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Medium and Pressure Effects on the Reactivity
and Spectra of Iron(II)-diimine Complexes

Abstract

Solvation trends of ternary iron(II)-cyanide-diimine complexes in binary
aqueous media are examined using spectroscopic and thermodynamic tech-
niques. The observed trends are discussed in terms of the solvent—solute interac-
tions present, and how the relative importance of these interactions varies with
the technique and the complex. Crystallographic data for two of these struc-
tures are reported and show the effect of the solvate molecules on the structure.
Pressure effects on MLCT frequencies are investigated, and the correlation be-
tween piezochromic and solvatochromic effects for mono- and binuclear iron(II)
and iron(III)-diimine complexes is shown.

Pressure and solvent modification of the rate of oxidation of a series of
iron(II)-diimine complexes are interpreted and discussed in terms of the sol-
vation changes that occur upon transition state formation. Complementary
partial molar volume data for these complexes are also reported, and combined
to form a volume profile for one reactant pair.

The structure of a binuclear iron(II)-diimine complex is examined in the
solid state and in solution. Solvation trends in binary aqueous media are re-
ported for this binuclear cation, and comparisons are made with mononuclear
iron(II) and cobalt(III), and with binuclear cobalt(III) complexes.

Kinetics of base hydrolysis of several binuclear iron(Il)-diimine complexes
are discussed in terms of the structural differences between these complexes.
The effects of added organic cosolvents on the rate constants for one of these
binuclear complexes is also reported. Spectroscopic evidence for a ligand sub-
stituted intermediate is found. The structure of such intermediates is discussed
with respect to existing data for mononuclear iron(II)-diimine complexes.

Finally, a preliminary chemical and electrochemical redox investigation is
made on the most suitable binuclear iron(II)-diimine complex in light of the
base hydrolysis reactivity patterns established.
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Chapter 1

Introduction



1.1 Introduction.

Reactions in solution are fundamentally different from those in the gas phase
because of the interactions that occur between solvent and reactant molecules.

These interactions can be seen from a simple energy cycle of the type shown

below;
energy of solution
MX () > M+ (solv) + X~ (s0lv)
lattice energy ¥ ion solvation
energies

M* (@ Tt X~ (9)

The solubility of a solute in a solvent is therefore determined by the energy
of solution. This represents the small difference between the large amount of
energy required to separate the ions in a crystal lattice and the energy gained
when these ions are introduced into solution (solvation energy). It is the nature
and strength of these solvation interactions, and how they vary between the gas
phase and in solution and between different solvent media, that affects reaction
rates and spectra. Some idea of the effect of the reaction environment on rate

constants for two different reactions can be seen from Table 1.1.



Thus for N,O5 decomposition, there is a factor of about 2 between the rate
constant in the gas phase and in organic solvents. In contrast, the ferrocene—
ferricinium exchange reaction is some 10* times slower in solution than in the
gas phase. In addition, it can be seen from Table 1.1 that relative to this large
difference in rate constants between the gas phase and in solution, there is a

factor of only about 3 in rate constants between the solvent systems.

Reaction Medium Rate constant ¢ Ref.
N,0O5 decomposition (10°k; /s71)
gas phase 0.79 (1]
CH;3NO, 1.35 (2]
CCl, 1.83 (2]
[Fe(cp)2]®/t exchange (107® k / mol ~! dm?® s7?)
gas phase 13000 (3]
(CH3)2CO 8 4]
MeOH 18 [4]
PhNO, 30 [4]
MeCN 9 [4]
DMSO 9.5 [4]

¢ Measured at 298.2 K.

Table 1.1 General view of medium effects on rate constants

between the gas— and liquid—phase.




Since Menschutkin’s initial observations [*l, medium effects on reaction rates
have been of interest; since not only do rates vary with solvent, but product
distribution and reaction mechanisms have, in some cases been shown to be

solvent dependent 61

. The data given in Table 1.2 give a general view of the
scale of solvent modification of rate constants for a variety of reactions.

Clearly the extent of solvent modification of rate constants depends not only

upon the reaction type but also on the solvation of the participating reactants.



Reaction Solvent Rate constant ¢ Range ® | Ref.
t-BuCl solvolysis (105 k; / s71) [11]
water 3300

methanol 0.082 >108
ethanol 0.009
Menschutkin : (10° kp / dm® mol~! s71) [12]
(373 K)
EtaN + Etl nitrobenzene 1380
acetone 265 104
hexane 0.5
Me,Sn + Br, (10® ky / dm3 mol~! s71) [13]
acetic acid 9600
chlorobenzene 117 5 x 104
carbon tetrachloride 0.18
trans - [PtCly(pip)2) (10% ky / dm® mol~! s71) [14]
+ thiourea acetone 10600
methanol 3800 22
dimethyl sulphoxide 480

2 298.2 K unless otherwise stated.

b Value quoted covers all of rate constants cited in the relevant reference.

Table 1.2 General view of solvent effects on rate constants.




The analysis of such dramatic changes in reaction rates has been successfully
achieved using the initial state—transition state ;approa,ch (Section 2.6) for a wide
variety of reaction types.

The dissection of the solvent effects into the component effects on the initial-
and transition—states has given considerable insight not only into the role of sol-
vation in determining reaction rates, but also to a lesser extent, to a more de-
tailed understanding of the involvement of solvent molecules in the mechanism.
In this latter respect new, more quantitative treatments, such as the SWAG
approach [1%1€), or that developed by Kirkwood and Buff '] have considerably
more potential 18],

In contrast to what can be extremely large medium effects on reactivity,
pressure effects are in general considerably smaller. Differences in rate constants
of only about a factor of 2 or 3 occur within the pressure window of currently

available equipment 19,

This corresponds to activation volumes generally lying
in the range -30 to +30 cm® mol™!. The largest activation volume so far
recorded is +60 cm® mol™!, where the rate constant changed by a factor of ca.
6 up to 1 kbar [20],

The activation volume (derived from the pressure dependence of the rate
constant) can also give one considerable insight into either the reaction mech-
anism, or the changes in solvation of the reactants on reaching the transition
state for a particular reaction. In many ways it provides a complementary view
of a reaction to the IS/TS analysis mentioned above.

Solvent and pressure changes can also alter the energetics of photodriven in-
tramolecular electron transfer processes (solvato— and piezo—chromism respec-

tively). Such changes alter charge distribution within the structure and can con-

sequently alter physical properties such as oxidation state stability (redox po-



tentials) and chemical reactivity. Examples of the latter include the photosub-
stitution reaction mechanisms in the [Rh(NH;);Cl]>*+ 24221 and [W(CO)s(py)]
complexes 23,

Recently, several different research areas seem to be converging. Firstly,
links between solvato— and piezo—chromism of mononuclear MLCT /LMCT and
polynuclear MMCT processes are being explored 4. This so—called solvent
and pressure tuning of the mixed valence state has been primarily for binuclear
complexes [?%28], Secondly, the delocalisation in mixed valence trinuclear com-
plexes has been shown to be dependent on temperature ! and on the dynamics
of the solvate molecules ??°], Indeed this seems to be an area of converging
interest with pressure induced phase transition in crystal lattices (3%,

The work involved in this Thesis involves the effects of solvent and pressure
on the spectra and reactivity of, primarily, iron(II)-diimine complexes.

Chapter 3 examines the solvation of a series of these iron(II) complexes
in mixed solvents by thermodynamic and spectroscopic methods. Comparisons
between the results obtained by the two methods used highlight the importance
of specific solvent effects for these complexes, which are illustrated further in
single crystal structure determinations. Finally, pressure and solvent effects on
the MLCT spectra of these compounds are measured and discussed in terms of
the metal-ligand bonding, and compared with MMCT transitions.

The following Chapter explores pressure and solvent effects on the kinet-
ics of peroxodisulphate oxidation of these iron(II) complexes. Activation and
partial molar volume data and IS/TS analyses are reported and discussed in
terms of the solvation changes that occur during the reaction and the possible

mechanistic implications.

The last two chapters involve binuclear iron(II) complexes. Chapter 5 ex-



amines the structure of one of these binuclear complexes in the solid state
by single crystal structure determination, and in solution by 'H and 3C nmr
spectroscopy. The final Chapter reports the reactivity of several binuclear com-
plexes. On the basis of these results, the redox chemistry of suitable candidates
is explored electrochemically to determine the possibility of forming mixed va-

lence complexes.



Chapter 2

Ezperimental and Theoretical




2.1 Introduction.

This Chapter describes briefly the experimental and theoretical details required

to collect and analyse much of the data recorded in this thesis.

2.2 Preparation of Complexes.

The vast majority of complexes used in this thesis are low spin iron(II) con-
taining the bidentate diimine unit (1), and involve ligands of aliphatic, semi

aromatic, and aromatic character (2)—(4) respectively;

R
[ 72
N N
N xR N~
I,‘ .
N 'Iil/ R N“ R
|
R R
1 2 3 4

The synthesis of such Schiff-base ligands (2 — 3) involves the reaction of
the appropriate primary amine and either a ketone or aldehyde via the following

reaction;
R!NH, + R?R3C=0 — RZR3C(NHR!)(OH) — RZR3C=NR! + H,0

More detailed preparations of the individual complexes are integrated into

the experimental section of the relevant Chapters.

8



2.3 Instrumentation.

2.3.1 HP 8451A Diode Array Spectrophotometer.

This is a single beam instrument with a wavelength range of 190 nm to 820
nm. A temperature probe is embedded into the block and connected via a
temperature control unit to a digital display unit.

The instrument is controlled by two microcomputers; the Z80 which controls
the internal hardware of the instrument and the HP85A which deals with the
data and acts as an interface between the user and the spectrophotometer.

The instrument is capable of recording absorbance readings at up to 0.1 s
intervals. The software and more detailed operational information are described

elsewhere [31],

2.3.2 Pye—Unicam SP 8-100 Spectrophotometer.

The instrument is capable of measuring absorbances from 0.000 to 2.000 (+0.001)
over the wavelength range 200 nm to 800 nm. The four—cell block holder is ther-
mostatically controlled by circulating water from a built in temperature con-
troller. The temperature is monitored by a platinum resistance thermometer
placed in the cell holder, which gives a digital display (+0.1 K).

In addition, the cell holder can be removed, and replaced with the high—
pressure cell described in more detail in Section 2.4.1. This then enables spectra

to be recorded at high pressures.



2.3.3 Pye—Unicam SP 1800 Spectrophotometer.

The SP-1800 is a double beam instrument operating in the UV /visible region
over the range 190 to 820 nm. It is capable of monitoring 3 sample and 3
reference cells simultaneously. The instrument is interfaced to an IBM PC. The

software was developed by Dr. M. J. Blandamer, and is described elsewhere

/321,

2.3.4 Shimadzu UV160 Spectrophotometer.

This is a microcomputer—controlled double beam recording spectrophotometer
consisting of a monochromator, keyboard, screen and thermal printer. It is
capable of measuring absorbances from 0.000 to 2.500 (+0.002) over a range of
200 nm to 1100 nm (+0.5 nm). Incorporated within the hardware are routines
enabling peak picking, spectral manipulation, repeat scan spectra, and data

storage.

2.3.5 Perkin Elmer 1100B Atomic Absorption Spectropho-

tometer.

This is a microcomputer—controlled single beam atomic absorption/emission
spectrophotometer with a CRT screen and keyboard. The control of the pho-
tomultiplier gain, lamp current, signal processing, and data processing are au-
tomatic. The spectrophotometer is capable of operating with either a graphite
furnace or a flame to effect atomisation. All work undertaken in this Thesis
involved the use of an air/acetylene flame following the manufacturer’s recom-

mendations (331,

10



2.3.6 Cyclic Voltametry.

This consisted of a PAR174 polarographic analyser coupled to a PAR program-
mer unit controlling the sweep width and the scan rate. The equipment was
able to scan between —2.5 V and +2.5 V with scan rates of between 50 mV s™!
to 200 mV s~'. Qutput from the analyser was obtained on a X-Y recorder.
The electrochemical cell consisted of a 10 ml glass cell fitted with a teflon
stopper in which were apertures for the various electrodes (a platinum disk
working electrode, a platinum wire auxiliary, and a calomel reference electrode).
TBAP (tetrabutylammoniumphosphate) was used as the supporting elec-

trolyte for all of the experiments conducted in this Thesis.

2.4 High Pressure Apparatus.

2.4.1 Piezochromism.

This consists of a high pressure cell (Figure 2.1) located in the SP 8-100 spec-
trophotometer. The application of pressure into the cell was achieved using a
modified KBr press (Figure 2.2) as described previously 14, and was capable
of producing pressures up to 1 kbar.

A hollow closely fitting brass jacket was connected into the thermostatting
system of the spectrophotometer, with a platinum resistance thermometer lo-

cated inside the cell connected to the spectrophotometer’s digital display unit.

2.4.2 Activation Volumes.

The apparatus is based on a design by Prof. D. R. Stranks and was manufac-

tured within the department. The high pressure cell consists essentially of a

11



thermostatted ‘bomb’ which sits in a water bath maintained at 298.2 K. The
cell is pressurised by the transference of pressure from a nitrogen powered hy-
draulic pump, with water transmitting pressure to the teflon plunger in the cell
(Figure 2.3). The pressure in the line is monitored using a high pressure guage,
with the pressure maintained by the hydraulic pump (Madan type).

Aliquots of the reaction mixture were withdrawn from the cell. The ab-
sorbance of each sample was measured in the SP 8-100 spectrophotometer.
More detailed procedures for the operation of the equipment are described else-

where 3%,

12
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2.5 Physical Measurements.

2.5.1 Solvent Mixtures.

All solvent mixtures were prepared from reagent grade solvents; with the com-
ponent solvents dried by conventional methods ¢, All mixed solvent compo-
sitions are reported as percentage volumes. This refers to the composition (by

volume) prior to mixing. All water was de—ionised prior to use.

2.5.2 Solubilities.

Saturated solutions were obtained by vigorously shaking a sealed vessel con-
taining the solvent mixture and a generous excess of the solid. The vessels
were then thermostatted in a constant temperature bath maintained at 298.2
K. The samples were left for about 6 hours with periodical shaking to ensure
complete saturation. Each sample was then centrifuged to separate undissolved
solid from the saturated solution. Subsequently, after filtering through a sinter
if necessary, aliquots of the saturated solution were carefully removed from the
vessel with a 1 ml bulb pipette. Dilution of the saturated solutions was effected
with the respective solvent mixture so that concentrations could be measured by
UV /visible spectrophotometry using the Beer-Lambert law and the extinction
coeflicient of the sample.

In some cases it was necessary to determine concentrations directly by
atomic absorption spectrophotometry. In these cases dilution of the saturated
solution was with water. The dilutions were sufficiently large for calibration
with the appropriate aqueous standard eliminating the need to prepare metal

ion standards in non—aqueous or mixed solvents.
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Extinction coeflicients were measured by a combination of uv/visible spec-
trophotometry and either atomic absorption or gravimetric methods. The re-
ported values of concentration and extinction coefficient are the mean of three
separate determinations.

It is important to note that all concentrations mentioned in this thesis are

on the molar scale and hence, values are expressed in mol dm=3.

2.5.3 First—order Rate Constants.

For a reaction which proceeds to completion such as
A+B+C—P

the concentration of only a single reactant, A, varies appreciably if all other
reactants are present in much larger concentrations, i.e. under first—order con-

ditions.

The change in concentration of reactant A with time can now be expressed

as
- 4k = KA

where a is the order of the reaction with respect to reactant A, and a first-order
dependence occurs when a = 1. The rate of reaction varies directly with the

concentration of reactant A. Equivalent integrated forms can also be written

[A]l: = [A]o eXP(_M)
4l _
In = kt

where
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[A]o is the initial concentration of A
[A]; is the concentration of A at time t
and k is the rate constant at the given temperature (T) and pressure (P).
A characteristic quantity of a first—order reaction is the reaction half-life

and is the value of t when

(Al = 150
_ In2
ort;—ll:—

|

For the bimolecular reactions considered in this thesis, the observed first—
order rate constant varies with the concentration of the other reactant, enabling
the second—order rate constant to be calculated. All rate constants calculated

and quoted in this thesis are, unless labeled otherwise, at 298.2 K.

2.6 Transfer Chemical Potentials.

Consider a pure solid electrolyte in equilibrium with two of its saturated solu-
tions (in media A and B) at the same temperature and pressure. The solubility

product, K,,, of the electrolyte in each saturated solution is directly related to

AG? or u® by
6 0 _ _
AG? , p° = -RT InK,,

where u® is the chemical potential, R is the gas constant and T the absolute
temperature. The transfer chemical potential between the two media can then

be derived as
bt ML,JX, = ¥ (B) [ML,JX, - ° (A) [ML,JX,
for an electrolyte [ML,|X,
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6mp? [ML,]X, = -RTIn (F=i20)

or, for an uncharged complex, [ML,]

0 — solubility of ML, in solvent mizture (B))
6’"# [ML""] = —-RTln (aolubility of ML; in solvent mizture (A)

More generally, for an electrolyte consisting of, as here, (n+1) component ions

6"1#0 [ML;;]X" — "(Il+1) RTln (aolub'ility in mizture (B))

solubility in misture (A)
These solubilities are calculated as described earlier, either directly by atomic
absorption spectrophotometry, or by relating the absorbance of the saturated
solution to the concentration using the Beer-Lambert law. Therefore, in a more

relevant form to this thesis

6m#o [MLm]Xn — _(n+1) RTln (abaorba-nce in mizture (B))

absorbance in mizture (A)

with mixture (A) being pure water and mixture (B) a binary aqueous solvent
(n = 0 for a non—electrolyte).

For electrolytes an assumption about activity coefficients is required (except
when the saturated solutions are very dilute). This is generally that the ratio

of activity coeflicients for the reference and the mixture is unity.

2.6.1 Single Ion Assumptions.

For electrolytes, the above analysis refers to transfer chemical potentials for
the salt [ML,]X,. The separation into the transfer chemical potentials for the
component ions [ML,]** and X~ requires the adoption of an extrathermody-

namic assumption (7]

. At present, and although other assumptions have been
proposed 138 the TATB is the most generally acceptable %], This is based on

the assumption that an anion and cation of similar size, charge, and exterior

have similar solvation characteristics, i.e.
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6mp® (PhyAst) = 6,pu® (PhyB™) = % mi? ([PhyAs][BPhy])

Throughout this thesis the transfer chemical potentials quoted are based
on this assumption (or for methanol-water mixtures the closely related TPTB

assumption [4),

2.7 Solvent Effects on Reactivity.

In any reaction, the rate constant and the various transition state theory acti-
vation parameters (AGI, AHI, AVi, and TASI) reflect a barrier between the
initial- and transition-state. Solvent effects on a rate constant therefore reflect
a composite effect on the initial- and transition-state energies. To separate
into these components, thermodynamic transfer parameters (as described in
the previous Section) are necessary, since they describe changes in the Gibbs
free energy of the initial state. In combination with rate constant changes (re-
flecting changes in AGI), an initial-state transition—state dissection is possible.
This is shown in Figure 2.4, with several of the possibilities that can arise from

such an analysis illustrated in Figure 2.5.
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Figure 2.4 Representation of the solvent modification of the initial- and

transition-stale components to the activation barrier.
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Figure 2.5 Representation of medium effects on the Gibbs free energy of

activation, AGI, for initial and transition states.
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If, on changing the medium, the rate constant increases (A(}'JF decreases)
at fixed temperature and pressure, the situation is as shown in Figure 2.5 (a).
This can stem from either (1) destabilisation of both states, with the initial
state being destabilised to a greater extent, or (2) stabilisation of both states
with the transition state being stabilised to a larger extent.

It is also possible for the initial- and transition—states to be affected differ-
ently, leading to an increase or decrease in AGi, Figure 2.5 (b).

Bimolecular reactions are particularly suitable for such an IS/TS analysis
since the rates can be adjusted by modification of reactant concentration and the
thermodynamic transfer parameters can be measured for the separate reactants.

The calculations required for the initial state have been mentioned already.
The calculation for the transition state, derived from the appropriate kinetic

data, will be discussed next.

2.7.1 Principles of the Analysis.

For a single stage reaction between reactants A and B, a transition state (AB)I,

and products P
A+B= (AB)} P

transition state theory provides a link between a rate constant, k., (which refers
to an irreversible process) and AGH (which can be treated using the principles

of reversible thermodynamics) at fixed temperature (T) and pressure (P);

()
k, = % exp

where k and h are Boltzmann’s and Planck’s constants respectively.

If the solvent is a mixture of composition x;, then AGi(xz) is given by
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AGH(x,) = pt - (1)) + [(p)]

where p.? 4) and ;1.‘(93) are the standard chemical potentials of reactants A and
B, with their sum making up that of the initial state. Also, the standard
chemical potential of the transition state is p,i. Hence, AGi(xz) is given by the
difference between the chemical potentials of the transition and initial states
in their respective standard states; i.e. if the rate is expressed in dm?® mol™!
s~!, the relevant standard state is that where the concentration is 1.0 mol dm=3
and the corresponding activity coefficient is unity. This relationship is more

conveniently rewritten with the inclusion of a solvent operator §,, (to avoid

confusion) [*! so that
— AGh §
5mAGH = AGr, - AGY,

and, from above,
5nAGH = -RT 1n(32)

where k(1) and k(,) are rate constants in media (1) and (2) respectively.
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2.8 Pressure Effects on Reactivity.

From fundamental thermodynamics, the first differential of the Gibbs free en-

ergy with respect to pressure (at constant temperature) is related to the volume

The determination of the volume of activation for a reaction is obtained
from the pressure dependence of the rate of reaction via the transition state

theory formalism (and hence the Gibbs free energy of activation, AGi).

AG! = —RTIn (402)

to give
AVH = -RT (%)

The activation volume reflects the change in volume of the reactants on
reaching the transition state, i.e. , the difference between the partial molar
volume of the initial- and transition-state (Vs — Vps).

The experimental AVY value is however a composite quantity consisting
of intrinsic and solvation components. A schematic representation of these
components for a typical bond formation or bond cleavage process, during which
partial charge neutralisation or creation can occur, is shown in Figure 2.6. For
reactions in which no major solvational changes occur in the activation process
one can estimate activation volumes in a relatively straightforward manner.

Typical estimates for a variety of processes are given in Table 2.1 [42,
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Mechanistic feature | Contribution to AV+ (cm® mol™1)
bond cleavage +10
bond deformation 0
bond formation -10
cyclisation 0
ionisation -20
neutralisation +20
charge dispersal +5
charge concentration -5

Table 2.1 AV? estimates for a variety of reaction types.

The decrease in intrinsic reactant volume (reflecting changes in bond lengths
and angles on transition state formation) has therefore been estimated to be in
the region of =10 cm® mol~! and +10 cm® mol~?! for associative and dissociative
reactions respectively (3, These estimates refer to organic reactions. Estimates
for inorganic reactions are slightly more complicated (44. An estimate for AV;

nt

for bond formation between 2 spheres of radius 3 A of ca. —12 cm® mol! has

however been reported [45],

For reactions in which charge is diminished (or
delocalised), electrostricted solvent is released from the solvation shells of the
participating reactants resulting in a positive contribution to the AVE,,, value.

In some cases the solvation term can be much larger than the intrinsic term
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and positive AVS,” values are found.

Thus, for base hydrolysis or cyanide attack at low-spin iron(II)-diimine
complexes, activation volumes ranging between +30 cm?® mol™! in water to
close to —10 cm® mol~?! in organic—rich binary aqueous solvent media have been
interpreted in terms of the release of electrostricted water from the heavily
hydrated OH~ and CN~ nucleophiles [6],

Further evidence to support this proposal emerged from similar studies on
the nucleophilic substitution of [Mo(CO),(diimine)] complexes. Here, reactions
were carried out in media such as toluene and chloroform where the incoming
nucleophile was effectively unsolvated. Consequently, activation volumes of
around —10 cm?® mol~! were obtained 17

For ease of experimental operation, pressure units are in psi or bar rather
than Pascals (1 bar = 14.5 psi = 10° Pa).

During a typical kinetic experiment the reaction mixture was monitored
simultaneously at both atmospheric pressure and under high pressure condi-
tions so that any systematic errors in the activation volume determination were

minimised.

2.9 Partial Molar Volumes.

The partial molar volume of a sample (V) is defined as the change in volume
that occurs when the material is added to an indefinitely large sample of the

solution

7. — [(8V
Va= (3"4)1’; T;np

at constant temperature, pressure, and with the number of moles of component

B constant.
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The magnitude is determined by the intrinsic size (as governed by the re-
spective van der Waals radii) of the constituent atoms and, particularly for a
charged species, by electrostriction of the surrounding solvent.

Data for simple inorganic ions [*¥] and a relatively sparse selection of inor-
ganic complexes [4?~5! exist, particularly in connection with the establishment
of activation volumes and volume profiles for substitution (%2,

Calculation of partial molar volumes involves the extrapolation to zero ionic
strength of a plot of density (apparent molar volume) against salt concentration
using the Redlich-Mayer equation 153,

Solution densities were determined using a vibrating needle densitometer
cell (Anton Paar, Model 602), calibrated with air and doubly distilled water.

In an analogous manner to the transfer parameters described in Section
2.6.1, the assignment of single ion values requires the adoption of an extrather-
modynamic assumption. The usual convention is to take V (H*) as zero [48l. If
however comparisons between anion and cation volumes are to be made then an
estimate for the absolute value for V (H*) is needed. Estimates of between +5
cm® mol™! and -5 cm® mol~! (the value accepted by the majority of authors)
have been reported (48],

If one uses the TATB assumption mentioned in Section 2.6.1 [and assume
that V (AsPhf) = V (BPhy)] then V (H*) = - 11 cm® mol~!. Such a variety of
estimates has led to the adoption of V (H*)[conventional] = V (H*)[absolute]

= 0 cm?® mol~! for the values quoted in this Thesis.
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2.10 Volume Profiles.

In general, partial molar, reaction, and activation volume data can be combined
to construct a reaction volume profile that describes the volume changes that
occur along the reaction coordinate. Such a profile gives a pictorial view of
the chemical reaction in terms of the volume changes that occur. Unlike the
energy profiles mentioned previously, absolute values for initial-, transition—,
and product-states can be determined relatively easily. Interpretation of the
reaction volume profile allows one to speculate whether the transition state is
closer to the initial- or product—state in structure, and can therefore lead to a
clearer understanding of the underlying reaction mechanism. Volume profiles
for a variety of complex formation, hydrolysis, and substitution reactions have
been reported. These, and many organometallic and organic reactions have
been extensively reviewed (4. Recent attention has also focused on bioinorganic

reactions such as that between vitamin B,; and pyridine [3],
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Chapter 3

Structure, Solvation, Solvatochromism

and Piezochromism of Ternary

Iron(II)-ditmine Complezes




3.1 Introduction.

MLCT (metal to ligand charge transfer) bands are commonly observed when a
low-spin d® metal is bound to an aromatic heterocycle such as 2,2’-bipyridine
(58], For a given metal the frequency depends on both the o—donor and 7—
acceptor abilities of the ligand. The frequencies of the transitions for tris—
bidentate complexes such as [Ru(bipy)s]*t 5758 and [Fe(bipy)s]*t *° show very
little solvent dependence. In contrast, ternary complexes such as [M(CO)4(bipy)]
(M = Mo 9 Cr U W [2l) and [Fe(CN)y(bipy):] ¥ display marked sol-
vatochromic shifts — as well as dependence on such physical parameters as

pressure and temperature [64,65],

The direction of these solvato—, piezo—, and
thermo—chromic shifts is bathochromic (to lower energy) as the solvent polarity
decreases. This direction is a characteristic of the MLCT transitions exhibited
by these d® complexes, and is the reverse of that for the LMCT in the iron(III)
analogues (64,

The magnitude of the shift can conveniently be quantified by introducing a
solvent sensitivity scale. Here again, a reference compound is needed, and is
selected on the basis of its solubility and sensitivity in as wide a range of solvent
media as is possible. Unfortunately, previous studies on the organometallic and
the ternary iron complexes used different reference compounds because of the
difficulty in finding a single standard whose solubility could encompass solvents
as diverse as water and heptane.

For consistency with previous work %% the Fe(CN),(bipy), complex has
been used here as an internal standard rather than the Fe(CN),(phen), analogue

(67]

This solvent dependence provides a spectroscopic agent with which pref-
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erential solvation patterns can be compared with trends obtained using other
methods such as transfer chemical potentials [68].

This chapter examines and compares the solvation of a series of ternary
iron(II)-cyanide-diimine complexes utilising both of the methods mentioned
in the preceeding paragraph. The solvato— and piezo—chromic shifts of these
complexes are characterised, and their magnitudes are discussed in terms of the
extent of the metal-ligand bonding.

In addition, the X-ray crystallographic structures of the Kz[Fe(.CN )a(en)].3H,0
and H[Fe(CN),(bipy)].2H,0 complexes have been determined. The results are
discussed in terms of the effect of oxidation state and solvate interactions on

the structural parameters.
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3.2 Experimental.

The complexes K;[Fe(CN),(LL)] with LL = bipy or phen were prepared by
Schilt’s method ). The K,[Fe(CN),(LL)] complexes with LL = ein [ and bqdi
(] were prepared by the aerobic oxidation of the respective ternary complexes
K,[Fe(CN)4(LL)], where LL is ethane-1, 2-diamine and 1, 2-diaminobenzene
respectively.

The other ternary complexes K,[Fe(CN)4(LL)] were prepared by addition of
an excess of KCN to the tris—diimine complexes, each made by the addition of

appropriate primary amine and ketone to a solution of FeCl,.4H,;0 as shown

=z =
N NS N 0
e —
0 NF Me,bsb
CH, | :

CH,

2

3

0] H
LD
o H
N H
I gda
N H
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Subsequently, the solution volume was reduced by rotary evaporation and
any remaining [Fe(CN);(LL),] intermediate and free ligand were extracted into
CH,Cl,. The aqueous component was rotary evaporated to dryness and re-
moved from the flask. The solid was washed sparingly with methanol — leaving
any unreacted KCN in the funnel. The complexes were characterised by their
extinction coefficients and their A, since thermal C, H and N analysis is ex-
tremely unreliable for such iron(II)-cyanide complexes [, Hydration numbers
were determined by thermogravimetry.

The transfer chemical potentials were derived from the appropriate solubility
measurements as described in Section 2.4.2, except that dilution of the saturated
solution was effected with water to eliminate the need to obtain € at each solvent
composition.

The frequencies quoted (vprrcr) were measured on a Shimadzu UV160 spec-

trophotometer, and are quoted with ¢ = 50 cm™?.

Solvent sensitivities were
calculated as the ratio of the shift in varror for the [Fe(CN)y(LL)|?~ complexes
between water and DMSO, and the corresponding shift for Fe(CN),(bipy),.
This method of calculation was adopted so that any preferential solvation of
the participating species did not affect the sensitivity, and also meant that the
values obtained here were consistent with those calculated previously [¢®].
Crystal structures were kindly determined by Dr. D. R. Russell and his
group. The K,[Fe(CN)4(en)].3H,O crystal was precipitated from a concentrated
aqueous solution by the slow addition of acetone. The H[Fe(CN),(bipy)].2H,0
crystal was grown slowly from aqueous solution. The X-ray diffraction data for

K,[Fe(CN)4(en].3H,0 and H[Fe(CN),(bipy)].2H,0 are detailed in Appendices

A and B respectively.

34



3.3 Results and Discussion.

3.3.1 Solvation.

Transfer Chemical Potentials.

The transfer chemical potentials for a representative selection of ternary iron(II)-
cyanide-diimine complexes are given in Table 3.1. Ligand formulae are shown
in Scheme 3.1. The importance of charge and ligand periphery in determin-
ing solvation patterns can be seen from the trends shown in Figure 3.1. Most
striking are the very different solvation trends for the uncharged, and pre-
dominantly hydrophobic, [Fe(CN),(bipy);] complex and the predominantly hy-
drophilic [Fe(CN)4(bipy)]?~ anion. The [Fe(CN),(bipy).] complex shows marked
preferential solvation by DMSO, with the characteristic minimum for complexes
with a mixed hydrophilic and hydrophobic surface ("3, This can be rationalised
as the sum of cyanide hydration and DMSO solvation of the bipyridyl ligands.
It is interesting if one looks at Figure 3.2, that this minimum is considerably
less pronounced than for other binary aqueous solvent mixtures.

All the anionic complexes are destabilised as the DMSO content of the sol-
vent mixtures increases underlying the relatively poor anion solvating ability
of DMSO and the dominant role played by the charge in determining the sol-
vation trends. Within these trends, the nature of the diimine moiety plays an
important, but secondary role. The extent of the hydrophobic diimine-DMSO
stabilisation is in line with the hydrophobicity of each individual diimine moiety,

ie

Me,bsb > phen > bipy > ein
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Thus, substitution of Me,bsb has the effect of inducing a 28 kJ mol~! sta-
bilisation relative to its bipy analogue even at 60% DMSO. The rather small
destabilisation for the [Fe(CN)4(ein)]?>~ anion relative to its bipy and phen ana-
logues can be simply ascribed to the very hydrophilic ein moiety being able
to retain strongly hydrogen-bonded water molecules in its primary solvation
shell - even at modest DMSO concentrations. Similarly, the transfer chemical
potentials of the hydrophilic [Fe(CN)g|>*~ anion in water-methanol mixtures are
interpreted such that that the solvation shell of the anion is composed primarily
of water even in solutions of high methanol content 74

Also included in Figure 3.1 are the transfer chemical potential trends for a
selection of cations and anions reproduced from the literature ["®l. This puts
the data for the complexes measured here into context and shows the general

distinction between trends for cations and anions.
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Solvatochromism.

The frequencies of the lowest energy MLCT transition for the ternary iron-
cyanide—-diimine complexes are reported as a function of solvent composition in
Table 3.2, and shown in Figure 3.3. Here again, the importance of the hydropho-
bic/hydrophilic balance of the ligand periphery can clearly be seen, with the
small, predominantly hydrophilic species, [Fe(CN)4(ein)]?~ and [Fe(CN)4(bqdi)]?~
exhibiting preferential hydration. In contrast, the much more hydrophobic
species, [Fe(CN),LL]>~ (LL = gda, bipy, phen, Me;bsb) show varying degrees
of preferential solvation by DMSO consistent with the relative hydrophobicity
of each diimine moiety.

Comparisons between the preferential solvation trends obtained by the two
methods are not particularly good, being most satisfactory for the [Fe(CN),(ein))?~
and [Fe(CN),(bqdi)]*~ anions.

The two techniques measure fundamentally different processes, the transfer
chemical potentials describing an absolute change in the ground state solvation,
whereas solvatochromic shifts reflect solvation changes on a difference between
a ground— and excited—state. One would expect that for the latter technique,
solvation of the ground state would predominate with, due to the Franck-
Condon principle, the solvent dipoles frozen in an orientation appropriate to
the ground state.

McRae’s equation [" and other similar dielectric cavity models are used

extensively in discussions of the origin of solvatochromism [7]

. Recently, such
models have been shown (after reasonable assumptions) to be coherent (78],

but relevant only for solvent systems where specific solvent—solute interactions,

such as hydrogen-bonding, are small or absent. In fact it is still able to deal
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satisfactorily only with pure solvents. For systems where specific solvation
effects are important, as is the case here, alternative methods are needed.

Correlations have primarily involved the DN (" and AN 89 scales. The
choice of scale used depends on the nature of the predominant solvent—solute
interaction. For systems such as [Ru(NH;)s(py)]?t, where the Lewis acid abil-
ity of the solvent molecules is important, correlations against DN are invoked
81, In contrast, AN are used for systems such as [Fe(CN),(bipy),] %, which
characterise the Lewis base ability of the solvent. Here, hydrogen-bonding can
occur to the exposed cyanide (or carbonyl) lone pairs in protic media. Solvents
which are less effective at (or incapable of) hydrogen—bonding destabilise the
ground state energy (reduce the redox potential) by modulating the Fe—C=N
dipole moment. Thus, significant differences in electronic transition energies are
found between solvents such as water and DMSO. In addition to this ground
state dominated dependence of MLCT (and LMCT) frequency, excited state
properties can be dramatically influenced by changes in the medium [#3-84, and
in pH [85.86],

Certainly solvent shifts on the MLCT transitions have corresponding changes
in the metal-carbonyl and carbon—oxygen frequencies, and nmr shifts of the rel-
evant nuclei (*3C and **Mo) within a series of ternary Mo(CO)4(LL) complexes
[87]. Furthermore, protonation of the cyanides in the [Fe(CN),(bipy)]?>~ anion
[88] (which can be considered as the extreme case of hydrogen-bonding) leads
to a considerable hypsochromic shift in the charge transfer energy.

Unfortunately, several problems arise when using the empirical scales men-
tioned above. Firstly, the DN scale is of limited value for aqueous media because

of the tendency for the calorimetric empirical standard to decompose [#9]. Sec-

ondly, and most importantly here, these empirical scales do not account for
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differences in preferential solvation (although this has not stopped Reichardt’s
Er parameter [® being used widely as a solvent polarity indicator for mixed
solvents [°l). Figures 3.4 and 3.5 show the correlation of the MLCT frequen-
cies for the iron(II) complexes against AN and Er respectively. Differences in
preferential solvation between the ternary iron(II) complexes and the empirical
standards are reflected in the curvature of these plots. The correlations against
Er for these complexes are much more satisfactory than those with AN.
Clearly the simple balance between electrostatic and hydrophilic/hydrophobic

solvent—solute interactions used to explain the transfer chemical potential trends
cannot be used for those obtained by the spectroscopic method. Here cyanide
solvation is the dominant factor (vide supra ), with the diimine hydrophobic-
ity and charge effects playing relatively minor roles. It is interesting therefore
that the best correlations between the two solvation techniques occur for the
complexes involving the diimine ligands that are most likely to be involved in
hydrogen—bonding (i.e. ein and bqdi). Such hydrogen-bonding interactions are

discussed in more detail in Section 3.3.4.
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% DMSO ] 20 40 60 80 100
2x §mp? (Kt) @ — -06 | -3.0 | -88 -26.2
[Fe(CN)2 (bipy)2]
Smp® (complex) — -3.8 -5.8 -8.0 | -10.9 | -10.2
K2 [Fe(CN)4 (bipy)]
Smu? (salt) — +2.6 | +13.2 [ 421.2 +33.8
§mp? (anion) +3.2 | +16.2 | +30 +60
K3[Fe(CN)4(Mezbsb)]
Smp? (salt) — -0.5 -2.0 -4.7 -2.2
$mu?® (anion) — +0.1 +1.1 | +2.0 +28
K3[Fe(CN)4(phen)]
Smu® (salt) — +1.8 | +8.1 | +17.8
&mp® (anion) — +1.2 | 4112 | 425
K3 [Fe(CN)4(ein)]
Smp? (salt) — +4.1 +7.4 | +12.2
§mu® (anion) — +4.7 | 410.5 | +18.9

@ Taken from reference [92],

Table 3.1 Transfer chemical potentials of ternary iron(II)-cyanide-diimine

complexes in DMSO-water mixtures (kJ mol—!; 298.2 K).
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Figure 3.1 Transfer chemical potentials trends of ternary

iron(II)~cyanide-diimine complexes in water—DMSQO mixtures.
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Vol % DMSO 0 20 40 60 80 100
XpMSO 0.000 | 0.060 | 0.145 | 0.276 | 0.504 | 1.000
AN.¢ 54.8 | 51.3 | 48.5 | 44.0 | 35.9 | 19.3
Er® 62.8 | 60.0 | 57.0 | 53.7 | 50.1 | 45.1

[Fe(CN)y(bipy)z] | 19267 | 18762 | 18248 | 17730 | 17094 | 16287

[Fe(CN)4(ein)]>~ | 19608 | 19552 | 19302 | 19151 | 18709 | 15600

[Fe(CN)4(Megbsb))?~ | 18657 | 17953 | 17422 | 16722 | 16026 | 14728
[Fe(CN)4(phen)]?~ | 21276 | 20576 | 19800 | 18761 | 17271 | 14859

[Fe(CN)4(bipy)]?~ | 20747 | 19920 | 19084 | 18018 | 16750 | 14815

[Fe(CN)4(bqdi)]>~ | 17271 | 17286 | 17361 | 17528 | 17809 | 18500

[Fe(CN)4(gda)]?>~ | 17498 | 17123 | 16892 | 16639 | 16313 | 16051

@ Taken from ref. (93],

b Taken from ref. (94,

Table 3.2 varpcr of ternary iron(II)-cyanide-diimine complexes

in water—-DMSO solvent mixtures.
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[Fe(CN)(bqdi)]*”

0.4 0.8 DMSO

—a [Fe(CN),(gda)l®

Q \
—2 | [Fe(CN),(ein)]*

[Fe(CN),(bipy),]

2~
[Fe(CN),(Me, bsb)]

® [Fe(CN),(bipy)I?”

Figure 3.3 Solvatochromic shifts of ternary iron(Il)-cyanide-diimine

complexes in water—-DMSO mixtures.
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3.3.2 Solvent Sensitivities.

The solvent sensitivities for each compound are reported in Table 3.3, which also
includes sensitivities for other ternary iron(II) and iron(IIl)-cyanide—diimine
complexes. Most striking is the anomalous negative sensitivity for the [Fe(CN)4(bqdi)]*~
anion — consistent with the LMCT transitions in the iron(III) complexes also

included in Table 3.3.

Complex Solvent sensitivity | Ref.
Ka[Fe(CN)4(ein)] 1.3 a
K[Fe(CN)4(gda)] 0.49 a
K [Fe(CN)4(bqdi)] -0.41 a
[Fe(CN)y(bipy)s] 1.0 a

K [Fe(CN),(Me;bsb)] 1.3 a
K[Fe(CN)4(bipy)] 2.0 a
K[Fe(CN)4(phen)] 2.1 a

[Fe(CN)y(bipy)s](NOs) 0.5 64]
H[Fe(CN)4(bipy)] 1.0 [64]

¢ This work.

Table 3.3 Solvent sensitivities for a series of ternary iron(II)

cyanide-diimine complexes (298.2 K).
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The bqdi ligand is one of a series of so called ‘non-innocent’ ligands because

of the relative ease of conversion between the different redox forms

H H
N N u
\\ e
- e,l
N N oN
H H H
(1) (2) (3)

These range from the bqdi diimine unit (1), the radical anion (2), to the
dianion of the parent diamine (3). The free bqdi ligand has been postulated to
exist in solution ], but only when stabilised (by complexation to a metal) has
it been confirmed (™. The possibility of the [Fe(CN)4(bqdi)]*~ anion existing as
an iron(III) atom spin-coupled with a [C¢Hy(NH),]*~ radical (2) was explored,
but the single crystal structure confirmed the localised alternating double bond
system (1) within the chelate ring ["]. The anomalous behaviour must therefore
be due to some subtle difference in the molecular orbitals involved in the tran-
sition. The ‘negative’ solvatochromism of the [Os(NHj)s(PzMe)]** cation has

1],

recently been explained using such arguments It is relevant at this point

therefore to briefly review the MLCT process.
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The conventional interpretation of a MLCT transition is the interaction be-
tween a m-symmetry ‘non-bonding’ metal orbital and an empty, high energy,
ligand antibonding orbital. Elegant resonance Raman studies have shown con-
clusively that the lowest energy MLCT transition for the [M(CO),(diimine)]
analogues [M = Mo(0) °¢! and W(0) 7] is the z-polarised b, — b} transi-
tion, with the transition moment lying antiparallel to the ground state dipole
moment [°8],

As the [Fe(CN)4(LL)]*>~ complexes are both isoelectronic and isostructural
with these [M(CO),(diimine)] analogues it is quite reasonable to assume that
the same transition is involved for both. The MO diagram for this transition is
shown in Figure 3.6.

Thus, on excitation the dipole moment of the excited state is reduced relative

to the ground state [ as the ligand acquires significant radical character

[Fe(CON)a(bipy)]*~ 2% [Fe(CN)4(bipy*))?-

The ground state is strongly solvated in polar solvents, the Franck—-Condon
excited state will be correspondingly destabilised relative to that in non—polar
solvents. In the latter, solvent interactions with the ground- and excited—states
are weaker, and the transition lies at lower energy.

The solvent sensitivity will be greatest when the change in dipole moment
between the ground—- and excited—-state is greatest, i.e. when the mixing between
the d, and L, orbitals is small % (Figure 3.6a). The extent of mixing will
depend predominantly on the m—acceptor ability of the diimine moiety so that

as the m—acceptor ability increases, the orbital mixing increases, and the solvent
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sensitivity decreases. As the energy of the L. orbital lowers (as its 7—acceptor
ability increases) the situation arises where the metal and ligand manifolds are
degenerate (Figure 3.6b). Now, the transition is purely metal-ligand bonding
to antibonding and will effectively not be solvatochromic.

The relative m—acceptor ability of a series of bidentate diimine ligands has
been calculated (1°Y), These are depicted in Figure 3.7. The solvent sensitivities
in Table 3.3 are consistent with these values, and fall into the general trend of

ligand w—acceptor ability

| 4 |
o> >

N/ R N "R N~ |
o <

If the w—acceptor ability increases even further, to the position illustrated
in Figure 3.6¢, the orbital energy ranking is similar to that for a typical LMCT
transition. This is quite reasonable for the [Fe(CN),(bqdi)]*~ anion when one
looks at Figure 3.7. A MLCT transition for such a species will reduce, or
even possibly reverse, the molecular dipole moment, and hence give rise to the
unexpected solvatochromic shift.

Several other anomalies arise over complexes contaiﬁjng the bqdi ligand.
The C—N bond lengths in [Fe(bqdi)s]** and in [Fe(CN)4(bqdi)]?~ are compa-
rable to other ligands of pure a—diimine character such as gmi and bmi. The

iron—nitrogen bond lengths are however considerably shorter than for any other
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diimine ligand, confirming exceptionally strong metal-ligand bonding (see Sec-
tion 3.3.4). The stabilisation of the iron(II) oxidation state is also much greater
than that for other iron(II)-diimine complexes, and reflects the exceptional n—
acceptor ability of this ligand. The standard redox potentials are given in Table
34.
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Figure 3.6 Molecular orbital diagram illustrating the relevant pptical
transitions in the [Fe(CN)4(LL)]?>~ anion.
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3.3.3 Piezochromism.

In this Section the piezochromism of a selection of new ternary iron(II) com-
plexes has been undertaken to extend the correlation between solvatochromic
and piezochromic effects.

The correlation between piezo—, thermo-, and solvatochromic shifts for
ternary Mo(CO)4(LL) complexes has been established 5], Attempts to re-
peat this procedure for ternary iron—cyanide—diimine complexes are particularly
promising because of the possibility of having both iron(II) and iron(III) oxida-
tion states. This enables one to correlate both MLCT and LMCT transitions.

The pressure dependence of the charge transfer frequency of two ternary
iron(II)-cyanide—diimine complexes is reported in Table 3.5. Table 3.6 compares
these piezochromic coefficients with several complexes taken from the literature.
Figure 3.8 shows the overall correlation of solvent sensitivity against pressure
sensitivity. Also included in this Figure are data for the binuclear mixed valence

24,106,107]

bis(fulvalene)diiron complex The faint line shown in this Figure is the

correlation line for the [Mo(CO),(diimine)] series [®%l.
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3.3.4 Crystal Structures.

This Section reports the crystal structures of the H[Fe(CN)4(bipy)].2H,0 and
K;[Fe(CN)4(en)].3H,0 complexes, and compares them with related structures
taken from the literature. The relevant bond angles and bond lengths are
reported in Table 3.7 with data for analogues.

The structures of K;[Fe(CN)s(en)].3H,O and H[Fe(CN),(bipy)].2H,0 are

illustrated in Figures 3.9 and 3.11 respectively.

Coordination Polyhedron.

The iron—nitrogen and carbon-nitrogen bond lengths within the chelate ring for
the [Fe(CN)4(en)]*~ anion are 2.07-2.08 A and 1.45-1.47 A respectively. These
are of course substantially longer than for those ligands capable of metal-ligand
delocalisation (cf. Table 3.7).

Several ternary tetracyano—iron(II)-diamine complexes; [Fe(CN),(LL)]*~ (LL
= cxa and cpa) have been synthesised [1°]. Structural data for such simple Fe—
N o bonds have yet to be reported however. Possibly the best (and only) com-
plexes with which to make constructive comparison are the low—spin iron(II)
complexes [Fe(hxsbH)]** [1°? and [Fe(tptcn)]?*+ 119, Here, the Fe—N and C—N
bond lengths within the central N—CH,;—CH,—N chelating unit are 2.00 and
1.49 A (for hxsbH) and 2.00 and 1.51 A (for tptcn) respectively. Thus, all
C—N bonds are comparable to that in RNH, (taken to be 1.47 A (1), The
iron—nitrogen bonds in [Fe(CN)y(en)]?~ are, in contrast, significantly longer
than in either [Fe(hxsbH)]** or [Fe(tptcn)]?*.

The bond angles at the carbon and nitrogen atoms within the 5-membered
ring are all close to that one would expect for sp® hybridised atoms (109.5°)

except for the ZC—C—N angles, which are slightly expanded to 112°. This
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reflects the relatively small bite of such a five membered ring at iron(II), and
the large crystal field stabilisation energy for the latter being able to force
slight angle strain in the relatively flexible (cf. bmi or gmi) chelate ring. This is
reinforced by the angle subtended at the iron by the diamine ligand (/ZN—Fe—N
= 82°), greater than for the Schiff base diimine ligands in Table 3.7.

Significantly, the C—C bond in the chelate ring is substantially shorter
than one would expect (bond lengths for hxsbH and tptcn are 1.51 and 1.52
A respectively). In fact, at 1.45 A, it falls within the range of those ligands
with some degree of multiple bond character. In comparison 1!, typical C—C
bond lengths are 1.53 A (in cyclohexane), 1.40 A (in benzene), and 1.34 A
(in ethene).

The N;,—C;—C;—N, torsion angle in the diamine ring is 45.7° and is shown
in Figure 3.10. The Newman projection along the C;—C, axis highlights the
torsion angle, ®. Within the chelate ring there appears to be a considerable
degree of van der Waals strain, with several H-H non-bonding distances being
substantially less than the sum of their van der Waals radii (i.e. < 2.5 A).
The degree of torsional strain imposed by the above, and by coordination, is
significantly less than for either [Fe(hxsbH)]** (& = 42.5°) or [Fe(tptcn)]*t (&
= 29°). Presumably the latter ligands impose greater geometric constraints
because of their multidentate nature.

Unlike the [Fe(Bcxcage] complex 1'% no evidence for ring inversion was ob-
served during structural refinement. Rapid inversion (in the iron(III) analogue)

occurs in solution however, with k; = 3 x 108 s~ (113,
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Complex ¢ Bond lengths / A LN—Fe—N | Ref.
Fe—N N—C C—C

[Fe(bipy)s)?t 1.96-1.99 | 1.34-1.35 | 1.42-1.48 82 [114]
[Fe(phen)3]?* 1.96-1.98 | 1.31-1.39 | 1.38 83 [115]
[Fe(CaNacxcage)]*t | 1.90-1.93 | 1.26-1.29 | 1.43-1.45 T7-19 [116]
[Fe(gmi)s)?* 1.95 1.27 1.42 80 [117]
[Fe(bmi)z)?* 1.96 1.29 1.48 79.5 [117]
[Fe(bqdi)s]?* 1.90-1.92 | 1.29-1.32 | 1.45-1.46 79.4 [118]
[Fe(bdh)3)?* 1.96 1.29 1.47 79.4 [112]
[Fe(CN)3(bdh),] 1.94 1.32 1.45 78.6 [112]
[Fe(CN)4(bqdi))?~ 1.91 1.32 1.44 80.4 [71]
[Fe(SCN)z(phen)]>~ % |  2.00 1.35 1.43 81.8 [119]
[Fe(SCN)2(phen)]?= ¢ |  2.20 1.37 1.42 76.1 [119]
[Fe(CN)4(bipy)]~ 1.98 | 1.34-1.35| 1.47 80.8 d
[Fe(CN)4(en)]?~ 2.07-2.08 | 1.45-1.47 | 1.45 82 d

¢ Ligands are shown in Scheme 3.1.
b Low-spin.
¢ High—spin.
4 This work.

Table 3.7 Bond lengths and bond angles for the ternary

iron(II)-cyanide-diimine complexes and analogues.
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Figure 3.9 Crystal structure of K,;[Fe(CN),(en)].3H,0
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Oxidation State.

The coordination polyhedron of the bipy ligand in the [Fe(CN)4(bipy)]~ anion
is, within experimental error, unchanged from that in [Fe(bipy)s]**, with Fe—N
=198 4.

The loss of an electron should weaken metal-ligand bonding, although this
would be more significant for high spin complexes than for low spin. Thus for
[Fe(phen)s]?t/3+ §(Fe—N) = 0.003 A , and 0.026 A for [Fe(CN)g]>~/4~. This
compares with 0.128 A for [Fe(OH,)g)?+/3+ [120],

The Fe—C and C=N bond lengths vary considerably for both complexes.
Such variations are due in part to hydrogen-bonding between the nitrogen
lone pairs on the coordinated cyanide moieties and hydrate molecules. This is

discussed in the following Section.
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Solvate interactions.

The importance of the interaction between solvent molecules and the periphery
of these ternary complexes, evident from the solvatochromic and solvation stud-
ies conducted in Section 3.3.1, is illustrated further when one looks at the role of
the solvate molecules in the unit cell. Figures 3.12 and 3.13 show stereo pair di-
agrams of the unit cell for K,[Fe(CN)4(en)].3H,O and H[Fe(CN),(bipy)].2H,O.

In the former, interactions occur primarily between hydrate and potassium
counter—ions, with the water molecules orientated to maximise the electrostatic
stabilisation. The hydrogen-bonding interactions between hydrate molecules
and the cyanide nitrogens for K,;[Fe(CN)4(en)].3H,O and, more significantly,
for H[Fe(CN)4(bipy)].2H,0, are illustrated as faint lines in these Figures. For
the latter, the proton and the two water molecules appear to be combined into
a [H5O,]* cation (see Figure 3.16), with three hydrogen atoms from this cation
involved in hydrogen-bonding to the anion. A quantitative evaluation of these
interactions can be made from Figures 3.14 and 3.15.

As one would intuitively expect, hydrogen—bonding leads to an increase in
C=N, and a corresponding decrease in Fe—C bond lengths. The data are

slightly complicated by the different trans effects of the bidentate and the

cyanide ligands.
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Figure 3.14 Hydrogen bonding interactions for K,[Fe(CN)4(en)].3H,0.
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Figure 3.15 Hydrogen bonding interactions for H[Fe(CN),(bipy)].2H,0.
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3.4 Concluding Remarks.

Clearly, such specific solvent effects are important — not only for the intramolec-
ular electron transfer transitions described here, but for all aspects of solution
chemistry. New techniques, or at least new developments in current techniques
are needed so that specific solvent effects can be monitored in situ. EXAFS
is one technique which shows considerable promise. Bond lengths in a se-
ries of iron and ruthenium complexes from crystallographic and from EXAFS
sources have been compared [1?°, Data were comparable for complexes such as
[Fe(phen),]*t. For the [Fe(CN)g]*~ and [Fe(OH,)g]** complexes, where ligand-
solvent hydrogen-bonding can occur, metal-ligand bond lengths obtained via
EXAFS were consistently shorter than those in the solid state.

An additional approach to characterise ligand—-solvent interactions in situ
is preresonance Raman spectroscopy analysed using time dependent scatter-
ing. Changes in the charge transfer energy for the [Ru(bipy)(NH;)4]** cation
were recently analysed quantitatively in terms of the modification of Ru—NHj3
bond strengths and consequent charge distribution brought about by hydrogen—
bonding 124,

Significant advances in the analysis of solvent effects on redox processes,
particularly preferential solvation in mixed solvents, are being made through
ternary ruthenium complexes such as [Ru(NH;z)s(bipy)]?*/3+ 1?2, Unsymmet-
rical preferential solvation in binuclear analogues, such as [(bipy);ClRu-pz—
Ru(NHj3)4(py)]**, occurs between the diruthenium(II) and the mixed valence
complex (123, In addition, differences in solvent-solute interactions are able to
modulate the extent of orbital mixing and electronic coupling 124,

In the following Chapter the ternary iron(II)-cyanide-diimine complexes
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mentioned in this Chapter are used as reductants to examine solvent and pres-

sure effects on intermolecular electron transfer rates.
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Chapter 4

Volumes of Activation, Partial Molar

Volumes, and Solvent Effects Related

to the Perozodisulphate Ozidation of

Ternary Iron(II)-ditmine complezes




4.1 Introduction.

In comparison to other inorganic reactions there is a relatively small amount
of data involving solvent and pressure effects on redox reactions. This applies
particularly to simple outer—sphere electron transfer reactions, for which very

few volumes of activation have been reported ['?®l, Some of these are given in

Table below.

Reaction Solvent | AV# / cm® mol™! | Ref.
[Co(terpy).]** + [Co(bipy)s]** [126]
MeCN -5
water -9
formamide 14
[Fe(CN)4(bipy)]*~ + S203~ water 0 [127]
[Co(NHz)s(Na)]?+ + Fet water +12 [128]
[Co(NH;)s(OH,)]** + [Fe(CN)g]*~ |  water +27 [129]

The electron exchange between [Fe(OH)|2! and Fe®t, and the peroxodisul-
phate oxidation of [Fe(CN)(bipy)]>~ have activation volumes of zero. These
have been interpreted as the balance between opposing intrinsic and solvation
contributions of the reactants. Counter-ion solvation has also been shown to be
important for the [MnQ4]?~/~ exchange reaction, where activation volumes for
the cation—dependent pathway are +3.3 and —1.1 cm® mol~! for the Nat and
K* salts respectively (139,

Amongst the few simple OSET reactions reported, only a small number have
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shown a significant solvation effect. Thus for the reaction

[Co(bipy)s|** + [Co(terpy)a]*t — [Co(bipy)s]** + [Co(terpy),]**

AV},, varies from -5 to —14 cm® mol™! between acetonitrile and formamide.

!

obs

s
Such solvent variation of AV, implies significantly different solvation patterns
between the initial- and transition—state in each of the respective media.

In this Chapter the outer—sphere electron transfer reaction between the per-
oxodisulphate anion (S;02”) and a series of ternary iron(II)-cyanide-diimine
complexes is examined. Kinetic and thermodynamic data are measured as func-
tions of pressure and solvent composition. Data are discussed in terms of the

differences in the solvation of the participating species due to electrostatic and

ligand hydrophilic/hydrophobic nature.
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4.2 Experimental.

The complexes Fe(CN),(bipy), and K,[Fe(CN)4(LL)] (LL = phen, ein, Me,bsb)
were all prepared as described in Chapter 2. All reagents were obtained from
Aldrich except K3S,05 which was AnalaR grade. The apparatus and technique
used to determine the kinetic parameters is described in Chapter 2. The oxi-

dation of the iron(II) complexes is proposed to occur via the mechanism shown
[Fe(CN)4(LL)]>~ + S,02~ — [Fe(CN),(LL)]~ + SO~ + SO}~ (1)
[Fe(CN)4(LL)]*~ + SO3~ — [Fe(CN)4(LL)]~ + SO . (2)

where step (1) is rate determining.

The peroxodisulphate concentration was in vast excess compared with that
of the iron(I) complex. Good first-order kinetics were observed for the first
half-life after which time the quality of the fit began to deteriorate slowly due
to the presence of radicals. The extent of radical interference is much less than
that observed for the S,02~ oxidation of [Fe(phen)g]?*+ [31],

The reaction was monitored from the decrease in absorbance of the iron(II)-

diimine chromophore with

- d—[&;‘tpﬁd— = kops[Complex]|

The S,02~ oxidation of iron(II)-diimine complexes, particularly those in-
volving electron withdrawing ligands such as [Fe(5-NO,phen)]?* 1132 showed
that significant unimolecular decomposition of the iron complex occurred on
the reaction timescale. The observed rate constant was therefore fitted to an

equation of the general type

k(oba) = (kl + kZ[SZOg_])

7



where the k; term corresponds to unimolecular decomposition of the iron(II)
complex and k; to bimolecular oxidation.

The ternary complexes used here are ideal in this respect since k; values
are extremely small (133, The observed rate constant, k., is therefore purely a
function of the oxidation of the ternary iron(II) cc;mplex.

A small amount (ca. 10~° mol dm™3) of EDTA was present to sequester
any trace transition metal impurities present in the S,03~ - avoiding unwanted
catalysis.

All kinetic data were obtained using the SP 8-100 spectrophotometer de-
scribed in Section 2.3.

The measured apparent partial molar volumes are calculated for the hy-
drated solid samples. Conversion to the value for the anhydrous anion was
made by subtracting V (H;0) for each water of crystallisation (determined
by thermogravimetrically or from the relevant crystal structure). Partial molar

volumes were kindly measured by Dr Colin D. Hubbard and Dr Pilar Guardado.

ein bipy phen Me,bsb
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4.3 Results and Discussion.

4.3.1 Volumes of Activation.

The log;o of the ratios of observed first-order rate constants at high pressure
to their equivalents at atmospheric pressure are given in Table 4.1. Plots of
these logarithm ratios against pressure were essentially linear and are shown in
Figure 4.1. The dotted lines in this Figure correspond to a 60% DMSO-water
mixture. The volumes of activation derived from such plots are given in Table
4.2.

Firstly, it is clear that the previous interpretation of balancing intrinsic
and solvation terms for the peroxodisulphate oxidation of [Fe(CN)4(bipy)]*~
is correct. If one now compares the series of [Fe(CN)4(LL)}>~ anions the im-

portance of complex hydrophobicity can clearly be seen. For the largest, and

most hydrophobic, complex, [Fe(CN)4(Me,bsb)]*, AVE," = -10.2 cm® mol ™.
This is approximately that expected for a bimolecular reaction in the absence

of a solvation contribution. As the hydrophobicity of the coordinated diimine

moiety decreases (and the solvation contribution to AVE," increases) the values

!

increase progressively until, for [Fe(CN),(ein)]?>~ AV}, = +5 cm® mol~?!, where
the release of electrostricted solvent dominates the intrinsic volume decrease.
In view of the fact that the partial molar volume of ‘free’ water is +18 cm?
mol™! and that of electrostricted water is +15 cm® mol™! 134, it can be es-
timated that approximately 5 water molecules are released from the solvation
sheath of the anion on transition state formation . This compares with approx-

imately 3 for [Fe(CN)4(bipy)]>~ and one for the most hydrophobic (and least
hydrated) [Fe(CN)4(Me;zbsb)]?~ anion.
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Figure 4.1 Plot of loglo(%) VS. pressure.
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4.3.2 Partial Molar Volumes.

The partial molar volumes of several ternary iron(II)-cyanide-diimine com-
plexes are reported in Table 4.3. The dependence of V for the ternary complexes
on ligand nature is shown in Figure 4.2.

The use of relative molecular mass as the z—ordinate may seem a rather
crude approach, ignoring aspects of ligand geometry such as planar vs. puck-
ered ring systems (ein vs. en) and group fluxionality which are of undoubted
importance in determining the solvation of such structures. A previous attempt
to correlate partial molar volumes with intrinsic complex volumes highlighted
the uncertainty involved in the calculation of intrinsic volumes for such complex
structures !3%, and consequently no attempt has been made here to do so.

The effect of solvation on V is illustrated by the [Fe(CN)4(bipy)]?>~/~ couple.
The iron(III) complex, with its -1 charge has a partial molar volume of 205 cm?
mol~'. This compares to 181 cm? mol~! for the dinegative iron(II) analogue.
As the intrinsic size of the [Fe(CN),(bipy)]™ anion is expected to be negligibly
different from the iron(II) analogue (cf. Chapter 3) this discrepancy must be
due to decreased solvent electrostriction and hydrogen—-bonding. An increase
of similar magnitude occurs between [Ni(edta)]>~ (V = 165 cm® mol~!) and
[Fe(edta)]™ (V = 171 cm® mol~?) [13],

The relationship between partial molar volumes for the [Fe(CN)4(diimine))?~
anions and a selection of other inorganic complexes is shown in Figure 4.3. The
diagonal line is that taken from Figure 4.2.

The general correlation, although qualitative in its approach, is quite good,
with, as one might intuitively expect, the 4- complexes, and the large 6+ hexol

complex all lying below the Figure 4.2. line. Data for hydrophobic organic
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cations and anions; AsPh}, decylNMej, and BPh; 8, and the hydrophobic
[Fe(diimine)s]?* cations [!3%] lie well above (and are parallel to) this line. The
point for the particularly hydrophobic cation [BusN(CH;)sNBug)?* 8] lies even
higher. Interestingly, the [Fe(gmi)s]?t cation, whose transfer chemical poten-
tials (8 indicate it to be at the hydrophobic/hydrophilic boundary, lies on the
correlation line for the ternary anions — which, as mentioned in Section 3.3.1,
have a similar mixed hydrophobic/hydrophilic surface. Complexes of greater
hydrophilic character (of 4-, 3—, and 3+ charge) and even [PtCl,]?~, whose val-
ues 51 lie below the correlation line, confirm the pattern of increasing charge

or hydrophilicity leading to less positive (V') values.
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4.3.3 Volume Profile

The combination of the partial molar volumes of the reactants and products,
and the activation volume allows one to construct a volume profile for a reaction
(Section 2.10). The data needed for such a profile are collected in Table 4.4.
The partial molar volume of the SO}~ radical anion is unavailable. Here,
it is assumed that V (SO3~) & V (ClOz). Such an assumption is expected
to have a small effect (2 cm® mol™?!) on the analysis. The volume profile is

illustrated in Figure 4.4.

" Structure V / cm® mol™! | Ref.
S,02" 80 [137]
[Fe(CN)4(bipy)]?~ 181 a
IS 261
avh 0 b
TS 261
SO;™ © 36 (48]
S02- 14 [48]
[Fe(CN)4(bipy)]~ 205 a
Products 255

¢ This work.
b From ref. 127 ¢

cV(S05") = V(ClOy) (cf. text).

Table 4.4 Volume profile data for the S;03~ oxidation of [Fe(CN)4(bipy)]?~.
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There is a very small volume change of -6 cm® mol~! during the reaction
which arises entirely from a decrease in volume between the transition state and
the products. This change masks a decrease in solvation of the iron complex
balancing an increase in solvation of the SO} ~ and SO~ fragments (relative to
S;037). This is barely significant when one remembers the estimated value for
the SO;~ component.

Transition state desolvation would be greater for reactants with a 2+/2-
charge combination, where the outer—sphere associate would be formally un-
charged. The design of potential iron(II) complexes is complicated by kinetic
stability constraints. Cage, semi—cage, and garland-type hexadentate ligands,
such as those shown in Scheme 3.1 form complexes of the required stability, al-
though ligaﬁd oxidation, particularly for the latter type, can occur in preference

to a metal centred process [117:138],

90



4.3.4 Initial State—Transition State Analysis.

The transfer chemical potentials from Chapter 3 are combined with the second—
order rate constants for peroxodisulphate oxidation (Table 4.5) to give the initial
state transition state analyses in Tables 4.6 — 4.8. These initial state transition

state analyses are then shown in Figures 4.5 — 4.7.

104 kob, / g”le

Complex ® Vol % DMSO

0 | 20| 40 | 60

Fe(CN),(bipy), 65 | 22 | 4.6 | 0.62
[Fe(CN)4(bipy)]>~ | 26 | 21 |12.7] 9.2
[Fe(CN)4(Me,bsb)]2~ | 21 |120 | 230 | 25

¢ [K3S50g] = 0.02 mol dm™3 ( =1I) ; [complex] =1 x 10~* mol dm™>.

b Ligand formulae are defined in text.

Table 4.5 Observed first—order rate constants for S,03~ oxidation

of iron(II)-cyanide-diimine complexes in DMSO-water mixtures (298.2 K).
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Rather strikingly the relatively small solvent effect on rate constants masks
very large changes in IS and TS stability. In fact the destabilisation of the
initial state in moving from water to 60% DMSO for the S;02™ oxidation of
[Fe(CN)4(bipy)]>~ is of similar magnitude to the activation barrier.

Although initial state destabilisation is large, reactivity patterns are deter-
mined by transition state effects. For [Fe(CN),(bipy),] and the [Fe(CN),(bipy)]?~
anion, the rate retardation observed is due to destabilisation of the transition
state relative to the ground state. This dominance of reactivity by transi-
tion state destabilisation is relatively common for outer—sphere electron trans-
fer reactions where the reactants have the same sign as in the reactions con-
sidered here. It is usually rationalised in terms of the destabilisation of the
[Fe(CN)4(LL), S,0s]*" transition state relative to the component dianions.
This is in contrast to the peroxodisulphate oxidation of [Fe(phen)s]?t 131 or
of [Fe(C3N3zcage)]** 1%, where such transition state effects are less important

due to the formally uncharged outer—sphere associate.
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4.4 Concluding Remarks.

It is interesting to note that the second—order rate constant for S,03~ oxida-
tion varies directly with the formal iron(II)/(III) redox potentials (and hence
inversely with AG®) for the series of complexes given in Table 4.9. Partic-
ularly striking is the large drop in reactivity between [Fe(CN)4(bipy)]*~ and
[Fe(CN)g]*~. Assuming that the reactions are all approximately equally adia-
batic, this trend could suggest that electron delocalisation on the diimine ligand
in the charge transfer excited state may provide a low energy pathway via which
the reaction could proceed. Consequently this would involve the specific orien-
tation of the ternary complex with respect to the S,02~ oxidant. Certainly the
ability of such ligands to participate in bridge mediated inner—sphere electron

transfer reactions is becoming apparent [14%141],
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Chapter 5

Structure and Solvation of

Binuclear Iron(Il)-ditmine complezes




5.1 Introduction.

Several binuclear complexes of the general type (1) exist formed with a variety

of terdendate ligands (2 to 6) [144-148],

>
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The vast majority of these have been homometallic, and involved either Fe?*,
Co?*, Ni®* or Zn?* cations. More recently, a series of mixed metal binuclear
complexes ([MM’(pmk);]**) have been reported (M = Zn?*; M’ = Co?*, Cu?*
or Ni?*+) 1149 Sych heterobimetallic complexes have become useful models with
which to study the nuclear relaxation behaviour of paramagnetic metal ions.
This is particularly interesting in the context of the work involved in this Thesis
since it provides an alternative method to examine metal-metal interaction to
that provided by the Robin and Day classification (cf. Chapter 6).

The stability of the iron(II) complexes formed by ligands (2 to 5) varies
considerably. The 6~Me paa variant (§) was reported not to form a low—spin
complex at all .[148]. Presumably, the inter-methyl distortion is too large to
permit close enough approach of the ligands to the metal to engender a low—spin
environment. Similarly, the [Fe(6—Mebipy)s]*t 159 cation exhibits a low—spin

= high-spin transition at ca. 89 K.

Low-spin iron(II) complexes are generally substitution inert as a conse-
quence of high crystal field stabilisation energies, with maximum crystal field
stabilisation in the ground state corresponding to octahedral geometry. For
tris—diimine complexes considerable distortion away from accurate octahedral
FeNg units can occur due to the relatively small bite of these diimine ligands.
Ligands which are even more sterically demanding can force even greater distor-

tion from octahedral geometry - particularly in semi~ and fully-encapsulating
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cage compounds. These changes in ligand structure affect reactivity through
the usual electronic and steric effects but can also influence reactivity trends in
binary aqueous solvent mixtures through hydrophobic and hydrophilic ligand—
solvent interactions and consequent preferential solvation. The factors affecting
these preferential solvation trends for mononuclear iron(II), cobalt(III), and
chromium(IIT) complexes in mixed solvents is well established 8. Data for
binuclear complexes are, on the other hand, very sparse indeed.

In the present Chapter the structure and solvation of several binuclear
iron(IT)-diimine complexes of the type shown below are examined and com-

pared where possible with existing data on mononuclear iron(II), and binuclear

cobalt(III) complexes.
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5.2 Experimental.

The [Fey(paa)s)** 144 cation was prepared from iron(II) chloride tetrahydrate,
hydrazine and pyridine 2-aldehyde, and isolated as the PFg and Cl~ salts. The

148 from iron(II)

[Feo(pmk)s]** cation was generated by the published method !
chloride, hydrazine and\ 2-acetyl pyridine, and isolated as the Cl~, I7, ClO;
and PFy salts.

The attempted preparation of 5 via the initial isolation of the free ligand led
to the formation of a blue complex (es90 = 7 x 10%). Repeating this preparation
in the presence of an iron(II) template led to the initial formation of the blue
solution. On prolonged standing (12 hours) a green solution prevailed (€g20 =
0.9 x 10®) from which a solid was precipitated as the iodide and perchlorate
salts. The iron analysis was consistent with the formulation [Fe,(pbk)s](PFg)s.

Presumably, the preparation of the ligand in the absence of a metal template
led to the formation of the cis- trans configuration (see below) because of the
significant Ph « Ph steric crowding associated with the cis—cis form. Clearly

this type of configuration is able to function as a tridentate ligand, as has been

observed in the hydrolysis of the [Fey(pah)s]*t cation (144,

AN

~

N \N
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The sample of [Fe,(pmk);]I; used for the X-ray study was grown from a
supersaturated aqueous solution as a red cubic crystal. The structure determi-
nation was performed by Dr D.R. Russell and Ms. M. Bassett.

The acquisition of high resolution NMR spectra of iron(II)-diimine com-
plexes can be hampered by solubility restraints (and opposing sample micro-
heterogeneity), decomposition to paramagnetic products and sample viscosity.
Such complications dictate the choice of both counter—ion and solvent to max-
imise the quality of spectra. Previous studies on a wide range of mononuclear
iron(II)-diimine complexes [**!] found that the most suitable conditions were to
use the PFy salt and CD3CN. Here however, due to the higher cation charge
and greater probability to ion—pair a concentrated solution of the chloride salt
in D,0O was used.

Spectra were recorded on a Bruker AM300 spectrophotometer operating at
300 MHz for 'H and 75 MHz for 3C, and at 298 K. Chemical shifts are reported
relative to a DSS internal standard.

Complex solubilities were determined in the manner outlined in Section 2.4.2
except for those containing the [Fe,(pmk)s]*t cation which was slightly unstable
in some of the media used. As a result, solubilities were determined more rapidly
(3 hour) from a rapidly stirred thermostatted solution. Concentrations were
determined spectrophotometrically (Pye-Unicam SP 8-100). Samples of the
binuclear cobalt(III) complexes were kindly supplied by Prof. T. P. Dasgupta
and K. A. Rashid.
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5.3 Results and Discussion.

5.3.1 Crystal Structure.

The X-ray diffraction data for [Fey(pmk);](I);.3H,O are set out in Appendix C.
Selected bond lengths and angles are included in Table 5.1 which also includes
relevant data for related iron(II)-diimine complexes.

In an analogous manner to [Coy(pmk);]*t the metal centres are coordinated
in an approximately octahedral environment as can be seen in Figure 5.1. The
geometry at each iron is fac with the three pyridyl nitrogens defining one octa-
hedral face and the three bridging nitrogens the other. Table 5.1 includes skew
and bond angles, and bond length data for [Fe,(pmk);]** and related complexes.
(See Figure 5.2 for ligand formulae)

The bite of the diimine moiety N=C—C=N is slightly less than 90° produc-
ing a small but significant distortion towards trigonal prismatic geometry. This
is further highlighted when one looks at the skew angles of 47° and 52° (between
faces 1 and 2, and between 3 and 4) respectively (Figure 5.3). These skew an-
gles are intermediate between those for the relatively unhindered [Fe(LL);]%t
(LL = bipy, phen, gmi, bmi) complexes which are close to octahedral (a =
55°), and the more sterically constrained cage complexes, [Fe(C3Nzcxcage)|?*
and [Fe(Bcxcage|, where o = 22° and 0° respectively.

The N;—C5;—C¢—N; and Ny—C;5—C,6—N3 torsional angles within the
pmk ligand system are 3°. Each five membered chelate ring is therefore essen-
tially co—planer with the corresponding pyridine ring. In contrast, the N;—C;—
Ce—C7 and Ny;—C;5—C,6—C;7 torsional angles are ca. 8°, with the methyl
groups bent out of this plane. This is consistent with a significant degree of

inter—-methyl group distortion. The distortion in the [Fe;(pmk);]*t cation, due
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to steric methyl < methyl repulsion is constrained more than in the Co(II)
analogue (a = 42°) by the greater CFSE for the iron(II) centre.

The C—Npyrigyt bond lengths are 1.36 A are considerably longer than the
C—N,,i¢e bonds (1.29 A), reflecting significantly more double bond character
for the latter (cf. 1.37 A for pyridine; C=N =1.27 A [tua]y,

From Table 5.1 it is evident that iron—nitrogen bond lengths span only the
small range of 1.90 to 1.99 A — reflecting contributions from o and = effects as
well as geometric restraints of some of the ligands. A similar division to that
mentioned above can be seen for the Fe—N bonds. The Fe—Np,,i4,1 bonds (1.98
A) are shorter than the Fe—N,.iq. bonds (1.92 A), a trend that is consistent
with mononuclear analogues involving the apmi, hxsbH, and tripod ligands (see
Scheme 5.1 for formulae).

Some measure of metal-ligand delocalisation should be provided by C—N
bond lengths, although complications arise because of ligand asymmetry ( vide
supra ). Probably the best reflection of delocalisation is provided by the imine
C—C bond lengths in the chelate ring — although the small range of C—C bond
lengths makes this rather insensitive. Using this criterion however, the degree
of delocalisation in the [Fe;(pmk)s]*t cation is similar to that in [Fe(bipy)s]**,
but less than in [Fe(phen),]**.

The choice of the C—C bond lengths as the best criterion to describe the
extent of metal-ligand delocalisation is reinforced when comparisons are made
between the cobalt and iron binuclear complexes. The C—N bonds in the
[Coa(pmk)3]*t cation are comparable to those in the iron analogue. In contrast,
the C—C bond lengths are significantly longer in the Co(II) complex, reflecting

the less effective mg—L,+ donation for the d7 cobalt centre.
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Complex ¢ Bond lengths / A Bond angles Ref.
Fe—N N—C Cc—C N—Fe—N | ab
[Fe(bipy)a]?* 1.96-1.99 | 1.34-1.35 | 1.42-1.48 82 55 | [114]
[Fe(phen)3]?+ 1.96-1.98 | 1.31-1.39 | 1.38 83 55 | [115)
[Fe(gmi)s)?t 1.95 1.27 1.42 80 53 | [117]
[Fe(bmi)]* 1.96 1.29 1.48 79.5 53 | [117]
[Fe(apmi)3)?t 1.93-1.96 | 1.28,1.35 1.45 80 54 | [152]
[Fe(bqdi)s)?* 1.90-1.92 | 1.29-1.32 | 1.45-1.46 79 40 | [118]
[Fe(hxsbH)]*+ 1.87-1.97 | 1.31,1.36 1.43 81-86 - | [109]
[Fe(tripod))?* 1.95-1.99 | 1.28-1.38 | 1.44 81-82 54 | [153)
[Fe(CaNacxcage))?t | 1.90-1.93 | 1.26-1.29 | 1.43-1.45 | 77-79 22 | [116]
[Fe(Bexcage)|>* | 1.87-1.96 | 1.18-1.47 1.47 76 - | [112]
[Fea(pmk)3]*+ 1.93-1.98 | 1.29-1.35 | 1.44-1.47 80 4752 | ¢
[Coa(pmk)z)** - 1.25-1.39 | 1.42-1.58 42 | [154]

¢ Ligand formulae shown in Fig. 5.2.

b Defined in Fig. 5.3.

¢ This work.

Table 5.1 Bond lengths and angles for the [Fe,(pmk);)]*t cation

and for iron(II)-diimine analogues.
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Figure 5.1 Perspective view of the [Fey(pmk);]** cation.
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Figure 5.2 (cont.) General ligand formulae.
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Figure 5.3 Illustration of the skew angles in the [Fe:(pmk)s "™ cation.
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5.3.2 Solution NMR.

Peak assignment in NMR spectra is most often achieved using empirical correla-
tion tables. Advances in equipment and in theoretical aspects of Fourier trans-
form NMR spectroscopy have led to the development of new pulse sequences
and spin-decoupling techniques. Such advances have enabled the detailed as-
signment of complex structures, and have proved particularly useful in detailing
the reactivity of coordinated ligands [*5%],

The 'H NMR spectrum of [Fe;(pmk);]** is shown in Figure 5.4, from which
the methyl groups can be immediately assigned as the (3H) singlet at 1.49 ppm.
The 3 other multiplets centred at 7.8 ppm (2H), 7.4 ppm (1H) and 7.2 ppm
(1H) are the remaining 4 pyridyl protons (H, to Hy).

The BBD 3C and *C~13H DEPT spectra are shown in Figure 5.5. Again,
the methyl group is easily assigned as the signal at 13.12 ppm. The quaternary
imine carbons (H, and H;) can be extracted from the DEPT spectrum as the
peaks at 177.69 ppm and 158.30 ppm respectively, with the protonated carbons
(H, to Hy) accounting for the remaining peaks. The saturation of the methyl
signal at 48 Hz (1.49 ppm) resulted in a negative (phase) enhancement of the
peak at 7.40 ppm in the NOE difference spectrum and, on the basis ofthis, this
peak can be assigned as that of proton Hy. From the 'H«~'H COSY spectrum
(Figure 5.6) it is possible to further assign the signal at 7.25 ppm as that of
proton H.. This multiplet appears as a triplet of doublets (dt), rather than the
doublet of doublet of doublets (ddd) as one would intuitively expect. This is
due simply to equal coupling to protons H, and Hy (Jpese = Jewna = 4.5 Hz),
split further by coupling to H, (Jaue = 2 Hz).

Unfortunately, due to the virtual superimposition of the resonances of H,
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and H,, deconvolution of the multipiet is not possible beyond the reciprocal of
those coupling constants already mentioned. The chemical shifts can be seen
more clearly from the *C~'H correlation (Figure 5.7) as peaks at 7.81 ppm
and 7.85 however ! - and can be tentatively assigned on the basis of previous
spectra %1 to be H, and H, respectively. The 3C and H NMR data are
summarised in Table 5.2

Some insight into the intramolecular motion of co~ordinated diimine ligands
has been provided using NMR spectroscopy. In particular, for a series of tris
diimine cations, [Fe(LL);]**, the fluxionality of the N-phenyl ring was shown

to be dependent on the size of R

Free rotation was observed for R = H, but was restricted for more sterically
demanding groups such as Me and Ph (151,

In the present case, and although considerable steric méthyl«—»methyl strain
is highlighted from the crystal structure, no evidence of restricted rotation is

seen in the 'H spectrum, with the methyl resonances appearing as singlets.

lextrapolated from the centre of the 2D contour
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Figure 5.6 'H—!H COSY spectrum of the [Fe;(pmk);]** cation.
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5.3.3 Metal-metal Interaction.

Crystallographic structural data have been of considerable benefit when ex-
amining the extent of metal-metal interaction in polymetallic mixed valence
complexes.

In the present case the degree of interaction would be expected to be signif-
icant because of the fully conjugated nature of the ligand framework, and also
the close proximity of the metal centres (Fe—Fe = 3.47 A) - especially when
one considers that there is significant interaction across 7.65 A in the binuclear
[Feo(Mebpy—-bpyMe)s]** cation [1%€],

The N—N azide bond length is probably the best parameter to gauge the

extent of this interaction for the [Fey(pmk)s]** cation. Table 5.3 therefore

includes this and other relevant data.

Bond type Molecule N—N / A | Ref.

N—N hydrazine 1.45 [111]
N=N 1.20 | [111]
N—N | [Fe(bdh)s]?+ 1.39 | [112]

N—N [Coz(pmk)z]*t | 1.43 (av.) | [154]

N—N [Fez (pmk)3]4+ 1.42 a

% This work.

Table 5.3 Selected N—N bond lengths.

Using this criterion, the bridging N—N bond in both the iron(II) and cobalt(II)
complexes appears to be a single bond, with rather surprisingly, very little

apparent delocalisation between the metal centres.
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5.3.4 Solvation.

The dependences of absorption of saturated solutions on solvent composition for
the perchlorate salt of the [Fey(pmk)s]** cation for aqueous DMSO are given
in Table 5.4. Also included in this Table are the derived transfer chemical
potentials for the [Fe;(pmk)s]*t cation.

The transfer chemical potential trends for the [Fe,(pmk);]** cation in DMSO-
water mixtures are illustrated in Figure 5.8. This Figure also includes data for
a wide variety of mononuclear iron(II) complexes for comparison (%,

The [Fey(pmk)s]*t cation is quite dramatically stabilised as the DMSO con-
tent of the solution increases. The magnitude of this stabilisation is rather
greater than one would predict, and is greater than that for complexes with
considerably more hydrophobic character. Also included in Figure 5.8 is the
trend for the ‘mononuclear equivalent’ , [Fe(pmk), 5]**. This fits slightly better
into the overall picture, but even this is still slightly more stabilised than the

more hydrophobic [Fe(phen)s]** cation.
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Figure 5.8 Transfer chemical potential trends for the binuclear iron(II)

complexes in DMSO-water mixtures (T = 298.2 K).
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The solubilities and derived transfer chemical potential data for the per-
chlorate and iodide salts of the [Fe,(pmk)3]** for methanol-water mixtures are
given in Table 5.5. The transfer chemical potential trends are shown in Figure
5.9, with data for comparison [1644],

The agreement between the data obtained for the two salts in methanol is
reasonable up to 60% methanol, but considerably less so for 80% and 100%.
The results in these media are dependant not only on the assumption about
negligible ion—pairing but also on the accuracy of the transfer chemical poten-
tial data for the iodide and perchlorate counter—ions. Any error in these is
multiplied four times when transmitted to the value derived for the cation.

Rather surprisingly, the [Fe,(pmk)s]** cation is destabilised on transfer
from water to water-methanol mixtures. The extent of this destabilisation
is of a similar magnitude to that seen for more hydrophilic species such as
[Fe(CN)4(bipy)]>~ and even [Fe(CN);(NO)]>~. The hydrophilicity conferred
by the 4+ charge must therefore overwhelm the hydrophobicity of the essen-
tially hydrocarbon perip‘hery. It may be that solvent structural effects are of
greater significance for these exceptionally large complex ions. Measured sol-
vation trends may therefore be significantly different from those extrapolated
from mononuclear analogues.

Iron(II) chemistry is clearly an area which, at present, is unable to provide
a sufficient variety of stable binuclear complexes to probe solvation trends. A
relatively wide variety of binuclear Co(IIT) complexes exist (7], and transfer
chemical potential trends for several such complexes in methanol-water mix-
tures are given in Table 5.6, and illustrated in Figure 5.10.

The trends shown in this Figure are generally consistent with the charge

and hydrophobic/hydrophilic criteria used for mononuclear analogues. Thus,
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the highly hydrophilic [(ox);Co(p—OH);Co(0x),]*~ anion is quite dramatically
destabilised on addition of methanol.

Several rather encouraging trends can be seen from this Figure when one
compares mono— and binuclear complexes. Firstly, trends for [(H3N);Co(p—
CO;3)(p—OH); Co(NHj3);]%* and [(H3N),Co(p—NH,)(u—OH)Co(CO3),], a rather
similar pair of binuclear species, are close to that for 2 moles of their mononu-
clear analogue [Co(NH;),(COj3)]*. The difference between the trends for the
[(H3N)4Co(p—NH,)(p—OH)Co(NH;),4]*t binuclear complex and its dien ana-
logue is similar to that between the trends for [Co(NH;3)e¢]?t and [Co(en)s]?*.

Trends for a considerably larger range of binuclear complexes need to be
established before detailed understanding is achieved. In particular, groups in

terminal and bridging positions may have significantly different affects.
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Vol % MeOH : 0 20 40 60 80 100
[Fez(pmk)s](Cl04)s
Abs.sat.soln. 5.25| 3.47 | 2.56 | 1.98 | 1.67 | 0.165
Smpd (salt) — | +5.2| +8.9| 12.1 | 14.1 | 429
46.p° (ClO7) @ — | +04| 08} 24 | +9.2 | +25.2
6mp® (cation) — | +4.8 | +9.7 | +9.7 | +4.9 | +17.7
[Fep(pmk)s](I)s
Abs.sat.soln. 275 20.1 | 14.7 | 7.65 | 2.14 | 0.40
Smp? (salt) — | +3.9| +7.8| +159 | +31.6 | +52.4
46 ,p® (I7) — | 0.4 | +0.8| +4.0 | +13 | +28
6mp® (cation) — | +4.2 | +7.0 | +11.9| +19 | +24
Mean é,,u° (cation) | — | +4.6 | +8.4 | +10.8 | +12 | +21

¢ Taken from ref. [40].

Table 5.5 Solubilities and transfer chemical potentials for [Fe,(pmk),]*t

in water-MeOH mixtures (kJ mol™?; 298.2 K).
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Figure 5.9 Transfer chemical potentials trends for the binuclear

iron(Il) complexes in water-methanol mixtures.
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Vol % MeOH : 0 20 40 60

[(H;;N)4CO([I.—NH2)(,LL—OH)CO(NH;;).;] (01)4

Smpl (salt) — | +9.4 | +20.4 | +52.5
bmpd (CI7) — | +0.8 | +2.0 | +7.5
Smp® (cation) — | +6.2| +12 | +23

[(H3N)3CO([£—OH)2(#—COa)CO(NH3)3] (0104)2

Smp® (salt) — | +8.6 | +11.5 | +18.5
smp? (ClO7) @ — | 401 -0.1 | +0.3
6mp? (cation) — | +8.4 | +11.7 | +17.9

[(dien)Co(u-OH)3(u~CO3)Co(dien)](C104),

bmp? (salt) — | +1.2| +3.8
bmu? (ClOg) @ — | 401 | -0.1
6mu? (cation) — | +1.0| +4.0

[(HaN)4CO([l.—OH)(M—NHz)CO(CO;;)z]

6mp® (complex) — | +8.2 | +15.8 | +26.7

[(ox)2Cou—OH)2Co(0x)2](Cl04);

Smpl (salt) — ] +1.2
bmpi® (C1O7) @ — | 401
Smp® (cation) — | +26

@ Taken from ref. [40].

Table 5.6 Transfer chemical potentials for the

binuclear Co(III) complexes in water-MeOH mixtures (kJ mol~!; 298.2 K).
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cobalt(Il) complexes in water—-methanol mixtures.
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Chapter 6

Reactivity of Binuclear

Iron(I1)-ditmine Complezes




6.1 Introduction.

In the previous Chapter the extent of the metal-metal interaction was exam-
ined. The selective oxidation of one of these metal centres introduces the pos-
sibility of forming a mixed valence complex. Such structures have been partic-
ularly useful as models for inner-sphere electron transfer transition states.
The classification of binuclear mixed valence complexes was introduced in
1967 (158, 1t divides them into three classes depending on the extent of electron
delocalisation between the metal centres. Class I compounds are those in which
there is essentially no delocalisation (the metals having discrete valences), with
a prohibitively large barrier to electron transfer. Class III complexes are essen-
tially fully delocalised, with the metal centres having equal (often fractional)
formal oxidation states. The HOMO now incorporates both metal centres and
bridging ligands, with the electron transfer being from a metal-ligand bonding
to antibonding orbital. Only for Class II species is electron transfer meaning-
ful, where the metal centres retain the properties of the discrete valence Class
I species, but the much greater delocalisation is often accompanied by a metal
to metal charge transfer (MMCT) band in the near-IR. It is from the shape
and solvatochromism of this band that classification is often made [159],
Complex stability in solution has therefore become one of the main consid-
erations in the design of potential mixed valence binuclear complexes. Conse-
quently, ligand (and hence spin) constraints have meant that the vast majority
of mixed valence complexes involve Ru?*/3* centres, although growing number
of Fe?t/3t species are being reported (158189, In particular, the discovery that
oxygen-bridged binuclear sites occur in many non-heme proteins and enzymes

has led to a resurgence in models for such sites (161,
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In this Chapter the reactivity of several binuclear iron(II) complexes is ex-
amined and compared with mononuclear analogues. On the basis of the results

from this, preliminary redox studies are reported.
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6.2 Experimental.

The binuclear cations [Fe,(LL)3]** (LL = paa, pmk, and pbk) were prepared
as described in the previous Chapter. The required hydroxide and chloride
solutions were prepared from the respective sodium salts (AnalaR).

The kinetics were measured at 298.2 K and, unless otherwise stated, at an
ionic strength of 0.33 mol dm™3 (NaCl). The reaction was analysed from the
decrease in absorbance of the iron(II)~diimine complex against time, and was
followed for 2.5 half-lives. The concentration of hydroxide was much greater
than that of the iron(II) complex. Good first-order kinetics were observed over

the stated range with

- i.Lc"_:_tdﬂL = Kope[complex]

Observed first—order rate constants for the base hydrolysis of the [Fe;(pbk)s]**
cation were obtained on a Hi-Tech Scientific stopped~flow machine (Model SF-
3L) by C. D. Hubbard. All other kinetic measurements were obtained on either
the HP 8451A or SP 1800 spectrophotometers described in Section 2.3.

Electrochemical measurements were conducted as described in Section 2.3.6.
C\——(R R — R=H (paa)
R=Me (pmk)
— =)
\_ N—N N7 R=Ph (pbk)
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6.3 Results and Discussion.

6.3.1 Nucleophilic Attack.

The kinetics of base hydrolysis of, and nucleophilic attack, at iron(II)-diimine
complexes have been extensively studied. Rates of hydrolysis of the parent
diimine complexes [Fe(bipy)s]** and [Fe(phen)s]?t 1162 gave the familiar rate
law with an ascending power series for the nucleophile concentration and a

unimolecular aquation term (k)
kobs = ki + ka[Nu~] + kg[Nu~]* + kq [Nu~* + -

with k3 and higher terms only being important at high nucleophile concentra-
tions (or in some solvent mixtures). Subsequently, base hydrolysis reactivity of
a large range of bis—diazadiimine ligand complexes (1-4) and several Schiff-base
bidentate (5), tridentate (6), linear hexadentate (7), semicage (8) and finally
fully encapsulated Schiff-base diimine complexes (9-10) have been reported (see
Scheme 6.1 for ligand formulae). The rate constants for hydrolysis span over
nine orders of magnitude for these complexes [!*2l. Even for the closely related
bidentate complexes, (1-4), rate constants span 6 orders of magnitude [183],
Solvent modification of reactivity for many of these complexes has subse-
quently been analysed satisfactorily into initial- and transition-state contribu-
tions for a variety of binary aqueous solvent mixtures 41164, Kinetics in het-
erogeneous microemulsion systems have also been reported (1831, The presence
of added cosolvents does not drastically alter the rate law (and presumably the
mechanism) of nucleophilic attack for the majority of these complexes except

that in organic cosolvent rich media k3 and k4 terms become more prominent.

In contrast, microemulsions have been shown to alter the normal first—order
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nucleophile dependence to zero—order for hydroxide attack at the hexadentate
complex [Fe(hxsbH)|?+ [168].

The exact mechanism of nucleophilic attack rexﬁains one of some controversy
(166] with initial nucleophilic attack either at the central metal atom 167, or at
the ligand %8, Early evidence in support of the latter route came predom-
inantly from spectroscopic and kinetic experiments (1%, More recently, nmr
experiments (17 and MO calculations 17! have been used to speculate as to
the most likely site of attack (or deprotonation). The proposed reaction scheme

for base hydrolysis of the [Fe(bipy)]** cation is illustrated below (¢!

pad
O
/
(NN)zN\
N
O
o]}
2* hat
NO NO
(NNhN<H —;% (NNhN<
N A N7
HO HO
= Z
H o ) H (PB)

products
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The initial equilibrium (Kg) involves the formation of a covalent hydrate (or
solvate in protic media) by the addition of H—OH (R—OH) across the C=N.
It has been noted that this is very similar to the product of direct hydroxide
attack at the ligand [, Subsequent addition of base involves deprotonation to
form the pseudo base (PB). Intramolecular hydroxide transfer to the iron leads
eventually to the products.

Although an identical mechanism for this ligand attack approach is unlikely
for all of the various types of diimine ligands, the fast pre—equilibrium between
the complex and some sort of ligand substituted intermediate remains central.
Persuasive but not incontrovertible evidence has been reported which favours
such intermediates, although as yet, only for highly activated ring systems,
such as those illustrated (11-12), has the equilibrium constant been of sufficient

magnitude for any intermediates to be seen spectroscopically [169,
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Scheme 6.1 (cont.) General ligand formulae
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Cyanide attack.

The reaction of [Fey(pmk);]**t with cyanide should theoretically lead to the for-
mation of binuclear ternary iron—cyanide-diimine complexes in an analogous
manner to the preparations undertaken in Chapter 3. After reaction, definitive
product assignment was not possible because of the very complicated product
distribution. Modifications to Schilt’s method [38 were unsuccessful in cleanly
separating bis— and tetra—cyano complexes. Partial product separation was
achieved by eluting the reaction mixture on an alumina column, firstly with
dichloromethane and finally methanol — leaving excess KCN on the column. The
MeOH and CH,Cl, fractions were rotary evaporated to dryness and analysed.
The UV /visible spectra, solvatochromic shifts and TLC traces all appeared to
indicate single products for both fractions, but *H and 3C NMR spectra were
incompatible with any proposed products — possibly due to the incorporation
of cyanide nucleophiles into the organic ligand framework. Further purification
of the methanol fraction was achieved by eluting a concentrated aqueous so-
lution down an anion exchange column (DEAE Sephadex) initially with water
and finally with aqueous KI (0.1 mol dm™3). From their relative mobilities it
appeared that the fractions contained anions of 2- and 4- charge respectively,
although again, structures remained unresolved because of incompatible NMR
data.

Scheme 6.2 shows several intermediates that are possible from the reaction
of cyanide with the [Fe,(pmk);]*t cation. After substitution of one diimine
moiety by 2 CN~ nucleophiles at one end of the binuclear complex, additional
nucleophilic attack can occur at 3 distinct sites. If substitution occurs at the

other end of the diimine ligand then a di-bridged binuclear complex results.
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Attack can also occur at the 2 other diimine units leading to 2 mono-bridged
geometric isomers with a pendant arm bonded to each iron centre. Each metal
centre in the respective isomer has the same configuration; both are shown in
Scheme 6.3.

The problem of product assignment is much easier for base hydrolysis of
these low—spin iron(II)-diimine complexes, with the iron(II)-hydroxide being
oxidised by dissolved oxygen to give ultimately Fe;O3.nH,0. The kinetics of

base hydrolysis for several of these binuclear complexes follows.
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between the [Fe;(pmk)s]** cation and cyanide.
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Scheme 6.3 Diagram showing the di-bridged isomers following cyanide attack.

141



Base Hydrolysis.

The hydrolysis of the [Fey(pmk);]*t and [Fey(pbk)s]*t cations both occur in two
stages. For the latter complex, it was possible to merge these two processes into
a single exponential by altering the hydroxide concentration. For the former,
the rates of these two processes are so different that both can be measured with
some confidence. The reaction involves the fast conversion to an intermediate
followed by slow decomposition to the products. The latter step is taken as
the observed first—order rate constant which is given in Table 6.1. Estimated
second—order rate constants are also included in this Table. Figure 6.1 puts
these estimated second—order rate constants into perspective with existing data

on mononuclear iron(II)-diimine complexes.

Altering the R-group from Me to H to Ph results in rate constants dra-
matically changing by a factor of ca. 10°. Such a substituent effect on rate
constants is considerably larger than for the other structures given in Figure
6.1. Presumably steric effects here must be more important than for mononu-
clear analogues because of the geometrical constraints imposed by the binuclear

nature of the cations.

Complex ¢ [OH"] / mol dm~3 | ke, / 57! | ka / mol~! dm® s | Logio (k2)
[Fea(paa)s)*t 0.02 5.0x 107* 2.5 x 1072 -1.6
[Fey(pmk)a)*t 0.08 2.0 x 107° 2.5x 10™* -3.6
[Fea(pbk)a]** 0.02 2.4 120 2.1

¢ Ligand formulae defined in text.

Table 6.1 Observed first-order, and estimated second-order rate constants

for the base hydrolysis of binuclear iron(II) cations (298.2 K).
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The spectroscopic changes that take place when hydroxide is added to a
solution of [Fey(pmk);]*t are shown in Figure 6.2. On addition, complete con-
version to an intermediate occurs (ko, = ca. 3 x 10% s™'; [OH™] = 0.01 mol
dm~3) with corresponding changes in A4, from 506 nm (e = 1.5 x 10*) to 520
nm (¢ = 1.2 x 10*). This conversion exhibits pH reversibility, reconversion to
[Fez(pmk)s)** is achieved on addition of acid.

With a +4 charge it is likely that ion—pairing with anions will occur in so-
lution. No spectroscopic changes are observed on addition of concentrated (1.0
mol dm~3) solutions of anions (X = Cl~, F~ and SO%") however. Therefore,
the observed changes in the UV /visible spectrum are not due to ion—pairing.
Instead, they must be due to an intermediate formed by the direct interaction of
the hydroxide ion with the complex. Whether this process involves nucleophilic
attack at the ligand (as shown above), or ligand deprotonation is unclear. Cer-
tainly, there are no acidic C—H protons, or electrophilic carbon atoms obvious
from the 'H and !3C spectra reported in the previous Chapter.

The rate constant for the formation of this intermediate is such that lig-
and deprotonation most likely, with the hydroxide acting as a base rather than
a nucleophile. In either case, the +4 charge will electrostatically favour such
a pre—equilibrium, and could consequently lead to a high intermediate con-
centration. Additionally, it would appear from the UV /visible spectrum that,
irrespective of the exact nature of the interaction, both iron centres are affected
equally by the addition of OH~. This must be the result of either a symmetrical
interaction at each end of the complex or, less likely, incorporation of OH™ into
the inter—metal cavity.

The [Fe,(pmk);]** cation is extremely stable in water at pH 7. Solvolysis

of this cation occurs in binary aqueous solvents containing protic media (i.e.

143



alcohol-water mixtures) to give a stable iron(II) complex with significantly
different A,,., and € values. The rate constants for these solvolysis reactions is
dependent on the cosolvent present, but typically, almost complete conversion
occurs in ca. 120 minutes. The spectroscopic properties (¢ and A,,.;) also
depend on the nature of the cosolvent used. Solvolysis leads to a product with
a smaller \,,, and a larger extinction coefficient; values for MeOH and Bu!OH
are 481 and 476 nm. Consistent values for the extinction coefficients were
unobtainable, but are around 10% larger than for the [Fey(pmk);]*t cation. On
prolonged standing, solid samples reconverted back to the [Fe,(pmk);]**t cation.
The rate of this reconversion varied slightly with temperature and with pressure
(i-e. in a dessicator).

Samples of these solvolysis products were isolated as their PFg salts. Satis-
factory elemental analysis of these salts could not be achieved. Dissolution in
water did not lead to the reconversion to the [Fey(pmk);]** cation. Instead, both
solutions are stable for several days at pH 7. Base hydrolysis of the MeOH and
BufOH solvolysed samples is first—order. First-order rate constants ([OH™] =
0.1 mol dm™2) are 1.4 x 1073 57! and 5.2 x 1073 s~! respectively. No significant
spectroscopic changes are seen during the reaction except for the absorbance
decrease normally associated with reactions of this type.

The above description of the reactivity of the binuclear pmk cation is there-
fore consistent with many of the ideas proposed by Gillard viz. covalent hydrates
and pseudo bases, and is clearly an area which warrants further investigation.

Complicated rate laws can arise from the existence of intermediates of re-
duced coordination having significant lifetimes. In particular, intermediates in
which one iron-nitrogen bond is ruptured, so that the ligand is still bound to

the iron via a bidentate chelating unit, may be sufficiently stable to give consec-
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utive kinetics. The acid hydrolysis of [Fe(bipy)s]** 17 exhibits such biphasic
kinetics. Here, after the initial conversion to the intermediate good first-order
kinetics are observed for 3 half-lives, without the evidence to suggest further
intermediates. Decomposition of both iron(II)-diimine units therefore occurs
in a single stage.

Mean observed first—order rate constants (Table 6.2) calculated from the
decay of spectrum B are reported as functions of hydroxide concentration and
solvent composition in Table 6.2. These observed first—order rate constants are
shown in Figure 6.3 . As can be seen from this Figure, the data can only be
accommodated with the inclusion of k3 and possibly higher terms. Even in
water, the kinetics deviate to a small, but nevertheless significant, degree from
a linear dependence.

Figure 6.1 puts these estimated second-order rate constants into perspective

with existing data on mononuclear iron(II)-diimine complexes.
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Figure 6.1 Comparisons of rate constants for base hydrolysis

for iron(II)-diimine complexes.
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Figure 6.3 Observed first-order rate constant trends for the base hydrolysis

of the [Fey(pmk)a]** cation in binary aqueous solvent mixtures.
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Interpretation of these rate constants is clouded by the complexity intro-
duced because of the coupled pre-equilibrium and subsequent reaction. Cer-
tainly, the k; term is no longer a true reflection of the solvolysis of the [Fe;(pmk)s]**
cation.

Solvent acceleration of the base hydrolysis is, as expected, in line with the
increased chemical potential of the hydroxide ion in various binary aqueous
mixtures. Such increases in chemical potential reflect a decrease in solvation
of the highly hydrated hydroxide ion, and hence an increase in its effective
nucleophilicity. Estimated k, values in binary aqueous mixtures are shown in
Figure 6.1.

The slight discrepancy between observed. first—order rate constants in water
and 40% MeOH are due to the competing solvolysis of the complex (see above).
For the latter solvent mixture the rate constant for base hydrolysisis of a similar
magnitude to that of solvolysis. The base hydrolysis rate enhancement afforded
by the other solvent mixtures is such that the two processes are kinetically

distinct, with the rate of base hydrolysis being the fastest route.

6.3.2 Redox Behaviour.

The preceeding section has established the stability of the [Fey(LL)s]*t (LL
= paa, pmk, pbk) cations in aqueous solution. The only suitable candidate
for a mixed valence complex, using the stability of each complex in aqueous—
containing media as the prime criterion, is that derived from the pmk ligand.
The redox behavior of this cation is therefore analysed below by ‘wet’ and
electrochemical techniques.

Complete oxidation of the [Fey(pmk)s]** cation needed 12 equivalents of the

Ce(IV)/H;SO4 oxidant. No clear metal-centred oxidation process was observed.
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This most probably involved the oxidation of the —CHj groups to —CH,OH
in analogy with that observed for several mononuclear complexes [138],
Oxidation with either 1 or 2 equivalents of S,02~ was extremely slow (kobs
= ca. 1077 57!, with [S;04]*~ = 1 x 107* mol dm™3). In contrast to Ce(IV)
the repeat scan UV /visible spectrum showed metal-centred oxidation, but the
rate of oxidation was too slow to distinguish with any great certainty between

oxidation and solvolysis pathways.

Electrochemistry.

Electrochemistry in non—aqueous solvents has pro*red to be a far more effective
method with which to achieve metal oxidation of mononuclear iron(II)-diimine
complexes ! without complications from ligand—centred processes.

The cyclic voltammograms of the ligands (1-3) are shown in Figure 6.4.
Clearly, no analogous ligand oxidation to that observed above occurs here. An
irreversible reduction does occur however for all three ligands between approx-
imately 1.3 to 1.6 V. Upon coordination to the redox-inactive Zn?* cation,
further redox processes occur as shown in Figure 6.5(b). Here, 2 irreversible
reductions take place at approximately —1.5 V. These, and the oxidations noted
above most prob\a.bly correspond to the addition or removal of electrons from
the pyridine 7 electron system. Figure 6.5(b) shows the cyclic voltammogram
of the [Coy(pmk)a]** cation, which again has several irreversible reductions be-
tween —1.0 and —1.5 V. In addition, two irreversible reductions at ca. 0.7 V and
a quasi-reversible oxidation at ca. +0.5 V also occur. The latter feature is most
probably associated with the Co?t = Co®* redox couple, with no indication of
a stable mixed valence species.

Cyclic voltammograms of the binuclear [Fe,(pmk)3]** cation are shown in
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Figure 6.6 as a function of the scan rate. From this Figure it can be seen that
there is no clear indication of a mixed valence cation, although one can presume
that the waves at positive potential are associated with metal oxidation. More
interestingly, several reductive processes occur between —0.5 and -1.4 V. The
stability of the reduction products is seen as a function of the scan rate, with
two distinct waves at low scan rates merging into a single wave as the scan rate
increases. Products from such a reduction are extremely difficult to identify
at this stage and could involve ligand radicals or even possibly iron(I) metal

centres.
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Figure 6.4 Cyclic voltammogram for the terdentate ligands; (a) paa (b) pmk (c) pbk.
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Figure 6.5 Cyclic voltammograms for the [My(LL)3)**

cations; M = (a) : Zn?* , (b) : Co®*.

154



-1.0 ' 0 1.0

} 1 k]
(a) W
(c) F {

Figure 6.6 Cyclic voltammograms for the [Fe,(pmk)3]** cation;

scan rate = ; (a) 50 mV s~ , (b) 100 mV s7!, (c) 200 mV s~
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Appendix A

Crystallographic Data for

the Ky[Fe(CN)y(en)].3H, O Complez




Bond lengths

Bond Angles

Bond angles and lengths for the K3 [Fe(CN)4(en)].3H20 complex.

N(1)—Fe
C(3)—Fe
C(5)—Fe
H(31)—N(1)
C(1)—N(1)
H(42)—N(2)
N(3)—C(3)
N(5)—C(5)
H(11)—C(1)
c(2)—c(1)
H(22)—C(2)
H(2)—0(1)
H(4)—0(2)
H(6)—0(3)

N(2)—Fe—N(1)
C(3)—Fe—N(2)
C(4)—Fe—N(2)
C(5)—Fe—N(1)
C(5)—Fe—C(3)
C(6)—Fe—N(1)
C(6)—Fe—C(3)
C(6)—Fe—C(5)
H(32)—N(1)—Fe
C(1)—N(1)—Fe

C(1)—N(1)—H(32)

H(42)—N(2)—Fe
C(2)—N(2)—Fe

C(2)—N(2)—H(42)

N(4)—C(4)—Fe
N(6)—C(6)—Fe

2.067(11)
1.911(11)
1.878(13)
1.080(0)
1.468(18)
1.080(0)
1.133(13)
1.164(16)
1.080(0)
1.449(19)
1.080(0)
0.945(0)
0.77(10)
0.885(0)

82.3(3)
88.3(4)
92.7(4)
92.9(5)
90.6(5)
89.7(5)
178.0(5)
90.6(5)
109.3(3)
109.4(8)
109.1(8)
109.4(3)
109.2(7)
109.2(7)
174.0(10)
176.5(12)
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N(2)—Fe
C(4)—Fe
C(6)—Fe
H(32)—N(1)
H(41)—N(2)
C(2)—N(2)
N(4)—C(4)
N(8)—C(86)
H(12)—C(1)
H(21)—C(2)
H(1)—0(1)
H(3)—0(2)
H(5)—0(3)

C(3)—Fe—N(1)
C(4)—Fe—N(1)
C(4)—Fe—C(3)
C(5)—Fe—N(2)
C(5)—Fe—C(4)
C(6)—Fe—N(2)
C(6)—Fe—C(4)

H(31)—N(1)—Fe
H(32)—N(1)—H(31)
C(1)—N(1)—H(31)
H(41)—N(2)—Fe
H(42)—N(2)—H(41)
C(2)—N(2)—H(41)

N(3)—C(3)—Fe
N(5)—C(5)—Fe

H(11)—C(1)—N(1)

2.083(10)
1.917(12)
1.921(11)
1.080(0)
1.080(0)
1.450(19)
1.128(14)
1.161(13)
1.080(0)
1.080(0)
0.939(0)
1.16(11)

0.840(0)

88.7(5)
173.8(5)
87.5(5)
175.2(5)
92.0(5)
90.4(4)
94.0(5)
109.5(3)
109.5(0)
110.0(7)
109.4(3)
109.5(0)
110.1(7)
178.8(10)
176.3(11)
108.9(8)



H(12)—C(1)—N(1)
C(2)—C(1)—N(1)

C(2)—C(1)—H(12)
H(21)—C(2)—N(2)
H(22)—C(2)—N(2)

H(22)—C(2)—H(21)

H(4)—O0(2)—H(3)

Non-bonded Contacts

K(1)...Fe
H(31)...Fe
H(41)...Fe
C(1)...Fe
N(3)...Fe
N(5)...Fe
C(4)..K(1)
C(5)...K(1)
N(4)..K(1)
N(5)..K(1)
0(2)..K(1)
H(4)...K(1)
0(3)...K(1)
K(2)..K(1)
C(3)...K(1)
N(3)...K(1)
N(3)...K(1)
0(3)..K(2)
K(2)...K(2)
C(3)...K(2)
C(4)..K(2)
N(3)...K(2)
N(4)...K(2)
0(1)..K(2)
0(2)...K(2)
H(3)..K(2)
H(4)..K(2)
0(3)...K(2)

4.106
2.632
2.646
2.905
3.045
3.041
3.201
3.222
3.059
3.074
2.782
3.201
2.914
4.173
3.396
2.840
2.891
3.366
4.087
3.193
3.301
2.989
3.058
2.683
2.814
3.199
3.238
2.875

109.0(8)
111.6(13)
109.0(10)
109.0(7)
109.0(7)
109.5(0)
93(9)
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H(12)—C(1)—H(11)
C(2)—C(1)—H(11)
C(1)—C(2)~N(2)
H(21)—C(2)—C(1)
H(22)—C(2)—C(1)
H(2)—O0(1)—H(2)
H(6)—0(3)—H(5)

1, 0.0000, 0.0000, —1.0000
H(32)...Fe 2.630
H(42)...Fe 2.646
C(2)...Fe 2.903
N(4)...Fe 3.041

N(8)...Fe 3.081

1, 0.0000, 0.0000, 1.0000
1, 6.0000, 0.0000, 1.0000
1, 0.0000, 0.0000, 1.0000
1, 0.0000, 0.0000, 1.0000
1, 0.0000, 0.0000, 1.0000
1, 0.0000, 0.0000, 1.0000
1, 0.0000, 0.0000, 1.0000
2, 0.0000, 0.0000, 0.0000
2, 0.0000, 1.0000, 0.0000
2, 0.0000, 1.0000, 0.0000
0(1)...K(2) 2.868

1, 0.0000, 0.0000, 1.0000
2, 0.0000, 0.0000, —1.0000
2, 0.0000, 0.0000, 0.0000
2, 0.0000, 0.0000, 0.0000
2, 0.0000, 0.0000, 0.0000
2, 0.0000, 0.0000, 0.0000
2, 0.0000, 0.0000, 0.0000
2, 0.0000, 0.0000, 0.0000
2, 0.0000, 0.0000, 0.0000
2, 0.0000, 0.0000, 0.0000

2, 0.0000, 0.0000, 1.0000

109.5(0)
108.9(8)
111.5(14)
108.9(8)
109.0(9)
101.6(0)
97.8(0)



H(2)...K(2) 2.935 2, 0.0000, 0.0000, 0.0000

H(6)...K(2) 2.271 2, 0.0000, 0.0000, 1.0000
H(1)..K(2) 2.451 N(2)...N(1) 2.732
C(3)...N(1) 2.782 C(5)...N(1) 2.863
c(6)...N(1) 2.815 H(11)...N(1) 2.085
H(12)...N(1) 2.086 C(2)...N(1) 2.412
H(32)..H(31) 1.764 c(1)...H(31) 2.099
C(4)...H(31) 2.647 4, 1.0000, -1.0000, 0.0000
©(3)...H(32) 2.588 C(1)...H(32) 2.088
H(12)...H(32) 2.253 C(3)...N(2) 2.785
C(4)...N(2) 2.896 C(6)...N(2) 2.842
C(1)..N(2) 2.397 H(21)...N(2) 2.071
H(22)...N(2) 2.071 H(42)...H(41) 1.764
C(2)...H(41) 2.084 H(21)...H(41) 2.255
O(1)...H(41) 2.242 H(2)...H(41) 1.845
c(s6)...H(42) 2.648 C(2)...H(42) 2.074
C(5)...H(42) 2.524 4, 1.0000, 0.0000, 0.0000
N(5)...H(42) 2.513 4, 1.0000, 0.0000, 0.0000
H(22)...H(42) 2.244 C(4)...C(3) 2.648
C(5)...C(3) 2.694 C(5)...C(4) 2.729
C(6)...C(4) 2.806 C(6)...C(5) 2.701
H(21)...C(1) 2.069 H(22)...C(1) 2.070
H(12)...H(11) 1.764 C(2)...H(11) 2.069
C(2)...H(12) 2.070 H(22)...H(21) 1.764
0(1)...N(4) 2.854 1, 0.0000, 0.0000, —1.0000
H(1)..N(4) 2.373 1, 0.0000, 0.0000, —1.0000
0(2)...N(5) 2.867 2, 0.0000, 1.0000, —1.0000
H(3)...N(5) 1.713 2, 0.0000, 1.0000, —1.0000
H(2)...N(6) 2.044 4, 1.0000, -1.0000, 0.0000
H(5)...N(6) 2.137 3, -1.0000, 0.0000, 1.0000
0(2)...N(6) 2.927 3, -1.0000, 0.0000, 1.0000
H(4)...N(6) 2.192 3, -1.0000, 0.0000, 1.0000
0(3)...N(8) 2.939 3, -1.0000, 0.0000, 1.0000
O(1)...N(8) 2.928 4, 1.0000, —1.0000, 0.0000
H(2)...H(1) 1.460 H(4)...H(3) 1.424
H(6)...H(5) 1.301
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N@3)

CcQ)

H(32) N(5)

H(21) N(1)
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an
c2) N

H(22) C(6)

H(11)
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Atom numbered diagram of K2[Fe(CN)4(en)[.3H20 complex.
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Appendix B

Crystallographic Data for

the H[Fe(CN ),(bipy)].2H, O Complex




Bond lengths

Bond Angles

Bond angles and lengths for the H[Fe(CN)4(bipy)].2H20 complex.

N(1)—Fe
C(1)—Fe
C(3)—Fe
H(1)—O0(1)
H(3)—0(2)
C(9)—N(1)
C(14)—N(2)
C(2)—N(4)
C(4)—N(6)
C(6)—C(5)
C(7)—C(6)
c(8)—C(7)
C(9)—C(8)
C(11)—C(10)
c(12)—C(11)
C(13)—C(12)
C(14)—C(13)

N(2)—Fe—N(1)
C(1)—Fe—N(2)
C(2)—Fe—N(2)
C(3)—Fe—N(1)
C(3)—Fe—C(1)
C(4)—Fe—N(1)
C(4)—Fe—C(1)
C(4)—Fe—C(3)
C(5)—N(1)—Fe
C(9)—N(1)—C(5)
C(14)—N(2)—Fe
N(3)—C(1)—Fe
N(5)—C(3)—Fe
H(5)—C(5)—N(1)
C(6)—C(5)—H(5)
C(7)—C(6)—C(5)

1.983(3)
1.909(5)
1.923(5)
1.01(6)

0.68(4)

1.348(6)
1.343(8)
1.145(6)
1.145(6)
1.366(7)
1.367(8)
1.364(8)
1.383(7)
1.385(7)
1.370(9)
1.343(9)
1.369(8)

80.8(2)
6.1(2)
90.1(2)
97.6(2)
85.5(2)
91.7(2)
90.0(2)
87.2(2)
125.9(4)
119.0(4)
126.1(4)
178.1(5)
178.3(5)
114.8(28)
123.5(29)
119.6(6)
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N(2)—Fe 1.984(4)
C(2)—Fe 1.950(6)
C(4)—Fe 1.941(6)
H(0)—O(1) 1.12(12)
C(5)—N(1) 1.350(6)
C(10)—N(2) 1.338(6)
C(1)—N(3) 1.134(5)
C(3)—N(5) 1.138(6)
H(5)—C(5) 0.93(5)
H(6)—C(6) 0.91(5)
H(7)—C(7) 1.02(5)
H(8)—C(8) 0.88(4)
C(10)—C(9) 1.470(7)
H(11)—C(11)  0.81(4)
H(12)—C(12) 0.93(5)
H(13)—C(13) 0.87(5)
H(14)—C(14)  0.92(5)

C(1)—Fe—N(1)
C(2)—Fe—N(1)
C(2)—Fe—C(1)
C(3)—Fe—N(2)
C(3)—Fe—C(2)
C(4)—Fe—N(2)
C(4)—Fe—C(2)
H(0)—O(1)—H(1)
C(9)—N(1)—Fe
C(10)—N(2)—Fe
C(14)—N(2)—C(10)
N(4)—C(2)—Fe
N(6)—C(4)—Fe
©(8)—C(5)—N(1)
H(6)—C(6)—C(5)
C(7)—C(6)—H(6)

176.5(2)
91.3(2)
87.1(2)
178.3(2)
90.5(2)
92.3(2)
176.5(2)
84(5)
115.1(3)
115.7(3)
118.2(5)
176.2(5)
176.9(6)
121.6(6)
115.3(29)
125.0(29)



H(7)—C(7)—C(6)  119.2(27)
C(8)—C(7)—H(7)  121.5(27)
C(9)—C(8)—C(7)  119.8(6)
C(8)—C(9)—N(1)  120.7(5)
C(10)—C(9)—C(8) 125.0(5)
C(11)—C(10)—N(2) 121.6(5)
H(11)—C(11)—C(10) 116(4)
C(12)—C(11)—H(11) 125(4)
C(13)—C(12)—C(11) 119.7(6)
H(13)—C(13)—C(12) 128(3)
C(14)—C(13)—H(13) 113(3)

H(14)—C(14)—N(2) 118(3)

Non-bonded Contacts

N(3)...
N(5)...
C(5)...
c(9)...
c(14).
H(2)...
H(3)...
N(6)...
N(3)...

0(2)...

N(8)...
H(1)...
H(0)...
N(6)...
c(4)...
H(0)...
N(4)...
N(5)...
N(5)...
H(4)...
N(3)...
N(2)...
c(3)...
H(5)...

..Fe

0(1)
0(1)
o(1)
0(1)
H(1)
H(1)
H(1)
H(1)
H(2)
H(2)
H(2)
0(2)
0(2)
H(3)
H(3)
H(0)
N(1)
N(1)
N(1)

3.043
3.061
2,983
2.833
2.979
1.328
2.567
2.604
2.564
2.534
2.505
1.707
1.418
1.283
2.425
1.990
2.923
2.749
2.068
1.515
1.467
2,571
2.940

1.934
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C(8)—C(7)—C(6)
H(8)—C(8)—C(7)
C(9)—C(8)—H(8)
C(10)—C(9)—N(1)
C(9)—C(10)—N(2)
C(11)—C(10)—C(9)
C(12)—C(11)—C(10)
H(12)—C(12)—C(11)
C(13)—C(12)—H(12)
C(14)—C(13)—C(12)
©(13)—C(14)—N(2)
H(14)—C(14)—C(13)

N(4)...Fe 3.093

N(6)...Fe 3.085

H(5)...Fe 3.001

C(10)...Fe 2.833
H(14)...Fe 3.053
0(2)...0(1) 2.488
H(4)...0(1) 1.239

1, 0.0000, 0.0000, —1.0000
H(2)...H(1) 1.415
H(4)...H(1) 1.339

1, 0.0000, 0.0000, —1.0000
-1, 0.0000, 0.0000, 3.0000
H(4)...H(2) 2.224

1, 0.0000, 0.0000, —1.0000
1, 0.0000, 0.0000, —1.0000
H(4)...0(2) 1.277

-1, 0.0000, 0.0000, 3.0000
-2, 1.0000, 1.0000, 0.0000
-2, 1.0000, 1.0000, 0.0000
H(0)...H(4) 1.979
C(1)...H(0) 2.584
C(2)...N(1) 2.812
C(4)...N(1) 2.816
c(6)...N(1) 2.371

119.2(6)
122(3)
118(3)
114.3(4)
114.1(5)
124.3(5)
118.8(6)
111(4)
129(4)
119.7(6)
122.0(6)
119(3)



c(7)...
c(10).
c(2)...
C(9)...
c(12).
H(14).
c(3)...
c(14).
C(3)...
H(5)...
c(7)...
c(8)...
H(7)...
c(8)...
H(S)...
c(8)...
c(11).
c(10).
c(11).
H(11)...
c(13)...
H(12)...
c(14)...
H(12)...
c(14)...
H(14)...
H(14)...

N(1)
WN(1)
N(2)
N(2)
N(2)
.N(2)
c(1)
.C(1)
c(2)
c(3)
c(5)
Cc(5)
c(e)
c(s)
c(7)
H(7)
.C(8)
H(8)
.C(9)
c(10)
c(10)
c(11)
c(11)
H(11)
c(12)
c(13)
H(13)

2.750
2.369
2.783
2.357
2.747
1.953
2.601
3.087
2,750
2.574
2.362
2.325
2.068
2.720
1.982
2.089
3.044
2.674
2.525
1.885
2.703
1.914
2.700
2.183
2.345
1.986
2.158
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C(8)...N(1) 2.373
C(1)...N(2) 2.896
C(4)...N(2) 2.830
C(11)...N(2) 2.377
C(13)...N(2) 2.373
C(2)...C(1) 2.659
C(4)...C(1) 2.723
H(14)...C(1) 2.584
C(4)...C(3) 2.666
H(s)...C(5) 1.938
C(8)...C(5) 2.708
C(6)...H(5) 2.034
C(8)...C(6) 2.356
C(7)...H(8) 2.031
C(9)...C(7) 2.377
C(10)...C(8) 2.531
C(9)...H(8) 1.959
H(11)...H(8) 2.245
H(11)...C(9) 2.615
C(12)...C(10) 2.371
C(14)...C(10) 2.302
C(13)...C(11) 2.347
C(12)...H(11) 1.952
H(13)...C(12) 1.999
C(13)...H(12) 2.056
C(14)...H(13) 1.886



c2 Cl4 Cl3

} c9

Atom numbered diagram of H[Fe(CN)4(bipy)].2H,0 complex.

177



Appendix C

Crystallographic Data for

the [Fey(pmk)3/I,.2H, O Complez




Bond angles and lengths for the [Fez(pmk)s](I)s.3H20 complex.

N(2)-Fe(1)-N(1)
C(1)-N(1)-Fe(1)
C(5)-N(1)-C(1)
N(1)-Fe(1)-N(1)
C(6)-N(2)-Fe(1)
N(2)-Fe(1)-N(2)
N(2)-N(3)-Fe(2)
C(16)-N(3)-N(2)
N(3)-Fe(2)-N(3)
C(15)-N(4)-Fe(2)
N(4)-Fe(2)-N(4)
C(2)-C(1)-N(1)
C(4)-C(3)-C(2)
C(4)-C(5)-N(1)
C(6)-C(5)-C(4)
C(7)-C(6)-N(2)
C(12)-C(11)-N(4)
C(14)-C(13)-C(12
C(14)-C(15)-N(4)

C(16)-C(15)-C(14)

C(17)-C(16)-N(3)

N(1)-Fe(1)
N(3)-Fe(2)
C(1)-N(1)
N(3)-N(2)
C(16)-N(3)
C(15)-N(4)
c(3)-C(2)
C(5)-C(4)
c(7)-C(6)
C(13)-C(12)
C(15)-C(14)
C(17)-C(16)

78.7(3)
125.5(7)
120.0(9)
96.4(3)
120.9(7)
91.6(3)
117.2(6)
120.6(8)
90.2(3)
114.8(7)
96.3(3)
120.4(10)
118.4(11)
122.6(9)
122.8(9)
126.1(9)
121.5(11)
120.1(12)
124.0(10)
122.2(10)
125.5(10)

Bond lengths:

1.979(8)

1.936(8)

1.362(13)
1.416(11)
1.294(12)
1.355(13)
1.380(16)
1.397(14)
1.503(14)
1.376(17)
1.390(15)
1.519(15)
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N(4)-Fe(2)-N(3) 79.5(3)
C(5)-N(1)-Fe(1) 114.4(6)
N(1)-Fe(1)-N(1) 96.4(3)
N(3)-N(2)-Fe(1) 115.6(6)
C(6)-N(2)-N(3) 121.4(8)
N(2)-Fe(1)-N(2) 91.6(3)
C(16)-N(3)-Fe(2)  119.5(7)
N(3)-Fe(2)-N(3) 90.2(3)
C(11)-N(4)-Fe(2)  126.5(8)
C(15)-N(4)-C(11)  118.7(9)
N(4)-Fe(2)-N(4) 96.3(3)
C(3)-C(2)-C(1) 120.6(11)
C(5)-C(4)-C(3) 117.9(10)
C(6)-C(5)-N(1) 114.6(9)
C(5)-C(6)-N(2) 111.3(9)
C(7)-C(6)-C(5) 122.5(9)
C(13)-C(12)-C(11) 118.9(12)
C(15)-C(14)-C(13) 116.7(11)
C(16)-C(15)-N(4)  113.8(10)
C(15)-C(16)-N(3)  112.0(9)
C(17)-C(16)-C(15) 122.5(10)
N(2)-Fe(1) 1.926(8)
N(4)-Fe(2) 1.972(8)
C(5)-N(1) 1.351(12)
C(6)-N(2) 1.288(12)
C(11)-N(4) 1.341(13)
C(2)-C(1) 1.410(14)
C(4)-C(3) 1.443(15)
C(6)-C(5) 1.445(13)
C(12)-C(11)  1.424(16)
C(14)-C(13)  1.418(16)
C(16)-C(15)  1.468(14)



Non-bonded Contacts:

C(1)..I(1) 3.723 7, 1.0000, 0.0000, 0.0000
C(11)..I(1) 3.643 -10, 1.0000, 0.0000, 0.0000
Fe(2)..Fe(1)  3.472 N(3)...Fe(1) 2.842
C(1)...Fe(1) 2.984 C(5)...Fe(1) 2.821
C(6)...Fe(1) 2.814 N(2)...Fe(2) 2.875
C(11)..Fe(2)  2.972 C(15)...Fe(2) 2.822
C(16)..Fe(2)  2.809 N(2)...N(1) 2.476
C(2)...N(1) 2.406 C(3)...N(1) 2.803
C(4)..N(1) 2.411 C(8)...N(1) 2.353
N(1)...N(1) 2.952 5, 0.0000, 0.0000, 0.0000
N(2)...N(1) 2.859 5, 0.0000, 0.0000, 0.0000
N(1)...N(1) 2.952 9, 0.0000, 0.0000, 0.0000
C(5)...N(2) 2.259 C(7)...N(2) 2.490
C(16)...N(2) 2.355 C(17)...N(2) 2.905
N(2)...N(2) 2.762 5, 0.0000, 0.0000, 0.0000
N(3)...N(2) 2.718 5, 0.0000, 0.0000, 0.0000
N(2)...N(2) 2.762 9, 0.0000, 0.0000, 0.0000
N(4)...N(3) 2.499 C(6)...N(3) 2.360
C(7)...N(3) 2.918 C(15)...N(3) 2.291
N(3)...N(3) 2.744 5, 0.0000, 0.0000, 0.0000
N(4)...N(3) 2.875 5, 0.0000, 0.0000, 0.0000
N(3)...N(3) 2.744 9, 0.0000, 0.0000, 0.0000
C(17)...N(3) 2.503 C(12)...N(4) 2.412
C(13)...N(4) 2.790 C(14)...N(4) 2.424
N(4)...N(4) 2.938 5, 0.0000, 0.0000, 0.0000
N(4)...N(4) 2.938 9, 0.0000, 0.0000, 0.0000
C(16)...N(4) 2.364 C(3)...C(1) 2.424
C(4)...C(1) 2.786 C(5)...C(1) 2.350
C(4)...C(2) 2.425 C(5)...C(2) 2.752
C(5)...C(3) 2.433 C(6)...C(4) 2.495
C(7)...C(4) 3.011 C(7)...C(5) 2.585
C(13)..C(11)  2.411 C(14)...C(11) 2.776
C(15)..C(11)  2.318 C(14)...C(12) 2.421
C(15)...C(12)  2.734 C(15)...C(13) 2.391
C(16)...C(14)  2.502 C(17)...C(14) 3.028

C(17)...C(15)  2.618
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H2

Atom numbered diagram of [Fe2(pmk)3]14.3H20.
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