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ABSTRACT

This work is concerned with oxidation-reduction potentials and
related thermodynamics of complex ions in aqueous solutions, The
systems studied are the iron(II) and iron(III) complexes of Pyridine-
2,6-dialdoxime, an N,N,N-tridentate ligand with two ionizable oxime
groups.

This study was undertaken with special reference to the mutual
thermodynamic influence of the metal-ion and the ligand, namely:

1, The variation of redox potential with pH and ionic strength
as a result of ionization of the side groups.

2+ The change in the themmodynamic parameters for the ionizations
of the side groups as a result of chelation of the ligand to the metal
ion,

The stoichiometry of both complexes was investigated spectrophoto-
metrically and found to be 1 mole metal to 2 moles ligand in both cases,
within the experimental range, pH 3 to 6, Determinations of equilibrium
constants indicated that both complexes are stable under the experimental
conditions employed.

On the basis, potentiometric work was carried out and the redox
potential E was measured over a wide range of pH (3 to 6), ionic strength
(0.006 to 0.06M) and temperature (15, 20, 25, 27.5 and 30°C). Analysis

of the pH variation of E with reference to the various ionization equilibria
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involved, yielded the value for the pH-independent redox potential

i
variation of Ei with ionic strength and temperature led to the

E. for the half cell: Fe(III)P': +et = Fe(II) P;‘. The
evaluation of the standard redox potential EI = 0,204 volt, and its

corresponding enthalpy and entropy changes for the cell reaction,
Aﬂg = -27 koal /mole, As‘{ = 66,9 e,u,
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INTRODUCTION

The present work is a thermodynamic study of the oxidation-
reduction equilibrium of bis-(pyridine-2,6-dialdoxime)~-iron(III)/
iron(II) complex ion system in dilute aqueous solution. It forms
part of a series of investigations on complex ions with particular
reference to redox potentials and ionization constants,

In recent years, rapid expansion has taken place in the field
of coordination chemistry, especially in the physico-chemical
measurement of stability constants for metal-ion complexes with
inorganic as well as organic ligands. An authoritative compilation
is available covering all data up to the end of 1960, and including
some more recent ones as well.l However, data on redox potentials
of complex ions are not extensive, and in most cases temperature
variation has not been investigated. Thus, very few enthalpy and
entropy values are available for redox cell reactions involving
complex ions.

Moreover, as knowledge about the structure of complex ions and
the nature of aqueous solutions increases, so does the need for a
more fundamental understanding of the entropies of complex ions and
their role in aqueous solutions., George, Hanania and Irvin02 have
shown that the partial molal entropy of a complex ion with the metal
in a given oxidation state can differ considerably from that of the
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conjugate acid of the corresponding complex ion with the metal in its
reduced oxidation state, although their charges are identical, Since
most aquo ions form protonated complexes, their equilibria may also
involve unusual antz;opy changes which need further examination, Similar-
ly, many types of reactions involve protonated transition states, thus
the interpretation of kinetic data also requires a more thorough under-
standing of entropies and their changes in reactions involving ions,

From another point of wview, the results of kinetic and thermo-
dynamic studies of complex ions have biological implications, It is
known that hemoproteins are iron complexes, Vitamin Bie and its
derivatives are cobalt complexés, and many enzymes are metalloproteins,
It has also recently been established that carcinogenic processes are
related to ohelation.3 Thus, the study of the biochemical role of these
substances involves coordination chemistry. Since so many biological
systems are coordination compounds, selected complex ions may be used
as models for their analogous macromolecules, The reason for this is
the following: generally, the factors affecting stability and reactivity
of coordination compounds in aqueous solution are charge, conjugation,
steric hindrance, H-bonding and hydrophobic forces. These effects
cannot be investigated individually in mecromolecules. However, by
use of "simple" complex ions as models studies can be carried out on
systems where only one or two factors operate.

The above idea has been applied by Hanania and Ir1ir:i.r'ae4’5 in their
studies of the effect of coordination to iron(II) on the thermodynamics
of ionization of acidie groups in selected organic ligands. Their

study of the 2,2'-Pyridylimidazoline-iron(II) syateu4 showed that the
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acid strength of the imidazolinium group increases from pKY 8.9 in the
free ligand to pk” 6.1 in the complex, the change appearing mainly as
enthalpy rather than an entropy effect. Thialincrease in acid strength
was attributed to the inecreased positive charge in the complex relative
to the free ligand; thus the effect being electrostatic in nature. In
their study of the Pyridine-2-aldoxime-iron(II) system’, they also

showed that the acid strength of oxime side groups in the ligand increased
from pk 10,2 in the free ligand to pK 7.1 the third ionization in the
complex, the change again appearing mainly as enthalpy rather than an
entropy effect. The charge types being the same (0 to «1) in both cases,
the effect was attributed to extra stabilization of the conjugate base

of the complex through resonance, the effect being mainly electronic.

If however, one compares the second ionization on this complex (charge
types +1 to 0) with the ionization on the free ligand (charge types

0 to -1), Hanania and Irvine's results showed that the acid strength

of the oxime group is inereased from pK 10,2 in the free ligand to pK 3.3
in the complex. This much larger effect is attributed to both electro-
static as well as conjugation factors,

Thus, the determination of such effeasts can be used in the inter-
pretation of similar linked ionization phenomena in metalloproteins
where one cannot directly measure the ionization in a free ligand or
group. The data from complex ions can be used in placing limits on the
influence of the metal on the thermodynamics of ionization for metal-
linked groups in macromolecules.

The study of complex ions involving ligands with acidic side

groups can be used to investigate the converse effect, namely the effect
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of acid-base equilibria in the ligand on the redox potential of the metal.
This problem, which is thermodynamically equivalent to the above one,

has received very little attention., Its study requires measurements of
E° for a variety of complex ion systems with differing number of

ionizable side groups on the ligands,

In the present work, the Pyridine-2,6-dialdoxime molecule is used
as a tridentate N-ligand with two ionizable oxime side groups. Its
iron(II) and iron(III) complexes may be regarded as model compounds and
the thermodynamic values obtained from this study can be compared with
other systems such as the iron(III)/iron(II)-Pyridine-2-aldoxime
system.6 These two systems have similar structures but different overall
charges; consequently one gets a measure of the influence of the metal
ligand field on linked ionizations, as well as the influence of ioniza-
tions on redox potentials of complex ions,

An attempt has therefore been made to study potentiometrically the
oxidation-reduction equilibrium involving the iron(II) and iron(III)
complexes of Pyridine-2,6-dialdoxime covering as wide a range of
experimental conditions as possible., The composition and stability of
both complexes were first determined and shown to be adequate for
precise thermodynamic work, and on this basis the redox potential

measurements were conducted as described in the following chapters.



THEORY

Pyridine-2,6~dialdoxime reacts rapidly with ferrous ions in
dilute acidic aqueous solutions to form & well defined red iron(II)
complex ion, and rather slowly with ferric ions to form the correspond-
ing well defined red iron(III) complex ion. The 1 to 2 stoichiometry
of both reactions is based on the following evidence:

1. Pyridine-2,6-dialdoxime has an N,N,N-tridentate structure with
spatial configuration and bond lengths suitable for octahedral chelation
of iron, as can be shown with Courtauld atomic models.

2. The composition of both complexes has been determined over the
pH range 3 to 7 by Job method of continuous variation and shown to be
1 mole iron to 2 moles ligand in both cases.

3, The calculations of the formation constants have all been based
on al to 2 stoichiometry; the constancy of K with varying reactant

concentrations over a wide range confirms the above assumption.

I, Formation of Fe(II) complex

The reaction between Pyridine-2,6-dialdoxime and iron(II) may be
represented by the equilibrium:
Fe(II) + 2Ligand = Complex(II) (1)
In this equation, Fe(II) represents ferrous ions which are assumed to

have negligible or constant degree of association with counter ions
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over the range of experimental conditions (pH 3 to 6). "Ligand" is
a molecule of Pyridine-2,6-dialdoxime, PHgz, having two weakly acidic

oxime groups the ionizations of which may be represented as follows:

PE° = PHY + EH' K (2)
2 o1
-3 - +

PH = P + H KO! (5)

where B ~~ 10.1 and DK o~ 10.9 at 259, 7

Complex(II) is a molecule of bis-(Pyridine-2,6-dialdoxime)-iron(II),

+
Fe(PHg):, which undergoes four successive ionizations:

+2 +1 +
FePEH‘ - FePgHa + E K (42)
FeP H'* - FePE’ + H K (4b)
23 2 2 2
FeP B° . PFePE* 4+ H K (4¢)
2 2 2 3
FeP H™* = FeP? : ol K
ePe eP + A (4a)

where at 25°C pK;v 7.27, and from the present work pK;-' 4.9 and ng»—f 4e5e
The ionization in equation (4a), with pKi, is immeasurably strong.
Compariscon with the corresponding reaction of ferrous ions with
o{,u'-dipyridyle would suggest that the reaction represented by equation
(1) occurs in two stages. The overall equilibrium constant, K ps? 2%
finite ionic strength, pH and temperature is defined in terms of molar

concentrations at equilibrium:

Kope = > (Complex(IT) / (Fe™®) {Z (Ligand).s : (5)
where, at a given pH,

Z(Complex(II)) = (FePelI:') + (FePQH:l) + (FePEH:) + (FePSH-l) + (FeP;’) (6)



and
) (Ligand) = (PE)) + (PE™Y) + (P7%) (7)
From equations (4a), (4b), (4c) and (4d), it can be shown that
(FePzﬂ:l') =K (FePQHIE) / h (8a)
(FeP B?) = K_ (FePFH:l) /h = Kll(e(FePQH:') / nt (8b)
(FeR E™*) =K (PeP H)) /h = KKK (FePQH:") /b (8¢)
(FeP’?) = K‘(FePtH'l) /h = leexax‘(repzﬁt*) / h* (8)
Thus,
5 (comptox(q)) = (por, ) {1 0 B 4 B, Bl LK ()

In the same way, from equations (2) and (3), it can be shown that

) (Ligand) = (PH?) i-1+5§4- - Eﬂh%n} (10)

Substituting from equations (9) and (10) into equation (5),

K KiKe  KiKpKs = K KoKzKg

(') (PED)® (, , Eaa , m} 2
h n*

(11)

Kove =

Equation (11) expresses the observed equilibrium constant in terms of
pH, the various ionization constantsand the concentrations of reactants
and products in the hypothetical pH-independent equilibrium

Fe'? + 2PH) = Fe(PH’)? (12)

for which the pH-independent equilibrium constant at given ionic strength
and temperature is expressed in terme of molar concentrations of the

species, namely,

Ky = (PeP,E.%) / (Fe'"®)(PH))® (13)
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Hence K and K, are related as follows:
obs y &

2
il +I-{-191"'+§m%ﬁ3
h

Ky =K g (14)
§1+;;+K_ut . KKl +&m&}
h n* n® n*

Thus from measurements of the equilibrium constant Kobs at given pH,
ionic strength and temperature, and using the known values of K4, K3,
K2, Ko1, Koz (and estimated value for Ki), it is possible to calculate

the corresponding value for the pH-independent constant Ki'

Since experimental resulte are confined to the range of pH 3 to 5,
equation (14) may be simplified by neglecting the contribution from

K4y Ko1 and Kpg, yielding

K, K KK
xi.xob'/{ 1+:"~ +—§ﬁ+—*;f&} (15)

a relation which is used in subsequent calculations,

The above pH-independent formation constant Ki is obtained at a
given ionic strength and temperature. To get the thermodynamic value,

Ko. at zero ionic strength, it is necessary to get a relation for the
jonic strength dependence of Ki'

Since equation (12) involves no charge change (+2 to +2), it follows
that at ionic strength low enough for the Debye Hiickel limiting equation
to hold, Ki is independent of ionic strength and hence equal to X%,

The standard enthalpy change for the reaction represented by

equation (12) could be obtained from measurements of Ki at several
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temperatures assuming constant heat capacities and using the thermodynamic

relation

AE = R idlnx‘; /a (-}E)} (16)

and hence the standard entropy change at given temperature is also

obtained using the relation

AS] = (BE - A¢) /T (a7
where
AG; = -R'I’ln!g (18)

II. Formation of Fe]III! complex

The reaction between Pyridine-2,6-dialdoxime and iron(III) may be
represented in a manner gsimilar to that used for the iron(II) complex

above, namely:
Fe(III) + 2ligand = Complex(III) (19)

The ferric ions are assumed to have a negligible or constant degree of
association with counter ions. "Ligand" represents a molecule of Pyridine-
2,6-dialdoxime, PHz, with two weakly acidic oxime groups (equations 2 and
3), Complex(III) is a molecule of bis-(Pyﬁdine-2,6-dia1doxime)-iron(III),

Fe(PHJ:, which also undergoes four successive ionizations:
]
FeP H® = FeP H'? + H K (20a)
2 4 23

PeP H'® = FPeP H'™ + H K (20b)
23 e 2
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L]

peP H'* « FeP B° + H' K (20¢)
e 2 2 3
- !

FeP B = FeP ™ + H' K (204)
2 2 4

where, from the present work, ﬂK:nu 6; the first three ionizations are
immeasurably strong.

Like the ferrous reaction represented by equation (1), the ferric
reaction represented by equation (19) is expected to occur in two
stages with an overall equilibrium constant K;bu’ at finite ionic
strength, pH and temperature, which is defined in terms of molar

concentrations:

Kobs ™ S (Complex(I1I))/ (Feﬂ)EZ(Liga.nd)Rz (21)

where

5 (Complex(III)) = (FePSH:’) N (Fepzn:*) + (FeR H') + (FePQHn) + (pep]?) (22)

Following the same steps as with the ferrous complex, it can be shown
1
that Kobs varies with pH and the various ionizations constants in

accordance with a relation parallel to that of equation (11), namely,

1 L . | T Tt + v 1
E KK KKK KKKK
: (FeP H'®) h n’ h® n*
obs  (pe*?) ()" 2
: {1 ,,Lnn,,m?]
h n?
and consequently,
2
il . K +§u§nz}
' 1 h n®
Kj_ 'Ko'ba (L (24)

] [ [
( E KX KKK KKKK
l1+_£+_azz+_;_z.a.*_x_z_a_s
h h K’ n*
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1
where Ki is the pH~independent equilibrium constant at given ioniec

gtrength and temperature pertaining to the hypothetical equilibrium

Fe' + :m;: a Fe(PHz):a (25)

which is equivalent to equation (12). Here again equations (16),(17) and

(18) lead to the evaluation of the standard enthalpy and entropy changes.

TII. Redox Cell Reaction
The redox cell reaction for the system bis-(Pyridine-2,6-dialdoxime)~-
iron(111) / ‘nis-(Pyridine—z,6-dialdoxime)-1ron(11) can be represented in

general terms as followsas

Complex(III) + #Hs = Complex(II) + : E (26)

where the redox potential, E, is the potential of a half-cell comprising
equimolar total conecentrations of oxidant and reductant at given pH, ionic
strength and temperature, measured against standard hydrogen electrode
(S.H.E.). Complex(III) and Complex(II) are bis-(Pyridine-2,6-~dialdoxime)~
iron(III) and bis-(Pyridine-2,6-dia1doxine)-iron(II), both of which undergo
four successive ionizations as éroviously indicated.

Since the contributions to the total molar concentrations of oxidant
and reductant of the different species involved depend on pH, it follows
that at a given temperature and jonic strength the redox potential will

depend on pH.

Dependence of redox potential on pH
A relation for the variation of the measured redox potential, E,
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with pH can be obtained with reference to the hypothetical cell reaction

involving the fully ionized species.
Fe(I,n)P;" + B = Fe(n)P;” + H E (27)

where E; is the pH-independent redox potential for equimolar concentrations

of Fo(III)P: and Fe(II)P:’, relative to S.H.E.

Thus at a given pH, ionic strength and temperature, E depends on the
concentrations of the fully ionized oxidant and reductant species as
follows: _

(Fe(TII)P7Y)

E = E + L (28)
nf (Fe(II)P;’)

whereby for equimolar total concentrations of oxidant and reductant and
pH high enough for both oxidized and reduced species to be completely
jonized, at constant temperature and ionic strength, the measured redox

potential E is equal to Ei'

The relation between the total concentration of complex and the
various ionized species is shown in equations (6) and (22). Following

the same steps as before, it can be shown that at a given pH,

/. (Complex(II)) = (Fe(II)P;’-') %1 + %‘- et 1'{21{1’(? + K&:‘;’Kl } (29)

and similarly for Complex(III),

Z(Complex(III)) = (FQ(III)P-l)gl + 1'1 + 1121 + |h3| v+ lll‘t T ﬁ{ (30)
2" "' kk KKK KKKK
435 432 452 1
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By rearranging equations (29) and (30), we get

(Fe(I1)P]*) = 2 (Complex(II))/ il + f:‘l ¥ Kl:; * Kdt;:Ke * KJ:;er ‘ (31)

and
= 2 3 4
(Pe(1TD)P;*) = 7 (Complex(II))/ {1 + = + = + === + === 1 62
g K, KK KKK K K 'k K

Substituting from equations (31) and (32) into equation (28),

# 2 3 4 ]

+ -
E=E + ﬁrl iComglex{III) K4 * KeKs = KKsKr =~ KeKsKoKy -
Complex(II h n? 2 " 7

il ol ey oy e e i kL B S
K KK KKK KKKK
4 4 3 4 3 2 4 3 2 1

Since experimental results are confined to total equimolar concentrations
of oxidant and reductant in the pH range 3 to 6.5, equation (33) may be

1 1 1
simplified by neglecting the contribution from Kx' K;’ K2 and Ka’ yielding

E = E +nF1nil+—+K‘:; fd%ﬁ?/gl*' ﬁ-} (34)

which gives the relation between the measured redox potential, E, for
equimolar concentrations of oxidant and reductant, and the pH-independent
redox potential Ei' in terms of pH and the various ionization: constants.
This value of Ei for the hypothetical cell reaction given by
equation (27) is obtained at a given ionic strength and temperature. To
get the thermodynamic pH-independent standard redox potential E:,

also necessary to investigate the effect of ionic strength on Ei'

it is
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Dependence of redox potential on ionic strength

At a given pH and temperature, the measured redox potential E is
given by: =
, RT la
E=E + an =l (35)
2%
where E° is the standard redox potential and Zao and E"R are the total
molar activities of oxidant and reductant respectively. For the pH-
independent equilibrium (equation 27), where the total molar concentra-
tions are equal to the actual concentrations of the species, equation

(35) yields

£
Ei'E:*%l“?: (36)

where f0 and fR are the activity coefficients for the fully ionized

oxidant and reductant species, Fe(III)P;‘ and Fe(n)r;" respectively.
In sufficiently dilute solutions, one may use a Debye-Hﬁbkel type of
equation for activity coefficientsg

-log £, = Az} I'k/ (1 + 21) (37)

where the constant A = 0,509 at 25°C, g is the charge on the ion i and
I is the total molar ionic strength of the solution,

Substituting into equation (36) leads to

E, = E; + 2,303 %A(z; - z:) I%/ 1 + 21%) (38)

where z, = charge on reductant and Z, " charge on oxidant.
For the cell reaction in equation (27), equation (38) reduces to

E

, = E; +0.089 1*1’/ 1+ zx’b) (39)

i
which gives the relation of the pH-independent redox potential at finite

low ionic strength to the thermodynamic pH-independent redox potential
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at I = 0,

Dependence of redox potential on temperature
The variation of redox potential with temperature is important as

it enables one to get the enthalpy and entropy changes for the cell
reaction.
Assuming that over the temperature range investigated, 15 to 30°C,
the activities of the ions are independent of temperature, one can write
dEi/ aT = dE‘i/ ar (40)

where dEi/ dT is the ghange of the pH-independent redox potential with
temperature at finite low ionic strength, and dE‘i/ dT is the change of
the thermodynamic pH-independent standard redox potential with
temperature.

Using the thermodynamic relations,

AH, = nF(ME/AT - EY) (41)

AS] = nmn‘;/d'r' (42)

Aﬂg and As‘; can be evaluated; referring to the cell reaction in

equation (27).



I.- Materials and Methods

Ferrous Ammonium Sulfate

AnalaR Fe(NH4)2(S04)2.6He0 was used, Complex(II) was prepared from
the same sample of this salt throughout., The purity of this salt had
previously been 1nvestigo,ted6 and found to be 99.9%; consequently a
0.1% increase in the weight of the samples was applied.

Ferric Ammonium Sulfate

AnaleR Fe(NH4)(S04)2.12H20 was used, Complex(III) was prepared
from the same sample of this salt throughout. The purity of this salt
had also previously been investigatods and found to be 98,6%; thus, e
1.4% increase in the weight of the samples was applied.

Pyridine-2,6-dialdoxime

A sample of Pyridine-2,6-disldoxime was purchased from Aldrich
Chemical Co. Inc,, U.S.A., It was recrystallized from water and the
melting point determined and found to be 215-216°C (literature valus
215-216°).

Perchloric Acid

70% HC104 (Merck, pro analysi grade) was used from which a standard
solution (about 1N) was prepared and used throughout the redox potential

measurements,

Sodium oxide
Merck, pro analysi grade NaOH was used, dissolved in redistilled

-16 -
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deionized water and standardized against AnalesR potassium hydrogen
phthalate.

Potagsium Chloride

AnalaR KC1 was used for the preparationrof salt bridges for the

redox potential and pH measurements,

Sodium Chloride
Merck, pro analysi grade NaCl was used for adjusting solutionsto

the required ionic strength.

Potassium Hydrogen Phthalate

AnalaR salt was used for the preparation of buffers used in the
equilibrium measurements,

Water

Redistilled deionized water was used for making up all solutions.

All spectrophotometric measurements were made on a Unicam S.P. 500
UV-VIS spectrophotometer using glass cells. Temperature was controlled
to -.|-_0.1° or better by circulating water from a thermostated water bath
(WACO Lo-Temp Bath, Chicago, U.S.A.).

All redox potential and pH measurements were taken on a pH meter
(Radiometer, type PHM4) which read to O,1 mv and 0,002 pH units.
Temperature was also controlled to within 3.-0.1o by circulating water

from a themostated water bath as above.

II.- Solutions

- Ferrous Ammonium Sulfate
Solutions were prepared by weighing 100.1% of the required amount
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of salt. For equilibrium measurements, stock solutions were made usually
2.0x107°M. For redox potential measurements, HC104 (2 moles acid/1 mole
7e(II)) was added before making up stock solutions, usually 1,0x10™%M,

Ferric Ammonium Sulfate

Solutions were prepared by weighing 101.4% of the required amount of the
salt, HC104 (2 moles acid / 1 mole Fe(III)) was added before making up to
total volume with water and filtering from the tiny insoluble residue,
yielding stock solutions of 1.0x10"*M for redox potential measurements and
2.5110"1( for equilibrium measurements.

Pyridine-2,6-dialdoxime

Solutions were prepared by weighing the required amount, dissolving it
in hot water, cooling, and making up to total volume with water, 1,0x107*M
and 5.0::10-‘1( solutions were usually prepared. Solutions involving concentra-
tions higher than 1.0x1072M could not be prepared as this is about the limit
of solubility of DIPAL in water at room temperature,

Buffers

A series of phthalate buffers (pH 3.0 to 5.0) were prepared by adding
HC1l or NaOH to potassium hydrogen phthalate solutions in the appropriate
ratios and making up to the total volume with water. A few phosphate buffers
(pH 6,0 and 7.0) were also prepared by adding NaOH to NaHsPO4.2Hz0 in the
appropriate ratios and making up to the total volume with water. In some
cases NaCl was added to adjust the ionic strength, These buffers were
used for the spectrophotomeiric measurements,

Standard phthalate and phosphate buffers were also prepared for
calibrating the pH meter before taking pH measurements., The pH values of

these buffers, as given by the National Buresu of Standards ., are given
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below. These standards were selected because of their stability with
respect to changes of concentration or slight contamination, the errors

being less than +0.01 pH units

2: 08 (NBS standards)

Standard buffer 15,0% 20,0°C 25.0°C 21.5°¢C 30,0°C,
0,05M KHP 4,00 4,01 4.01 4,01 4.01
0.025M KHePO4

6.90 6.88 6.86 6.85 6.85

0,025M NagHPO4

III.- Determination of Composition of Complexes
The composition of both complexes (equations 1 and 19) was determined

spectrophotometrically by the Job method of continuous variation, Absorbances
were read at wavelengths between 460 and 560 mp, as both complexes absorb
strongly in this region while the absorbance duve to ferrous and ferric ions
and DIPAL is negligibla.7 Details of the method were as follows:

A, Complex(II)

Freshly prepared ferrous solutions were mixed with freshly prepared
DIPAL solutions in various molar ratios and let stand for a few minutes to
ensure attainment of equilibrium., Buffer was then added to adjust pH and
the absorbances of the solutions measured in some cases at 500 mp and in
other cases at 560 np. The absorbance values were then plotted vs mole
fraction of ferrous ion, the maximum absorbance corresponding to the
stoichiometric composition of the complex.

Measurements were made at room temperature and I~ 0,025M in the

range of pH 3.0 to T7.0. The data are given in Table (Ia) and the results
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at pH 3.0 and 6,0 are shown in Fig. (la). It is seen that, under the
experimental conditions, complex(II) involves a 1 to 2 stoichiometry,

i.,e. 1 mole Fe(II) to 2 moles DIPAL.

B, Complex(III

Mixtures of ferric ion and DIPAL solutions containing various
ratios of Fe(III) to DIPAL were prepared in a manner similar to that
deseribed for complex(II), and the absorbance measured in some cases
at 460 mp and in other cases at 500 mp.

Measurements were also made at room temperature and I~ 0,025M
in the range of pH 3.0 to 7.0. The data are given in Table (Ib) and
the results at pH 3.0 and 6,0 are shown in Fig. (1b). Here again, it
is seen that, under the experimental conditions, conplex(III) involves

a1 to 2 stoichiometry, i.e. 1 mole Fe(III) to 2 moles DIPAL,



Determination of composition of complex(II) by the Job method of continous
variation at room tenpera.ture and I~ 0,025
*[Fe(IIﬂ = 2.5x10 °M; (_DIPAL] = 2,5x107°M; Absorbance measured at
A = 500 mp. against buffer as blank.,
»¢ [Pe(r1)] = 1.0x10u; [DIPAL| = 1.0x107°M; Absorbance measured st
A = 560 mp. against buffer as blank,

8,0 ml buffer added in each case.

pHE
ml Fe(II) ml DIPAL lo}:; gm(x ;i)on ;_5_1 hQ; Lﬁ i_;; 1_,_;1
1.6 0.4 0.8 0.014 0,086 0.232 0,083 0,114
1.4 0.6 0.7 0.026 0.151 0.350 0,130 0.170
1.2 0.8 0.6 0.040 0.206 0.474 0.180 0.234
1.0 1.0 0.5 0,048 0,269 0,561 0,220 0,294
0.8 1,2 0.4 0.056 0,316 0,679 0,267 0.353
0.6 1.4 0.3 0.0585 0.339 0.704 0,252 0,311
0.4 1.6 0.2 0.0515 0,289 0,540 0,174 0.214
0.3 1.7 0.15 0.0420 0.240 0.408 = -

0.2 1.8 0.1 0,033 0,190 0,280 0,091 0.115
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1lb

Determination of composition of complex(III) by the Job method of continuous

variation at room ténparatura and I~ 0,025

* LFe(IIIi] = 5,0x10°M; [nxram] = 5,0x10 °M; Absorbance measured at

A = 500 np. against buffer as blank.

v+ [Fe(111)] = 1.0x107M; [DIPAL] = 1.0x107M; ibsorbance measured at

8 ml buffer added in each case.

1.6
1.4
1.3
1.2
1.0
0.8
0.6
0.5
0.4

0.3

Oe4
0.6
0.7
0.8
1.0
1.2
1.4
1.5
1.6

1.8

Mole fraction

nl Fe(ITI) ml DIPAL of Fe(III)

0.8
0.7
0.65
0.6
0.5
0.4
0.3
0425
0.2
0.15

0.1

*

A = 460 mp. against buffer as blank.

*

3.0  4.01
0.180 0.265
0,217 0.318
0.252 0.373
0.300 0,460
0.332 0,500
0.340 04520
0320 0,456
0.248 0.363
0,168 0.260

;S
*

5409
0.373
0.455
0.537
0.708
0.860
0.943
0.704
0.577
0.447

-

6500

0,040
0,085
0.127
0.168
0,197
04209
04207

0.193

0.115

R

0.082

0.111

0.141
0.172
0.184
0.200
0.208

0.193

0.115
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Fig, 1 Determination of compositien of complex me thod of
continuous variation: (a) osmplex(II); (b) complex(III).
Data from Table 1 (a,b).
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IV.- Measurement of Formation Constant

Formation constants were measured spectrophotometrically for both
complex(II) and complex(III), In the case of complex(II), absorbance
measurements were made at 500 mp, as, at this wavelength, the absorbance
of the complex is almost independent of pH (see spectral data in Table 2).
In the case of complex(III), absorbance measurements were made at 460 mp.

A Method

The method used in the determination of the formation constant of
complex(II) was the following:

1.0 ml of freshly prepared 2,0x10 °M Fe(II) was pipetted into a tube
to which 10,0 ml of buffer solution were then added. The mixture was
placed in a water bath to attain the required temperature. 3.0 ml of this
mixture were then pipetted into a clean dry spectrophotometric glass cell
and the absorbance read, using buffer solution as a reference. DIPAL
solution of known econcentration (1.0x10™* or 5.01:10"1!) was then added in
0.01 or 0,02 ml aliquots from a microburette into the cell containing the
Fe(II)-buffer mixture, After mixing, the absorbance was measured. The
addition of DIPAL was continued until about 0,20 ml were added the
absorbance being measured afterevery addition, The pH of the solution
was then measured on a pH meter previously calibrated with standard
phthalate buffer, using a glass electrode and a saturated calomel electrode
in a thermostated unit with a saturated KCl salt bridge.

In order to get the absorbance reading corresponding to 100% complex,
solid DIPAL was added to the original solution containing Fe(II) and buffer,
the solution filtered, and the absorbance measured as above.

Since, at A = 500 mp, the only species that absorbs is complex(II),
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TABLE 2
Absorption spectra (400-580 np) of complex(II) at pH 3, 4 and 5 and of
complex(III) at pH 4; using 8 mm spacers in 10 mm cells.
[fe(IIi] - [xe(IIIf] = 2,5x10 “M with excess DIPAL and buffer

Data given as absorbance/2 mm path in cell,

A (mp) Complex(II) Complex(III)
pH 3 pH 4 pH 5 pH 4

400 0.260  0.258  0.241 0,200
405 0.288  0.280 0,257 04207
410 0.316  0.304  0.278 0.214
415 0.347 06337 0.307 0.225
420 0.380  0.372  0.339 04240
425 0.417 0.415 0.379 0.257
430 0.441  0.452  0.423 0.269
435 0.443 0.473 0.472 0.273
440 0.419 0.475 0.516 0.270
445 - 0,460  0.540 _

450 0.346  0.429  0.529 0.243
460 0.298  0.351  0.437 0.204
470 0.284  0.314 0,360 0.183
480 0.293  0.310 0,332 0,173
490 0,312  0.323  0.333 0.171
500 0.338  0.340 0,341 0.173
510 0.354 0,354 0.350 0.175
520 0.351 0,363 0.367 0.175
530 0.332  0.363  0.384 0.173
540 0.294  0.347  0.39 0.163
550 0.239  0.301  0.378 0.142
560 0.172  0.233  0.303 0.114

580 0.078 0.117 0.176 0,061
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a formation constant can be calculated for every absorbance reading, so
long as a correction factor is made on the absorbance values for the
dilution from the addition of DIPAL solution. The method used for the
caloulation of the formation constant, K g 18 shomn in (¢). The above
method was also followed in the determination of the formation constant
for the corresponding complex(III).

B. Estimation of Ionic Strength

As stated above, the equilibrium mixture contained 1.0 ml Fe(II)
(2,0x1073M) + 10,0 ml buffer (I = 0.030M) + 0.20 ml or less DIPAL. The
total molar ionic strength of the mixture neglecting the dilution effect

due to the addition of DIPAL, is as follows:

Buffer: I = 0.030 x 10.0/11.0 = 0,027 M

Fe(II) salt: Under conditions of experiment, assume 25% complex

formed.,

Fe'? : I = 2.0x10"°x(1.0/11.0)x0.75x4/2 = 0.00027
_N_H; ¢ T = 2x2.0x10 %x(1.0/11.0)x1/2 = 0,00018
S0™% : I = 2x2.0x10°x(1.0/11.0)x4/2 = 0,00072

Complex(II): Contribution of complex(II) to I may be

assumed negligible being { 107*M,

Total I = 0.028 M

Since DIPAL solution is added to 3.0 ml meking
final volume about 3.2 ml,

mean I = 34 x 0,028 = 0.027 # 0.001
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C. Calculation of Formation Constant, xobs

After every addition,of DIPAL during the experiment, the measured
absorbance, A', is corrected for dilution (A). The ratio A/lxoo' where
ALOD is the absorbance of the completely formed complex(II), gives the
percentage complex formation. This allows caloulation of the concentra-
tion of complex formed and free iron(II) at equilibrium. After every
addition, the total concentration of DIPAL is also obtained by allowing
for dilution. The concentration of free DIPAL is then obtained from the
following relationship: free [DIPAL] = total EDIPAL] -2 [bonplex(IIi].

Thus knowing the concentrations of complex(II), free Fe(II) and
DIPAL at equilibrium, K , can be calculated using equation (5).

D, Sample Run

The following details are taken from an actual experiment performed:
Date: November 29, 1964
T = 25.0 +0,1°C. pH = 4.10 I = 0,027M
Concentration of Fe(II) stock = 2.0 x 10 °M
Concentration of DIPAL stock = 1.0 x 107°M
1.0 ml Fe(II) stock + 10,0 ml buffer / 11,0 ml mixture
3,0 ml mixture + DIPAL (1.0 x 107°M) added from microburette.

The data are given in Table (3).

Result: mean K, = = (1.38 + 0,02) x 107,



Dgta for sample run described in text

TABLE

ml DIPAL &' A % rn | Complex(IT)] Tmﬂmz ,..WMHS ﬁwﬂm& 10" Kope

0.00 0.000
0.02 0.037  0.,0372 3,72 6.73x107¢  1,75x107* 6.63x10™°  5.28x107° 1,38
0.03 0,070  0.0706 7.06  1.28x107°  1,69x107% 9,91x10™°  7.65x107°  1.30
0.04 0.106  0.10T4  10.74  1.96x107°  1.62x107% 1.32x107% 9.24x10™°  1.41
0405 0044  0.1463  14.63  2,66x107°  1.55x107% 1.64x107¢ 1.11x107*  1.40
0,06 0,183  0.1867 18.67  3.40x10™°  1.48x10™% 1,96x107% 1.,26x107%  1.40
0.07 0.222  0.2270 22,70  4,13x107°  1.41x107¢ 2,28x107% 1.45x107%  1.39

; 0.08  0.259 0.2660 26,60  4,84x10™°  1,33x07% 2.60x107% 1.63x107*  1.36

& 0.09 0.298  0.3070 30,70  5.59x107°  1.26x107% 2,91x1074 1.79x107*  1.38

. 0.10 0.335  0.3460  34.60  6,30x107°  1,19x107*% 3,23x107* 1.97x107*  1.37
0.11 0.368  0.3820 38,20  6.,95x107°  1.12x107% 3,54x107¢ 2,15x107*%  1.39
0.12 0.405 0.4210 42,10  7.65x10™°  1,05x107% 3.85x107% 2,32x107%  1.35
0.3 ©  0.438  0,4565  45.65  8,30x10™>  9.90x107°  4,15x10™*%  2,49x107¢  1.36
excess 1.000 1,0000

mean K , =~ = (1.3840,02)x10”



-29 -

V.- Measurement of Redox Potential

A. Apparatus
A thermostated cell was set up, its two half cells consisting of

two emall glass cylinders 8 om long and 1.5 cm diasmeter across which the
agar-KC1 bridge could sit. The bridge was made by dissolving 4 gms agar-
agar powder and 35 gms EC1 in 100 ml water, boiling for a few minutes,
and sucking the liquid into teflon tubing previously bent into an
appropriate U shape. The liquid in the bridge was allowed to cool and
solidify into a gel. The bridges were always kept in saturated KCl
solution and a fresh bridge was used for every experiment.

The reference cell was a saturated calomel electrode dipping in
saturated KCl.

The other half cell contained an equimolar mixture of complex (II)
and complex(III) at given pH, I and T. A rhodium electrode dipped into
the mixture when potentiometric measurements were being teken, When
measuring pH, a glass electrode was dipped into the half cell in its
original position. All through potentiometric and pH measurements the
gsolution was mixed with a magnetic stirrer.

B. Method

All redox potential measurements were made on equimolar mixtures
of complex(II) and complex(III). The pH of the solution was adjusted
with NaOH, not with buffer. The reason for this was the following: the
1imit of DIPAL solubility (about 0,0lM in water) limited the maximum
DIPAL/Fe ratio that could be attained. This in turn limited the con-
centration of Fe, ' . Thus dilution with buffer gave I:L‘onplex ~ 1.5x10" 4%

or less, a concentration which is too low for stable potentials,
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The solutions of complex(II) and complex(III) were prepared as
follows: About 2 ml of DIPAL (0,010M) were added to 0.25 ml Fe(II)
stock (0,010M) in a tube and 0,25 ml Fe(III) stock (0,010M) in another
tube, and the mixtures let stand for about 15 min. to ensure complete
complex formation. About 0,2 ml NaOH (0,05M) was then added to make
total volume 2,5 ml in each case. The amounts of DIPAL and NaOH were
pgalculate to yield the required pH.

While the solutions were standing to ensure complete complex for-
mation, the pH-meter was calibrated. The solutions of complex(II) and
complex(III) were then mixed and immediately placed in the half cell
with the rhodium electrode. The potential was followed with time and
usually it either rose or dropped until about 10 to 15 min., after which
it remained constant. The rhodium electrode was then removed, a glass
eleotrode dipped into the solution and the pH measured. Finally, the pH-
meter was rechecked with standard buffer and in almost all cases the pH
value obtained agreed with the actual value of the buffer to within +0.0l.

The ratio of concentrations, DIPAL / Fe , in every case was
about 8:1 which, from the high value of the formation constants obtained,
it was assumed that in most cases, the complexes were completely formed
(see discussion). A few measurements were made using DIPAL/Fe ratios of
12:1 and 16:1 and the redox potential values obtained were the same as
those with DIPAL/Fe ratio of 8:1 under the same conditions of pH, I and T.

The redox potential values obtained were vs. saturated calomel
electrode and can be represented as Ec al." To get the E values correspond-
ing to equation (26), the value of the saturated calomel electrode at that

particular tmporature12 was added to the measured Eo al.*
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The ionic strength of the solutions was kept constant over the
entire pH range by calculating for every pH the contribution of each indi-
vidual species in a manner similar to that used for the formation constants
measurements, and ti.dding NaCl to make up to fhe total required value of I,

C. Sample Run
Date: July 28, 1964
T = 25.0°C PH = 4.47 I = 0,020M
Solution (1): 0.25 ml Fe(II) (0.010M) + 2,06 ml DIPAL (0.010M)

+ 0,19 ml NaOH (0.05M)
Solution (2): 0,25 ml Fe(III) (0.0L0M) + 2,06 ml DIPAL (0.010M)

+ 0,19 ml NaOH (0.05M)
Solutions (1) and (2) were mixed and cell HMF measured with rhodium vs.
saturated calomel electrode.

Variation of Eo al. with times

t(min,) 5 7 10 15 20 25
Ecal.(mv) 100.5 99.0 98,2 97.2 97.0 97.0
Fig, (2

Effect of time on redox cell HMF(data from Sample Run)

E

cal- = 0.0970 Volt:‘-; E Ll 0.0970 + 0.2444 - 0.3414 V‘Oltl-.



RESULTS

I.- Formation Constants

The procedure described above for measuring Koba’ the formation
constant of the ferrous complex, was followed in extending the measure-
ments over the pH range 3.3 to 5.1, at 25.,0°C and I = 0,027M. The
results are given in Table (4) which also lists the corresponding values
of the pH-independent formation constant, Ki' for the equilibrium in
equation (12). K, values were calculated using equation (15), for which
the values of Ks and Ky are taken from the redox results (see Table 12
below) and K1 is obtained by successive approximations. The mean value of

E, was found to be (2.5 + 0.1)10° M2,

i

1
The corresponding fomation constant for the ferric complex, Kobs’ was

determined at three pH values at 50.300 and I = 0,044M, the results of which
are given in Table (5). In this case it is not possible to obtain a K;
value for the equilibrium in equation (25) because three of the four ion-
ization constants of complex(III) involved in equation (24) cannot be deter-
mined with any degree of certainty from the redox or equilibrium data (see
Table 12).

Tt is possible, however, to calculate pH-independent values for the
fully ionized species corresponding to the hypthetiéal reaction

Fe'? + 227* = PeP ' (43)

and the corresponding ferrous reaction

- 32 -



o 33

Fe'* + 22 = FeP” (44)
Such caleculations were not attempted, since the primary aim of the
above measurements was to establish the order of magnitude of the
formation constants for both complexes. The results indicate that the

complexes are stable in the range of experimental conditions,



i3 -

TABLE

Variation of K , = (equation 1) with pH at T = 25.0°C and I = 0.027M.

The corresponding pH-independent formation constant, K:l' for the
reaction in equation(12) is caloulated using equation (15), and the
constants Ki = 3.0x10%, Kz = 3.16x10"°, K3 = 1.26x10°. Estimated mean

uncerteinty in K, is +4%.

pH Kobe 10° Ky (M™2)
3.30 (1.80 + 0.03) x 10° 2.44
3,50 (2.85 + 0.03) x 10° 2.48
3.72 (4.80 + 0.03) x 10° 2,45
4.10 (1,38 + 0.02) x 107 2,55
4,28 (2.48 + 0,03) x 107 2.46
4.48 (5.25 + 0.04) x 107 2.49
4.67 (1.35 + 0.03) x 10° 2,46
4.90 (3.50 + 0.02) x 10® 2.42
5408 (9.90 + 0.04) x 10° 2.60
Mean K, = (2.5 + 0.1) x 10°
TABLE 5

1
Variation of K , (equation 19) with pH at T = 30.3°C and I = 0.044M

pH Ko'lm
4.24 (2.8 + 0.7) x 107
5.03 (5.4 + 0.6) x 107

5.94 (1.5 + 0.4) x 10°®
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II.- Redox Potentials

Following the procedure previously described, the redox potential, E,
for the bis-(Pyridine-2,6-dialdoxime)-iron(III)/iron(II) system was
measured over the entire pH range of stability of the complexes, at several
temperatures and ionic strengths.

The pH variation of E was investigated at 20.0, 25.0, and 30,0°C, all
at T = 0.020M, covering the pH range 3 to 6.5. A few measurements were
also made at 15,0 and 27.5°C and I = 0,02M within the pH range 6.0 to 6.5.

The results at 25.0°C are illustrated in Fig. (3) where E values are
plotted against pH, The shape of the curve and preliminary analysis showed
that in the pH range 3 to 6.5, two ionizations are involved with the
ferrous complex and one ionization with the ferric complex. Stable
measurements could not be made beyond pH 6.5 probably due to decomposition
of the complexes. Consequently, it was not possible directly to reach the
pH-independent region which corresponds to the cell reaction involving
the fully ionized species (equation 27).

The analysis was carried out as follows:

From previous vorkT. the fourth ionization on the ferrous complex is known
to have pK4 = T.22 at T = 25.0°C and I = 0,020M. At pH ) 6.0, the
contributions of Ks and K2 in equation (34) are assumed negligible and
thus Ei velues are calculated using successive approximations to get the
value of Kl. Phe E, values obtained using equation (34) and neglecting

i

1
the contributions of K3 and Ks are represented in Table (6) as Ei" At
pH { 6, the contribution of K3 in equation (34) cannot be neglected;
consequently, at pH ) 5.4, assuming the contribution of K2 in equation (34)

as negligible, Ei values are recalculated using successive approximations
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to get the value of Kz. The Ei values obtained by neglecting the
contribution of Kz in equation (34) are represented in Table (6) as
Ei. Finally, knowing the values of K4, Ks and K: and using successive
approximations to get the value of Kg, Ei values are calculated over the
entire pH range as shown in Table (6).

The mean value of the pH-independent redox potential, E,, at 25.0%

and I = 0,020M, was found to be 0,213 + 0,002 volte,
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Fig, 3 Variation of E with pH for the bis-(Pyridine-2,6-
disldoxime)~§ron(III)/iron(II) system at 25.0°C and
I = 0.020M . Experimental points (Table 6); theoretical

curve (equation 34).
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TABLE 6

Variation of the redox potential, E, (equation 26) with pH, at T = 25,0°C

a-nd I - 0-020”-

E

cal

" . L]
electrode). E; snd E, are as defined in the text;

redox potentisl (equation 27).

is the measured redox potential (vs., satd. calomel

Ei is the pH-independent

— - - l -
Ko = 6,02 x 10™%, K5 = 1,26 x 107>, K2 = 3.16 x 10 % K, = 1.20 x 1076,

pH

e

6438
6431
6.24
6.11
6.10
6.01
5.90
5.82
5.64
5.58
546
5.28
5.12
4.71
4.47
4.25
4.16
4.13
4,03
3.75
3455
3413

anl

0.0140
0,0170
0.0200
0.0240
0.0250
0.0280
0.0320
0.0330
0.0380
0.0400
0.0450
0.0510
0.0580
0.0790
0.0970
0.1120
0.1200
0.1220
0.1320
0.,1590
0.183%0
0.2340

—————

0.2584
0.2614
042644
0.2684
0.2694
0.2724
0.2764
0.2774
0,2824
042844
0.26894
0.2954
0.3024
0.3234
0.3414
043564
0.3644
043664
0.3764
0.4034
0.4274
0.4784

E Ey
0.2129 0.2125
0.2132 0.2126
0.2139 0.2129
0.2135 0.2121
0.2143 0.2128
0.2145 0.2128
0,2155 0.2132

0.2117

0.2114

0.2118
Mean E, =

o

0.2125
0.2126
0.2129
0,2121
0,2128
0.,2128
0.2131
0.2115
0.2112
0.2115
0.2129
0.2134
0.2138
0.2138
0.2136
0.2138
0.2127
0.2122
0.2124
0,2110
0.,2115
042144
0.213 + 0,002 volt
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The variation of the redox potential, E, with ionic strength
was studied over the range 0.006M to 0.06M at 25,0°C and pH 6.3, and
the results are shown in Table (7).

The values of the pH-independent redox potential, E,, at each
jonic strength can be obtained from equation (34) so long as the
corresponding values of the jonization constants involved are known at
each ionic strength, The theoretical jonic strength variation of each
of these ionization constants may be assumed to follow the Debye Huckel
equation (37), so that

Ko e AGh - ) B/ o) (45)
where Zp = charge on complex; zp = charge on its conjugate base.
The results as well as the corresponding values of Ei are also given in
Table (7).

The plot of E; Vs, ] / (1 + 21*) is shown in Fig. (4). Linear
extrapolation along the theoretical slope of 0,089 (equation 39) to zero
jonic strength, yields E; = 0,204 + 0,002, This extrspolated value is
the thermodynamic pH-independent redox potential at 25,0°C for the cell

reaction given by equation (27).
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TABLE 7

Varistion of redox potential, E, (equation 26) with ionic strength, at

25.0°C and pH 6.30. The pH-independent value E, is calculated using

equation (34) and the corresponding jonization constants as deseribed

in the text.

1) 1H/Qea) B e pKs B
0.,0064 0.069 0.261 T.28 4.92 4,48
0,010 0,083 0,261 T.26 4,91 4.49
0,020 0.110 0,261 Ta22 4.90 4,50
0,040 0.143 0,261 T17 4,88 4,52
0.060 0.165 0,261 T.14 4,87 4,53

5.94
5.93
5492
5.90
589

Ei(:0.00Z)volt

0.210
0.211
0.213
0.215

0.217
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0.215

0208

| | |
0050 _ aloo 0./150
I/(hlf”)

Pige 4 Variation of E; (eq. 27) with ionic strength at 25.0%C.
Exfrapolation along theoretical slope yields Ei = 0,204 volte.
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The variation of the redox potential, E, with pH was repeated at
15.0, 20.0, 27.5, and 30,0°C &t I = 0,020M, and the results are given
in Tables (8), (9), (10) and (11) which also list the corresponding E;
vaelues oalculated.in a manner similar to th#t used for the 25.,0°C
results. The various ionization constants were again obtained by
successive approximations and Table (12) lists the values at several
temperatures and I = 0,020M.
In Pig. (5) the various E,values obtained at 15.0, 20.0, 250,
27.5, and 30,0°C are plotted against temperature. The linear slope
gives dEi/ dT = -0,0029 + 0,0002 volt/degree. Using equation (40)
and (41) and the value of Eg at 25.0°C (0,204 + 0.002 volt), at 25,0°C,
AH‘; is found to be =27.0 + 1.4 keal/mole, and using equation (42),
As‘; is found to be =66.9 + 4.6 e.u.
Thus, the thermodynamic quantities at 25.0°C and I = O for the
cell reaction represented by equation (27) may now be summarized as

follows:

o
"

0.204 (+ 0.002) volt.

>
s
]

-27.0 (+ l.4)keal/mole.

>
e
]

‘6609 (t 406) .U,
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TABLE 8

Variation of the redox potential, E, with pH at T = 15.0°C and I = 0,020M.
By, i® the measured redox potential (vs. satd. calomel electrode). E;
is the pH-independent redox potential (equation 27). K4 = 6,02 x 1075,

- ' -
K = 1.26 x 107°, K, = 1,00 x 10”6,

o e : !

6.55 00290 0.2798 042424
6,35 0,035 0.2858 0.2413
6,30  0.0380 0.2888 0.2426
6.20  0.0415 042923 0.2427
6,10  0.0445 02953 0.2425

6.02 0,0500 0.3008 0,2421

Mean Ei = 0,242 + 0,002 volt. '
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TABLE 9
Variation of the redox potential, E, with pH at T = 20,0°C and I = 0,020M,

Eca.‘l.

is the pH-independent redox potential (equetion 27). K4 = 6,02 x 107°

is the measured redox potential (vs, satd. calomel electrode). E

- - . -
Ks = 1.23 x 107>, Kz = 3.55 x 1077, K, = 1.10 x 107¢,

P Sa - .
6.57 0.,0190 0.2666 0,2287
6442 040255 0.2731 0.,2298
6438 00265 0.2741 0.2292
6,22 0.,0320 0.2796 042290
6.14 0.0335 0,2811 0,2277
6.04 040365 0.2841 0.2275
5.94 0.,0410 0.2886 0.2290
5490 0.0415 0,2891 0,2282
5480 00435 0.,2911 0,2270
5.64 0.0500 0.2976 0.2286

e58 0,0500 0.2976 0.2270
5.38 0.0570 0.3046 0,2280

5,32 040600 0,3076 0.2291
5408 0,0680 0,3156 0,2290
4,78 0,0825 0.3301 02296
4.58 040955 0.3431 0,2298
4,18 0,1260 0.3736 0.2289
3.93 0.1465 0.3941 042282
3.79 0,1610 0.4086 0.2288
3,66 0,1760 0.4236 0.2290
3,61 0.1820 0.4296 0,2298
3,47 041970 0.4446 042290
Mean E, = 0,229 + 0,002 volt.

i
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TABLE 10
Variation of the redox potential, E, with pHat T = 27.500 and I = 0,020M.
E , is the measured redox potential (vs, satd. calomel electrode). E;
is the pH-independent redox potential (equation 27). K4 = 6,02 x 109,

- ' -
Ks = 1.26 x 107>, K, = 1.26 x 1078,

6.30 0,0140 0.2565 0.2063

6.18 0.0180 0.2605 0.2058
6.10 0.,0210 0,2635 0.2059
6.04 0,0225 0.2650 0.2053
593 0.0270 0.2695 0.2060
5460 0.0380 0.2805 0,2069

Mean E - 0,206 + 0,002 volt.
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TABLE 11

Variation of the redox potential, E, with pH at T = 30.0°C and I = 0,020M.

E is the measured redox potential (vs. satd. calomel electrode). Ei

cal

is the pH-independent redox potential (equation 27). K4 = 6402 x 1078,

- - ' -
Ks = 1,26 x 107>, K2 = 2,82 x 10 s, K, = 1.38 x 10 .

pH Ec al

6.46 0.0040
6.30 0,0105
6.18 0,0160
6.09 0,0190
6.02 0.0200
594 0,0235
5,88 0,0260
5.78 040280
5.64 0.,0320
5450 0,0380
5.46 0,0380
5426 0.0470
520 040495
4.96 00595
4.80 0,0680
4.59 0,0810
4,38 0.0960
4,01 041320
3,66 0,1700
3.16 002280

E

ic .
0,2450 0.,2003
0.2515 042003
0,2570 0,2010
0,2600 042006
0.2610 0,1993
0.2645 0.1997
0,2670 0.2000
0.2690 0.1986
0.2730 0.1980
0.2790 0,1996
02790 0.,1984
0.2880 0.2008
0.2905 0,2010
0.3005 0.2007
0.3090 0,2009
04,3220 02000
0.3370 0.1981
043730 0.1980
0.4110 0.1976
0.4690 10,1976

Mean E = 0,199 + 0,002 volt.

i
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TABLE 1
Variation of ionization constants with temperature, involving complex(II)
(equation 4a, 4b, 4c, 4d), and complex(III) (equations 20a, 20b, 20c, 20d)
at I = 0,020M. pk; (ref. 7); pKs, pKe and pK: (analysis of redox data

in text); pKi (analysis of equilibrium data in text).

Temp. (°C Complex(IT) Complex(III)
pKa4 PKs K2 pK1 f;_ _If;_ Ef;_ _P_K_l_
15.0 Te22 - - - 6.00 - - -
20.0 Te22 491 4.45 - 5.96 - - -
25,0 Te22 4,90 4,50 2,52 5.92 - - -
27.5 Te22 - - - 5.90 - - -

30.0 T.22 4,90 455 - 5.86 - -



0.240—

0230~

-~
0220 i
E; Tl
Q20 !
woor | | | L; =
250 7 ]
15.0 200 t(’C)

Pig. 5 Veriation of E; (eq. 27) with temperature at I = 0.020M



DISCUSSION

Although the primary aim of the above work was the determination
of thermodynamic quantities for the Pyridine-2,6-dialdoxime iron(III)/
iron(II) redox couple (equation 27), it was necessary to establish first
the 1imits of stability for both complex(II) and complex(III). Measure-
ments of their formation constants were therefore made; and the results
(Tables 4 and 5) show that both complexes are stable within the range
pH 3 to 6, with favorable free energies of formation, Kob, being of the
order 10° or greater.

The uncertainty in K , ~is seen in Table (4) to be about +1% ;
the calculstions yielding Ki. values to 14%. This precision indicates that
a more extensive study on formation constants can be undertaken; thus it
is possible to obtain thermodynamic parameters for the formation equilibria
represented by equations (12) and (25).

In the measurement of the redox potential, E, at given pH, I and T,
the uncertainty involved in most cases was :0.5 mv, Gold,platinum and
rhodium electrodes were used in preliminary experiments and it was found
that only the rhodium electrode gave concordant results. The electrode
was also checked by measuring the redox potential of the Hexacyanoferrate
system at given T and I, and the results obtained agreed with the values
given by Hanania et al.l}

All redox potential measurements were made using equimolar mixtures

oY -
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of complex(II) and complex(III), In the preparation of both complexes
the ratio of total molar concentrations DIPAL/Fe was 8:1, the final
total [Fe| = 5.0 x 107#M, In the range 4 ) pH) 3, K, ) 10° in both
tases (see Tables 4 and 5) giving complex formation }/ 90%. Since the
formation constants are about equal for the two complexes, it may be
assuned that approximately equal smounts of complex(III) and complex(II)
are formed, and therefore the effect of incomplete complex formation on
E is minimal., For pH ) 4, Kobs> 107 (see Tables 4 and 5) giving complex
formation } 99% in both cases. Measurements could not be extended to
the range of pH ) 6.5 as the potentials varied with time: without
eventually coming to a constant value, This is probably due to hydrolysis,
especially of complex(III),

Further evidence of the internal consistency of the results comes
from the ionic strength variation of E at pH 6.3 and 25.0°C. The plot
of E; vs. I'é J (1 + 21*), shown in Fig. 4, has a linear limiting slope
which fits reasonably well the theoretical slope 0,089 given by equation
(39). This "agreement" indicates that ion association, a phenomenon
often observed in solutions of electrolytes, is negligible under the
conditions of these experiments.

The pH-independent redox potential, E; (equation 27), was calculated
according to equation (34) which involves four ionization constants, only
T

one of which (K4) is known from previous work. As mentioned above

(results), the values of Ky, Kz and Kl were obtained from analysis of the
data by a method of successive approximations. The values of Ei obtained
in this manner are precise to within 2 mv, and the derived thermodynamic

quantities have an uncertainty of about 5%.
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It is interesting to consider the results obtained in the present
work from two viewpoints:
a) Influence of the ionizations of oxime side groups on redox
potenfia.l of the metal.

b) Influence of the metal-ion on the ionizations of acidic side

£roups,.
Influence of the ionization of oxime side groups on redox potential.

The thermodynamic parameters of the redox cell reaction (equation
27) may be compared with available thermodynamic data reported for other
systems given in Table (13) which also includes the present results.
Inspection of the table shows that complexes with N-ligands can
be divided into three categories according to their charge types:
1) Iron(ITI)/iron(II) phenanthroline and dipyridyl systems:
charge +3—> +2; E°) 1 volt; AH®~ =33 koal/mole; AS°~-22 e.u.
2) Iron(III)/iron(II) pyridine-2-sldoxime system: charge 0 -1;
E° = 0435 volt; AH® = -20 keal/mole; AS° = =40 e.u.
3) Iron(III)/iron(II) pyridine-2,6-dialdoxime system: charge
1> =2; E°= 0,20 volt; A’ = =27 koal/mole; AS® = =67 e.u.
These results indicate that as the charge on the complex ion gets more
negative, its redox potential decreases and the differences in molar
entropy between reductant and oxident, S°(IITI) - s°(II), become more
negative, whereas no regular trend in enthalpy is observed.
The stabilization of oxidation states of transition metal ions
through complex formation is well known, Table (13) shows that the

redox potential of the Fe't® aq./ Fe'? ag. system, which is 0,771 volt,
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e’ ag. + 3He = Fe*? ag. + B
m_oAnzv“u + 4He = mchﬁqvm; v u

Fe(CN) 4dipy™ + 3Hp = Pe(CN)dipy™® + H'

m.oﬁnu%wv“u + 3Hy = moﬁ&.wwu“n+ ;4

woﬁn»uqﬁnmwvuvua + 4He = waﬁnuuwﬁomavnvun+ B

moﬁuvauu“u + 3Hy = w.ﬁuwanv“n +E
woﬁmbbu” + 3Hp = moﬁmbavmp + B
FeP* + 38z = FeP” + o
wnﬁm»wwvuu + 3He = wuﬁnnuwvum + B
ouﬁnnewvuu + 3Hy = omﬁnwuwvun + B

Huopmu.+ 3H: = HunHMa + H

0.771
0.362

0.542

1.120
0,941
1.147
04346
0.204
1.374
0,878

0.867

AH (keal /mole) AS®(e.u.)

lWoWW

l-N.N .o

-27.4
-32.7

-26,8
=32.7
-20,0
-27.0
=36.3
-24.7

INW.P

26.4
-62,6

=50,0
=23.2

=171
-20,8
-40.3
66,9
-15.8
-14.8

=315

16

15

6
(This work)

15

17

18
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may be either increased or decreased upon formation of complex ions. In
general, ligands like CN™, F~ and PO:a reduce the value of E thus
stabilizing iron in its higher oxidation state. On the other hand,
nitrogen heterocyclic ligands like phenahthrolino and 2,2'-dipyridyl
increase the redox potential to about 1.0 volt, stabilizing iron in its
lower oxidation state.

On the above basis, the low redox potential for the iron(III)/
iron(II) pyridine-2-sldoxime and pyridine-2,6-dialdoxime systems gives
the impression that these system are similar to the iron(III)/iren(II)
systems with CN~ or F~ as ligands, However, both pyridine-2-aldoxime
and pyridine2,6-d1aldox1ne-are N-ligands similar to phenanthroline and
dipyridyl in structure and probably aleo in bond type, the only differ-
ence being the ionizable oxime side groups. Strictly, therefore, to
compare these systems with the phenanthroline and dipyridyl systems one
should consider their hypothetical equilibria involving fully unionized
species. For the pyridine-2,6-dialdoxime system, this would be:

+3 +2 +
Fe(III)Pzﬂ‘ + 3 = Fe(II)PgH‘ +H E (46)

The redox potential for this cell reaction can be calculated if all the
jonization constants on both complex(III) and complex(II) were known.

For complex(II), it was possible to obtain all four ionization constants;
however, only the fourth ionization constant could be deduced for
complex(III), and it is therefore not possible to obtain the value of E,
with any degree of certainty. A consideration of the differences in free
energies of the ionizations of the side groups in complex(III) and

complex(II), the former being a stronger acid than the latter, shows that
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the sum of the free energy differences for the ionizations in complex(III)
is less than in the case of complex(II), Consequently, the free energy
difference for the equilibrium involving the fully unionized species. is
expected to be more negative than for the one involving the fully ionized
species, and thus EiD E.

In contrast, it was possible to carry out the above type of calcula-
tion in the case of the analogous but simpler pyridine-2-aldoxime aystam.s
The pH-independent redox potential for this system (corresponding to
equation 46) was shown to be about 1 volt, This suggests that if such a
calculation were also possible for the pyridine-2,6-dialdoxime system,
the value of Eii would also be of the order of 1 volt, like that of the
phenanthroline and dipyridyl systems.

A similar consideration of enthalpies and entropies for the cell
reaction would lead one to expect that the AR® and A8’ values for the
hypothetical equilibrium involving the fully unionized species (equation
46) should approach the corresponding value in the phenanthroline and
dipyridyl systems, The presence of unionized but highly polar oxime
groups in the pyridine-2,6-dialdoxime molecule may however produce a
emall entropy effect due to differences in freezing of librations of

water molecules around the oxidant as compared to the reductant.

Influence of the metal on the ionization of the oxime groups
Henania and Irvine?’” have shown that the acid strength of a group

in a compound increases upon coordination with a metal ion (see Introduc-
tion). Furthermore this effect is composite in that electrostatie factors

as well as conjugation could contribute to the net effect of coordination
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on ionization.

The effect of coordination on the ionization of oxime groups can
be demonstrated by the values obtained for the ionization constants of
the oxime groﬁpa in both complexes as compared with the ionization
constants reported for the free ligand, pyridine-2,6-dialdoxine.7

If we compare the second ionization of the oxime group in the free

ligand (equation 3) with the fourth ionization in complex(II) (equation

4d) it is seen that the charge types in both cases are -1 to -2, However

in the ligand, pK:z--10.97 while the corresponding ionization in the
complex has ﬁK: = 7.2.T This increase in acid strength was accounted for

by the fact that the conjugate base of the complex is stabilized through

resonance to a greater extent than the conjugate base of the free ligand.

It is also interesting to observe that the fourth ionization in

complex(II) (equation 4d) is wesker than the fourth ionization in complex

1
(111) (equation 20d), pK4 = 7.22 as compared with K o~ 6.0. In both

cases the conjugate base is the same the only difference being the charge

types, -1 to -2 as compared with O to -1, The differences in acidities
can thus be attributed to electrostatic factors.

In a recent paper, Freiser et 3119

report ionization constants for
the oxime groups in pyridine-2,6-dialdoxime complexes of Ni(II), Mn(II)
and Zn(II). These complexes are shown to involve a 1:2 stoichiometry,
but because these metal ions do not form octahedral low spin complexes,
it is assumed that one of the two oxime groups in each ligand is not
involved in the bidentate bonding of tetrshedral or planar chelation.
Their work is mainly concerned with stability, constants; nevertheless,

inspection of their results shows that the acid strength of the non-
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bonded oxime groups has increased upon coordination with these metal

jons. The increase in acidity is slight compared with the increase
observed for the iron complexes in the present work, The difference is
probably due to the fact that in the foiner case the oxime group is free
while in the latter the N of the oxime group is directly bonded to the
metal ion. The order of increasing acidity is reported by Freiser et

al to be as expected Ni ) Zn) Mn, also parallel to the chelate stability.

The above discussion shows that information on such systems is
very limited, and that there is need for more extensive thermodynamic
studies of complex ions in aqueous solutions. In particular, it is
important to examine those complexes which possess special structural
features, such as acidic side groups involving H-bonding. Systems
involving different charge types or different degrees of conjugation need
to be investigated. Finally, the effect of different metal ions on the
thermodynamics of ionization of acidic side groups requires a comparative
study.

In conclusion it may be said that although work of this kind
presents many difficulties in experiment and in interpretation, it is
nevertheless of significance at least in so far as it helps in the
elucidation of some aspects of the physical chemistry of complex ions in

aqueous solution,
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