds

with which Cd(I)EDTA " reacts by electron transfer.

Figure 5.8 Final second order decay rates (s'1) of Cd(I)EDTA3~

in 1.1 M methanol solutions, pH 11. The straight

line has slope + 9. o: ionic strength adjusted with

NaClO4; O .-ionic strength determined by Na CdEDTA.

Disproportionation of univalent cadmium ions is pro-

posed to explain the formation of metallic cadmium by gamma-

irradiation of oxygenfree solutions of Cd2+ (BuxS-77). From

the intercept in Figure 5.8 the rate constant of reaction

(5.15) at zero ionic strength is calculated as 2.3 * 105 M*"1

s . This is about 20% of the diffusion controlled limit ac-

cording to the expression of Debye (Deb-42) .

With ethanol and propanol-1 the decay rates in-

crease after 1 to 2 ms (Figure 5.4). The increase of the decay

rate is probably due to some oxidative impurities present in

the alcohols. Reactive impurities at a concentration of about

100 yM give a first order contribution to the decay process

and this causes the seeming increase of the second order de-

cay. Note that the initial curvature is absent with ethanol

and 1-propanol. This means that the (pseudo) first order pro-

cess also contributes substantially to the initial decay rate.

\h
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Therefore, only upper limits for the reaction (5.12) can be

given in the cases of ethanol and propanol-1. A compilation of

the calculated bimolecular rate constants is given in Table

5.3.

Table 5.3 Bimolecular rate constant of reactions

of the Cd(I)EDTA ~ transient as calculated

from the second order decay plots.

Reactant

H2°2

CdEDTA2"

Cd(I)EDTA3"

•CH2OH

•CH2O~

CH3CHOHCH2

(CH3)2COHCH2

CH3CHOH

CH3CH2CHOH

k,

3.

5.

2.

1.

< 1

3.

2.

< 6

< 5.

M"1

6 *

9 *

3 *

1 *

*

1 *

3 *

*

5 *

s"1

108

1 0 6 + )

io 5 + )

109

108

108

108

108

108

+ru = 0

From the foregoing it can be concluded that all the

alcohol radicals except perhaps the «CH2O~ radical anion, are

very reactive towards Cd(I)EDTA . A possible product of these

reactions is a complex with a Cd-C bond. The Cd-C bond is not

expected to be strong (Hal-82). The intermediate may react

by hydrolysis, giving the parent alcohol and CdEDTA and a

OH" ion:

[Cd(I)EDTA-COHR]
*_ H,0

CdEDTA OH ( 5 . 1 8 )

The hydrolysis of similar intermediates with Ni-C

and Cr-C bonds has been proposed (KelL-74, CohM-74, SchS-71).

However, reaction (5.18) does not explain the dependence of
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the final decay rate of Cd(I)EDTA " on the alcohol, reported

by Buitenhuis et al. (BuiB-80a). An alternative possibility

is that Cd(I)EDTA3~ reacts with the alcohol radicals to form

unsaturated compounds:

Cd(I)EDTA3- + RCH2CHOH CdEDTA2- + RCH=CH2 + OH (5.19)

2+The formation of isobutylene in irradiated solutions of Ni

and t-butanol has been reported (KelL-74). Also it is known

that the reduced metal ions Ni and Co react rapidly with

allylalcohol to form complexes (BuxS-76). As reaction (5.19)

is impossible for the methanol radicals this would also ex-

plain the slow final decay rate of Cd(I)EDTA in the presence

of methanol.

5.2.4 Decay in the presence of metal EDTA complexes

When a metal complex M(EDTA)P*" is present in the

complex can react by electron trans-solution the Cd(I)EDTA'

fer:

Cd(I)EDTA3" MEDTA
P~ CdEDTA2" MEDTA (p+1)" (5.20)

2-
By using a large excess of CdEDTA :

[CdEDTA2"]*2*108>> [MEDTAP~] * k{MEDTAP~ + e~

it is ascertained that all hydrated electrons react with the

CdEDTA complex and not with MEDTAP~. From the pseudo first

order decay rate the rate constant for reaction (5.20) was

determined. This is illustrated in Figure 5.9 for the case of

the oxidation of Cd(I)EDTA3" by Co(III)EDTA~. The results are

compiled in Table 5.4.
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2.10'

Figure 5.9 The reaction of Cd(I)EDTA ~ with Co(III)EDTA~.

Determination of the rate constant at ionic

strength 0.65, pH 11

The reactivities of Cd(I)EDTA3~ and e~ display

similar behaviour, with the exception of the reaction with

Cr(III)(EDTA)OH2". Cd(I)EDTA3~ is one or two orders of magni-

tude less reactive than the hydrated electron. Partly this is

due to the difference in redox potentials, which is about

0.55 V. The electrostatic repulsion is also important, as the

oxidants of Table 5.4 are all negatively charged. The simi-

larity of the trends of Table 5.4 indicates that the diffe-

rence in redox potentials between the reactants is one of the

important parameters governing the reaction rates.
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Sr;
Table 5.4 Bimolecular rate constants for some reactions of

Cd(I)EDTA ~ obtained from first order decay plots,

PH 11

Reactant

Cr(III)(EDTA)OH2~

Fe(III) (EDTA)(OH) *~

Co(II)EDTA2"

Co(III)EDTA~

Ni(II)EDTA2"

Cu(II)EDTA2"

Pb(II)EDTA2"

kobs

<<6*104

•v. 5*107

« 3 * 1 0 4

8.4*10

«3*1O 4

1.5*10

2.6*10

3.4*10

4*106

(a)

(a)

7

(a)

7

7

7

(e)

y k°

0.63

0.19

1.57

0.65

0.52

0.69

1.61

2.33

0.25

{Cd(I)EDTA-

«700

1.7*1O6

«150

8*106

«400

4*iO5(d)

105

3*109 (b)

l*1010<b>

4.1*108(b)

1.6*1010(c>

l.l*108(b)

4.5*109(b>

109 {c)

a)

b)

O
d)

e)

There was no indication for first order decay in the
2- and 2.1 mMpresence of 1.17 mM CrEDTA , 2.4 mM CoEDTA

NiEDTA2".

Chapters 3 and 4 of this thesis.

Calculated from the data of Anbar and Meyerstein (AnbM-69).

Obtained by extrapolation from the Brönsted plot. The

slope of this plot was about + 5.

Taken from BuiB-80a.
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CHAPTER 6

REDOX POTENTIALS OF THE AQUO, CYANO AND EDTA COMPLEXES

OP SOME TRANSITION METAL IONS BY CNDO CALCULATIONS

6,1 Introduction

For many redox couples standard redox potentials or

half wave potentials are available (MilC-78). However, there

are many systems left unstudied and frequently it is impossible

to obtain a particular redox potential by experiment.

An alternative is to calculate the redox potentials

by an approximate CNDO or INDO self-consistent molecular orbi-

tal method. Recently, Yamabe et al. reported results on CNDO/2

MO calculations for a series of benzene-1,2-diols (YamM-81).

They found a linear correlation between the HOMO energies of

the neutral molecules and the experimental redox potentials.

The method used here is essentially the CNDO/S

method of Jaffi and coworkers (DelJ-68). It is modified to in-

clude first row transition metals analogous to the method des-

cribed by Clack et al. (ClaH-72).

Our principal aim is to calculate the trend of the

redox potentials of the metal EDTA complexes in order to re-

veal a correlation with the rate constants reported in Chap-

ter 3 of this thesis. To test the method of calculation, the

redox potentials of the hexaquo and hexacyano complexes were

also calculated, as for these species experimental redox poten-

tials are available for comparison. The absolute values of the

EDTA = ethylenediaminetetraacetate
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calculated redox potentials and the trend within the series

are discussed.

6.2 Method of calculation

6.2.1 Assumptions

We assumed an octahedral structure for all the

M(H~0)§+ and M(CN)f~ complexes with the metal-ligand bond

lengths equal. The values for the bond lengths were taken

from Röntgen diffraction experiments. If not available, the

metal-ligand bond lengths were estimated by comparing the

radii of the metal ions (HarP-65). The geometries for the
2— 2-

; CuEDTA and CoEDTA complexes were taken from Rontgen

diffraction experiments (PorN-73/ McCM-78). For all the com-

plexes it was assumed that the bond lengths were equal in the

reduced and oxidized states. Under this assumption, a small

error in the absolute value of the metal-ligand bond length
2+ +

is not dramatic: for the Mn(H20)g ' couple the total elec-

tronic energy difference increased with 0.03 eV by a bond

length increase of 0.002 run. 1

In the CNDO method the one-centre exchange integrals H

are neglected, and this is not justified in case of the d-d :.'\

exchange integrals (PopB-70) . These were calculated separately \

from parameters taken from the literature (GerS-73, BacZ-79) j

and were added to the calculated total energies.

i-
; 6.2.2 Application of Hess1 law

'\

; From gas phase ionization energies, redox potentials |

! are calculated using Hess' law, which is pictured for the -S

\ M ' couple in Figure 1. An analogous scheme can be given

I for the other complexes. The individual contributions are:%H2(aq) + %H2(g)

%H2(g) -v H(g)

H(g) •* H+(g) + e"

-8.8 kJ/mole

+203 kJ/mole

+1314 kJ/mole

(a)

(b)

(c)

i
9.
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!

f H+(g) + H+(aq) -1090 kJ/mole (d) f

I M(H2O)g
+(aq) +M(H2O)g

+(g) -AG(hydr,M(H2O) g
1"1" (e) ]

M(H2O)g
+(g) + e" * M(H2O)^

+(g) -lEUKl^O)*1") (f) \

M(H2O)g
+(g) • M(H2O)2

+(aq) AG(hydr,M(H2O)g
+) (g)

The sum of the individual contributions (a)-(g) ;

^ gives the standard free enthalpy for process I. Expressed in

eV one obtains:

AG(I) = -IE(M(H2O)g
+) + AG(hydr,M(H2O)g

+ - AG(M(H2O)g
+) +4.34

(6.1)

; From the CNDO calculations one obtains the ionization

energy IE. To obtain the redox potentials one also needs the

difference in hydration free enthalpies between the oxidized

and reduced complexes.

M(Hp£{g) • iH2(g) J L M(H20)^ (g) + H* (g)

1 t I !
f iaq)+ H*(aq)

Figure 1 Application of Hess' law for the

calculation of the redox potential

of the couple H3^'2*
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?." 6.2.3 Hydration free enthalpies

The knowledge of solvation effects, even for a sol-

vent as water, is still far from accurate . (A clarifying dis-

cussion of this subject is given in PlaF-54.) Therefore, it

is not to be expected that accurate absolute values for the

redox potentials can be calculated. However, if only calculat-
1 ed redox potentials within homologous series are compared, the

errors introduced by the hydrat.lon free enthalpies will cancel.

As a first approximation for the hydration free enthalpy of

an ion Bora's equation can be used (Bor-20):

ê

AG(hydr) = - •5^~ (1 - 1/e) (6.2)

Z is the charge of the ion and r its radius. In the

derivation of (6.2) e is taken equal to the bulk dielectric

constant. This is not justified as there is a dielectric satu-

ration effect close to the ion due to the polarization of the

water dipoles (BocR-77, AbrL-78, AbrL-79). As a consequence

(6.2) gives too negative values, as is shown by comparison v
iwith experimental hydration enthalpies. The discrepancy with • i

the experiment can be as high as 50%, and is largest with small '-

and/or highly charged ions (BocR-77).

Abraham et al. did some model calculations taking

into account the polarization effect (AbrL-78, AbrL-79). They

assumed a gradual change of the dielectric constant e as a \'

function of the distance from the ion. However, the parameters )\

involved can only be roughly estimated and the model of Abraham ï

et al. is of little practical value. :

A more useful method is the one of Bernal and Fowler, j

extended and improved by Verwey and later by Buckingham (BerF- i

33, Ver-41, Buc-57). Besides the Born charging term it involves 1

the ion-dipole and ion-quadrupole interactions of the first $

hydration layer , There is reasonable agreement with the f

T) D+ I
' This model cannot be used in the case of the M(H2O)| ions

where the first hydration layer is already accounted for by

the CNDO calculations.
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experimental values, for instance for the alkaline earth

series better than 5% or 25 kJ/mol. Very recently a different

method of calculation for hydration free enthalpies was re-

ported. Results are similar as those obtained from the ion-

dipole-quadrupole model (Dav-82).

The ion-dipole-quadrupole model was used for the

hexacyano and EDTA complexes/ while for the hexaquo complexes

the Born equation (6.2) was used. The calculated hydration

free enthalpies are given in Table 6.1.

Table 6.1 Calculated hydration free enthalpies in eV

Radius, nm

0.35

0.33

0.30

1*1
1

2
3

4

5
1

2

3

4

5
1

2

3

Born equation

- 2.03

- 8.12

- 18.26

- 32.46

- 50.72

- 2.15

- 8.61

- 19.37

- 34.43

- 53.80

- 2.37

- 9.47

- 21.30

Ion-dipole model '

- 2.31

- 7.76

- 15.74

- 26.18

- 39.13

- 2.53

- 8.32

- 16.74

- 27.76

- 41.40

- 2.94

- 9.38

- 18.67

t) The ion-dipole model predicts different hydration free

enthalpies for anions and cations of the game size.

The values listed are only valid for anions and it is

assumed that the first hydration layer consists of six

writer molecules.

6.3 Results and discussion

The calculated total energy differences, exchange

energies and ionization energies are given in the Tables 6.2,
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6,3 and 6.4, together with the used bond lengths and spin mul-

tiplicities. The calculated redox potentials are given in

Table 6.5, together with the experimental values.

Table 6.2 Total energy differences, exchange energies (EE)

and ionization energies (IE), as calculated for

some hexacyano complexes in eV. The metal-ligand

bond lengths and spin multiplicities are also given.

Complex

Cr(CN)^"

Cr(C<-

Cr(CN)*"

Mn(CN)c~

Mn(CN)4."

Mn(CN)g~

Fe(CN) jT

Fe(CN)*~
0

Fe(CN)^"

Co(CN)*~

Co(CN)4."
b

Co(CN)^"
0

AET

- 11.

- 5.

- 11.

- 5.

- 13.

- 6.

- 13.

- 7.

71

65

84

78

64

24

09

14

]

- 2

- 2

- 2

- 4

- 2

- 2

- 5

- 4

- 2

- 9

- 6

- 4

BE

.76

.07

.07

.28

.86

.14

.81

.07

.72

.40

.55

.56

IE'

- 11

- 5

- 10

- 5

- 11

- 4

- 10

- 5

,02

.65

.42

.06

.90

.89

.24

.15

0

0

0

0

0

0

0

0

0

0

0

0

nm

.208

.208

.208

.200

.200

.200

.191

.191

.191

.1904

.1904

.1904

a)

b)

c)

d)

spin mult.

2

3

4

1

2

3

2

1

2

3

2

1

a)

b)

c)

d)

JagL-74

Van-70

VanT-74

Van-72
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Table 6.3 Total energy differences, exchange energies

(EE) and ionization energies (IE), as cal-

culated for some EDTA complexes in eV

Complex AE_,

CrEDTA

CrEDTA

3-

2-

CoEDTA3-

CoEDTA2-

NiEDTA

NiEDTA

3-

2-

CuEDTA3-

- 4.12

- 3.24

- 3.92

- 1.57

CuEDTA2-

3E

6.34

3.81

9.40

7.88

13.47

11.14

i8.2l

14.57

IE

- 1.

- 1.

- 1.

+ 2.

59

72

59

07

spin mult

6

5

3

4

2

3

1

2

N.B. For the complexes of chrome the geometry of

CoEDTA ** was used, for the complexes of nickel
2-

6.3.1

the geometry of CuEDTA was used.

The hexacyano complexes

,3-,4-The calculated redox potentials for the M(CN),
o

couples are given in Figure 2. Roughly, the trends in the

calculated and measure series are comparable. From Table 6.5

it can be seen that the calculated redox potentials for the

hexacyano complexes are too high when the Born equation (6.2)

is used for the calculation of the hydration enthalpies.

Better agreement with the experiment is obtained by calculat-

ing the hydration terms with the ion-dipole model. This is to

be expected, because the Born equation gives too negative hy-

dration free enthalpies, as was explained above. But even with

the ion-dipole model there remain uncertainties: one needs to

know the number of watermolecules in the first hydration
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Table 6.4 Total energy differences exchange energies (EE) and

ionization energies (IE), as calculated for some

hexaquo complexes in eV. The metal-ligand bond

lengths and spia mutiplicities are also given

Complex

Cr(H2O)J
Cr(H2O)2

+

Cr(H2O)3
+

Mn(H2O)g

Mn(H2O)g
+

Mn(H2O)|
+

Fe(H2O) +

Fe(H2O)2
+

Fe(H2O)3
+

Co(H20)g

Co(H20)2
+

Co(Ho0)^
+

Ni(H2O)g-

Ni(H2O)2
+

Cu(H2O)g

Cu(H2O)|+

i

AE

11.

19.

12.

20.

10.

21.

11.

21

11

14

T

27

62

47

31

92

48

75

06

.3

.16

EE

- 6.

- 3.

- 2.

- 6.

- 6.

- 2.

- 6.

- 6.

- 6.

- 9.

- 7.

- 4.

- 13.

- 11.

- 18.

- 14.

34

81

07

57

57

14

97

29

29

40

88

56

47

14

21

57

IE

13.80

21.36

12.47

24.74

11.60

21.48

13.27

24.38

13.63

17.80

nm

0.224

0.224

0.224

0.22

0.22

0.22

0.209

0.209

0.209

0.207

0.207

0.207

0.205 a )

0.205

0.2093 b )

0.2093

spin mult.

6

5

4

5

6

3

4

5

6

3

4

1

2

3

1

2

a)

b)
HodM-78

CouP-78
v
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layer ' and with a highly charged ion it is doubtful whether

the effective charge to be used in the calculation is equal

to the formal charge. For this reason, absolute values of the

calculated redox potentials cannot be relied upon, but within

a series of similar couples the trend should be approximately

correct.
4— 5-The actual redox potentials of the couples Cr(CN)fi '

4— 5-

and Fe(CN)g ' can be estimated assuming that the CNDO calcu-

lations give the correct trend: one gets - 1.7 V for the

Cr(CN)
g"'5~ couple and - 2.5 V for the Fe(CN)g"'5" couple.

This last value is very close to the redox potential of sodium,

- 2.714 V, which means that Fe(CN)g~ is very difficult to re-

duce. Indeed, the hydrated electron, a very powerful reducing

agent with E° = - 2.86 V (Mat-75), does not react with Fe(CN)5~
5 - 1 - 1at a measurable rate (k < 10 M s ), while it reacts very

fast with all the other cyano complexes mentioned here

(k > 3.109 M~1S~1) (AnbB-73).

0

-2

m—-n

Cr Mn Fe CO

£1

Cr Mn Fe Co
Figure 2 Calculated (o) and experimental (h)

redox potentials for the hexacyano

couples

T) If it is assumed that there are only four watermolecules in

the first hydration layer instead of six, the calculated re-

dox potentials for the series M(CN)^~'4~ would be 0.84 V
o

lower, giving better agreement with the experiment. However,
4— 5—

for the series M(CN)g ' the discrepancy then becomes larger.
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Table 6.5 Calculated and experimental redox potentials.

Hydration enthalpies were calculated by the Born

equation (column A) or with the ion-dipole model

(column B), see Table 6.1. Radii are 0.3 nm for

the aquo complexes and 0.35 nm for the other com-

plexes

Couple

Cr(H20)g

Mn(H2O)g
+

Fe(H20)|
+

Co(H2o)|
+

Cr(H2O)^
+

Mn(H2O)g
+

Fe(H2O)
2+

Co(H20)g
+

Ni(H20)g
+

Cu(H2O)g
+

Cr(CN)^"'

Mn(CN)|~'o

Fe(CN)g~'

Co(CN)^"'

Cr(CN)g"'

Mn(CN)j~'o

Fe(CN)g~'

CrEDTA2"'

CoEDTA2"'

NiEDTA2"'

CuEDTA2"'

,2+

,2+

,2+

,2+

,2+

' +

' +

' +

' +

' +

4-

4-

4-

4-

5-

5-

5-

3-

3-

3-

3-

E°,
(A)

+ 5.19

+ 8.57

+ 5.31

+ 8.21

+ 2.36

+ 1.03

+ 0.16

+ 1.83

+ 2.19

+ 6.36

+ 4.21

+ 4.80

+ 4.97

+ 4.71

+ 2.90

+ 3.50

+ 2.02

+ 4.21

+ 4.08

+ 4.21

+ 7.87

calc.

(B)

-

-

-

-

-

-

-

-

-

-

+ 0.

+ 1.

+ 1.

+ 0.

- 2.

- 1.

- 3.

+ 2.

+ 1.

+ 2.

+ 5.

45

04

21

95

41

81

29

05

92

05

71

E°, exp.

- 0.407

+ 1.5415

+ 0.771

+ 1.83

unknown

unknown

unknown

unknown

unknown

+ 0.153

- 1.28

- 0.24

+ 0.358

- 0.81

unknown

- 1.06

unknown

unknown

unknown

unknown

unknown

Reference

MilC-78

MilC-78

MilC-78

MilC-78

MilC-78

HumK-43

TreR-52

MilC-78

Gru-26

TreR-52
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6.3.2 The EDTA complexes

For this series no experimental potentials are avail-
2—

able. From the fact that CuEDTA is a perfectly stable complex

in aqueous solution, it can be deduced that the calculated val-

ues are approximately 4 V too high. This can be attributed to

the uncertainties in the hydration free enthalpies, as with

the hexacyano complexes.

From the trend of the redox potentials in this series,

one expects that the CuEDTA ~ complex is most easily reduced,

followed by CrEDTA2", CoEDTA2" and NiEDTA2". This is compatible
2»

with the higher reactivity of CuEDTA towards the hydrated

electron (Chapter 3): CuEDTA2~ (k = 5 x 109 M~1s~1l > CoEDTA2"

(k - 4 x 108 M~Is~1),NiEDTA2" (k = 108 M" 1S" 1) iNo value, has
2—

been reported for CrEDTA .)

6.3.3 The hexaquo complexes

As for the M(CN)g~'4~ couples and the MEDTA2"'3"

couples the calculated redox potentials are too positive for

the hexaquo couples (Table 6.5). However, in this case the

discrepancy with experiment cannot be ascribed to an error

in the hydration enthalpies: Improvement on equation (6.2),

if available, would lead to smaller values for the hydration

free enthalpies and thus to even higher redox potentials.

Assuming smaller radii than is actually justified, for instan-

ce 0.26 nm, certainly helps but does not remove the discrepan-

cy. It must be concluded that for the hexaquo complexes the

CNDO calculations lead to ionization potentials that are too

high.

The trends of the calculated redox potentials are

pictured in Figures 3 and 4. For the M(H2O)g
+'2+ couples the

trend is not in agreement with the experimental redox poten-

tials.- Detailed comment follows in the next section. For the
2+ +

M(H2O)6 ' couples the most striking feature is the relative-

ly high value for copper. Using copper as a reference, the E°

values of the other couples can be calculated from the relative

results as £ - 3.85 V. This very negative value means that the
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Cr Mn Fe Co

Figure 3 Calculated redox potentials for the

M ' couples (o), compared with

redox potentials (x) and experimen-

tal ionization potentials (h).

monovalent ions Cr , Mn , Fe , Co and Ni are unstable in

aqueous solution. This is in accordance with the fact that no

experimental redox potentials are known (MilC-78). However,

the estimate £ - 3.85 is too negative, as it is well known

that the corresponding divalent ions react readily with the

hydrated electron, which species has a redox potential of

- 2.86 V (AnbB-73, Mat-75).

\»

6.3.4 Relaxation

Reduction or oxidation is generally accompanied by

relaxation, because the metal-ligand bond lengths are diffe-

rent in the oxidized and reduced states. Standard redox

4
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Cr Mn

Figure 4 Calculated ionization potentials for

the ions M(H2O)
+
& (o) , compared with

the experimental ionization potentials

for the ions M+(g) (L)

potentials are obtained at equilibrium, and thus contain the

effect of relaxation. So, the assumption of equal bond lengths

in oxidized and reduced states introduces an error in the

CNDO results. Beforehand it is impossible to give an esti-

mate of this error.

From observed internuclear separations in oxide

crystals it is shown that bond lengths for the trivalent ions

M3+ are shorter than for the divalent ions M2+ (HusP-57) . This

can be explained by the electrostatic attraction forces. So

the metal-ligand bond lengths are expected to be smaller for

the trivalent hexaquo complexes than for the divalent hexaquo

complexes.

The same electrostatic effect operates in the case

of the hexacyano and EDTA complexes. However, in the case of

the hexacyano complexes there is a strong compensating effect,
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the so-called ïï-back-bonding effect (GraB-63) . This explains

the exceptional high M-C bond strengths and it makes the bond

lengths in Fe(CN)g~ (0.191 nm, VanT-74) shorter than in

Fe(CN)2~ (0.195 nm, Van-72) and in Mn(CN)^~ (0.195 nm, VanT-74)b ,_ o
shorter than in Mn(CN)^ (0.200 nm, Van-70) . The Fe-0 bond

3+ 2+length differences for the Fe ' couple can .be estimated from
3+

crystallographic data: 0.197 nm is reported for Fe(H2O)6

(Cla-71), 0.214 nm (MonC-67) and 0.212 nm (OhtY-76) for

Fe(H~O)?+. The difference is 0.015 - 0.017 nm compared to
3—4-- 0.004 nm for the Fe(CN)g ' couple. From these observations

the bond length differences between oxidized and reduced

states are expected to be much smaller for the hexacyano com-

plexes than for the corresponding hexaguo complexes. Combining

this with the results of Table 6.5, it is concluded that rela-

xation accompanying reduction gives rise to an important ener-

gy contribution in the case of the trivalent aquo complexes,

but much less so in the case of the hexacyano complexes.
3+ 2+The trend for the M(H2O)6 ' couples, shown in

Figure 3, further clarifies the case. It is seen that the cal-

culated redox potentials follow the trend of the experimental

ionization potentials. This can be explained as follows. It is

shown by Hush and Pryce that the crystal field has a large im-

pact on the metal ion radii in case of the divalent hexaquo

complexes (HusP-57) . The large difference between r(V ),
2+

0.073 nm, and r(Mn ), 0.090 nm, can be attributed for 90%

to the crystal field effect (HusP-57). Therefore, it seems

reasonable to assume that the differences Ar , between the

radii of the reduced and oxidized states vary with the metal

because of the different crystal field effects. At least this

offers a simple explanation for the difference in the trends

of the ionization and redox potentials. But then it is not

surprising that the assumption Ar r e d o x = 0 leads to the ab-

sence of the crystal field effect in the calculated redox po-

tentials (Figure 3).

It can be concluded that at least part of the diffe-

rences in total energy between the two states are due to geo-

metrical changes. Neglect of these changes still leads to
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reasonable results for the hexacyano complexes, but in the

case of the hexaquo complexes discrepancies with the experi-

mental results are found. Clearly, separate bond lenght opti-

mizations for the oxidized and reduced states are required to

solve this problem. However, test runs with the scheme used

here, showed that the dependent; •; of the total energy upon

the bond lengths is unrealistic. This obviously limits the

use of the described method for the calculation of redox po-

tentials of metal complexes.

Recently Bhattacharrya reported optimum bond lengths

of the octahedral aquo complexes, V ', Cr , Fe , Co and

Ni2+, calculated by a CNDO method developed from the CNDO/2

method of Pople et al. (PopB-70). The calculated bond lengths

are too small by about 0.05 (!) nm (Bha-82) . Clack et al,

reported some optimum bond lengths calculated with CNDO for

the systems TiO+, NiFg" and CrFj?" (Cla-74) and Fe(CN)g~ and

Fe(CN)g~ (ClaM-76):

TiO+ : calculated 0.158 nm, experimental 0.162 nm

4—
NiFg : calculated 0.200 nm, experimental 0.200 nm \

CrFg" : calculated 0.213 nm, experimental 0.193 nm j

Fe(CN)g" : calculated 0.187 nm, experimental 0.191 nm J

Fe(CN)g : calculated 0.188 nm, experimental 0.195 nm

It appears that bond length optimization is a major >

problem of CNDO calculations involving metals. Only if this L

problem is solved, reliable trends of redox potentials can be /

calculated with an approximate molecular orbital method. j

6.4 Conclusions .j

"3 A '3

For the series M(CN)^~' the CNDO calculations give 4

a qualitative correct trend for the redox couples. The unknown j

standard redox potentials for the couples Cr(CN)g~'5~ and J

Fe(CN)fi~' "" are deduced as - 1.7 and - 2.5 V respectively. The -;
AC '

very low value for the FefCN)*"'13" couple i s compatible with I
the low react iv i ty of Fe(CN)4- towards the hydrated electron i
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|j/ compared with the other haxecyano complexes: k 1 105 M" 1S~ 1,

% whereas for the complexes Cr(CN)g~, Cr(CN)g~, Co(CN)g ,

Co(CN)g~, Fe(CN)g~ and Mn(CN)g~: k > 3 * 109 M~1s~1.

The agreement with the experimental data is rather

| poor for the M ' couples. Prom the calculated trend and

the absolute values it is concluded that the discrepancy is

, • caused by the assumption of equal bond lengths for the oxidi-

zed and reduced states. Thus it appears that the method pre-

sented in this chapter is of use only to a certain class of

compounds. The relatively cheap, parametrized CNDO method is

not capable of calculating both geometrical and spectrosco-

pical parameters in a reliable way, given a particular choice

of parametrization.
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CHAPTER 7

TERNARY COMPLEXES OF Cu(DTPA), Ni(DCTA) , Cr(EDTA),

Co(HEEDTA), Ni(HEEDTA) AND Cu(HEEDTA) WITHOH",

STUDIED WITH POTENTIOMETRIC TITRATION

7.1 Introduction

The ligands EDTA4", HEEDTA3", DCTA4"" and DTPA5" + )

form very stable chelates with the transition metal ions (SchF-

65, SilM-64, SilM-71, Per-79) . The stability constant is de-

fined by:

Jj IJ ) (7.1)

Only in strongly acid and alkaline solutions these

chelates dissociate and free metal ions or hydroxo complexes

are formed (Kra-78). In the intermediate region there is the

possibility of ternary complex formation according to:

MLn" + H20 % * ML (OH) (n+1>~+ H+ (7.2)

ML (OH) (n+1)" + H2O F = 5 ML(OH)^n+2)~+ H+ (7.3)

EDTA stands for ethylenediamine-tetraacetate

HEEDTA stands for N-hydroxyethyl-ethylenediamine-triacetate

DCTA stands for diaminocyclohexane-tetraacetate, and

DTPA stands for diethylenetriamine-pentaacetate.
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The composition and the charge of the chelates ML

thus depend on the pH. For the interpretation of our kinetic

experiments described in Chapter 3, the charge of the com-

plexes around pH 11 is required. Therefore it was decided to

perform titration experiments for these complexes.

7.2 Experimental

7.2.1 Preparation of the complexes

H3CuDTPA. 3H2O

This compound was prepared according to a modifica-

tion of the procedure of Sievers and Bailar (SieB-62). 3.01 g
33g (7.65 mmol) was dissolved in 60 cm water together with

2.41 g CuSO^.5H~O (9.65 mmol). The pH was brought at about 10

with NaOH solution and the copper hydroxide precipitate was

removed by filtration. The filtrate was brought to pH 1.7 - 1.8

by the addition of a sulfuric acid solution. The volume was

then reduced to 8 cm by means of a rotavapor. To the hot solu-

tion (75 °C) 4.5 cm absolute ethanol was added slowly under

stirring. After cooling the blue solid product was collected

by filtration and washed twice with 2 cm absolute ethanol.

From the filtrate a second crop was obtained by a further re-

duction of the volume and adding 2 cm absolute ethanol. Total

yield 95%. The product was recrystallized from pure water and

the crystals were dried at 80 °C.

Analysis: calculated for H3CuDTPA.3H2O: C, 33.04; H, 5.35;

N, 8.25; 0, 40.88.

Found: C, 34.33; H, 4.82; N, 8.49; 0, 38.00.

HCr(III)EDTA.2H2O

2.132 g KCr(SO4)2 (4.27 mmol) was dissolved in 25 cm
3

together with 1.248 g H4EDTA (4.27 mmol). The solution was

heated to reflux under stirring. After 30 minutes the solution
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was deep purple. After another 30 minutes refluxing was stopped
3

and the volume was reduced to 10 can by boiling. To the hot so-

lution (80 °C) 15 cm absolute ethanol was added under stirring

and a dark precipitate was formed. The mixture was cooled to

room temperature and the precipiate was collected on a G-5

glass filter and washed with 5 cm absolute ethanol. It was

dissolved in 50 cm water by heating and stirring. The volume

was reduced to 25 cm by means of a rotavapor and 20 cm t-

butanol was added. The solution was set in a refrigerator and

after several days purple-black crystals had formed. They were

collected by filtration and washed with absolute ethanol and

dried in a vacuum desiccator over silicagel.

Analysis: calculated for HCrEDTA.H2O: C, 31.84; H, 4.54; N,

7.42; 0, 42.41.

Found: C, 32.26; H, 4.30; N, 7.53; 0, 40.90.

HCo(II)(HEEDTA).H2O

3.2925 g Co(C104)2 (9.00 mmol) was dissolved in

100 cm3 water together with 2.5010 g H,(HEEDTA) (8.99 mmol).

After reaction the volume was reduced to 25 cm and cooled to

room temperature. Pink crystals had formed in a few days. They

were recrystallized once from water and dried at 80 °C.

Analysis: calculated for HCo(HEEDTA).H2O: C, 34.01; H, 5.14;

N, 7.93; O, 36.25.

Found: C, 33.86; H, 5.11; N, 7.83; 0, 36.18.

HNi(HEEDTA),H2O

6.5718 g Ni(C104)2 (17.97 mmol) was dissolved in
100 cm3 water together with 4.985 g H3(HEEDTA) (17.91 mmol).
The same procedure was then followed as for the cobalt complex,
leading to blue cyrstals that were recrystal l ized once from
pure water.

Analysis: calculated for HNi(HEEDTA).H20: C, 34.03; H, 5.14;
N, 7.74; 0, 36.27.
Found: C, 29.94; H, 5.05; N, 6.99; 0, 40.85.
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HCu(HEEDTA.H2O

1.9882 g CuCo3.Cu(OH)2 (17.98 mmol) was dissolved in

100 cm3 water together with 5.007 H3HEEDTA (17.99 mmol). The

same procedure was then followed as for the cobalt complex,

leading to light blue crystals that were recrystallized once

from pure water.

Analysis: calculated for HCu(HEEDTA).H2O: C, 33.57; H, 5.07;

N, 7.83; O, 35.78.

Founds C, 33.61; H, 5.02; N, 7.55; 0, 35.78.

H2NiDCTA.4H2O

About 70 g H^DCTA was added to 100 cm water and

solved by adding NaOH pellets and stirring. The pH was kept

at about 11. An equivalent amount of Ni(ClO^)2 was added. After

dissolution a deep blue colour had developed and the pH was

about 2. Solid impurities were filtered off. After a few days

standing at room temperature light green-blue crystals had

formed. They were collected and recrystallized once from pure

water and dried in an desiccator over P2Og.

Analysis: calculated for H2NiDCTA.4H2O: C, 35.39; H, 5.94;

N, 5.89; O, 40.42.

Found: C, 37.99; H, 4.92; N, 6.31; 0, 34.57.

7.7.2 Titration procedure

The measuring system consists of a Philips CA-ll

combined glass electrode fitted to a Philips PW 9048 digital

pH meter, with a read-out of ± 0.01 pH. Calibration was done

with freshly prepared standard buffers, 0.25 M Na2HPO4/KH2PO4,

pH 6.860 at 25 °C, and 0.01 M borax, pH 9.177 at 25 °C (Bat-

73). A 0.1 N NaOH solution was prepared from CO2-free water in

a pyrex volumetric flask. Titrations were performed in a 100

cm vessel under a nitrogen atmosphere, using a Metrohm preci-

sion buret, making possible additions of 0.01 cm .
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The solutions were prepared by dissolving 0.2 - 0.5
iranol of the acid complex in a 0.1 M NaCl solution. During the
dissolution process and the titration nitrogen was continuously
bubbled through. The temperature was not controlled, but was
constant within 0.5 °C during each experiment. The titrant was
standardized with potassium hydrogen phtalate, dried at 120 °C
for two hours. The correlation between pH readings and [H ] or
[OH~] was established by a titration of HCl under the same con-
ditions as the experiments.

7.3 Results and discussion

We report the equilibrium constants as acid dissocia-

tion constants defined by

K {HA} = [Hl*[Al/[HAl (7.4)
a

The calculated p K a values refer to concentration constants and
are thus only valid at the particular ionic strength used. To
compare the results with the values from the literature one
should take the activity coefficients into account. These can
be found in the literature, or, alternatively, they can be cal-
culated. Unfortunately, it is not always clear whether the re-
ported constants are activity constants or concentration con-
stants (or something in between). In that case comparison of
results is an ambiguous matter. Furthermore, at high ionic
strengths activity coefficients cannot be calculated accura-
tely (Moo-72).

For the complexes CuDTPA3", Ni(HEEDTA)"* and NiDCTA2"
equilibrium (7.2) played no significant role in the experiments
(pH < 12). Equilibrium (7.3) was only significant in the case
of CrEDTA. A compilation of the results is given in Table 7.1.

7.3.1 H3CuDTPA

This complex is very stable even at low pH. When the
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free ligand is in the form H2DTPA ~ there still remain 6 coor-

dinating groups for the copper ion. The stability constant
3 s 1010.2 (Kra_78)m I t c a n t h e n b e c a l c u_

2

lated that, at a total complex concentration of 2 mM and pH 2,

the degree of dissociation is less than 1%. Consequently, the

only equilibria taken into account are:

H,CuDTPA

H2CuDTPA

HCuDTPA'2-

H + H2CUDTPA

H+ + HCuDTPA2"

H+ + CuDTPA3"

(7.5)

(7.6)

(7.7)

5 10
VOLUME (ML.)

Figure I Titration of 0.2129 mmol H3Cu(DTPA) with 0.1125 N

NaOH. Temperature 23 °C, ionic strength 0.1 (NaCl) .

The curve is calculated by taking the pKa~values 2.1,

2.8 and 4.75, the points are observed values.

'4.
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The acid d i s soc ia t ion constants can be ca lcu la ted

from data in the l i t e r a t u r e (Kra-78):

HDTPA4"! * [ HCuDTPA2"l »[ Cu2+l [ H

[H2CuDTPA~] [H 2DTPA ] [HDTPA*~] [ Cu^ ] [ H 2 C U D T P A " ]

, HDTPA4~ H2DTPA3~
= K a {H 2 DTPA " } K 2 / K

pK„{H,CuDTPA~} = 8.59 - 15.7 + 10.2 = 3.09.

Similarly one obtaines pK {̂HCuDTPA } = 4 .75 . From
a

the experimental titration curve it can be seen that this value

coincides well with the second inflection point (Figure 1).

When is was tried to fit the experimental points with
pK,{H.,CuDTPA~} = 3.09 and pK {HCuDTPA2"} = 4.75 the fit was

a * el

not good in the region around pH 3 for any value of

pK {HoCuDTPA}. Using the graphical method described by Schwar-

zenbach et at. (SchW-47) the approximate values

pKa{H3CuDTPA} =2.2 and pK {H2CuDTPA~} =2.7 were calculated.

The values that fitted the experimental curve best were then

deduced as pKa(H3CuDTPA} =2.1 and pKa{H2CuDTPA~} =2.8 res-

pectively. From the experimental points in the alkaline region

it can be estimated that pKa for the complex CuDTPA = ̂  13.

7.3.2 HCrEDTA

Titration of this compound gives two equivalence

points (Figure 2). The equilibria are:

HCrEDTA ^ » H+ + CrEDTA~ (7.8)

H2O + CrEDTA~ ^ > H+ + CrEDTA(OH)2" (7.9)

H20 + CrEDTA(OH)
2" ^ H+ + CrEDTA(OH)2~ (7.10)
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Dissociation of the complex CrEDTA into Cr + and the free

ligand is of no importance even at pH 2 (aD < 0.01%), because

of the high stability of the complex: stability constants are
loS(*5S£-> - 23-4' ̂ « K K T I * • l5'1 <Kra-78). So we
only have to take (7.8), (7.9) and. (7.10) into account for the

calculations. For all three equilibria acid dissociation con-

stants are reported in the literature. Furlani et at. give

the respective pKa values 2.27, 7.41 and 12.2 at 18 °C and

ionic strength 0.15 (FurM-69). Kragten gives pKa(CrEDTA~}=7.40.

From the stability constants for HCrEDTA and the fourth acid

dissociation constant of H4EDTA it can be calculated that

pKa{HCrEDTA} = - (- 10.34 + 23.4 - 15.1) = 2.04 (Kra-78). The

agreement with these literature values is reasonable, consider-

ing the fact that the lowest and the highest pK values are

outside the experimental pH range.

5 10
VOLUME (ML)

Figure 2 Titration of 0.2264 mmol HCr(EDTA) with 0.1126 N

NaOH. Temperature 25 C, ionic strength 0.1 (NaCl).

The curve is calculated taking the pK -values 1.84

and 7.34, the points are observed values.
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7.3.3 H2NiDCTA

From the acid dissociation constants of H^DCTA and

the stability constants - and HNiDCTA (Kra-78) it

can be estimated that the degree of dissociation aD of the

NiDCTA2" chelate into Ni and the free ligand is about 6%

at pH 2 and about 1% at pH 2.5. For the calculation of the

acid dissociation constant this was neglected. As a consequence

the calculated pK, values will be slightly too high. However,

this systematical error is smaller than the experimental error.

The acid dissociation constants were evaluated according to

the graphical method described by Schwarzenbach et al. (SchW-

47), leading to the approximate values 1.6 and 2.0. In the

literature the values 1.80 and 2.74 are reported at y = 1-25

and 25 °C (MarB-63). However, these pKa values do not refer

to concentration constants nor to activity constants. The pK

values based on concentration constants will be significantly

lower because the activity coefficient of H+ has to be taken

into account.

7.3.4 HCo(HEEDTA), HNi(HEEDTA) and HCu(HEEDTA)

In the Figures 3, A and 5 the experimental points

are given together with the calculated titration curves.

At pH 2 - 3 the equilibrium is:

HM (HEEDTA + M (HEEDTA)' (7.11)

For the calculation of the acid dissociation con-

stants it was assumed that no significant dissociation ac-

cording to M(HEEDTA)" * M2+ + HEEDTA3" occurred. The va-

lidity of this assumption can be checked after the calculation

of the pKa(HM(HEEDTA)} values. It was justified in the cases

of nickel (aD < 1%) and copper (ctD < 0.4%). In the case of

cobalt, aD < 15% at the lowest pH. The value for

pKa{HCoHEEDTA} may therefore be somewhat too high, as the free

ligand HEEDTA ~ takes up two or three protons in this pH region.
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Figure 3

5 10
VOLUME (ML.)

Titration of 0.S811 mmol RCo(HEEDTA) with 0.1121 N

NaOH. Temperature 24 °C, ionic strenght 0.1 (tiacl) .

The curve is calculated taking the pK -values 2.24

and 21.74, the points are observed values.

10 20
VOLUME (ML.)

30

Figure 4 Titration of 1.190 mmol HCa(HEEDTA) with 0.1126 N
NaOH. Temperature 25 °c, ionic strength 0.1 (NaCl).
The curve is calculated taking the pK -values 2.44
and 10.44, the points are observed values.
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5 10
VOLUME (ML)

Figure 5 Titration of 0.5803 mmol HNi(HEEDTR) with 0.1121 N

NaOH. Temperature 24 C, ionic strength 0.1 (NaCl).

The curve is calculated taking the pK -values 1.88

and 13.0.

It is estimated that this systematical error is less than

0.1 pK units. In spite of the experimental errors it is clear

from Table 1 that the nickel complex is a stronger acid than

the copper complex. This finding is contrary to the results

of Bydalek and Margerum. They reported values of 2.54 for

pKa{HNiHEEDTA} and 2.32 for pKa{HCu(HEEDTA) } in 1.25 M NaC104
at 25 °C (BydM-63). It must be noted that the values of Byda-

lek and Magnum do not refer to concentration constants.

These can be obtained by taking the activity coefficient of H+

in account, resulting in lower pKa-values. However, this can

not explain the mentioned discrepancy.

In alkaline solutions a ternary complex with OH*" is formed:

M(HEEDTA)' + H2O M(HEEDTA)OH2~ H (7.12)

The results for these equilibria may be compared with those

for the corresponding EDTA complexes. For NiEDTA2", Bhat and



133

Table 1 Acid dissociation constants for some acid metal

chelates. The medium is 0.1 M NaCl. pK-values refer

to concentration constants.

Complex

H3CuDTPA.3H2O

H2NiDCTA.4H2O

HCrEDTA.2H,0

idem

HcO(HEEDTA).H

HNi(HEEDTA).H

idem

Molecular

theor

508.

475.

377.

2° 353

2° 353

HCu(HEEDTA).H20 357

idem

9

1

3

.2

.0

.8

mass

expt

505.

478.

373.

371.

355.

360.

349.

358.

358.

•

4

5

5

8

9

7

3

6

1

pK

2.

2.

4.

1.

2.

2.

7.

12.

1.

7.

11.

2.

11.

1.

1.

12.

2.

10.

2.

10.

-values
a.

l +

8 +

75 ±

-\> 13

6 ±

0 ±

-\, 13

16 ±

35 ±

35 ±

84 ±

34 ±

77 +

24 ±

74 +

88 ±

<v 1 2

73 ±

44 ±

51 ±

46 ±

44 ±

44 ±

0.

0.

0.

0.

0.

0.

0.

0.

0.

0.

0.

0.

0.

0.

.8

0.

0.

0.

0.

0.

0.

3

15

05

15

1

2

01

05

3

01

1

2

05

05

02

1

05

05

02

02

Temp.

(°O

23

25

25

25

24

24

24

Literature

(value)

-

3.

4.

-

1.

2.

-

2.

7.

12.

-

2.

2.

09

75

80

74

04

40

2

54

32

a)

b)

b)

a)

a)

c)

d)

d)

a)

b)

c)

d)

Kra-78

MarB-63

FurM-60:

BydM-63:



134

Krishnamurthy report a pKg-value of 13.52 ± 0.1 at ionic

strength 1 and 25 °C (BhaK-63). This value refers to a con-

centration constant and at lower ionic strength this pKa-

value will even be higher. For instance, the value at ionic

strength 0.1 can be roughly estimated as 15.5 according to the

Debye-Huckel limiting law (Moo-72). This may be compared with

the approximate value found for the Ni(HEEDTA)"" complex, 12.6.

The large difference can be explained according to Beck: the

less stable chelate, in this case Ni(HEEDTA)", forms a more

stable ternary complex with OH than the more stable chelate
2—

NiEDTA . The general formulation of this rule, expressed in

stability constants, is (Bec-70):

X
(7.13)

The validity of Beck's rule for other ternary com-

plexes is illustrated in Chapter 8 of this thesis. Applied

to the complexes Ni(HEEDTA)" and NiEDTA2"" this rule says that

Ni(HEEDTA)" takes» up an OH~ ion more readily than NiEDTA2",

i.e. Ni(HEEDTA)" is a stronger Lewis acid than NiEDTA2". A

similar statement can be made for the cobalt and copper com-

plexes. For Co(HEEDTA)" pKa = 11.74 is found, compared with

13.17 for CoEDTA2" (y = 1, 25 °C, BhaK-63). For Cu(HEEDTA)"

PK:a
10.45 is found, compared with 11.60 for CuEDTA (JJ = 1,

25 C, BhaK-63). So in all three oases, Beck's rule is obeyed.
2_

In view of these results the pK -value 12.20 for NiEDTA
Cl

found in the literature must be considered as doubtful (Kra-78)

7.4 Conclusions

The complexes NiDCTA2", CuDTPA3" and Ni(HEEDTA)~

do not readily form ternary complexes with OH~. CrEDTA~ forms

a ternary complex with OH~ already at pH 7.3, and a second OH*

to the central ion at about pH 12. The chelates Co(HEEDTA)~

and Cu(HEEDTA)" form ternary complexes with OH~ with pK ~

values 11.74 and 10.45 respectively.
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CHAPTER 8

TERNARY COMPLEXES OF THE Cu(II) AND Ni(II)
CHELATES OF EDTA AND DCTA WITH CYANIDE

AND ETHYLENEDIAMINE

J. KORSSE, L. A. PRONK, C. VAN EMBDEN, G. LEURS

and P. W. F. LOUWRIER

National Institute for Nuclear Physics and High-Energy Physics Research [NIKHEF. Section K (formerly IKO|],
P.O. Box 4396, 1009 AJ Amsterdam. The Netherlands

(Recehed 24 February 1982. Revised 2 July 1982. Accepted 25 .-liij/nst 1982)

Summary—The formation of the ternary complexes CuEDTA(en)2". CuEDTA(CN|'", CuDCTA-
(CN)1". NiDCTA(CNlJ" and NiEDTA(en)2" has been established speclrophotometrically. The stability
constants found were log K = 2.87 + 0.03. .1.76 ± 0.06, 2.64 + 0.35. 2,41 + 0.21 and 2.74 + 0.35 re-
spectively. For (he system CuDCTA2* + en no ternary complex was observed, instead Cu(en)i* was
formed. No reaction was found for the systems CoEDTA2' + NJ. CoDCTA2" + N{. NiDCTA2" +
en. NiDCTA2 + phen, NiEDTA'" + phen. NiDCTA2" + NJ. NiEDTA1' + N; . CrEDTA' +
NHj, CrEDTA" + CN". CMEDTA 2 ' + N., :ind CuEDTA2 + N.,. The systems CoEDTA2" + en
and CoDCTA2" + en involve more than one equilibrium. The absorption spectra of Ihe ternary com-
plexes between 500 and 850 nm are reported.

Ethylenediaminetetra-acetic acid (EDTA) and trans-
1,2-diaminocyclohexane-N.N-tetra-acetic acid (DCTA)
form very stable 1:1 chelates with transition metal
ions.1"3 Since Schwarzenbach published his articles
on these chelates much effort has been devoted to the
elucidation of their structures.

In crystals containing the EDTA complexes of
Cu2*,4 C o 3 ' , ' Co2*." M n 2 V F e 3 \ 8 and Z n : \ " the
ligand is sexidentate. It is qüinquedentate in crystals
of the acidic complex H2NiEDTA.10

In aqueous solutions sexidentate EDTA complexes
are reported for F e 3 \ " Co2*.6 and Mn2 + .12 In the
case of Mn 2 + it has been established by NMR that
the co-ordination sphere includes a water molecule.' :

In acid solution the protonation of a carboxylic group
leads to qüinquedentate EDTA.13 In the pH region
5-9 the complexes A1EDTA", FeEDTA". CrEDTA"
and MnEDTA" take up an OH" ion.1* Complexes
of EDTA and DCTA with N i 2 \ Co 2 + , Cu 2 + . Fe3 +

and Hg2 + have been reported to form ternary com-
plexes with CN" , CNS", NH3 and ethylene-
diamine.1*"17

For our investigation of the reactivity of ternary
complexes towards the hydrated electron18 we needed
the stability constants of the ternary complexes
CuEDTA(en)2". CuDCTA(en)2-, CuEDTA(CN)3",
CuDCTA(CN)3". NiEDTA(en)2" and NiDCTA-
(CN)3~. In this paper the results of our investigations
on these complexes are reported.

The continuous-variation and molar-ratio spectro-
photometric methods19 were used to study the equili-
bria. The first was used only for assessment of the
stoichiometry; the changes in the AA values were too
small to be used for calculating reliable values for the
stability constants.

EXPERIMENTAL

Reagents
All chemicals were of analytical grade (Merck. Fluka).

They were used without further purification. Deminera-
lized water was further purified by means of a Millipore
"Milli Q2" apparatus, which removes most of the organic
impurities. The conductivity was about 0.05 MO~ ' . cm" ' .

Molar-ratio method
For this method a stock solution A was prepared by

dissolving an appropriate amount of the acid form of
EDTA or DCTA with sodium hydroxide solution, in a
small beaker, to give a neutral solution. The calculated
amount of CuSO4.5H2O, Ni(C104)2.6HjO or
Co(CI04)2.6HjO was then added. Sodium perchlorate
was added and the pH adjusted with sodium hydroxide
solution to the value required for the experiments. The
contents of the beaker were transferred quantitatively to a
standard flask with a sodium hydroxide solution of the
required pH, and this stock solution was then diluted to
volume.

A second slock solution B was prepared by dissolving
appropriate amounts of potassium cyanide or ethylcne-
diamine hydrochloride and sodium perchlorate (in some
cases EDTA or DCTA was also added). After adjustment
of the pH this solution was transferred to a standard flask
and diluted to volume with a sodium hydroxide solution of
the required pH.

The concentrations of the completing species in the
stock solutions were ten times those in the final solutions
to be measured, which were prepared by mixing stock sol-
utions A and B in 100-ml standard flasks and diluting them
to volume with 0.1M sodium perchlorate at the required
pH. No special care was taken to prevent absorption of
carbon dioxide from the air. The alkaline solutions were
exposed to air as briefly as possible.

For the CuEDTA2' + en measurements
The samples contained:
(i) 2.002mM CuEDTA2": i „ = [EDTA]„„„ = 0. 1.59.
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3.18. 4.76. 6.35 and 7.94mA/: o.lAJ NaCIO4; pH = 11.0: is given by:
T=293K.

liil 2,00mA/ CuEDTA2 : ce„ = [EDTA]„„„ = 0. 1.4,
10. 3.2. 4.8 and 6.4mA/: O.1A/ NuClO4; pH = IO.K5:
T = 296.5 K.

,x [MLXJ
MLX" [ML][Xi" (2)

Fur the CuDCTA + en measurements
2.1X)mA/ CuDCTA-": [DCTA]„„„ = 0.2mA/; cm = 0.

0,5, 0.75, 1.0. 1,5, 2.0. 4.0. 6,0, 8.0mA/: 0.1 A/ NaClO4;
pH = 11.0: T = 300 K.

For the CuEPTA2 + CN measurements
1.00mA/ CuEDTA2 : [EDTA] t t„„ = 5.0mA/; iCN =

0,0.25,0.38.0.50,0.75. 1.0. 1.5, 2.0. 2.5mA/: 0.1 A/ NaClO4;
pH = 10.8: ambient temperature.

For the CuDCTA2' + CN' measurements
2,00mA/CuDCTA2 : [DCTA]„„„ = l.99mA/; rCN =

0, 0.50, 0.75. 1.00, 1.50. 4.00. 6.00. 8.00mA/: 0.1 A/ NaClO4;
pH = 11.0: T = 300 K.

For the NiEDTA2' + en nwasuremvnts
5.0mA/ NiEDTA-'": [EDTA]„„„ = 1.0mA/; <•«„ = 0. 2.

4. 7, 10. 15mA/; pH = 1 I.I: no NuC!O4 added.

For the NiDCTA-' + CN' nwasurvments
5.01mA/ NiDCTA2"; [DCTA]„«„ = 0.53mA/; tCN- =

0. 0.4, 0.8. 2.0, 4.0. 6.0, 10.0. 15.0. 20.0mA/ 0.1AZ NaCIO4;
pH = 11.0: ambient temperature.

Method of continuous variations
For this method two stock solutions were prepared,

similarly to solutions A and B described above. From these
stock solutions series of 11 solutions were prepared by
mixing and diluting to volume with 0.1 Af sodium perchlor-
ate. The following series were measured:

'CUEDTA + c«„ = 1 .OmAZ: [EDTA]„„„ = 2c,„: O. I Af
NaClO4;pH = 11.0.

CCUEDTA + <•«,, = 5.0mA/; [EDTA]e<„„ = 2<,„: 0.1 M
NaCIO4. pH = 11.0.

'CUEDTA + <CN- = 2mA/;. [EDTA]„„.. = cCliEDTA +
1.67cCN-; O.lAf NaClO4: pH = 11.0.

'CUEDTA + 'VN- = 9.28mA/; [EDTA]„„„ = CCUEDTA +
1.5iCN.; pH = 11.0; no NaClO4.

QUDCTA+C-CN =4.92mM: [DCTA]„«>% = ICtlDCTA +
<CN.: pH = 11.25; no NaClO4.

'NIDCTA + 'en- = 10.5mA/: no excess of DCTA; no
NaClO4: pH = 12.

The formation of the ternary complexes was complete
within the time necessary for preparing the samples. The
solutions were not temperature-controlled, but the tem-
perature variation within one series of measurements did
not exceed 0.5'.

Spectra of the solutions were recorded with a Pye Uni-
cam SP 1700 speetrophotometer directly after preparation
of the samples. According to the manufacturer the repro-
ducibility of the absorbance is 1°,, or 0.002. whichever is
the larger.

The pH was measured with a Philips CA 11 combined
glass electrode fitted to a Philips 9408 digital pH-mcter.
This system was calibrated with buffer solutions of pH = 7
and II or 12 (Merck Titrisoll. No effects were observed
that could be attributed to interference of perchlorate ions
in the pH measurements.

RESULTS AND DISCUSSION

The concentration stability constant for the equilib-
rium:

where M stands for the metal ion. L for EDTA or
DCTA and X for the secondary ligand. Measurements
for the determination of KM",.*,, must be made at con-
stant ionic strength. Furthermore, interfering substitu-
tion reactions such as

ML + pX^ 13)

have to be suppressed. This was done hy the addition
of an excess of L. ensuring that:

[MX,]
[ML] < 0.01.

The occurrence of a chemical reaction such us (I)
or (3) is usually accompanied by a change in the
absorption spectrum with change in the ratio
<W''x- In exploratory experiments at pH -11
np changes whatsoever were observed for the
following systems: CoDCTA2" + NJ, CoEDTA3

+ NJ. NiDCTA2" + en. NiDCTA2" + phenanthro-
line, NiEDTA2" +phenanthroline, NiDCTA2" +N3".
NiEDTA2" + NJ . CrEDTA" + NH3, CrEDTA" +
CN", CuEDTA2" + NJ and CuDCTA2" + N j .
There was evidence for a chemical reaction between
ethylenediamine and CoEDTA2" or CoDCTA2".
The results indicated that these systems contain more
than two different absorbing species.

For the systems CuEDTA2" + en. CuDCTA-"
+ en. CuEDTA2" + CN", CuDCTA2" + C N \
NiEDTA2" + en and NiDCTA2" + CN" the results
obtained with the molar-ratio method were analysed
by the matrix diagonalization program TRIANG.'"
This showed that not more than two absorbing spe-
cies were present in these systems. Thus only one
equilibrium was taken into account. We established

ML + H X ^ (1)

ccll./e,
Fig. I. The method of continuous variations for the sys-
tem CuEDTA2" + CN" : pH = 11.0; ICUEDTV + 'CN- =

9.28mA/; light-path 10 mm.



Tiible 1. Stability constants of ternary complexes of some EDTA and DCTA chelates with cyanide
and elhylenediamine

System Conditions4 log i log KMI

CuEDTA- + en

CuEDTA-
CuDCTA-1

CN
• CN

I (I -0 . l5 .pH = II.O.293K
\ ii -0.13.pH = 10.85.296.5

293 K
296.5 K.

/I = 0.15.pH = 10.8
/i = O.I2.pH = 11.0.300 K

NiEDTA3 + CN

NiDCTA3

NiEDTA"
CoEDTA-
CoDCTA--

-CN '
• en
h CN

,i = 0.l.pH = 11.0,298 K

ji = 0.12,pH = 11.0
pH = 11.1
;( = 0.2.pH = 11.7.298 K
ii = 0.1.pH = 11.5.298 K

18.8
18.8
18.8
22.0

18.6

20.3
18,6
16.3
19.6

Ref.

2.89 + 0.04
2.85 ± 0.05
3.76 + 0.06
2.64 + 0.35
3.59'1

4.08
3.76'
2.41 + 0.21'
2.74 + 0.35
3.30
1.59

c
c
c
c
24
25
26
c
c
27
25

'Measurements done at ambient temperature, unless specified otherwise.
"Literature values taken from ref. 3.
'This work.
''Value obtained by the mole-ratio method.
•Value from kinetic measurements.
'Unpublished results of Margerum and Hauer gave log K = 2.49 (ref. 22).
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ii = I in equation (1) for these systems, by using the
method of continuous variations, except for the
CuDCTA ;" + en system, where no ternary complex
is formed. Figure 1 shows the results of this method
forCuEDTAICN)3-.

Taking n = 1 in equation (1). the following equa-
tion was used for the calculation of KML X :

^•MLxLX]

where e,p|ure„, = .4. ltML, .4 is the absorbance, / the
light-path and cML the analytical concentration of
ML. which is kept constant while [X] is varied. Equa-
tion IS) is valid only if X and L do not absorb, which
is the case for the wavelength intervals studied.

For about 8-10 wavelengths 1/(KJJLX) was calcu-
lated by means of an iterative computer program. The
iteration was stopped when two successive slopes of
the plots of eappatem re. (eML - e.pp,„m).'[X] differed by
less than 1%. The unweighted average of the 1/(KMLX)
values at the different wavelengths was calculated,
giving KJLX- This method of calculation was unsuc-
cessful in the case of the CuDCTA2~ + en system,
where divergence occurred at every wavelength. For
the other systems consistent sets of stability constants
were obtained. The results are given in Table I.
together with some literature values. From the
measured absorption curves and KJJLX t n e absorption
spectra of the ternary complexes were determined
(Figs. 2. 5-8).

homers

Assuming that the secondary ligand X co-ordinates
to the metal ion by displacing one or two acetate
groups, geometrical isomers have to be considered.
For the unidentate CN~ ligand two isomers are poss-
ible, for the bidentate ethylenediaminc there are three
possible isomers (Schemes I and II). As each isomcr

Fig. 2. The system CuEDTA2' + en: pH = 11.0; 0.IM
NaCIO,,: 20 C: cCulaTA = 2.0O2miU: i„, = 0. 1.59. 3.18
and 7.<MmM for the curves a d . Curve e: calculated spec-
trum of CuEDTAlen)-" [equation (5)]. Curve f: fcn =
41mA/: i r u r x = O.55.U. Curve g: difference spectrum
lf-0.X5e|. i.e. assuming 15",, Cu(en);\ Light-path 50 mm.

Molar absorptivities are given for curves a and e.

(L
00

coo

CN
iOO

Scheme I. Geometrical isomers of the complex ML(CN).
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ooc

.coo

•coo

ooc-

ooc - '

Scheme II. Geometrical isomers of the complex ML(en).

has its own stability constant, the Kji.x values and
the absorption spectra have to be considered as aver-
age values for the possible isomers.

CuEDTAz' + en

Figure 2 shows some of the absorption spectra used
for the evaluation of the stability constant. The
CuEDTA(en)2" complex does not undergo any
further reaction under the experimental conditions
over a period of several months. The wavelength shift
of the absorption maximum is about 80 nm (Fig. 2).
This very large shift is in contrast with the zero shift
for the pair CuEDTA2" and CuEDTA(NH3)2.15

This indicates that ethylenediamine is co-ordinated
through both nitrogen atoms. Excluding co-ordina-
tion numbers higher than six for Cu(II), this means
that two acetate groups are displaced by the ethylene-
diamine molecule (Scheme II).

When it was attempted to verify the calculated
spectrum of CuEDTA(en)2". a third species interfered
(Fig. 2, curve 0. This was shown to be Cu(en)|+,
formed as a result of the high ionic strength of this
particular solution (n s 5). While KJÜSDTA decreases

Fig. 3. The system CuDCTA2" + en: pH = 11.0; 0.1JM
NaClO4; 27°C; cCu = 2.00mM: <•„„* = 2.2mM; c«„ = 0,
1.5,16mM for the curves a-c. Curve d: difference spectrum
(c - 0.65a). i.e.. assuming 35% Cu(en)|+. Light-path 50 mm.

Fig. 4. The CuDCTA2" + en system: pH = 11.86; iCu =
COCTA = 2.00mM. Light-path 50 mm: 720 nm.

with ionic strength. K^t„h will remain practically
constant, because the ethylenediamine ligand carries
no charge.'0 From the spectra c and f in Fig. 2 we
estimated A(log K) = log K2&nb - log KB?EDTA =
1.7 at this ionic strength. This value seems reliable
when compared with the value of A(log K) = 0.8 at
zero ionic strength.

CuDCTA1' + en

Figure 3 shows some of the absorption spectra.
From this and other experiments two general obser-
vations were made:

(i) the spectra! changes caused by variation of [en]
were smaller with larger excesses of DCTA;

(ii) at high [en] an absorption band at 550 nm
appeared, which is due to Cu(en)|+ (Fig. 3, d).

These observations indicate that the equilibrium:

CuDCTA2" + 2en<=^=Cu(en)i.+ + DCTA4" (6)

occurs. As there are only two absorbing species
present {vide supra) it can be assumed that this is
the only equilibrium involved. For the evaluation of
the equilibrium constant <i series of measurements
was performed without excess of DCTA. Taking
[CuDCTA2-] = a - .v. [en] = b - 2.v and [Cu(en)i+]
= ([DCTA*-] + [HDCTA3-]) = .v. we can deduce
the approximate formula:

.v = (/KlrtV» (7)

for .v i£ a and x <£ h.
This relation is confirmed experimentally (Fig. 4).

Taking the molar absorptivities of CuDCTA2" and
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Fig. 5. The system CuEDTA2" + CN~: pH = 10.8; 0.1M NaClO4; cCuEDTA = l.OOlmM; cm. = 0,
0.25, 0.50, 0.75 and 2.50mA/ for the curves a-e. Curve f: calculated spectrum of CuEDTA(CN)3",

assuming K = 5.8 x 103. Light-path 50 mm.

Cu(en)!+ at 720nm as 107 and 10.91.mole"1.cm"1

we calculated K6 a 10"0 4 from the slope in Fig. 4.
This value is not in agreement with the literature
values of KCSDCTA and Kc™tnl/ from which we calcu-
late K6 = 10"2*. As we thought that this discrepancy
might be due to an incorrect value for K(-ü3cTA, w e

tried to verify this value by studying the equilibrium

CuEDTA2~ + DCTA4"

" + EDTA*". (8)

As KC?EDTA is well established,2 a reliable estimate of
KCJDCTA can be obtained from Ka. As (8) is a slow
equilibrium, we let relaxation take place at -330 K.
We obtained Alog K = 2 at pH = 10.8, which is in
agreement with the literature values, which give Alog
K = 1.9, after correction for protonation of EDTA
and DCTA. The discrepancy mentioned above is
therefore not understood.

CuEDTA2- + CN' and CuDCTA2' + CJV"

For both systems 1:1 complexes are formed. The
spectra are shown in Figs. 5 and 6. With CuEDTA2"
the introduction of CN" leads to a shift of the
absorption maximum by about 20 nm. There is no
shift at all when CN~ is introduced into CuDCTA2";
this indicates that cyanide is bonded differently in the
ternary complexes CuEDTA(CN)3" and Cu(DCTA)
(CN)3". In the presence of cyanide Cu(II) is
reduced:21

2 Cu(CN)2." • 2Cu(CN)2"• + (CN)2 (9)
Our results for the systems CuEDTA2 + CN" and
CuDCTA2" + CN" indicate that this second order
redox reaction had not interfered seriously at the time
of measurement (within 1 hr after preparation). After
one day, however, the blue colour of the solutions had

faded significantly, possibly owing to reaction (9) or
similar reactions.

NiDCTA2- +CN- (Fig. 7)

The stability constant of NiDCTA(CN)3" is
reported to be 102*9 by Margerum et al.22 This value
is in good agreement with our value of log
K = 2.41 ± 0.21.

NiEDTA2- + en (Fig. 8)

The measurements on this system were not per-
formed at constant ionic strength. However, the K
value in Table I should be reasonably accurate,
because the neutral ligand ethylenediamine is
involved.20

ISO'

i - 100-

'E

's'
t
"ï 50-

////

IƒJ
d

- / b

900 GOO TOO

X(ntn)

Fig. 6. The system CuDCTA2" + CN": pH = 11.0; 0.1 M
NaClO4; cCu - 2.00mM; CDCTA = 3.99mM; cCN- = 0 , 0.75,
2.0, 4.0mM for tt-s curves a-d. Curve e: calculated spec-
trum of CuDCTA(CN)3", assuming K = 440. Light-path

50 mm.
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850

X (nm )

Fig. 8. The system NiEDTA2" + en, pH = 11.1. cNreDTA = 5.00mAf, en = 0, 2.00. 4.01. 7.01. 10.02 and
15.03mM for curves a-f; curve g: calculated spectrum of NiEDTA(en)2". assuming K = 550. Light-path

50 mm.

Fig. 7. The system NiDCTA2 ' + C N ' . pH = 11.0. 0.1 M
NaCIO* cN1DCH = 5.01mM. cCN- = 0,0.80, 2.01. 4.01. 6.02
and 10.03mM for curves a-f; curve g: calculated spectrum
ofNiDCTA(CN)3-, assuming K = 267. Light-path 50 nm.

CONCLUSIONS

Formation of the ternary complexes CuEDTA-
(en)2", CuEDTA(CN)3", CuDCTA(CN)3-, NiDCTA-
(CN)3" and NiEDTA(en)2" was established and con-
centration stability constants were evaluated. It
appears that for all the systems reported in Table I
the statement of Beck" applies, namely that the more
stable the 1:1 chelate, the less stable the ternary
complex:

KML,,,X (10)

where L m and L,i, are different primary ligands. In-
equality (10) also holds for the pairs CuEDTA(en)2"/
CuDCTA(en)2- and NiEDTA(en)2-/NiDCTA(en)2".
in view of the fact that CuDCTA(en)2" and Ni-
DCTA(en)2~ are not stable enough to be formed in
detectable amounts under our experimental con-
ditions.
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SUMMARY

The hydrated electron was a hypothetical species

until in 1962 Hart and Boag reported its intense absorption

spectrum with X 720 nm. The hydrated electron, or e__, ismax ay
not a stable species and disappears on the microsecond time

scale. So, in order to observe the hydrated electron one needs

a fast technique. The same technique as used by Hart and Boag

for their experiments, the pulse radiolysis technique, is

used for th» experiments reported in this thesis. An electron

accelerator <\-. aerates hydrated electrons in concentrations of

1 to 20 yM by an electron pulse of 0.5 or 5 us. The fate of

the hydrated electron is then followed by the light absorption

signal at 600 or 700 nm.

The hydrated electron is a powerful reducing agent

and it is very reactive towards many species. In this thesis

reactions of e a with some metal complexes are described. The

hydrated electron reacts by electron transfer and it is of

interest whether these reactions can be described by the

Marcus theory of electron transfer. This absolute rate theory

has been applied with reasonable success to many electron

transfer reactions between metal complexes in solution.

In Chapter 1, the literature on e~ reactions is
aq

briefly surveyed. Possible electron transfer mechanisms,

originating from the theory of redox reactions between metal

complexes reactions, are discussed with emphasis on the spe-

cial properties of e~ . A concise description of the experi-
aq

mental set-up is given in Chapter 2. Chapter 3 reports

the rate constants for the reactions with the EDTA, HEEDTA,

DCTA and DTPA complexes of Co(II), Ni(II) and Cu(II). Also,

rate data for the mixed complexes of these chelates with the

secondary ligands OH~, CN~, NH3 and ethylenediamine are given,
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as well as results for the EDTA chelates of Sm(III) and Eu(III)

in the presence and absence of fluoride.

The aminocarboxylate ligands EDTA, HEEDTA and DCTA,

compared with the aguo ligands, decrease the reaction rates

with e~ by a factor of 100 to 1000 in the case of Co(II)aq
and Ni(II). From calculations according to the Marcus theory

it is shown that this rate decrease may be explained quanti-

tatively by charge effects and the less negative free reaction

enthalpies for the negatively charged chelates. This view

seems to be valid for most of the other EDTA complexes too,

for which reaction rates with e are known in the literature.
aq

From the assumption that most of the metal EDTA and their cor-

responding aquo complexes follow the Marcus theory in their

reactions with e~ , it can be concluded that the reactions of
- " 3+ 3+ 2+ 3+
e with the metal ions Cr , Fe , Cu and Eu (and possiblya <3 + 3+
some others as Ag and Sm ) and their EDTA complexes are not
consistent with Marcus1 theory. This separation in two groups
is matched by the reaction free enthalpies: reactions of e~

3+ 3+ q

with Cr , Fe , etc. are accompanied by large negative free

enthalpies, < - 2 eV, whereas the other reactions, forming the

majority, are accompanied by moderate or small reaction free

enthalpies, > - 0.9 eV.

The ternary complexes provide a possibility to study

the effects of some simple ligands on the electron transfer

rates. The effects of the ligands OH~, F~, ethylenediamine

and NH3 are significant in some cases , but small. This can be

reconciled with the Marcus theory. The cyanide ligand is a

remarkable exception. It enhances the reactivities of Co(II)

and Ni(II) in the DCTA chelates by factors of 10 and 30 respec-

tively. These results cannot be reconciled with the Marcus

theory. The catalytic effect of CN on the reaction between

two negative reactants seems rather unusual. It is shown by

comparison with other results that the cyanide effect can be

explained by the facility of an alternative pathway for the

electron through the cyanide ligand, the super exchange mecha-

nism.

The copper complexes react much faster with the
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hydrated electron than the cobalt and nickel complexes. All
reactions of Cu(II) complexes with e reported in this
thesis, and also those reported in the literature, have rates
close to the diffusion controlled limit. Some rates are even
higher than this theoretical limit. The peculiar behaviour of
these reactions is also reflected in the very small kinetic

/ salt effects reported in Chapter 3. It is shown that the de-
viations from the Bronsted-Bjerrum equation cannot be attri-
buted to ionic association.

In Chapter 4 the possible explanation of the e~ +
Cu(II) and other results by long range electron transfer or
tunneling is discussed. From the numerical solution of the

i diffusion equation it is shown that tunneling leads to much
smaller kinetic salt effects than those according to the
Bronsted-Bjerrum equation. The reduction of the salt effect
can amount to 50%. The tunneling model adopted, is based
upon a distance-dependent energy barrier. This leads to the
prediction of a small but measurable negative kinetic salt
effect in the case of an uncharged oxidant. Fitting our data I;
for the ionic strength effects of the reactions of e with \
Cr(III)(EDTA)OH2" and Fe(III)(EDTA)(OH)*~ leads to the con- 1

i
elusion that in the first case no tunneling occurs, whereas j

: in the second case tunneling is the predominant mechanism. ;
In the cases of the reactions of e~ with CuEDTA ~,
Cu (EDTA) OH3"*, Cu(HEEDTA)", Cu(HEEDTA)OH2~, CuDCTA2" and \[

CuDTPA the kinetic salt effects are smaller than predicted /|
j by the model calculations. So, for these reactions the evi- 'ij

dence for a tunneling mechanism is somewhat uncertain. Also, :

.. experimental results from the literature were fitted with the

; model calculations. The fits are good for the reactions of |
j' e~ with CrO?~, IO~ and LiFe(CN)2". There is no doubt in the !
j. a q H 1 _ b vj
I cases of Cro3~ and 10. that the hydrated electron reacts by 1
k: * * 2- •**

f; tunneling. In the case of LiFe(CN)g the diffusion controlled |
| model gives similar results as the tunneling model and |

tunneling cannot be proven. f
Analysis of the rates of reaction of about 30 ef- •!

ficient electron scavengers with e according to the 5
aq •{.
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tunneling model, shows that the typical tunneling distance in

aqueous solution is 0.4 nm. It is concluded that the electron

is capable of tunneling through about three hydration layers.

In Chapter 5, experimental results are given for

the reactions of the transient species Cd(I)EDTA ~. It is

established that Cd(I)EDTA ~ reacts with alcohol radicals at
3-high rates. When no other radicals are present, the Cd(I)EDTA

species react by disproportionation with a rate constant which

is 20% of the diffusion controlled limit.
2— 3—

The redox potential of the couple Cd(I)EDTA '

is about - 2.3 eV. The reactivity of Cd(I)EDTA ~ is compared

with that of the hydrated electron towards the oxidants

Cr(III)(EDTA)OH2", Ni(II)EDTA2", Co(II)EDTA2", CO(III)EDTA",

Fe(III)(EDTA)(OH)^" and Cu (II) EDTA2"". The latter three species

are much more reactive than the former three. Of the species

Cr(III) (EDTA)OH2", Co(II)EDTA2*" and Ni (II)EDTA2" probably

only the chrome complex is capable of oxidizing Cd(I)EDTA

The reaction rates were too small to be measured in these

three cases. The reactions of e _ have higher rates than
3_ a3

those of Cd(I)EDTA . The reactivity orders for the e a and
3-

the Cd(I)EDTA reactions are in qualitative agreement.
In Chapter 6 the results of molecular orbital cal-

culations for some metal complexes are reported. The purpose

of these calculations was to estimate the redox potentials of

some EDTA and DCTA complexes. The divalent and trivalent aquo

complexes and the corresponding hexacyano complexes were also

subjected to these calculations, in order to compare the re-

sults with the experimental redox potentials. In the case of

the hexacyano complexes the results are in semi-quantitative

agreement with the experimental xedox potentials. Disagreement

was found in the case of the hexaquo complexes. From the ana-

lysis of the results it is concluded that the main problem is

the inherent assumption of equal bond lengths for the reduced

and oxidized states. In reality these bond lengths are diffe-

rent. In the case of the hexacyano complexes this difference

is quite small, about 0.005 nm, whereas it is much larger for

the hexaquo complexes.

In Chapters 7 and 8, the results of some supporting
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experiments are given. These concern the stability constants of

EDTA, HEEDTA and DCTA chelates of Ni2+, Co2+ and Cu2+ with the

secondary ligands 0H~, CN and ethylenediamine. The results of

these experiments are discussed in view of the relevant lite-

rature on ternary complexes.

• I

5 8

'=3
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SAMENVATTING

Totdat Hart en Boag in J.962 het absorptie-spektrum

van het gehydrateerde elektron wisten te meten, was het bestaan

van dit deeltje zuiver hypothetisch. Omdat het gehydrateerde

elektron, of e" , niet stabiel is en binnen enkele tientallenaq
mikrosekonden verdwenen is, is een snelle techniek vereist om

het waar te nemen. Hart en Boag gebruikten voor hun experimenten

de pulsradiolyse techniek, die ook gebruikt is voor de experi-

menten beschreven in dit proefschrift. Wanneer een waterige op-

lossing wordt bestraald met een elektronenversneller die korte

pulsen afgeeft (in dit geval 0.5 of 5 ys) , dan ontstaan gehy-

drateerde elektronen in concentraties van 1 to 20 yM. Het

verdwijnen van deze deeltjes kan worden gevolgd door de licht-

absorptie bij 600 of 700 nm te meten.

Het gehydrateerde elektron is een deeltje met sterk

reducerende eigenschappen. Het is dan ook reaktief ten op-

zichte van een groot aantal verbindingen. In dit proefschrift

worden reakties beschreven van het gehydrateerde elektron met

enkele metaalkomplexen. Reakties van het gehydrateerde elektron

zijn per definitie elektron overdracht reakties. Het is van

belang om te weten in hoeverre de Marcus theorie van elektron

overdracht reakties opgaat voor de reakties van het gehydra-

teerde elektron. De Marcus theorie voorspelt absolute reaktie-

snelheden en is met redelijk sukses toegepast op elektron over-

dracht reakties van metaalkomplexen in waterige oplossingen.

In Hoofdstuk 1 is een beknopt overzicht gegeven van

de reakties van het gehydrateerde elektron die bekend zijn uit

de literatuur. De mechanismen van elektron overdracht, zoals

die uit experimenten met metaalkomplexen bekend zijn, worden

besproken. Hierbij wordt speciale aandacht gegeven aan de

eigenschappen van het gehydrateerde elektron.

In Hoofdstuk 2 \rordt een beknopte beschrijving
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van de experimentele opstelling gegeven.

Hoofdstuk 3 bevat de gemeten snelheidskonstanten

voor de reakties van e" met de EDTA, HEEDTA, DCTA en DTPA
aq

komplexen van Co(II), Ni(II) en Cu(II). Verder zijn ook snel-

heidskonstanten gemeten van de reakties van e met een aantal

gemengde komplexen met de liganden 0H~, CN , NH^ en ethyleen-

diamine . Ook de EDTA komplexen van Sm(III) en Eu(III) met en

zonder F~ zijn bestudeerd. Het blijkt dat de liganden EDTA,

HEEDTA en DCTA de reaktiviteit van de metaalionen vermindert

met een faktor 100 to 1000, voor wat betreft cobalt en nikkel.

Deze resultaten kunnen goed beschreven worden met de Marcus

theorie. Het reaktiviteitsverschil is dan terug te voeren op

ladingseffekten en de veranderingen van de redoxpotentialen

van de metaalkoppels. Dit geldt tevens voor veel andere EDTA

komplexen, waarvan de reaktiesnelheden met e _ bekend zijn uit
aq

de literatuur. De aanname dat de Marcus theorie opgaat voor de

EDTA- en aquo-komplexen van de mee«3te metaalionen leidt tot

de konklusie dat de Marcus theorie niet opgaat voor de reakties

van e met de overeenkomstige komplexen van de ionen Cr ,
3+ 2+ 3+ + 3+

Fe , Cu en Eu (en mogelijk nog Ag en Sm ). Deze verde-

ling in twee groepen loopt parallel met het verschil in de

redoxpotentialen: de reakties van e~ met Cr , Fe , enz. gaan
aq

gepaard met sterk negatieve vrije reaktie enthalpieën, < - 2 eV.

De andere reakties, die de meerderheid vormen, gaan gepaard met

vrije reaktie enthalpieën van - 0.9 eV en hoger.

De gemengde komplexen bieden een mogelijkheid om

de effekten van eenvoudige liganden op de elektron overdracht

te bekijken. De effekten van de liganden OH~, P~, ethyleen-

diamine en NH3 zijn klein/ hoewel in enkele gevallen signifi-

kant. Dit resultaat is in overeenstemming met de Marcus theorie.

Cyanide vormt een opvallende uitzondering. Als ligand versnelt

het de reaktiviteit van CoDCTA2~ en NiDCTA2" met e~ met fak-

toren 10 en 30. Deze resultaten kunnen niet verklaard worden

volgens de Marcus theorie. Het katalytische effekt van cyanide

met betrekking tot de reaktie tussen twee negatieve reaktanten

is tamelijk ongewoon. Uit vergelijking met andere resultaten

kan de konklusie getrokken worden dat het cyanide ligand een
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alternatieve route biedt voor het elektron ("super exchange"

mechanisme).

De koper komplexen reageren veel sneller met e"
dan de cobalt en nikkel komplexen. Alle reakties van koper kom-
plexen met e" die bekend zijn uit de literatuur zijn (vrijwel)

aq

diffusie gekontroleerd. Enkele snelheidskonstanten zijn zelfs

hoger dan de diffusiebegrensde limiet. De reakties van e

met de koperkomplexen die in Hoofdstuk 3 zijn vermeld, vertonen

ongewoon kleine kinetische zout-effekten. Aangetoond wordt dat

de afwijkingen van de Brönsted-Bjerrum vergelijking niet kunnen

worden toegeschreven aan ion-associatie.

In Hoofdstuk 4 wordt de mogelijkheid van elektron

overdracht over lange afstand, of "tunneling" besproken als

verklaring voor de resultaten betreffende de koperkomplexen

alsmede enkele andere resultaten. Hiertoe werd de diffusie-

vergelijking uitgebreid met een tunneling term en met numerieke

methoden opgelost. Uit de resultaten blijkt dat tunneling kan

leiden tot sterk afwijkende zout-effekten. In bepaalde geval-

len wordt het zout-effekt met 50% gereduceerd. Het model dat

gebruikt wordt bevat een energie-barrière die toeneemt met de

afstand tussen de reaktanten. Dit leidt tot de voorspelling

van een weliswaar klein, maar meetbaar negatief zout-effekt in

geval van een tunneling reaktie van e" met een ongeladen

reaktant. De resultaten voor de reakties van e" met de kom-

plexen Cr(III)(EDTA)OH2" en Fe(III)(EDTA)(OH) ̂~ worden verge-

leken met de modelberekeningen. Het blijkt dan dat er in het

eerste geval van tunneling geen sprake is, terwijl de elektron

overdracht in het tweede geval voornamelijk via tunneling ver-
— 2-

loopt. De reakties van e met de koperkomplexen CuEDTA ,

Cu(EDTA)OH3", Cu(HEEDTA)~. Cu(HEEDTA)OH2", CuDCTA2" en CuDTPA3"

vertonen zout-effekten die nog kleiner zijn dan door de model-

berekeningen voorspeld worden. De bewijzen voor tunneling in

deze gevallen zijn niet geheel overtuigend. Ook enkele litera-

tuurdata werden gefit met de modelberekeningen. In de gevallen

van de reakties van e" met CrO^~, 10^ en LiFe(CN)g~ voldoen

de fits zeer goed. In de gevallen van CrO.~ en IOT is er geen

twijfel mogelijk dat de reakties verlopen via elektron
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t tunneling. In het geval van LiFe(CN)g~ geeft het diffusie be-

v grensde model dezelfde resultaten. In dit geval kan dus niet

met reden van tunneling gesproken worden.

Analyse van de resultaten van ongeveer 30 efficiënte

"electron-scavengers" volgens het tunneling model geeft als

resultaat dat in waterige oplossingen de tunneling afstand

/ ongeveer 0.4 nm bedraagt. Dit betekent dat het elektron in

staat is door drie lagen watermolekulen te tunnelen.

In Hoofdstuk 5 worden de experimentele resultaten

gegeven voor enkele reakties van de transient Cd(I)EDTA

Cd(I)EDTA "" reageert snel met verschillende alcoholradikalen.

Als er geen andere radiakeln in oplossing zijn dan reageren

<: de Cd(I)EDTA komplexen met elkaar met een snelheidskonstante

• die ca 20% is van de diffusie limiet.
2— 3—De redoxpotentiaal van het CdEDTA ' koppel is

ca - 2.3 V. De reaktiviteit van Cd(I)EDTA wordt vergeleken met
— 2—

die van ea£T» waarbij de oxidatoren zijn: Cr(III)(EDTA)OH ,
Ni(II)EDTA2-, Co(II)EDTA2"", Co(III)EDTA~, Fe(III) (EDÏA) (OH) l~

2—

en Cu(II)EDTA . Van de eerste drie is waarschijnlijk alleen

het chroom komplex in staat Cd(I)EDTA ~ te oxideren. In alle U

drie de gevallen is de reaktiesnelheid te klein om te meten. j

••• De overige drie reageren snel met het Cd(I)EDTA ~ komplex. h

~~ In alle gevallen verlopen de e reakties sneller dan de ;
3- g

reakties van Cd(I)EDTA . De reaktiviteitsvolgorde van de >
oxidatoren is in beide gevallen hetzelfde.

In Hoofdstuk 6 worden de resultaten van molecular

> orbital berekeningen gegeven. De bedoeling was met deze bere- f

f keningen de redoxpotentialen van enkele EDTA en DCTA komplexen

te bepalen. Om de methode te testen werden ook de aquo- en '

cyanokomplexen van de divalente en trivalente ionen doorge-

rekend, in welke gevallen vergelijking met de experimentele j

redoxpotentialen mogelijk is. De resultaten voor de hexacyano )l

komplexen zijn in semi-kwantitatieve overeenstemming met de |

experimentele waarden. In het geval van de hexaquo komplexen f

is die overeenstemming er niet. Uit een analyse van de resul- '*

taten wordt de konklusie getrokken dat de aanname van gelijke ;

bindingslengten in gereduceerde en geoxideerde toestand, >:•
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inherent aan de methode, het struikelblok is. De bindingsleng- i

ten zijn in werkelijkheid verschillend. In het geval van de ;

hexaxyano komplexen is het verschil tamelijk klein, ongeveer

0.005 nm, terwijl het voor de hexaguokomplexen veel groter is.

In de Hoofdstukken 7 en 8 worden de resultaten van

enkele ondersteunende experimenten gegeven. Deze experimenten ;

betreffen de bepaling van stabiliteitskonstanten van de ge- !
2+mengde komplexen van EDTA, HEEDTA en DCTA chelaten van Ni ,

Co + en Cu + met de sekundaire liganden 0H~, CN~ en ethyleen-

diamine. De resultaten van deze metingen worden besproken aan

de hand van de relevante literatuur.
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STELLINGEN

1. Het "omgekeerde" kinetisch zouteffekt zoals ge-

vonden voor enkele redoxreakties van Cr met

Co(III)-komplexen, moet worden toegeschreven aan

de toename van de viskositeit met 60% gaande van

1 M naar 4 M NaClO4.

- V.S. Srxnivasan en E.S. Gould, Inorg. Chem. 21_

(1982) 3854

- Landolt-Bomstein, "Zahlenwerte und Funktionen",

vol. Sa, Springer Verlag, Berlin (1969)

2. Het getuigt van wetenschappelijke nonchalance dat

Davis zijn theoretisch berekende hydratatie-ener-

gieën presenteert zonder zelfs melding te maken

van de tot nog toe meest succesvolle theorie op

dit gebied, de reeds lang bekende ion-quadrupool

theorie.
'i

- D.W. Davis, Chem. Phys. Lett. 9J_ (1982) 459 '\

- J.O'M Bockris en A.K.N. Reddy, "Modern Elec- J

trochemistry", vol. 1, p. 45-117, Plenum Press,

New York (1977)

3. De methode van Bhattacharyya et al. voor de be- U

paling van de afbraak van ethyleendiamine-tetra- (

acetaat (EDTA) door ioniserende straling is geba- i

seerd op komplexatie met Fe + en de sterke absorp-

tie van het FeEDTA komplex. Deze methode is dubieus, ••;

omdat de degradatieprodukten van EDTA sterk komple- ;|

xerende eigenschappen bezitten en de overeenkomstige A
3+ f*

Fe komplexen eveneens sterk zullen absorberen. 'i



- S.N. Bhattacharyya en K.P. Kundu, Rad, Res.

52_ (1972) 45

- J. Korsse, G.A.J. Leurs en P.F.W. Louwrier,

nog te publiceren

4. De onderlinge ligging van de door Milazzo en

Caroli vermelde redoxpotentialen voor de koppels

Sm3+/2+, - 1.00 V, en Yb 3 +' 2 +, - 1.205 V, is in
2+strijd met het experimentele gegeven dat Sm

3+in staat is Yb te reduceren.

- G. Milazzo en S. Caroli, "Tables of Standard

Electrode Potentials", John Wiley and Sons,

(1978) (uitgave van de IVPAC)

- M. Faraggi en ¥. Tendler, J. Chem. Phgs. 56_

(1972) 3287

5. De internationale chemie-tijdschriften verkeren

in een uitnemende positie om een eind te maken

aan de verwarring in de literatuur rond de thermo-

dynamische grootheden, G, de vrije enthalpie, en

F, de vrije energie. Het valt dan ook te betreuren

dat de desbetreffende aanbevelingen van de IUPAC,

daterend van 1969, nog steeds niet gehanteerd

worden door sommige van deze tijdschriften.

6. Bij de presentatie van zijn GC-scheidingsmethode

voor de kwantitatieve bepaling van vrije vetzuren

negeert Korhonen ten onrechte de mogelijkheid dat

een onbekende hoeveelheid materiaal op de kolom

achterblijft.

- I.O.O. Korhonen, Chromatographia 17_ (1983) 70



7. De konklusie die Goldstein trekt uit zijn

He(e,e'p) metingen, namelijk dat Koltun's som-

regel in dit geval niet opgaat, is voorbarig.

- V.A. Goldstein, Nucl. Phys. A392 (1982) 457

8. De konklusie van Otozai en Takahashi dat het

kookpunt van At2 503 K is, is konsistent in de

zin dat zowel de identifikatie van Ato als de be-

paling van het kookpunt nauwelijks ondersteund

worden door hun gaschromatografische resultaten.

- K. Otozai en N. Takahashi, Radiochimica Acta

3± (1982) 201

9. Dat Dimotakis en Soupioni zeggen erin geslaagd

te zijn een fysische beschrijving te geven van het

opmerkelijke door hen waargenomen 'oscillatory

phenomenon' bij de 'annealing' van bestraald

Naln(EDTA), ontslaat hen niet van de wetenschap-

pelijke plicht om na te gaan of er wellicht sprake

is van een artefakt.

- P.W- Dimotakis en M. Soupioni, Radiochem.

Radioanal. Letters 54_ (1982) 309

10. Het is af te raden om 's nachts tijdens het in-

slapen te onderzoeken hoe een op diezelfde avond

verloren schaakpartij gewonnen had kunnen worden.



11. De teruglopende publieke belangstelling voor

profvoetbal in Nederland is mede te wijten aan

de al te letterlijke interpretatie door veel

beroepsvoetballers van de stelregel 'laat de bal

het werk doen'.

J. Korsse

1983
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