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SOLVENT INFLUENCE ON THE OXIDATION OF IRON (II) CITRATE COMPLEX
BY MOLECULAR OXYGEN
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The oxidation of iron (II) citrate complex by molecular oxygen was investigated in aqueous acidic
solutions of alcohols, e.g. methanol, ethanol and isopropanol. The reaction was first order in iron (II). It
was found that the rate constant increases with the addition of alcohols to the aqueous solutions in the
order: isopropanol > ethanol > methanol. The rate constant also increases with the increase of the
percentage of alcohol. These effects are probably as a result of structural changes in the inner sphere of
Fe (II). Activation parameters for all systems are reported.
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INTRODUCTION

The oxidation of iron (II) by molecular oxygen in
aqueous acidic and alkaline media has been extensively
studied by many workers [1-5]. However, the study of
solvent effects on such a reaction has received very little
attention. Many studies dealing with the influence of
changes of organic solvents on electron transfer reactions
involving ions such as iron (II) and cobalt (IT) with oxidizing
agents other than oxygen have recently appeared in the
literature [6-9]. These studies demonstrated that the
reactions were strongly affected by the addition of organic
solvents to the aqueous solutions and this was interpreted
in most cases as being due to changes in the solvation of the
coordination spheres of the reactant metal ions as well as
the activated complexes.

The aim of this paper is to elucidate the effects of
alcohols such as methanol, ethanol and isopropanol on the
oxidation of iron (II) citrate by molecular oxygen in water-
alcohol mixtures. The study of this reaction is of interest
because of its relation to the biologically occurring reac-
tions of oxygen carriers containing iron (II) such as hemo-
globin [10]. Moreover, the Fe-citrate complex is related to
the aconitase (citrate (isocitrate) hydrolyase) which is the
Kerbs cycle enzyme which requires Fe (II) for the activa-
tion of its catalytic activity (11).

EXPERIMENTAL

Reagent grade chemicals and redistilled water were
used throughout. All solutions were isothermal before they
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were mixed in each experiment. An air thermostat was
used. The iron (II) citrate complex was prepared in solution
by mixing ferrous ammonium sulphate with trisodium
citrate in the ratio of 1:5. Precalculated amounts of redi-
stilled water and alcohol was added to bring the concentra-
tion of the complex to 0.001 M. The pH of the reaction
mixtures was maintained at 5.0 by a citric acid-sodium
citrate buffer which was essential in studying the solvent
effects on the reaction rate by preventing the change of
[H+] during the oxidation process, because the oxidation
of iron (II) is quite sensitive to [H+] . The present work as
well as the previous work showed that oxygen concentra-
tion affects the rate of oxidation of iron (II) complexes.
For this reason all experiments were carried out in an open
bottle with constant stirring in order to replace the consu-
med oxygen during the reaction. The oxidation of iron(II)
complex was followed by determining the amount of
iron (IIT) produced after different intervals as follows. Ali-
quots of the reaction mixture at certain calculated times
were transferred into a brown bottle containing 5 ml of
6N H, SO, to lower the pH in order to stop the oxidation
process of iron (II). Then, an excess amount of 0.1 M
NH,SCN was added. The concentration of the red Felll
(SCN):' ion complex was determined spectrophotometri-
cally.

RESULTS AND DISCUSSION

The rate of the oxidation of iron(Il) citrate by mole-
cular oxygen at constant pH of 5.0 were measured in var-
ious alcohol water mixtures. The reaction was first order in
iron (II). The concentration of oxygen was kept fixed
during the course of reaction as described previously in the
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experimental section. The second-order rate constant,
K, , values for each system were calculated, K, =K /[0, ],
where K1 is the psuedo-first order rate constant. However,
the reaction in the different water-alcohol systems has
three main features. Firstly, the value of the rate constant,
K,, increases with the addition of alcohols as given in
Table 1 and represented in Fig. 1 for reactions at 30°.
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Fig. 1. Psuedo-first-order plots of the oxidation of iron(Il)
citrate in water-alcohol mixtures (4.29M alcohol) at 30° + 0.1.
O: no alcohol, ® : methanol, ®: ethanol, O : isopropanol.

Table 1. Rate constant and activation parameters for the
oxidation of iron (II) citrate with O, in water-alcohol
mixtures at 30° + 0.1

Rate constant, AE* AH* A S*
Alcohol K, ,M™ Min™ Kjmol" Kjmol™ Jk™ mol™

25% (v/v)

No alcohol 12.86 53.6 511 —-809
Methanol 25.89 59.3 568 —56.3
Ethanol 28.09 63.0 606 —429
Isopropanol 31.14 82.3 797 +21.1
429 M

No alcohol 12.86 536 511 —-809
Methanol 14.60 62.3 599 —41.6
Ethanol 28.09 63.0 606 —429
Isopropanol 34.60 65.06 62.55 +33.1

Such an increase in the K, values goes parallel with the
increase of the number of carbon atoms of the alcohols:
isopropanol > ethanol > methanol > H, O.
Secondly, the values of the rate constant, K2, increase
with increase in the mole fraction of the added alcohol of
the same type as given for methanol in Table 2 and repre-
sented in Fig. 2. The rate of reaction increases with rise in

temperature.

Any comment on the data in Tables 1 and 2 must take
into account the complexity of such a system and the
difficulties involved in interpreting the data. The rate
constant, K, has a minimum value in the absence of any
alcohol and a maximum value in presence of isopropanol.
Addition of alcohol to water increases the rate constant
between 15 and 100%. The presence of alcohol in the
system appear to favour the rate determining step and
makes it relatively quicker. A definite mechanism does not
seem to be at present clear. However, the effects of alcohol
on the rate of oxidation of iron (II) citrate complex by
molecular oxygen could be treated in the light of the
following factors:

| | | 1 1 |

0.05 0.15 025
MOLE FRACTION
Fig. 2. Plots of the second-order rate constant of the oxidation

of iron(II) citrate in aqueous solutions of methanol vs. mole fraction
of methanol at 30° £0.1°.

Table 2. Rate constants for the oxidation of iron (II)
citrate in water-methanol mixture at different
fractions of methanol at 30° + 0.1°

Mole fraction of Rate constant, K2 5

methanol M™ Min.?
0.047 16.45
0.100 2193
0.160 32.16

0.228 43.87
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Table 3. Rate constants for the oxidation of iron(II)
citrate in aqueous solution of alcohols and alcohol
basicity at 30°.

Rate constant, K ,M™ Min."

Alcohol 25%(v/v)  Alcohol  Basicity®
alcohol =429M

Methanol 25.89 14.60 0.60

Ethanol 28.09 28.09 0.77

Isopropanol 31.14 34.60 0.92

@: refs. 15 — 16.

(i) The macroscopic dielectric constant of the
medium. It is well known [12] that the macroscopic diel-
ectric constant of the reaction medium decreases with
increase in the alcohol’s content and the free energy due to
coulombic repulsion for the electron transfer reaction
would increase with decrease in the macroscopic dielectric
constant. This will ease the ‘oxidation process. In our case
the solvent effects on the reaction was studied under two
different conditions: 25% (v/v) alcohol and by changing the
mole fraction of the same alcohol. In the first case the
dielectric constant was kept almost unchanged with the
value of 72.8 *0.7. So the increase of the rate of oxidation
upon the addition of alcohols has nothing to do with the
dielectric constant of the media.

(ii) The [H+] of the reaction media was kept un-
changed (pH = 5.0) during the whole reaction by conduct-
ing the reaction in a sodium citrate-citric acid buffer med-
ium. This means that the increase in the rate of oxidation
of iron (II) upon the addition of alcohol is not due to
acidity changes. Earlier reports [1-5] indicate that the
oxidation of iron (II) is sensitive to the pH value of the
medium.

(iii) The change in the first coordination sphere of
iron (II) would probably be the main reason for the
increase in the rate of oxidation of iron (II). This would
occur by replacing H, O molecules by alcohols. This conclu-
sion seems to agree with the thermodynamic parameters
of the reaction given in Table 1. The values of AS* with
the exception of isopropanol solutions bear a -ve sign. A
maximum entropy decrease is noted for purely aqueous
media. A possible suggestion would be to assume partial
solvation of the iron(II) species. Addition of alcohols
affects the solvated species by releasing some of the bound
water molecules to the iron(II) species. Such tendency’
reaches maximum in presence of isopropanol. Entropy
changes for methanol and ethanol solvent mixtures are of

the same order of magnitude suggesting a similar behaviour
for the system. Addition of isopropanol introduces a struct-
ural change which affects the solvation by water molecules
and changes the AS* sign. The energy of activation has a
positive sign. This suggests that the process is indeed endo-
thermic. Their order of magnitude is merely the same
(Table 1), particularly for the reactions of the same concen-
tration of alcohol (4.29 M). This suggests that in presence
and absence of alcohols, the mechanism seemed to remain
basically unchanged.

Similar observation for increase in the rate of redox
reaction as a result of the replacement of water molecules
by organic solvents are known in the literature. Of these
reactions the oxidation of iron (II) by cis-Co(Cl)
(NH,CH, OH) (en) in aqueous solutions of various alcohols
serves as an example [9]. In this reaction alcohol mole-
cules replace the coordinated H, O to iron(II). The question
now is as to why coordinated alcohols increase the rate of
oxidation of iron (II) and that such increase in our case
occurs in the order: isopropanol > ethanol > methanol.
The answer to this question may be understood as follows:
It is well known [13] that when the organic molecules
with lower ionization potentials replace the H, O molecules
in the coordinated sphere, it would be easier to remove an
electron from the metal. The ionization potential of alco-
hols decreases with increase in the number of carbon atoms
and this goes quite well with the fact that the basicity of
alcohols increases with an increase in the number of carbon
atoms (i.e. in our case in the direction from methanol to
isopropanol) in the same order as that of the rate constant
as given in Table 3. Since the basicity of the ligand is a
measure of its §-donor properties to the metal ion, the
increase of such §-donation power from the alcohol would
increase the electron density on the iron (II) and hence
facilitate electron transfer from the metal ion to molecular
oxygen.

From the foregoing discussion, in the acidified water-
alcohol mixture, the main species of 1ron(18 may be
present as Fell (citrate), (H ,0)y (alcohol), 2-2X). The
overall reaction mechamsm may be given on the basis that
O, is reduced to water molecules [14] in acidic medium:

(i) 4Fell (citrate), (H,0),, (alcohol) (2:2%) 4 o,
—> 4Felll (citrate), (H 0)y (Valcohol) 2x) +207~

(i) 20*"+4H" —> 2H 0.
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