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Abstract
Kinetic investigation of oxidation of N, N’-donor chelating complexes of Fe
(II) i.e., 2, 2-bipyridine and 4, 4-dimethyl, 2, 2-bipyridine by bromate has
been undertaken.

The aforementioned

complexes were

selected for

comparative study to investigate the influence of molecular (reactants and
activated complex) complexity, increasing size and the substituted group on the
chemical reactivity of redox reaction. Thus, the study helped to establish the
validity of Marcus theory and Electron Tunneling Theory for the selected redox
systems.
Both of the redox reactions were found to follow comparable kinetic behavior
under the fixed pseudo-first order circumstances and accordingly an identical
rate equation and mechanism is proposed. Both reactions are suggested to
follow an outer-sphere mechanism.
The kinetics of the oxidation reaction of [Fe (2, 2′-bipy)3]2+/ [Fe (dmbpy)3]2+ by
bromate ion (BrO3–) in aqueous medium was probed spectrophotometrically in
the pH range 3.5-5.0. For both reaction systems, pH of the reaction system was
maintained by NaCH3COO- CH3COOH buffer system. Whereas, Na2SO4 was
used to maintain the required ionic strength from 0.01 to 0.1 mol/dm3 for [Fe
(2, 2′-bipy)3]2+- BrO3– reaction system and from 0.003 to 0.1 mol/dm3 for [Fe
(dmbpy)3]2+- BrO3– redox system.
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The pseudo first order rate constant was found independent of the
concentration of [Fe (2, 2′-bipy)3]2+/ [Fe (dmbpy)3]2+. However, the rate
increases with increasing concentration of bromate ion in both reaction
mixtures upto the saturation point at high concentration. This behavior is
indicative of a precursor complex formation and also an outer-sphere
mechanism. Protonation of BrO3– in the acidic medium is suggested which
yields monoprotonated (HBrO3) and diprotonated (H2BrO3+) species. The
rising figure of the rate constant upon lowering the pH refers to the
involvement of protonated species in the rate-determining step. In addition to
that, a rise in the value of the rate constant with increasing ionic strength
implies, however, the diprotonated species, H2BrO3+, as the reactive species.
Involvement of the other Br(V) species results in a complex reaction pathway.
Thus, the rate data demonstrates that a general rate law is followed by the two
reaction systems and that the rate equation emerges is reproduced below:

Rate = k 1 Fe (dii min e )3  [ HBrO 3 ] +
2+

k 2 K ip dii min e [ H 2BrO 3 ]
2+

+

+

(1 + K ip [ H 2BrO 3 ]

Redox reaction between [Fe (2, 2′-bipy) 3]2+ and BrO3The values of rate constants k2 are calculated to be 0.182 and 0.112 dm3 mol-1
s-1 respectively while, the value of Kip is calculated to be 3.55×106 and
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2.93×106 dm3 mol-1 respectively . The values of activation energy and
thermodynamic parameters are estimated by using Arrhenius and Eyring plots
respectively and established to be; Ea (20.54 kJ mol-1), A (149.28 s-1), ΔH≠
(18.29 kJ mol-1), ΔS≠

(-210.84 J mol-1 K-1), ΔG≠ (81.54 kJ mol-1 at 300 K).

Redox reaction between [Fe (dmbpy) 3]2+ and BrO3The values of k2 are calculated to be 5.59×10-3 and 5.77×10-3 dm3 mol-1 s-1
respectively. Whereas, the values of

Kip are calculated to be 1.37×106 and

1.46×106 dm3 mol-1 respectively at 300K. The activation parameters are
established as; Ea (18.23 kJ mol-1), A (7.45 s-1), ΔH≠ (15.69 kJ mol-1),
ΔS≠(-236.65 J mol-1 K-1), ΔG≠ (86.68 kJ mol-1 at 300 K).
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ما َحصل تحقیق
درج ذیل مقالے میں  -N', Nد ہندہ لی جنڈ ( )Ligandوالے لوھے کے پیچیدہ مرکبات کی
تکسیدی حرکی ات کا مطالعہ پیش کیا گیا ہے۔ اِن مرکبات کے تکسید برومیٹ آیونوں کی مدد سے
اس کے مختلف لی
کی گئ ہے۔ اس تحقیق میں لوھے کے تکسیدی عددکو یکساں رکھتےہوئے ِ
جنڈ ( )Ligandسے منسلک شدہ مرکبات کی تکسیدی فعالیت پرکھی گئی تا کہ مالیکیولی
پیچیدگی ،بڑھتے حجم اور متبادل گروپ کے تکسیدی و تحفیفی تعامالت پر اثرات کے تقابلی منظر
نامہ حاصل کیا جائے۔ مزید برآں مارکس ( )Marcusاور الیکٹرون ٹنیلنگ ( Electron
روشنی میں بھی اس منظر نامہ کی پڑتال کی گئی۔
 )Tunnelingنظریہ کی ٖ
دونوں تعامالت میں حرکیاتی تحقیق کو یکساں تجرباتی ماحول مہیا کیا گیا۔ حرکیاتی عمل کا
مشاہدہ پہلے درجہ کے کاذب نظم کو مرتب کر کے کیا گیا جسکےاعداد و شمار کے ذریعے دونوں
تعامالت میں یکساں حرکیاتی رویہ کی نشاندہی ہوئی اور نتیجتا یکساں میکانزم تجویز کیا گیا
ہے۔  Fe(2, 2′-bipy)32+/Fe(dmbpy)32+کی برومیٹ آیونوں کی مدد سے کی جانے والی
تکسیدی حرکیات کا مطالعہ آبی ( )Aqueousماحول میں مقرر کردہ ( pHحد مقررہ )5.0-3.5 :
پر باال بنفشی ( -)V Uمرئی ( )Visibleطیفی پیمائش کے طریقے سے کیا گیا۔
دونوں تکسیدی و تحفیفی تعاملی نظام کے مطالعے کے لئے NaCH3COO-CH3COOH
بفرنظام کو پروٹونز کی درکار قوت کو برقرار رکھنے کے لئے استعمال کیا گیا۔ جبکہ روانی طاقت
برائے  Fe (2, 2′-bipy)32+-BrO3-1اور Fe(dmbpy)32+- BrO3-1تعاملی نظام کے لئے
بالترتیب (حد مقررہ 0.1-0.01 :مولر ) اور (حد مقررہ 0.1-0.003 :مولر ) برقرارا رکھنے کے

لئے سوڈیم سلفیٹ ( )Na2SO4کو استعمال کیا گیا۔
شرح مستقل کی عددی
دونوں تعامالت میں تجربات کےزریعہ حاصل شدہ کاذب پہلے درجہ کی
ِ
قیمت کودونوں پیچیدہ مرکباتFe (2, 2′-bipy)32+

اور Fe(dmbpy)32+کے ارتکازی تبدیلی

سے آزاد پایا گیا۔ اس کے بر عکس برومیٹ کے بڑھتے ارتکاز کے ساتھ دونوں تعامالت کی شرح
میں مرحلہ وار اضافہ پایا گیا۔ مذید برآں برومیٹ کا ارتکاز بڑھنے کے بعد سیرابی نقطے پر جا
کر یہ اضافہ مسدود

ہو گیا۔ یہ رویہ ایک پری کرسر ( )Precursorپیچیدہ مرکب کی ممکنہ

تشکیل اور بیرونی مدارچہ میکانیت کی طرف اشارہ کرتا ہے۔
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اس بنیاد پہ ایسیڈ واسطے میں برومیٹ (  )BrO3-1کی پروٹونیشن کی پیش بندی کی جا رہی ہے
جو برومیٹ کی مونوپروٹونیٹڈ ( )HBrO3اور ڈائی پروٹونیٹڈ ( )H2BrO3+1انواع کی پیداوار
کی داللت کرتا ہے۔ پہلے درجے کے کاذب رفتاری مستقل پر پروٹونز کے اضافے کے عمل انگیزی
اثر نے شرح تعین قدم میں ( )H2BrO3+1کے مرکزی کردار کو اجاگر کیا ۔ مذید برآں ،روانی
طاقت میں اضافے کے ساتھ کاذبی رفتاری مستقل کی قیمت میں عددی اضافہ ڈائی پروٹونیٹڈ
برومیٹ ( )H2BrO3+1کے شرح تعین قدم میں رہنما کردار کی تجویز کو استحکام بخشتا ہے ۔
جبکہ برومیٹ کی دیگرانواع کی تکسیدی تعامل میں شمولیت سے متعلق تجرباتی شواہد کے ذریعہ
پیچیدہ حرکیا تی راستہ کی نشاندہی ہوئی۔ حاصل کردہ نتائج کی بنیاد پر دونوں تعامالت کے لئے
یکساں بیرونی مدارچہ میکانیت اور شرح مساوات تجویز کی گئی۔
+

] [ H 2BrO 3

k 2 K ip dii min e

2+

+

] (1 + K ip [ H 2BrO 3

[ HBrO 3 ] +

Rate = k 1 Fe (dii min e )3 

2+

جہاں  2, 2′-bipyاور  dmbpyکے لئے مشترکہ لفظ  diimineاستعمال کیا گیا ہے۔

تخفیفی وتکسیدی تعاملی نظام برائے : Fe(2, 2′-bipy)32+-BrO3-1
0.025مولر روانی طاقت اور  300 ± 0.5کیلون درجہ حرارت اور قائم کردہ پروٹونز کے ارتکاز
( )1.58 ×10-4 Mکے ساتھ کاذبی رفتاری مستقل ) (k2کی قیمت  0.182فی مولر فی سیکنڈ
جبکہ آئن جوڑی کے قیامی مستقل کی عددی قیمت  3.55×105فی مولر تخمین کی گئی۔ جملہ تعامل
کے عامل کاری محرکیات آرہینئیس اور آئرنگ کے ترسیمی خاکوں کی مدد سے تعین کیئے گئے
جن کی قیمت بالترتیب درج ذیل ہیں۔
عمل کاری توانائی ( ،)Ea= 20.54 kJmol-1آرہینئیس فیکٹر(،)A= 149. 28 s-1

عمل کاری

ت مقسومہ ( ،)ΔH≠ = 18.29 kJmol-1عمل کاری کی ناکارگی ( ΔS≠ = -210.84
کی حرار ِ
 )kJmol-1اورعمل کاری کی آزاد توانائی ()ΔG≠ = 81.54 kJmol-1

تخفیفی وتکسیدی تعاملی نظام برائے : Fe(dmbpy)32+-BrO3-1
V

قائم کردہ  (3.6) pHاور برومیٹ کے ارتکاز ( )5.0 ×10-3 Mکے ساتھ 300 ± 0.5کیلون
درجہ حرارت پر مساوات( )5.23کی تصدیق ترسیمی خطوط ( 5.11اور  ) 5.13کے تقطیع اور
سلوپ (ڈھلوان) سے حاصل کردہ عددی قیمتونسے کی گی۔ رفتاری مستقل dm3 mol-1 s- k2

) )5.59 ×10-3 1اور آئن جوڑی کے قیامی مستقل کی قیمتیں( )Kip= 1.37×106 dm3 mol-1
بالترتیب گراف کے تقطیع اور ڈھلوان سے حاصل کی گئیں۔ جبکہ عامل کاری محرکات کی عددی
قیمتیں تعین کی گئیں جو کہ درج ذیل ہیں:
عمل کاری توانائی ( ،)Ea= 18.23 kJmol-1آرہینئیس فیکٹر( ،)A= 7.45 s-1عمل کاری
ت مقسومہ ( ، )ΔH≠ =15.69 kJmol-1عمل کاری کی ناکارگی ( ΔS≠ = -236.65
کی حرار ِ
 )kJmol-1اورعمل کاری کی آزاد توانائی (.)ΔG≠ = 86.68 kJmol-1
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1.1:

General Introduction

GENERAL

INTRODUCTION

OF

ELECTRON

TRANSFER REACTIONS:
Redox reactions

[1-2]

are such electron transfer reactions, that involve changes in

formal oxidation numbers of two or more chemical entities. A redox reaction
implies electron transfer or its displacement from any reducing to its
complimentary oxidizing agents. For instance, the following examples show a
change in the charges of the interacting ions.
Cr 2+ + Fe 3+ → Cr 3+ + Fe 2+  (1.1)
16 H + + 5S 2 − + 2 MnO 4 → 5S + 2Mn 2 + + 8H 2O (1.2)
−

As the redox reactions proceed to conclusion, geometry of the involved molecules/
ions gets distorted. Thus for a redox reaction in a solution as the oxidation number
changes, the solvation geometry of the involved metal ions also gets altered. An
element while bonded to the same number and kind of other atoms gives
molecules with different geometries upon change of its oxidation state. For
instance, the stable oxidation states of chromium in aqueous solutions are Cr2+,
Cr3+, and Cr4+. The geometry of [Cr (H2O)6]2+is tetragonally distorted octahedral.
The complex [Cr (H2O) 6]3+ is also octahedral, but without distortion. Removal of
three more electrons from [Cr (H2O) 6]3+ leads to more change, at this stage, the
composition changes also, the geometry becomes tetrahedral. It is also noted that
even a simple electronic excitation, which in a sense is an electron transfer, leads
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to a change in geometry. Excitation of water, for example leads to an opening of
bond angle.
In the following text an overview of such reactions is being summarized.

1.1.1: Classification of Electron Transfer Reactions:
A) Complementary and Non-Complementary Reactions:
Complementary reactions involve changes in oxidation states of oxidant and
reductant by an equal number of units.
Co 3+ + Cr 2+ → Co 2+ + Cr 3+ (1.3)

Zn 0 + Cu 2+ → Zn 2+ + Cu 0  (1.4)

Contrary to that, non-complementary reactions are the type, which involve
changes in oxidation states of oxidant and reductant by a different number of units.
Cr 6+ + 3Fe 2+ → Cr 3+ + 3Fe 3+ (1.5)
Mn 7+ + 5Fe 2+ → Mn 2+ + 5Fe 3+ (1.6)

B) Self-Exchange and Cross-Exchange Reactions:
Self exchange reactions are those that involve chemically identical reactants and
products i.e. there is a simple transfer of one or more electrons between the
different oxidation states of the same element. For instance,
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Fe 2+ + *Fe 3+ → Fe 3+ + *Fe 2+  (1.7)
Ce 3+ + *Ce 4+ → Ce 4+ + *Ce 3+ (1.8)

For these reactions the standard free energy change (∆G⁰) is zero, as during these
reactions no chemical bonds are formed or broken. Against that, the cross
exchange reactions are such that these involve the transfer of electron between
different redox entities i.e. the transfer of electron between different two ions of
different elements. For example:
Fe 2+ + Ce 4+ → Fe 3+ + Ce 3+ (1.9)

Kinetic data for rates of some self-exchange and cross-exchange electron transfer
reactions is being summarized in Table: 1.1 and 1.2 respectively.
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Table 1.1 Rates of some Self Exchange Electron Transfer Reactions at
25⁰C
Electron Transfer Reactions

k M-1 s-1

Ea / kcal

∆S#

Ref

Self Exchange Reactions
Fe2+-Fe3+

4.0

9.9

-25

74

Co(C2O4)34- - Co(C2O4)33-

Very slow

------

----

202

Co(NH3)62+ - Co(NH3)63+

Very slow

------

----

45

Cr2+-Cr3+

10-5

------

----

75

Tl+ -Tl3+

4.3×10-5

14.7

-33

76

Co(phen)2+- Co(phen)3+

6.0 at 0⁰

------

----

201

Co(en)2+- Co(en)3+

4.5×10-5

14.3

-33

54

Fe(CN)64-- Fe(CN)63-

7.4×102

4.7

-41

204

Co(EDTA)2- -Co(EDTA)

4×10-7

22

-17

202

MnO42-- MnO4-

3.6×103

10.5

-10

203

Very fast at 0⁰

------

-----

206

Fe(phen)32+- Fe(phen)33+
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Table 1.2 Rates of some Cross Exchange Electron Transfer Reactions
at 25⁰C
Electron Transfer Reactions

k M-1 s-1

Ea kcal

∆S#

Ref

Cross Exchange Reactions
Fe(opt)33+- Fe(CN)64-

8.33×107

2.45

-189

78

3.68

0.84

-235

81

Fe(CN)64- - H2O2

Very slow

-----

-----

205

Mn (acac)2(H2O)2-S2O32-

Complex

3.84

-179

80

Fe2+-S2O82-

70

12

-8

200

Fe2+- H2O2

54

10

-15

200

Fe(EDTA)2—C6H5C(CH3)2OOH

2×103

10

-10

200

Co(en)2+- Co(NH3)63+

~10-2

-----

-----

77

Ru(bipy)32+ - Ce(SO4)32-

1×104

-----

-----

159

Fe(CN)64- - Ru(bipy)33+

Very fast at 18⁰

-----

-----

159

Very slow

-----

-----

77

Fe(opt)33+-U(IV)EDTA

Co(NH3)62+ -Co(en)3+
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1.2: Mechanistic Classification of Electron Transfer Reactions:
Electron transfer reactions are characterized on the basis of nature of connectivity
between reductant and oxidant, and accordingly are classified as:
1. Inner-sphere electron transfer reactions
2. Outer-sphere electron transfer reactions

1.2.1: Inner Sphere Electron Transfer Reactions (ISET):
In this mechanism of an inner-sphere electron transfer reaction (ISET), the two
redox entities (the oxidant and reductant) are covalently connected to each other
during the course of electron transfer. Such reaction requires an intimate contact
between oxidant and the reductant. These reactions proceed such that a ligand
bridges the redox centers of the two metals. As a result of this intimate attachment
a bridged activated complex is formed.

(L )5 M III X + M II (Y )6 → (L )5 M III − X − M II (Y )5  + Y → Pr oduct

 (1.10)

In the transition state for the electron transfer process at least one ligand is shared
in the first co-ordination sphere of the oxidant and reductant. The bridging ligand X- as mentioned in equation (10), could be nearly any entity that can become a
conveyer belt for electrons. Typically, such ligands have more than one lone pair
of electron, such that it serves as an electron donor to both of the reductant and
oxidant. These reactions may involve bond breaking and bond formation resulting
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into the actual transfer of an atom or ligand

[3-6]

. In an intramolecular electron

transfer there could be a permanent bridge between the two metal centers in
transition state. However, the intermolecular process is one in which the covalent
linkage is formed just prior to the electron transfer process and gets disconnected
following the electron transfer event. The final products are however determined
by the substitution labiality of the metal centers. Therefore these ET reactions are
said to follow inner-sphere mechanism.

1.2.1.1: Taube’s Experiment:
Taube and his co-workers first demonstrated a famous example of an inner sphere
electron transfer reaction. They worked on the substitutionally labile reduced form
and substitutionally inert oxidized form of the redox system of Co (III) and Cr (II).
The reduction of [CoCl (NH3)5]2+ by [Cr (H2O)6]2+ ensued through a bridged
intermediate. Taube

[7-8]

summarized the reaction in the abstract of the seminal

publication.
“When [CoCl(NH3)5]2+ is reduced by [Cr(H2O)6]2+ in HClO4, 1 Cl- appears
attached to Cr2+ for each Cr3+ which is formed or Co3+ reduced. When the reaction
is carried on in a medium containing radioactive Cl, the mixing of the Cl - attached
to Cr3+ with that in solution is less than 0.5%. This experiment shows that transfer
of Cl to the reducing agent from the oxidizing agent is direct”.
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Thus the following equation may be used to explain such a result,

Co (NH ) Cl + Cr (H O) 

2+

2+

3 5

(inert , d )
6

2

(labile , d )

6

4

→ Co (H2O)6  2+ + Cr (H 2O)5 Cl   (1.11)
2+

(labile , d ) (inert , d )
7

3

Reaction Mechanism:
The Taube’s experimental findings suggested that the ISET observed to follow
the following pathway:
1. Dissociation of the labile complex

Cr

II

2+
(H 2 O )6 2+ ⎯fast
⎯→ Cr II (H 2 O )5  + H 2 O  (1.12)

2. Formation of Bridged Intermediate

Co

III

(NH 3 )5 Cl 2+ + Cr II (H 2O )5 2+  (NH 3 )5 Co III

− Cl − Cr II (H 2O )5



4+

 (1.13)

(Bridged Intermediate)
3. Electron

(NH

3 5

(NH

3 5

) Co III

Transfer

and

− Cl − Cr II (H 2O )5

Dissociation

of

Bridged



→ (NH 3 )5 Co III − Cl − Cr II (H 2O )5



2O
⎯H⎯
⎯
→ Cr III (H 2O)5 Cl

4+



− Cl − Cr II (H 2O)5

4+

 + Co



4+

 (1.14)

(H 2O)6 2+ + 5NH 3
(1.15)
) Co III



Intermediate

2+

II

It was observed in Taube’s experiment that the Cl- which was initially bonded to
the cobalt, during reaction forms another bond with chromium as well. This
nurtures the intermediacy of the bimetallic complex [Co(NH3)5(μ-Cl) Cr(H2O)5]4+
wherein (μ-Cl) signifies that the chloride act as a bridged ligand between Cr and
Co atoms.
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Figure 1.1 Graphical Expression of Taube’s Inner-Sphere
Electron Transfer Mechanism [7-8]
1.2.1.2: The Creutz-Taube Ion:
In Taube’s experiment the occurrence of the chloride bridge was not
experimentally observed but inferred from product analysis. One bridged
intermediate that could be observed is the Creutz-Taube ion, (NH3)5Ru NC4H4N
Ru (NH3)5]5+. The average oxidation state of Ru in the Creutz-Taube ion is 2.5+.
Spectroscopic studies revealed that the two Ru centers are equivalent. This reveals
the easiness with which the electron hole communicates between the two metals[9].
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1.2.1.3: General Steps That Lead to Inner Sphere Mechanism:
The pathway of inner-sphere redox reactions is based on a sequence of steps, any
of which can be the rate determining step. These steps are summarized in Figure:
1.2[10]

Figure 1.2 General Steps that lead to Inner-Sphere Mechanism
The contour for inner-sphere redox reactions involves the step(s), any one of them
may be rate limiting as depicted in Figure: 1.3
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Figure 1.3 Reaction Profile for Inner-Sphere Redox Reactions [11]
These three cases are:
a) in which ligand substitution (precursor complex formation) is rate-limiting.
b) in which electron transfer (precursor-to-successor complex) is rate-limiting.
c) in which ligand substitution (breakdown of successor complex) is rate-limiting.
Vanadium (II) ion has been extensively reported to follow inner-sphere pathway
for its redox reactions. The electron exchange reactions between V (II) and various
azidoamine complexes of Co (III) have been reported to observe by inner-sphere
mechanism [12].

Shazia Summer, PhD Dissertation

Page 12

Chapter No: 1

General Introduction

Table 1.3 Bimolecular rate constants and activation parameters for
reduction of azidoamine complexes of Co (III) by V2+ at 25⁰C [12]
Oxidant

k (dm3 mol-1 s-1)

∆H#

∆S#

Cis-Co(NH3)4H2ON32+

16.6

12.1

-12.5

Cis-Co(en)2NH3N32+

10.3

12.6

-11.6

Co(NH3)5Cl2+

7.6

7.4

-29.5

trans- Co(NH3)4H2ON32+

~100

------

------

trans-Co(en)2N32+

26.6

12.2

-11.6

trans-Co(en)2H2ON32+

18.1

11.0

-16.0

Table 1.4 Rate of reduction of Co (NH3)5Cl2+ and Co (en)2 N32+ by
various oxidizing agents via inner-sphere mechanism [12]

Birk et al

Oxidant

k, Cl- (M-1 s-1)

k, N3- (M-1 s-1)

Fe2+

1.35×10-3 b

8.8×10-3

Cr2+

2.6×106

3×105

V2+

≤3

≥ 1.33×10

Co(CN)52+

5×107

1.6×106

[71]

proposed an inner-sphere mechanistic route for the following redox

pairs; [Cr(H2O)6]2+, [Cr(H2O)5(CN)]2+; [Cr(aq)]2+, cis[Cr(H2O)4(CN)2]+; [Cr(aq)]2+,
1,2,3-(H2O)3Cr (CN)3.
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1.2.1.4: Factors Affecting The Rate Of Inner-Sphere Electron Transfer
(ISET):
Following are the factors that can facilitate the rate of inner-sphere electron
transfer process:
1.2.4.1.1: Nature of Oxidizing and Reducing Agents:
Nature of oxidizing and reducing agents affects the rate of ISET. One of the
reactants, usually oxidant, must possess at least one ligand capable of
simultaneously binding the two metal ions. In addition, one of the reactants must
be labile and the other inert.
1.2.4.1.2: Rearrangement Energy:
For the inner-sphere mechanism, a large rearrangement energy is required. The
total free energy for rearrangement gets reduced due to the bridging groups that
may reduce the columbic repulsions and facilitate a good overlap between metal
ions of the complexes and hence inner-sphere activated complex is favored.
1.2.4.1.3: Nature of Bridging Ligand:
A suitable bridging ligand “X” is an essential requirement for an inner - sphere
electron transfer process. A good bridging ligand is one that possesses more than
one electron pairs so that it could be available to serve as an electron donor to both
of the metal centers that are involved in the electron’s give and take between them.
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A series of Co3+ complexes [Co X (NH3)5]2+ with Cr2+ [8] have been investigated
using

[Co X (NH3)5]2+ as an oxidant, the transfer of X has been observed to be

dependent on nature of X, as detailed in Table: 1.5.

Table 1.5 Role of bridging ligands on Rates of an Inner –Sphere
Electron Transfer Reaction [8]

Co

III

(NH 3 )5 X 2+ + Cr II (H 2 O )6 2+



 Co II (H 2 O )6



2+



+ Cr III (NH 3 )5 X

Bridging Ligand, X

k /dm3 mol-1 s-1

F-

2.5×105

Cl-

6.0×105

Br-

1.4×106

I-

3.0×106

N3-

3.0×105

OH-

1.5×106

H2 O

0.1



2+

It can be seen from Table: 1.5 that the rate increases with increasing size and
polarizability of the halide ion.
Halides and pseudo halides are common examples of bridging ligands. Other
examples are N3- , NCS-, CN-, N=N, Pyrazine (C4H4N2), 4, 4-bipyridine (C4H4N2)
etc. A number of studies having X= C2H3O22-, Br- Cl- and SO42- have also been
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reported [13]. It was found that the rates of these reactions get increased in the order
C2H3O22-< SO42-<Cl-< Br-.
1.2.4.1.4: Relative Stabilities of the Possible Products:
Transfer of group or atoms in inner-sphere mechanism depends on the relative
stabilities of the possible products. For example, oxidation of aquo Cr2+ occurs
with the complex ion IrCl62-, and produces the species Cr (H2O)63+ and IrCl63- as
shown below,
Cr(H 2 O)6 + IrCl 6
2+

2−

→ Cr(H 2 O)6 + IrCl 6
3+

3−

(1.16)

Although the possibility for chlorine atom transfer exists as in previous case,
shown in equation (11), but it does not occur. This is because the stability of
IrCl63- is greater as compared to CrCl (H 2O)5  , whereas in the previous case, Cr3+
2+

2+
complex, CrCl (H 2O)5  is stable than Co2+ complex, Co(H 2 O )(NH3 )5  2+ .

1.2.4.1.5: Interaction of Metal Ions with Bridging Group:
An important event in ISET is the interaction of metal ion with bridging ligand.
This facilitates the reaction and the rate of inner-sphere mechanism increases, as
manifested in exchange reaction between [Cr (H2O)6]2+ and [Cr Cl(H2O)5]2+ . The
electron transfer in this case, is very rapid

[14]

contrary to that of the reaction

between [Cr (H2O)6]2+ and[Cr (H2O)6]3+, where no bridging ligand is present and
that the rate is slower. Transfer of hydrogen atom in reactions of aqua and
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[15-20]

and has been found to follow

inner-sphere mechanism.
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1.2.2: Outer-Sphere Electron Transfer Reactions:
Outer-sphere electron transfer reactions are those in which the coordination
spheres of the oxidant and the reductant remain intact during the electron transfer
and only the formal valence states of the involved species change. The event
occurs between two such reactants that remain isolated before, during and after the
electron transfer event. Both of the reactants following this mechanism have non
labile coordination spheres and thus no ligand substitution can occur on the
extremely short time scale of redox reaction. This type of pathway may also be
adopted in case when one of the reactants is labile and other is inert but does not
possess a donor atom which can be used to form a bridge to the labile reactant.
The following examples are the reactions where outer-sphere electron transfer
pathway has been adopted.

Fe (CN ) 

4−

*

6



+ Fe(CN )6  →  Fe* (CN )6
3−

 + Fe(CN ) 
3−

4−

6

 (1.17 )

(Low-spin, inert) (Low-spin, inert)

(Fe

2+

→ d6

) (Fe

3+

→ d5

)

In the above example, both of the Fe2+ and Fe3+ complexes, having similar ligands,
are inert.

Fe( phen)3+ + Fe(CN )6 4− → Fe( phen)2+ + Fe(CN )6 3− (1.18)
In the above example, both the Fe2+ and Fe3+ complexes, having dissimilar ligands,
are inert.
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+ Cr(H 2 O)6  → Co(NH 3 )6  + Cr(H 2 O)6  (1.19)
2+

2+

3+

In the above example, Co3+ complex is inert while Cr2+ complex is labile. Thus,
outer-sphere electron transfer can either occur between identical chemical entities
which differ only in oxidation state, or they may be totally different. In such
reactions, the electron “hops” through space from the reductant to the oxidant.
These reactions are generally enthalpically less favorable than inner-sphere
electron transfer process. This is because the interaction between the redox centers
through space is weaker than the interaction through the chemical bridge
formation as occurs in inner-sphere electron transfer event. Further to that, an
outer-sphere electron transfer process is usually entropically more favorable than
inner-sphere, as the two sites involved do not have to go through the ordering
processes associated with the formation of a bridge.
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1.2.2.1: Elementary Steps in the Outer Sphere Mechanism
Step 1: Formation of the Precursor Complex:
KA
[Ru(H 2 O 18 )6]3+ + [Ru(H 2 O)6]2+ ⎯→
{ [Ru(H 2O18)6]3+ [Ru(H 2O)6]2+ }….(1.20)

(Ion pair)

Two reactant coordinated ions collide to form a transient ion pair. This step is
always considered to be faster.

Step 2: Chemical Activation and Electron Transfer
k el
{ [Ru(H 2O18)6]3+ [Ru(H 2O)6]2+} ⎯→
{ [Ru (H2O18)6]2+ [Ru(H 2O)6]3+ }……...(1.21)

Chemical activation of the precursor and instantaneous occurrence of electron
transfer takes place within this ion pair

Step

3:

Relaxation

and

dissociation

of

the

successor

complex

k
⎯→
{[Ru (H2O18)6]2+ [Ru (H2O)6]3+} 
[Ru (H2O18)6]2+ + [Ru (H2O)6]3+ ….(1.22)

The ion pair thus dissociates into products.

Table: 1.6 and Table: 1.7 summarizes some of such reactions.
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Table 1.6 Rate constants for outer-sphere electron transfer reactions
in aqueous solution at 298.2 K [72]
S. No.

Redox reaction

k / dm3 mol-1 s-1

1

Cr2+(aq) + Co(NH3)63+

9×10-5 -7×10-3

2

Cr2+(aq) + Co(en)3 3+

3.4×10-4

3

Ru(NH3)6 2+ + Co(NH3)6 3+

0.011

4

V 2+(aq) + Co(NH3)6 3+

0.010

5

Cr(bipy)3 2+ + Co(NH3)6 3+

187

6

MnO4 2 - + W(CN)8 3-

3×103

7

V 2+(aq) + Co(phen)3 3+

3.8×103

8

Fe(CN)6 4- +IrCl6 2-

3.8×105

9

Cr(bipy)3 2+ + Fe3+(aq)

1.4×109

10

Ru(NH3)6 2+ + Ru(bipy)3 3+

3.7×109
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Table 1.7 Rates Constants for Outer-Sphere Electron Transfer
Reactions of Some Cobalt Complexes [73]
Oxidants

Reductants
[Cr(bipy)3]2+]

[Ru(NH3)6]2+

[Co(NH3)6]3+

6.9×102

1.1×10-2

[Co(NH3)5(F)]2+

1.8×103

---------

[Co(NH3)5(OH)]2+

3×104

4×10-2

[Co(NH3)5(NO3)]2+

----------

3.4×101

[Co(NH3)5(H2O)]3+

5×104

3.0

[Co(NH3)5(Cl)]2+

8×105

2.6×102

[Co(NH3)5(Br)]2+

5×106

1.6×103

[Co(NH3)5(I)]2+

----------

6.7×103
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1.2.2.2: Born-Oppenheimer Approximation:
According to the Born-Oppenheimer approximation [21] the nuclei being heavier,
contain more mass than electrons. Thus, nuclear motions occur slower than
electronic motion.

1.2.2.3: The Franck-Condon Principle:
This principle was proposed by J. Franck in 1925 and developed quantummechanically by E.U. Condon in 1928. The Principle [22] is closely related to the
Born-Oppenheimer approximation. This principle states that there can be no
appreciable change of atomic arrangement during the time of an electronic
transition as electron being lighter; move much faster than much heavier atoms.
Therefore, it is evident that owing to the slow motion of nuclei compared to that of
electrons, electron transfer occurs without any disturbance in the molecular
arrangement.
Franck-Condon barrier is the inner-sphere reorganization energy resulting from
the bond length changes accompanying the electron-transfer.
The quantum-mechanical formulation of this principle is that the intensity of a
vibronic transition is proportional to the square of the overlap integral between the
vibrational wave functions of the two states that are involved in transition. The
principle states that during an electronic transition, a change from one vibrational
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energy level to another will be more likely to happen if the two vibrational wave
functions overlap more significantly.

Figure 1.4 Vibrational Energy Profile
There are two more consequences that are followed during the act of electron
transfer:
1.

No angular momentum can be transferred to or from the transition state

during electron transfer and there will be restrictions on changes in spin angular
momentum. For example self exchange process between two cobalt ions,

Co( phen)3 2+ + Co( phen)3 3+ → Co( phen)3 3+ + Co( phen)3 2+  (1.23)
6

t 2 g eg

1

t2 g

6
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Which has a rate constant of 40 M-1 s-1 at 25ᵒC simply requires the transfer of
electron from the eg orbital of one cobalt to that of other.
Against that the following reaction involving;

Co (NH ) 

2+

3 6

5

t 2 g eg

2

+ Co ( NH 3 )6  → Co ( NH 3 )6  + Co ( NH 3 )6   (1.24)
3+

t2 g

6

3+

5

t 2 g eg

1

2+

5

t 2 g eg

2

Which is very slow, k=10-6 M-1 s-1 at 25⁰C, requires a change of spin multiplicity
as well.
2.

The oxidant and reductant must recognize themselves before the act of

electron transfer in a way that ensures that the energies of oxidant and reductant
in their transition states are identical. Thus the reagents must match their energies
before electron transfer can occur.

Figure 1.5 Potential energy surface for the reactants and the products
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We consider the interactions between [Fe (H2O)6]3+ and [Fe (H2O)6]2+ to form the
product in the energy rich state.

Fe(H 2 O )6 3+ + Fe(H 2 O )6 2+ → Fe* (H 2 O )6 2+ + Fe* (H 2 O )6 3+  (1.25)
These energy rich ions lose their energy to the medium by colliding with each
other.

Fe (H O)  + Fe (H O) 
2+

*

2

6

3+

*

2

6

→ Fe(H 2 O )6  + Fe(H 2 O )6  + Heat  (1.26)
3+

2+

According to equation (1.25) and (1.26) heat is created during the reaction, which
is the violation of law of conservation of energy. Therefore for this pattern of
interaction alternative is that both of the ions can be considered to rearrange
themselves to some intermediate position prior to electron transfer. This requires
energy from solution, but an equivalent amount of energy is released [23-24], when
the products revert to the average state as shown in equation (1.26). Equations
(1.24) and (1.25) demonstrate that exothermic reactions are greatly favored, in
which products are formed in some suitably activated state to release the correct
amount of heat on thermal equilibration

[25]

. Endothermic reactions will be

strongly hindered as both heat of reaction and rearrangement energy being
required.
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1.2.2.4: Marcus Theory: [26-43]
Rudolph A. Marcus originally developed the theory to explain outer-sphere
electron transfer then extended to inner-sphere electron transfer by Neol Hush [44].
Marcus theory has been proven to find wide applications concerning electron
transfer reactions since after its development. It enables an understanding of
reaction rates in terms of driving force, solvent effects, orbital overlaps and other
parameters. The salient features of the theory are:
1)

Reorganization energy (the energy required to optically excite an electron

from a reductant to an oxidant) is directly related to the activation energy for the
thermal electron transfer process.
2)

The rate of electron transfer from an electron donor to an electron acceptor

will increase with the thermodynamic driving force for the reaction. The rate of
electron transfer will decrease if the driving force becomes too large.
According to Marcus theory the solvent molecules first orient themselves to a
configuration favorable for electron transfer around the reactant ions, where the
electron transfer occurs. This orientation of solvent molecules helps to attain the
transition state structure required for electron transfer. Reorganization of solvent
structure about each ion decreases the separation between two reactant ions.
The reorganization energy, λ or ∆G‡o, is typically divided into inner-sphere and
outer-sphere reorganization: λ= λin+ λout
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The inner-sphere term is solvent reorganization; it pertains to the movement of
solvent dipoles to react to the charge movement.
The outer-sphere term is the reorganization of the reagents that occurs on
moving to the transition state.
For example, for the electron transfer:
a) [Co (en)3]2+ / [Co(en)3]3+ redox couple has a large inner-sphere reorganization
energy. Co (III) is low spin d6 while Co (II) is high spin d7, with much longer
bond lengths. The self-exchange rate for this couple is 4.5×10-5 [45].
b) In contrast, the [Ru (bipy)3]2+ / [Ru (bipy)3]3+ redox couple has a very low
inner-sphere reorganization energy because the bond lengths and angles in the
two complexes are similar. The self-exchange rate for this couple is 4×108 [46].
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1.2.2.4.1: Marcus Expression for Electron Transfer Rate Constant:
By considering the following reaction:
X Z X + Y ZY → X Z X + Z + Y ZY −Z (1.27)

Where ZX and ZY are the charges on the respective reactant ions and ∆Z is the
charge transferred.
The Marcus expression for the electron transfer rate constant is formulated as:
k AB = Z AB exp


_  

 4 RT 

(1.28)

It can be seen from the above expression that more the reorganization energy λ
slower will be the electron transfer reaction. As shown in Tables 1.8 and 1.9.

Table 1.8 Second Order Rate Constants for Redox Reactions between
Complex Ions at 25⁰C [47]
Redox Reaction

Medium

∆E⁰ Volts

k M-1 s-1

IrCl62 - Fe(CN)64-

H2 O

0.66

1.20×106

IrCl62 - Fe(CN)64-

0.5 M HClO4

0.34

4.1×105

OsCl62-- Fe(CN)64-

H2 O

0.07

1.79×10-1

Ru(dipy)33+- Os(dipy)3+

0.5 M HClO4

0.46

>108

Fe(phen)33+- Os(dipy)33+

0.5 M HClO4

0.23

>108
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Table 1.9 Comparisons of Observed and Calculated Free Energies of
Activation of Redox Reactions between Complex Ions at 25⁰C [48]
rA×108 rB×108

Redox Reaction

∆G⁰

∆G*obs

∆G*cal

cm

cm

kcal mol-1

kcal mol-1

kcal mol-1

Fe(CN)63-- Fe(CN)64-

4.5

4.5

0.0

12.8

8.8

IrCl64- - Fe(CN)64-

4.3

4.5

-15.2

9.2

4.2

OsCl62- - Fe(CN)64-

4.3

7

1.0

18.5

8.5

IrCl64- -Os(dipy)3+

4.3

7

-5.3

6.5

2.0

7

7

-5.3

6.5

1.2

Fe(phen)33+-Os(dipy)3+

By comparing ∆G*obs

and ∆G*cal the estimated reorganization energy can be

summarized in the sequence OsCl62- > IrCl64- > Fe (CN)64-> bipyridine,
phenanthroline and their corresponding reaction rates were found to follow the
reverse order.
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1.2.2.5: Electron Tunneling Theory:
Electron tunneling theory was developed by Weiss [49] and Marcus, Zwolinski and
Eyring [50] for electron exchange reactions in solution. According to this theory the
tunneling of electron in solution is related to the extension of the electronic orbital
in space. The probability of transfer for an electron leaking through a potential
energy barrier across the ligand around the central metal ion is given by the
Gamow equation [51]
  8 
1/ 2 
k e = exp −  rab 2m(V − W )   (1.29)
  3h 


Where ke is known as the transmission coefficient that is the probability of the
electronic transition, V is the height of potential or electron barrier, W is the kinetic
energy of the tunneling electron, m is the electron mass, and rab is the width of the
barrier at the height of penetration (tunneling distance).
The transmission coefficient is expressed as





(

k e = exp − (8 rab / 3h ) 2me 2 Z  / 2r0 − f (n) / Drab

)

1/ 2

(1.30)

The specific rate constant for the electron exchange reaction is therefore





(

)



1/ 2
kT
exp − (8rab / 3h ) 2me 2 Z  / 2r0 − f (n) / Drab
− G  / RT − e 2 na nb / RTDrab
h
 (1.31)
Where ∆G* is the activation energy for rearrangement (reorganization free energy

k=
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for activation) of the hydration and coordination shells of the two reacting ions,
cations plus the electrostatic repulsive energy.
The rate constant k, for electron transfer is given by the transition state theory [52]
k = ke





kT
exp − G  / kT  (1.32 )
h

In the above expression for the specific rate constant, (ke) is the probability of an
electron transition which is considered as a transmission coefficient and free
energy of activation is considered as a free energy for rearrangement of hydration
and coordination shells of the two cations plus electrostatic repulsive energy, T is
the reaction temperature, κ is the Boltzmann’s constant, and h is the Plank’s
constant.
Transmission coefficient as well as the rate constant decrease for the complexes
with large size ligands. This explains the drop in reaction rate constant for large
sized complexes [53].
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1.2.2.6: Factors Affecting the Rates of Outer-Sphere Electron Transfer:
Following are the factors which affect the rate of outer-sphere mechanism:
1.2.2.6.1: Electrostatic repulsion between like charges:
For the outer-sphere electron transfer reaction, reactants must approach closer for
electron tunneling to occur. Electrostatic repulsions between ions of like charges
increase the energy of activation and hence decrease the rate of electron transfer.
1.2.2.6.2: Identity and Concentration of cations:
Due to the presence of cations, the rate of electron transfer reactions generally
increases, because of the presence of ion pair which decreases the electrostatic
contribution to the activation energy.
1.2.2.6.3: Conductivity of Ligands:
The greater the conductivity of ligands, the more readily should electron transfer
proceed between the two complexes. For example, electron transfer has been
found to be rapid between the two highly conducting complexes [Fe(phen)3]3+ and
[Fe(d-bipy)3]2+, k= ˃108 M-1 s-1 [47].
1.2.2.6.4: Reorganization Energy:
If M-L bond distances are very different in the two complexes, there will be a
larger energy barrier, and the large Ea involved in bringing about the electron
transfer. Therefore, the redox couples, which have same bond lengths and bond
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angles carry low reorganization energy and high electron transfer rates. For
example [Ru (bipy)3]2+/ [Ru (bipy)3]3+redox couple. In contrast, [Co(en)3]2+/
[Co(en)3]3+ redox couple has a large reorganization energy, Co(III) being low spin
d6 against Co(II) which is high spin d7, with much longer bond lengths. Thus, λ
depends on changes in M-L bond length (inner- sphere reorganization energy) reorientation of solvent molecules around the complex (outer-sphere reorganization
energy). Table: 1.10 displays few examples that highlight these effects.

Table 1.10 M-L bond distance and its effect on rate of reaction
Redox Couples
Co(NH3)6 3+ (Low spin d6)

Co(NH3)6 2+

1×10-6

[54]

(High spin d7)

Co-N=1.94 Å

Co-N=2.11 Å

Ru(H2O)6 3+ -

Ru(H2O)6 2+

(Low spin d6)

(High spin d7)

Ru-O=2.03 Å

Fe(CN)6 3-

k / M-1 s-1

44 [55]

Ru-O=2.12 Å

-

Fe(CN)6 4-

(Low spin d5)

(Low spin d6)

Fe-CN= 1.92 Å

Fe-CN= 1.95 Å

700 [204]

1.2.2.6.5: Free Energy Change for the Reaction:
The greater the negative free energy change for the reaction, the faster will be the
rate of electron transfer.
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1.2.2.7: Ion Pair Formation:
In solution ions of opposite electrical charge come together, as described by
Coulomb’s law, to form a distinct chemical entity. Bjerrum [56] proposed that there
is another kind of interaction between ions in a solution which involves the
formation of ion pairs, resulting between two oppositely charged ions, as shown
below,
A + + B − → A + , B − (1.33)

Association constant is given as,

Ka =

A , B  (1.34)
A B 
+

−

+

−

The properties of an ion depend only on the ionic strength and not on the specific
ions that constitute the reaction environment [57].

Ion-pairs are classified according to the number of ions that associate with each
other, and the nature of the interaction. There are three distinct types of ion-pairs:

a) Fully solvated : When both ions have a complete primary solvation sphere
b) Solvent-shared: When there is about one solvent molecule between cation and
anion
c) Contact ion-pair: When the ions are in contact with each other
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The three types are different depending on the extent of solvation of the two ions
and the closeness with which the ions approach each other i.e. fully solvated >
solvent-shared > contact. With fully solvated and solvent shared ion-pairs the
interaction is primarily electrostatic, but in the case of a contact ion-pair there will
also be some covalent character in the bond between cation and anion.

This theory is applicable to the ions which have weak ionic interactions like an
interaction of a substitution inert complex ion [Co (NH3)6] 3+ with an anion X-, ion
pair formed is shown as [Co (NH3)6]3+, X- which is different from that of an inner
sphere complexes like [58] [Co (NH3)5 X] 2+.
1.2.2.7.1: Association Constant for Ion pair:
The following equation,
2


n 2 = n0 exp −  Z 1 Z 2 e
  (1.35)
D

Tr
B


represents the number of ions per cubic centimeter (n2) of the second kind at a
distance (r) from the first kind. Where Z1 and Z2 are the ionic charges, κB is the
Boltzmann’s constant and n0 is the bulk concentration of the second kind of ion.
Minimum number of ions of opposite charge from the central ion is found at a
distance(r) which is given as,

r=q=

Z1 Z 2 e 2
 (1.36)
2 DT
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This distance is 3.75Å in water at 25⁰C for a 1:1 electrolyte. Bjerrum made an
assumption that any two ions closer together than this value of q will constitute an
ion pair. In these cases the electrostatic energy of attraction must be equal to 2κT.
The degree of association (1-α) when two oppositely charged ions approach,
closest distance a, is integrated from r=q to r=a,
 Z1 Z 2 e 2  2
(1 −  ) = 4  n0  exp −
 r dr (1.37)
 DTr 
a
q

and the equilibrium constant is given by,

K

−1
a

1000 2 n0  2
c 2  2
=
=
 (1.38)
(1 −  ) 0 (1 −  )N 0

where,
C= concentration in moles per liter
γ= mean activity coefficient of free ions

 0 =activity coefficient of the ion pair
N=Avogadro’s number
In dilute solutions where γ and  0 approach to unity, Ka is simplified to the
following form,
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 Z Z e2 
K a = A0 exp  1 2  (1.39)
 DTa 
where A0 is the constant of the order of unity which includes non-electrostatic

factors [59]. Some pertinent information in this regard is being presented in Tables
1.11 and 1.12.

Table 1.11 Association Constants and Thermodynamic parameters for
Outer-Sphere Complex Ions at 25⁰C [60-64]
Ion Pairs

Ka

∆Ho

∆So

Co(NH3)63+, Cl-

74

3.7

21

Co(NH3)63+, Br-

46

2.1

15

Co(NH3)63+, I-

17

1.6

11

Co(NH3)63+, N3-

20

-4.0

-7

Co(en)33+, Br-

21

2.0

13

Co(en)33+, I-

09

1.2

08

Co(en)33+, N3-

11

-5.2

-13

Co(en)33+,OH-

31

------

-------

Co(pn)33+,OH-

19

-------

-------

Co(dl-bn)33+,OH-

11

-------

-------

Co(NH3)63+, SO42-

2.2×103

0.40

16.6

Co(NH3)5H2O3+, SO42-

1.9×103

0.00

16.4

Co(NH3)63+, S2O32-

1.8×103

-------

-------
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Table 1.12 Kip and ket values for some Outer-Sphere Electron Transfer
Reactions between Transition Metal Complexes [65]
Kip / molar units

ket / s-1

1500

0.19

2400

0.015

2300

0.024

860

0.0068

650

0.24

300

0.00037

240

0.00062

Co(NH3)5 (Cl)2+

38

0.027

Co(NH3)5 (N3)2+

49

0.00062

Reactants
Charge product -12
Co(NH3)5 (H2O) 3Co(NH3)5 (py) 3+

+ Fe(CN)6 4-

Co(NH3)5 (4,4ʹ-bipy) 3+

Charge product -9
Co(NH3)5 (py) 3+

+ Fe(CN)5 (py) 3-

Co(phen)3 3+ + Co(ox)3 3+
Charge product -8
Co(NH3)5 (acetate)2+
Co(NH3)5 (benzoate)2+

+ Fe(CN)6 4-
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1.2.2.7.2: Factors Affecting the Ion Pair Formation:
Following are the factors, which influence the formation of ion pair:
1.2.2.7.2.1: Size of Anions:
When the size of anions decreases the association constant for the ion pair
formation increases. The effect of increasing size of anions is shown in Table:
1.11.
1.2.2.7.2.2: Size of Complex Ion:
The size of complex ions also affects the association constant for ion pair. The
larger sized complex ions have less stable ion pair. For example, Co (en)33+ is
larger in size than Co(NH3)33+, therefore it forms less stable ion pair. The effect
relating to increasing size of complex ions is also described in Table: 1.11.
1.2.2.7.2.3: Product of Charges:
Ion pair formation constant increases with increasing product of the charges
(-Z1Z2). For example, Co(en)2Cl2+ a cis complex, forms ion pair with chloride ion
in methanol having dielectric constant 32, but there is no such interaction in water
having dielectric constant of 78.
1.2.2.7.2.4:

Cis

and

Trans

Effect

of

Complex

Ion:

Cis and trans effect of complex ions also affect the ion pair formation. For
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example trans Co(en)2Cl2+ does not form recognizable ion pair because of no net
dipole moment but the cis isomer of Co(en)2Cl2+ favors ion pair formation [66].

1.2.3: Differentiation between Inner-Sphere and Outer-Sphere
Electron Transfer Reactions:
On the basis of the following criteria the two mechanisms can be differentiated:
1. If the rate constant for the oxidation-reduction reaction is larger than the rate of
ligand substitution on either metal, then an outer-sphere mechanism is observed.
For example,
Fe(OH 2 )6

3+

+ V (OH 2 )6

2+

=1.810 M s
⎯k⎯
⎯⎯⎯
⎯→ Fe(OH 2 )6
4

−1 −1

2+

+ V (OH 2 )6 (1.40)
3+

Here, in this reaction substitution might occur on Fe, but it has a water exchange
rate of ~150 s-1 and the rate of redox reaction is too large. Therefore the probable
mechanism for this reaction must be outer-sphere.
2. If all the ligands on both reactants have no unshared pairs of electron, then the
chances to form bridged intermediate are not possible, and in that case an outersphere mechanism is followed.
3. When sizes and charges of the complex ions are nearly same, the tendency to
form ion pair depends on the number of protons possessed by the complex ions.
Therefore Co(NH3)63+, with 18 protons possesses more favorable positively
charged periphery to a negative ion than does Cr(H2O)63+ with 12 protons.
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1.3: Dependence of Electron Transfer Reaction Rates and
Mechanism on Hydrogen ion concentration:
The study of reaction rates is one of the most powerful tools available for
interpretation of reaction mechanism. The information obtained from kinetics
experiments sheds light on the transition state, intermediated and elementary steps.
Out of a number of factors that affect the electron transfer reaction rates, one is
hydrogen ion concentration or acidity of the medium. The study of dependence of
rate of reaction on hydrogen-ion concentration is of special significance because
most of the reactants in aqueous media are involved directly or indirectly in
equilibriums, which are influenced in some way by hydrogen ion concentration.
The investigations pertaining to redox equilibrium focus on either establishing a
conductive environment to facilitate such reactions or determining the means to
inhibit these when need arises.
The formulation of the mechanism on the basis of hydrogen-ion dependence in
chemical reactions could arise on account of the involvement of one or more of the
following types of equilibriums:
HA + H 2 O  H 3 O + + A −  (1.41)

M (H 2 O)m  M (H 2 O)m−1 OH ( n−1)+ + H + (1.42)
n+

XOmn − + 2 H +  XOm( n−−12) + H 2 O  (1.43)
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The various parameters exploited to study such effects are the complexation of the
reacting species with other species, nature of acid or base and pH, formation of
hydroxo complexes with metal ions, formation of hydronium salts of anionic metal
complexes

[89, 67]

. In addition to that, the factors described below also alter the

respective standard redox potential values.
1. E⁰ decreases with increasing the oxidation number of an element due to an
increase in ionization potential.
2. E⁰ also decreases with in a period as ionization potential increases with
increasing atomic number.
3. Ionization potential values of transition metal series increases with increasing
atomic number, accordingly E⁰ values get decreased with in a period.
Redox potential values are the indicators of stability or instability of metal ions
and these get altered as the nature of the medium and the species being dissolved
is varied

[93, 101, 68]

. Thus the redox potential values are expected to decrease or

increase as the metal ion stabilizes or destabilizes itself through chemical
interactions in the medium. If we consider the following half-cells involving +2
and +3 oxidation states of iron [69].
Fe 3+ + e −  Fe 2+  E = 0.771 V (1.44)
Fe(OH )3 + e −  Fe(OH )2 + OH −  E  = −0.56 V (1.45)
[ Fe(C12 H 8 N 2 )3 ]3+ + e −  [ Fe(C12 H 8 N 2 )3 ] 2+  E  = 1.147 V (1.46)
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[ Fe(CN )6 ]3− + e −  [ Fe(CN )6 ] 4−  E  = 0.358 V (1.47)

It can be seen that the redox potentials of all these half cells are different.
Equation (1.44) involves bare iron (III) whereas equation (1.45) pertains to same
oxidation state of iron complexed with OH- ion. These two half cells do not have
same redox potential, this is because the oxidized form gets stabilized through
interaction with OH- ion, as compared to the reduced form and that the redox
potential of equation (1.45) is less than the value shown in equation (1.44), where
no chemical interaction has taken place. Same situation exists in equation (1.46
and 1.47). The quantum of variation of redox potential values largely depends on
the nature of ligands, interacting with the either of the oxidizing or reducing
species involved in the redox equilibrium [70].
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1.4: Important Features of Suitable Oxidant:
An oxidant (oxidizing agent) is a material, which brings about oxidation and in
the process is itself reduced. Following are the important features of an oxidant
that should be taken into account before pursuing a kinetic study:
1. Oxidant must not be insoluble or sparingly soluble in aqueous solution but
have considerable solubility in it.
2. Oxidant should not form turbidity while reacting with the reactant, because
transparent solution is required for photometric analysis.
3. Oxidant must not show disproportionation reaction.
4. An oxidant should have high redox potential than the species that is to be
oxidized.
5.

The oxidant must not have much far and close redox potential value from that
of the reductant because reaction may become fast or slower respectively with
increasing and decreasing difference of the two E⁰cell value.

6.

Standard redox potential of the cell must have positive value i.e. E⁰cell= +ve

7. Standard

change

in

free

energy

must

have

negative

value

as

thermodynamically required for any spontaneous reaction.

Shazia Summer, PhD Dissertation

Page 45

CHAPTER NO: 2

LITERATURE REVIEW OF
ELECTRON TRANSFER
REACTIONS

Shazia Summer, PhD Dissertation

Page 46

Chapter No: 2

Literature Review

2.1: Review of Literature on Electron Transfer Reactions
Electron transfer is one of the fundamental phenomena in chemistry, physics and
biology [78-106]. The field of electron transfer reactions has been growing since late
1940, both in chemistry and biology

[98-99]

. The initial experiments in electron

transfer were on self-exchange (isotopic exchange) reactions, such as
Fe 2+ + Fe3+ → Fe3+ + Fe 2+ (2.1)
*

*

Radioactive tracer’s technique was first introduced by Hevesy and Zechmeister
[107]

in 1920. Taube

[108]

and Marcus et al

[109]

reviewed self exchange reaction.

Several self exchange reactions, which proceed with no net free energy change,
have been studied by isotopic tracer’s technique. The earliest electron exchange
reaction was studied on Pb (II)-Pb (IV) exchange in acetic acid [110], where Pb219
was used as radiotracer. Dwyer and Gyarfas

[111]

suggested the use of optical

activity to study the rates of electron transfer reactions. For several systems

[112]

optical activity measurements were undertaken to study electron transfer reactions.
The first detailed study of self-exchange reactions between Co (III) EDTA and Co
(II) EDTA through optical activity measurements was done by Im and Busch

[114]

.

The results were found in excellent agreement when compared with those obtained
by isotopic tracer studies [113] on the same system.
The mechanism of oxidation of

Cr (II) at a mercury electrode in the presence of

halide ions [115] has been investigated by electrochemical techniques.
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Later on the introduction of new instruments, open the doors for the study of the
rates of fast reactions. This led to the investigation of electron transfer crossexchange reactions i.e. electron transfer between two different redox systems. For
instance,
Fe 2+ + Ce 4+ → Fe3+ + Ce3+ (2.2)

Numerous developments in electron transfer process have been made in different
areas as shown in figure: 2.1 [116].
ET at metal electrodes

ET at modified electrodes
ET at semiconductor electrodes
ET at polymer-liquid interfaces

Electron Transfer Reactions

ET at liquid-liquid interfaces
ET at colloids and micelles
ET in solids and polymers
ET and solvent dynamics
Coupled ET and proton transfer
ET across rigid organic bridges
ET in proteins
Long range ET in rigid media
Methyl and other transfers
Cross-reactions
Photosynthesis
Chemiluminescences

Figure 2.1 Developments in Electron Transfer Process [116]
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2.1.1: Overview of Electron Transfer Reactions of Iron
Iron compounds usually exist in different oxidation states ranging from -2(d10) to
+6(d2) and rarely these exhibits oxidation states of -1, +1 and +5. A major chunk
of coordination compounds of iron are discovered to have in +2 or +3 oxidation
states. On the other hand organometallic compounds of iron carry formal oxidation
states

[117]

of +1, 0, -1, -2.

Most of the ferrous and ferric complexes have

octahedral geometry for example [Fe (CN) 6]4-/3-, [Fe (opt) 3]2+/3+, [Fe (bipy) 3] 2+/3+,
[Fe(phen) 2CN)2] 0/1+,

[Fe (bipy) 2CN)2] 0/1+.

The ligands in coordination compounds greatly influence the reactivity of iron [118].
For instance, nitrogen and sulphur based chelating complexes of iron, such as
phenanthroline, stabilize Fe (II). Such complexation improves the reduction
potential of iron (+1.1 V). Contrary to that, donor groups that contain oxygen
ligands stabilize Fe (III), such as defferoxamine, as they decrease the reduction
potential of iron (-0.4 V).
Table: 2.1 presents a summary of complexed iron (II) compounds with a number
of ligands along with their oxidation rate constants.
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Table 2.1 Effect of Chelation on Rate and Stoichiometry of Fe (II)
Autoxidation [119]
Chelates

Fe(II) oxidation[a] / k (s-1)

Fe(II) / O2[b]

None

1.2

3.4 ± 0.4

EDTA

˃11.5

2.1 ± 0.1

NTA

˃11.5

2.2 ± 0.1

Citric acid

7.2

2.5 ± 0.3

ADP

4.0

3.4 ± 0.1

Oxalic acid

2.3

3.4 ± 0.5

Glycine

1.5

3.3 ± 0.2

Hydroquinone

1.2

2.9 ± 0.2

Pyruvic acid

0.8

4.0 ± 0.2

Benzoquinone

10.7

None [c]

[a] Fe (II) oxidation rates are given as first order rate constant for the initial rate (fist five minutes)
[b] No. of Fe (II) oxidized per O2 consumed,
[c] No O2 consumed

The redox chemistry of iron has attracted the attention of many researchers
because of its industrial and biological applications [120].
Irving and Mellor

[121]

have determined the step-wise stability constants of stable

complexes of bivalent ions of manganese, iron, cobalt, nickel, copper, zinc and
cadmium with 2, 2′-bpyridyl and 1, 10-phenanthroline chelating ligands. Tris
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complexes of Fe(II) with 2, 2′-bpyridyl and 1,10-phenanthroline are known to be
remarkably stable with overall formation constants of about 1017 and 1021
respectively owing to the formation of spin paired complex.
Complexes of iron (II) with bipyridyl and phenanthroline ligands can undergo
aquation reaction in aqueous solution, where each bidentate ligand is replaced by
two water molecules at each coordination site. The kinetics of aquation of (1, 10phenanthroline) and substituted (1, 10-phenanthroline) complexes of iron (II) has
been investigated by Burgess et al
and Adam

[123]

[122]

in aqueous-dioxan mixtures. Mohammad

studied the kinetics of acid catalyzed aquation of Schiff base

complexes of Iron (II) spectrophotometrically in various water-methanol mixtures
in order to determine the effect of solvent on rate of dissociation. Parabolic rate
law was proposed for kinetics of the acid aquation.
The kinetics of racemization and dissociation of tris (1, 10-phenanthroline) Fe (II)
and tris (2, 2′-bpyridyl) Fe (II) have been extensively studied in aqueous acidic
medium and in various aqueous-organic mixtures

[124-126]

.

CuII, NiII and CoII

catalyzed dissociation of tris (1, 10-phenanthroline) Fe (II) in aqueous and reverse
micellar media (cetyltrimethylammonium bromide CTAB) have been investigated
by Venkateswarlu et al [127]. It has been found that the rate of dissociation of [Fe
(opt) 3]2+ is markedly increased in presence of metal ions in chloroform-hexane
mixture as compared to the aqueous medium. The catalytic effect of the metal ions
in

both

media

was

found
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[128]

investigated the influence of some added monovalent

cations and anions on the electron transfer rate and activation parameters for
dissociation of [Fe (bipy) 3] 2+ in 0.01-0.1 M acid. It was found that ΔS# and ΔH#
decrease in the order Cl-˃ Br-˃ I- for anions and Li+˃Na+˃Cs+ for cations.
The effect of sodium salts of chloride, nitrate and sulphate on the kinetics of
dissociation of tris (2, 2’-bipyridyl) iron (II) was investigated in different acids i.e.
HClO4, HCl and H2SO4 [129]. The hydrolysis of the complex ion [Fe (bipy)3]2+ has
been determined in HCl medium by adding chloride salts of Li+, Na+, K+, NH4+,
Mg2+, Ca2+, Sr2+ and Ba2+ and bromide salts of Na+, K+ , NH4+ and Mg2+ [130].
Sriraman et al

[125-126]

studied the dissociation of tris (2, 2’-bipyridyl) iron (II) and

tris(1,10-phen) iron (II) in aqueous acetic acid solutions. Dissociation of [Fe (bipy)
2+
3]

was found to be first order in complex ion, and the rate was dependent on H+

concentration. The influence of solvent composition on the reaction rate under
acid-dependent and acid-independent conditions showed an initial retardation by
acetic acid. Whereas, the dissociation of [Fe (opt)3]2+ was found to be first order in
complex ion at different concentration and composition of mixed solvent. The rate
of dissociation was acid independent. According to the proposed mechanism,
water acts as an active participant in the dissociation process.
Water has been reported to influence the dissociation of a number of iron
complexes. The dissociation of the complex cations of Fe (II) with tris (1, 10-
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phenanthroline) and tris (2, 2’-bipyridyl) and that of other diimine complexes has
been studied by the researchers [131-135]. Influence on the rate of hydrolysis of these
complexes has been observed in presence of added ions [136-138].
Rate of dissociation of some substituted tris (1, 10-phenanthroline) Fe (II)
complexes has also been studied

[139]

. Alkaline dissociation of tris (1, 10-

phenanthroline) Fe (II) complexes has also been reported [140].
The cis-trans isomeric configurations of (2, 2’-bipyridyl) and (1, 10phenanthroline) complexes have been investigated by different methods

[141-148]

.

Wilson et al [149] used capillary electrophoresis to separate and quantify distinct Fe
(II) and Fe (III) complexes with polyaminocarboxylates and develop new methods
for distinguish between FeII and FeIII in aqueous media.
Fe (II) and Fe (III) exchange reactions have been extensively studied to elucidate
some of the features of electron transfer in aqueous medium. Some exchange
reactions involving hexacyanoferrate (II) and hexacyanoferrate (III) ions have
been reported [150] as well.
An extensively studied outer-sphere electron transfer reaction is the isotopic
exchange reaction between [Fe (CN) 6]4- and [Fe (CN) 6]3-

[151]

. Reactions of

hexacyanoferrate (II) with a number of other [Fe (CN) 5 X]3- complexes have also
been studied

[152]

. Several other self-exchange reactions, pertaining to various

oxidation states of iron, have been investigated and reported since then. It has been
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found that, despite the formal similarity of processes, their rates vary by many
orders of magnitude.
Eichler and Wahl

[153]

investigated exchange reactions between iron (II)

phenanthroline and iron (III) phenanthroline by radioactive tracers and optical
activity methods. The rates of electron exchange reactions between large
cations including [FeII/III (phen)3]2+/3+ and [Fe(bipy)3]3+ have been

complexed
estimated

[112]

. Gordon

[154]

studied the oxidation of iron (II) by different

coordinated complexes of Ag, Ru, Os and Ir. Silver and Dodson [155] studied the
reaction between uncomplexed cations and found the bimolecular rate constant to
be 4.0 M-1 s-1 at 25⁰C.
Substitution inert complexes of Fe (II); [Fe (bipy) 3]2+, [Fe (bipy) (CN) 4]2-,
(bipy) 2(CN) 2] and [Fe (CN) 6]4- has also been examined

[156]

[Fe

for their capability

to influence Cr(VI) reduction.
Kinetic study of the oxidation of iron (II) ion by tris(1,10-phen) iron(III) ion in
perchloric acid medium has been reported by using a rapid mixing and flow
technique[157].
A number of substituted (1,10-phenanthroline) , 2,2′-bipyridine, 2,2′,2″-terpyridine
complexes of iron (III) have been studied in both sulfuric acid and perchloric acid
medium using rapid mixing and flow techniques

[158]

. The oxidation of iron(II) by

hexachloroirridium (IV), tris (1,10-phen)ruthenium(III), tris (1,10-phen)iron(III)
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has been studied by George and Irvine [159]. The reaction was studied by observing
the color changes. Electron transfer reaction between pentaaminobromocobalt (II)
and iron (II) has been undertaken [160]. Electrochemical and kinetic investigations
of electron transfer reaction between Fe(III)phenanthroline and Fe(II)cyanide
complexes have also been reported

[79, 161]

. Fe (III)/Fe (II) complexes with 2, 2′-

bipyridine and cyanide have also been investigated

[201]

for their redox activity.

Kinetics of the reaction of tris (2, 2′-bipyridine) iron (II) cations with cyanide ion
in aqueous solution and in binary aqueous mixtures has also been reported [162-163].
Maria Cyfert

[164]

reported her work on oxidation of tris (1, 10-phenanthroline) Fe

(II) by hydrogen peroxide (H2O2).
Fe(II) complexes with tris(2, 2′-bipyridine), substituted tris(2,2′-bipyridine),
tris(1,10-phen) and that of ferroin by peroxodisulfate[165-171] has also been reported
for their redox action. Arora et al

[165]

investigated a detailed kinetic study of the

oxidation of [Fe (2, 2’-bipy) 3]2+ and [Fe (phen) 3]2+ at 45ᵒC and 50ºC with
peroxodisulfate in acetate buffer of pH range 3.2-5.9. The reaction was proposed
to occur by two mechanisms both being dissociative and oxidative.
Burgess

[167-174]

studied peroxodisulfate oxidation of hexacyanoferrate (II) and

oxidation of several tris (1, 10-phen) iron (II) complexes. According to the
authors, there is little evidence for ion-pair formation in aqueous solution with
large substitution inert complexes. The reaction was suggested to proceed by
parallel oxidation and dissociation rate determining steps.
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Farrukh and Naqvi [78] reported the dependence of the redox potentials of ferricferrous and ferricyanide- ferrocyanide systems on the strength of different acidic
media. Farrukh and Naqvi

[175]

also spectrophotometrically investigated the

kinetics of reduction of tris (1, 10-phen) iron (III) ion by hexacyanoferrate (II) ion
and bis-(π-cyclopentadienyl) iron (II).
Lister et al

[176-178]

did considerable work on the reaction between potassium

ferrocyanide and potassium persulfate. Maria Cyfert

[179]

reported peroxodisulfate

oxidation of [Fe (phen)3]2+ in presence of Ag (I) ions in neutral medium. The
reaction was found to follow the catalyzed and non-catalyzed parallel pathways.
Cu (II) catalyzed oxidation of [Fe (CN)6]4- to [Fe (CN)6]3- by iodide ion has been
studied in aqueous solution [180]. Summer et al [181-182] worked on Cu (II) and Ag (I)
catalyzed oxidation of tris(2, 2′-bipyridine)Fe(II) in aqueous acid medium by
potassium iodide and potassium persulfate respectively. Kinetic studies on
oxidation of iron (II) by aqueous hydrogen peroxide [183-185] and iodine [186] indicate
that these reactions proceed by analogous mechanisms which involve OH. and I2-.
radicals. Isomerization of maleic to fumaric acid by the reaction of dipositive iron
with aqueous bromine is an evidence for the formation of Br2-. radicals

[187-188]

.

Several reactions have been found to be induced by the addition of iron (II) to
chlorine solutions [189-190]. The reaction between chlorine and [Fe (phen) 3]2+ ion is
postulated to proceed via an outer-sphere path with the formation of chlorine
radical Cl2-. as reactive intermediate. Shakhashiri and Gordon [87] investigated the
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oxidation of tris(1, 10-phen)iron(II) ion by chlorate and chlorite ions and chlorine
dioxide.
Periodate oxidation of tris (1, 10-phen) iron (II) was studied by Ige and Soriyan
[100]

. Kinetics and mechanism of oxidation of tris (4, 4′-dimethyl, 2, 2′-bipyridine)

Fe (II) by periodate in acidic medium was investigated by Ayodele et al

[101]

. The

complex was reported to undergo extensive protonation in acid medium. Both of
the protonated and unprotonated species are involved in the electron transfer
process that progresses with active participation of periodate species such as IO3+
and H6IO6+. Ion-pair formation and an outer-sphere mechanism is suggested for
the reaction.
Oxidation of Fe (II) by iodate ion in strong perchloric acid aqueous medium has
been investigated [191] and the reaction was found to follow a complex mechanism.
Oxidation of [Fe (CN) 6]4-[192] and [Fe (bipy)2 (CN)2] [193] by iodate ion has been
reported to proceed through an inner-sphere mechanism. Oxidations of tris (1,10phen) iron(II) complex by halopentacyanocobaltate(III) complex was investigated
[194]

in acid aqueous medium at 0.1 mol. dm3- ionic strength and 0.01 mol. dm3-

acid concentration. Reaction was found to follow the outer-sphere electron transfer
mechanism.
Kinetics

of

oxidation

of

tris

(2,

2΄-bipy)

iron

(II)

sulfate

was

spectrophotometrically studied by Rozina et al [195] the in aqueous acid medium by
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ceric sulfate. Reaction was proposed to follow the complex kinetics. Effect of
dielectric constant on reaction system was also examined.
Iron complex of DTPA has been investigated as a source of iron for the treatment
of iron chlorosis in agriculture. Chaberek et al

[196-198]

studied DTPA complexes

with various metal ions.
A spectrophotometric

study pertaining

to oxidation

of thiosulfate by

hexacyanoferrate (III) in aqueous perchloric acid medium has been investigated by
Patil et al

[199]

. The reaction was found to follow first order dependence on

hexacyanoferrate (III) and thiosulfate but showed fractional dependence on acid
concentration. The active species of oxidant has been suggested to be H Fe (CN)63.
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2.1.2: Overview of Electron Transfer Reactions of Bromate
Bromate (BrO3-) is an inorganic ion which exists most commonly as sodium and
potassium salts which have no color and taste. Bromate is a reaction product of
bromide ion (naturally occurring in water reservoirs), with ozone

[207]

. Potassium

salts of bromate have wide applications in different industries i.e. in the dying of
textiles using sulfur dyes [208]. It is also used as an oxidizer to mature flour and to
condition dough during baking [209-210]. Bromate has many industrial applications
due to its oxidative nature. Thus, it is employed for treating barley in beer making
[211]

and that for the quality improvement of the fish paste products in Japan [212].

Due to reported carcinogenicity of bromate in experimental animals
toxicity in humans

[218-219]

[213-217]

and

, it has been declared a potential carcinogen by WHO

(1993). Since the ozonation of bromide containing water is one of the sources of
bromate formation and therefore it became an issue of serious environmental and
health concern. Since then researchers have put in great efforts and developed
different methods to estimate permissible bromate level and hence control its
concentration in water resources which is set at 10 µg / L by USEPA
drinking water. Gunten and Hoigńe

[221]

[220]

in

described the mechanism of bromate

formation during ozonation of drinking water.
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Xie and Shang [222] and Siddiqui et al [223] proposed that bromate can be reduced to
bromide in water by reaction with reduced forms of iron i.e. Fe (II) and / or Fe (0),
Redox active organic compounds also play an important role to facilitate the
conversion of Fe (III) to Fe (II)

[224-225]

in presence of microorganisms and

therefore are reported to control the iron speciation biotically and abiotically[226227]

.

Having redox potential of 1.44 V [228], bromate carries a lethal oxidizing capability.
Thus, it is a potent chemical for employment in different food and textile
industries. Its sodium and potassium salts are easily available. These are very
stable, water soluble and easily handling compounds, as compared to other
bromine and oxybromine species.
Chemistry of bromate ion in aqueous acid medium is of considerable interest
given its importance in mechanistic chemistry [269]. Thus, potassium bromate has
been widely brought into use to oxidize various organic and inorganic compounds
in both acidic and alkaline medium [229-262]. Bromate oxidations sometimes involve
oscillation reactions

[266-268].

Even nano grams of metal ions have been easily

assayed through acidic bromate reactions with various organic and inorganic
substances [263-265].
Oxidation of some aldoses and amino sugars has been investigated for their kinetic
behavior with potassium bromate in hydrochloric acid medium
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were proposed to follow the formation of intermediate bromate esters. These
decompose to give products, suggesting an inner-sphere mechanism.
The kinetics of oxidation of D (+)-glucose by potassium bromate in acid medium
has been studied by Shukla and Bajpai [270]. The order with respect to bromate, H+
and D-glucose was found to be one with respect to each species.
Both of the acidic as well as alkaline mediums were employed to study Ru (III)
catalyzed oxidation of maltose by bromate [271]. First order kinetics was observed
in the lower BrO3- concentration whereas at high bromate concentration the order
became zero. They identified the order of reaction with respect to substrate and
that of Ru (III) to be zero and one respectively.
Rh (III) catalyzed oxidation of D-mannitol

[272]

in an acidified solution of

potassium bromate has also been studied. Enhancement in concentration of
oxidant and that of H+ ions established fractional positive order and fractional
inverse order respectively. Further to that first order kinetics was uncovered in
case of catalyst Rh (III). The order of reaction with respect to the substrate is
found to be zero.
The kinetics of oxidation of D-glucose to D-gluconic acid by bromine in aqueous
solution was studied using potentiometric techniques

[273]

. The proposed kinetic

expression for gluconic acid formation, developed on the determined kinetic
parameters at pH 9.24. By employing a combination of sulfuric acid and
Shazia Summer, PhD Dissertation

Page 61

Chapter No: 2

Literature Review

potassium bromate in the presence of SiO2 as effective oxidizing agent. Alcohols
have been transformed into their corresponding aldehyde and ketone derivatives in
various organic solvents [274]. The kinetic study and oxidation of propan-2-ol by Br
(V) has been investigated by R. Natarajan et al [269]. Kinetics of oxidation of some
substituted phenols in aqueous acetic acid medium was investigated

[275]

. The

reaction obeys first order kinetics with respect to oxidant, substrate and H+. The
active oxidizing species was found to be H BrO3. The order of reactivity among
the methyl substituted phenols was, 3, 4-dimethyl phenol > p-cresol > phenol. The
order of reactivity among the higher alkyl substituted phenols is 4-tert-butylphenol
≈ 4-sec-butylphenol > 4-ethyl phenol >phenol.
According to the revealed literature the kinetics of oxidation of phenols by
potassium bromate

[276-279]

, it has been observed that during the oxidation of

phenols by BrO3- , bromine was produced from bromide ions

[276]

. The reaction

was found to be ion-dipole type. There is no oxidation of phenol by molecular
bromine. It has also been observed

[279]

that Hg2+ ions oxidize phenol and catalyze

the reaction. Hence mercuric acetate cannot be used to trap the ions. The reaction
was retarded by electron withdrawing groups. The mechanism postulated involves
the formation of a mercurated complex as the rate determining step followed by
the fast decomposition of the complex to quinine as the product. V (IV) catalyzed
oxidation of phenols by acid bromate was studied

[277]

in binary solvent mixtures.

The mechanism involves the attack of BrO2+ at the ortho carbon atom. It was
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acetate

accelerates

the

reaction.

Gupta et al [280] have studied the kinetics of oxidation of some α-hydroxy acids by
potassium bromate in acid medium. Shankaran and Srinivasan

[281]

have reported

the kinetics of KBrO3 oxidation of Co (III) bond and unbound α-hydroxy acids.
Ru (III) catalyzed oxidation of α-hydroxy acid (tartaric acid) by potassium
bromate in perchloric acid medium was investigated by Kushwaha et al

[282]

. First

order dependence in each BrO3- and Ru (III) was observed. However, the reaction
rate was observed to carry decreasing effect of hydrogen ion concentration.
Activation parameters have also been reported.
Kinetic and mechanistic information of oxidation of substituted 4-oxo-4arylbutanoic acids (4-oxo acids) by bromate in aqueous acetic acid medium have
been investigated[243]. The reaction follows first order pathway with respect to each
in bromate and 4-oxo acids and second order in acid concentration. Ionic strength
had no bearing on reaction rate.
The kinetics of oxidation of L-methionine by bromate ions in aqueous acidic
medium has been spectrophotometrically investigated by Idris et al [262]. First order
kinetics with respect to each of [methionine], [bromate] and second order with
respect to [H+] was followed. The reaction was proposed to show an outer-sphere
mechanism.
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Kinetic investigation of oxidation of N, N′-dimethylaminoiminomethanesulfinic
acid by acidic bromate and aqueous bromine has also been reported

[283]

. The

postulated mechanism involves an initial autocatalytic build-up of bromide that
fuels the formation of the reactive oxidizing species HBrO2 and HOBr through
standard oxybromine reactions.
Deepa et al

[284]

studied oxidation of indole-3-acetic acid by potassium bromate in

acetic acid medium. The oxidation of IAA was done in the absence and presence
of scavenger mercuric acetate. The reaction was proposed to proceed through an
electrophilic attack of the oxidant BrO3- at nucleophilic site which is evident from
the formation of HBrO2 as the product.
The kinetics of the oxidation of Schiff base, 2-hydroxyl-1-naphthalideneanil by
potassium bromate has been reported by Pol et al

[259]

. The thermodynamic

parameters such as ∆E#, ∆H#, ∆G#, and ∆S# have also been reported. The kinetic
investigation of the oxidation of the Schiff bases 2-hydroxy-1-naphthalideneanil
by Ce4+-Ce3+ have been studied [285] in aqueous sulfuric acid medium.
Kinetics

and

mechanism

of

acid

bromate

Naphthalideneanil and its substituted anils

[286]

oxidation

of

2-hydroxy-1-

by potassium bromate in aqua-

acetic acid has also been studied. The reaction is found to obey the first order rate
equation.
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The kinetics and mechanism of the oxidation of thiourea by bromate in acidic
solution has been studied

[287]

. No bromine is formed in excess thiourea. The rate

determining step for bromine appearance is formation of HOBr from BrO3- - Brreaction. The mechanism requires cleavage of X-C bond to form urea and SO42-.
The kinetics and mechanism of oxidation of tetramethylthiourea (TTTU) by
bromine and acidic bromate has been studied in aqueous media [288]. The oxidation
of trimethylthiourea (TMTU) by acidic bromate has been studied

[289]

. This

substituted thiourea is oxidized at a much faster rate than the unsubstituted
thiourea. This rapid reaction ensured no oligooscillatory bromine formation.
The oxidation of captopril by aqueous bromine and acidified bromate has been
studied

[290]

by spectrophotometric and electrospray ionizing techniques. The

reaction of acidic bromate in excess conditions, displays an initial induction period
due to rapid formation of Br2. The detection of thiyl radicals confirms the
involvement of radicals as intermediates in the oxidation of captopril by acidified
bromate.
Kinetics of methylene violet oxidation by the bromate ion under acidic conditions
exhibited complex non-linear behavior. The reaction was investigated by using
stopped flow technique

[242]

. Under excess acid and bromate conditions methylene

violet exhibited a very slow reaction initially but a very rapid reaction after an
induction period. The reaction has first order dependence on both H+ and BrO3-

Shazia Summer, PhD Dissertation

Page 65

Chapter No: 2

Literature Review

ions. The active roles of various bromo and oxybromo species in the mechanism
are discussed.
The reactions of toludine blue (TB+)

[291]

with potassium bromate and with

aqueous bromine were studied. The redox reaction exhibited complex behavior.
Initially the reaction was slow and following an induction time the TB+ oxidized
faster. The reaction had first order dependence on both TB+ and bromate, and
second order dependence on H+. The study helped to establish the role of Br- and
Br2 in the reaction.
The kinetics of the oxidation of pyrocatechol violet (PCVH)

[292]

by bromate ions

has been carried out in aqueous-HCl medium at I=0.5 mol. dm3- and H+=0.1 mol.
dm3- maintained by NaCl and HCl respectively. The reaction is first order with
respect to oxidant and reductant concentration. The reaction obeyed a general rate
law:

d PCVH 
−
= k 2 PCVH  BrO 3 H +
dt



 

2

The reaction between 1, 4-cyclohexanedione

[293]

and acidic bromate follows

aromatization of (CHD) and the major ensuing product 1, 4-dihydroxybenzene
(H2Q) undergoes further oxidation and bromination to 1, 4-benzoquinone and
bromoorganics.
Kinetics of reaction of hydroxylamine hydrochloride and bromate was carried out
in aqueous acidic medium [294], at temperature of 29.5 ± 0.5 ⁰C, and ionic strength
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of 1.0 mol. dm3- and H+ concentration 0.001 mol. dm3- maintained by NaCl and
HCl respectively. The reaction showed first order kinetics in both [NH3OH+] and
[BrO3-], rate equation has been proposed as:



 (   ) NH OH  BrO 

− d NH 3 OH +
= a H+
dt

−

+

3

3

based on the results obtained experimentally, the outer-sphere mechanism is
suggested.
The kinetics of oxidation of hydrazoic acid

[295]

was studied when excess

hydrazoic acid is oxidized by bromate ion in perchloric acid lithium perchlorate
solution. The rate expression is:



− d BrO 3
dt

−

 = k BrO  H 
−

0

+

3

The reduction products of the bromate ion are hypobromous acid and bromine.
The oxidation of bromide by bromate
nitrates
Cr2 O7

2−

can
−

be

[296]

expressed

+ BrO3 + Br − → 2CrO4

2−

in a dichromate solution of fused alkali
by

the

overall

reaction

+ Br2 + O2 .

When the concentration of BrO3-, Br- and CrO42- are in excess as compared

to

Cr2O72-, the reaction was found to follow a rate law having first order in bromate
and that of second order in bromide.
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The reduction of bromate ion by chlorous acid

[297]

in perchlorate solution and in

presence of allyl alcohol has been investigated.
A Belousov-Zhabotinsky (BZ) reaction is a member of a group of chemical
reactions occurring far from thermodynamic equilibrium and during which the
concentrations of various intermediate and catalyst species may oscillate in time
and space. B.P Belousov

[298]

discovered the first member of the BZ class of

oscillating reactions using Ce4+/ Ce3+ redox couple as the catalyst and with citric
acid as the reductant. A. M. Zhabotinsky [299] replaced the citric acid with malonic
acid. Zhabotinsky

[300]

also showed that the oxidation of cerous ion (Ce3+) by

bromate is autocatalytic. Vavilin and Zhabotinsky

[301]

showed that HOBr is the

final product of the oxidation of Ce3+ by bromate.
Oxoacids of bromine and the disproportionation of bromous acid have been
studied

[302-316]

. The Belousov-Zhabotinsky reaction (BZR) involves hypobromous

acid HOBr, bromous acid HOBrO and bromic acid HBrO3. Their acid dissociation
constant values have been reported (pKa HOBr = 8.59)

[317-318]

and (pKa, HBrO2 =

3.43)[316].
A reaction which encompasses the reduction of bromate by bromide has been
reported by Judson and Walker [319]. The investigation suggests a fourth order that
is exhibited through a rate law as shown below:
−

− d [ BrO 3 ]
−
= k [ BrO 3 ][ Br − ][ H + ] 2 .
dt
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confirmed this rate law. It was observed that the rate

constant decreases with the increase of the ionic strength I, for I ≤ 1 mol dm3- and
increases with the increase of I for I ˃1 mol dm3-. In addition, the possibility of
fifth-order rate law at high ionic strength with second-order on bromide was
pointed out by some authors [323]. Ultraviolet spectroscopy was firstly employed by
Rabai et al

[327]

to follow this reaction at the Br2 / Br3- isosbestic point. Burgoas et

al [241] and Dominguez et al [326] followed the same reaction at the λmax of Br2 and
that of Br3- respectively by employing UV-Visible spectroscopy.
Oxidation of ferroin

[328]

by bromate in acidic medium in batch reaction has been

studied. A slow consumption of bromide has been suggested.
J. P. Birk

[329]

has investigated oxidation of aquoiron (II) by bromate. The author

suggested simple mixed second order kinetics with a complex hydrogen ion
dependence indicating involvement of a bimolecular steady-state intermediate.
The rate behavior was observed to be the function of strength of reducing agent
i.e. Fe2+.
Kinetics of oxidation of [Fe (CN) 6]4- by bromate have been studied by Birk and
Kozub

[330]

. Investigations were carried out at a relatively high acidity ([H+] =

0.05-0.5 mol. dm3-), and the autocatalytic behavior was attributed to the bromine
formed in the reaction:
−

BrO3 + 5Br − + 6H + → 3Br2 + 3H 2 O .
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The rate equation is proposed to be given by:

−

d [ Fe(CN ) 6 ]4−
−
−
= 6 k1 [ Fe(CN ) 6 ]4− [ BrO 3 ] + 6 k 3 [ Br − ] [ BrO 3 ] [ H + ]2
dt

Where k1= c + d [H+] 2. The reaction was found to be partially autocatalytic. The
bromate-bromide reaction is relatively rapid because of the high acid
concentration and its rate increases with accumulation of bromide ions in the
reaction step:
−

BrO3 + 6[ Fe(CN ) 6 ]4− + 6H + → Br − + 6[ Fe(CN ) 6 ]3− + 3H 2 O .

The Br2-[Fe (CN) 6]4- reaction has also been shown to be very fast

[330]

.

Experiments performed in excess [Fe (CN) 6]4- as compared to BrO3-, the reaction
was observed to be 6 times slower than the condition with excess bromate.
Autocatalysis was not observed under these conditions.
Rabai and Epstein [331] investigated the kinetics of reaction between [ Fe(CN ) 6 ]4−
and BrO3-, in the pH range 3.6-5.8. A mechanism is proposed in which the active

species is suggested to be [ Fe(CN ) 5 ( H 2 O)]3− . The mechanism accounts for the
observed complex kinetics.
Birk and Kozub

[332]

investigated the kinetics of the BrO3- oxidation of [Fe (bipy)

(CN)4]2- , [Fe (bipy)2 (CN) 2] and [Fe (bipy)3]2+ at 25ᵒC and 0.5 M ionic strength.
All the reaction systems were studied at high acid concentrations ranging from
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0.05-0.5 mol dm-3, maintained by perchloric acid. Each reaction was suggested to
be autocatalytic. The first two complexes were found to follow the same
mechanism as [Fe (CN)6]4- reaction with the rate law:
d [ Fe( II )]
−
−
= 6k1 [ Fe II ][ BrO 3 ] + 6[ Br − ][ BrO 3 ][ H + ] 2
dt

Whereas a for [Fe (bipy)3]2+ and [BrO3-] system different rate law and mechanism
was proposed. All these reactions were suggested to proceed by outer-sphere
mechanism.
The oxidation of various metal ions by bromate ion has been studied. These
include Ce (III)
[339]

[334-335]

, Mn (II)

[334-335]

, Np (V)

[334-336]

, VO2+ [337-338], V3+ [339], V2+

, Hg0 [340], and U4+ [341] as reducing agents. Reactions of Ce (III), Mn (II) and

Np (V) showed autocatalysis. The rate laws were evaluated to be independent of
the metal ion, caused by the bromous acid reduction of bromate to give the
reactive oxidant BrO2[334-336]. The oxidation of VO2+ involves a path of
disproportionation of bromous acid in competition with its reduction by VO2+[337338]

and exhibits simple mixed-second order kinetics. A complex mechanism for

reductions by V3+ and V2+

[339]

is suugested. While, the oxidations of Hg0 and U4+

follow simple kinetics first order in each reactant.
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Kinetics and mechanism of oxidation of hexachloroiridate (III)

by bromate

ion has been studied at high acidity (0.05-0.5 mol dm-3), 0.5 M ionic strength and
at 25ᵒC. No partial or totally autocatalytic behavior was observed.
The oxidation of diaquotetrakis (2, 2ʹ-bipy)-µ-oxodiruthenium (III) ion by
bromate in aqueous perchloric medium has been investigated by Iyun et al

[342]

.

The reaction was proposed to occur by parallel acid-independent and acid
dependent pathways suggesting H2BrO3+ and BrO3- as the reactive bromate
species. Both pathways follow outer-sphere mechanism. The suggested rate law is:
d RuORu 
dt



4+

−

Ayoko et al

[343]

   BrO  RuORu 

= 5 k + kH H +

−

2

3

4+

T

.

studied oxidation of 12-tungstocobaltate (II) anion by bromate in

range of 0.05-1.5 mol dm-3 [H+] and at 2.0 mol dm-3 ionic strength maintained by
NaClO4. The reaction was proposed in terms of parallel reactions of BrO3- and
H2BrO3+ and an outer-sphere mechanism is proposed for both pathways. The
reaction obeys the empirical rate law:
−

(

  ) BrO  reduc tan t  .

d reduc tan t 
=5 a+b H+
dt

M. Ali

[344]

−

2

3

also investigated the kinetics of the bromate ion oxidation of 12-

tunstocobaltate (II) in aqueous acid medium. The reaction was found to be first
order in both [CoIIW] and [BrV] and exhibits a complex dependence on [H+].
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These observations were successfully explained by considering HBrO2 as reacting
species.
The kinetics of bromate oxidation of tris(1,10-phen)iron(II) and aquo iron(II)[345]
has been studied in aqueous sulfuric acid solutions at 1.0 mol dm-3 and Fe(II)
complexes in great excess. Kinetics results suggest that the BrO3- - Fe2+ reaction
proceeds by an inner-sphere mechanism while the BrO3- - Fe (phen)32+ reaction by
a dissociative mechanism. [Fe (phen)3]2+ oxidation by bromate has been
investigated at large excess of bromate. The kinetics is consistent with the
mechanism suggested earlier for the similar reaction of Ce3+ oxidation.
Kinetics of Mn (II) catalyzed bromate oxidation of 2, 4-pentanedione has also
been reported [346].
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This chapter comprises of two sections, including:
1. Section 3.1: Construction of present study; this section describes the impetus
for selecting the present piece of study.
2. Section 3.2: Research objectives; this section summarizes the research goals.

3.1: Construction of Present Study:
Bromate is a powerful oxidizing agent and its role in redox chemistry has been
widely discussed over the past several decades

[222-346]

. The kinetics of bromate

oxidations of several organic and inorganic substances has been well investigated
and related mechanisms have been developed. Kinetics of oxidations of several
iron (II) complexes such as [Fe (CN) 6]4-, [Fe (CN)4 (bipy)]2-, [Fe (CN)2 (bipy)2]
and [Fe (bipy)3]2+ etc have been investigated [330-332].
J. P. Birk and S. G. Kozub

[332]

investigated the kinetics of [Fe (bipy) 3]2+

oxidation by bromate in solutions having very high acid concentration (0.05-0.494
M) and an excess of bromate. The reaction was concluded to be autocatalytic and
was assumed to proceed by an outer-sphere mechanism. These suggestions and
assumptions were based on uncertain factors that were assigned by considering the
other Fe (II) complexes. No work is reported in moderate acidic pH range. The
results are not also supported by any thermodynamic data and having little
credibility. Therefore, this study has been particularly directed towards collecting
the following aspects of bromate in oxidation of Fe (II) complexes of 2, 2ʹ-bipy
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and 4, 4ʹ-dimethyl, 2, 2ʹ-bipy. These studies have been undertaken to unearth the
bromate induced oxidation in moderate acidic pH range (3.5 – 5.0)

3.2: Research Objectives:
As pointed out above, I studied the reaction of N, Nʹ-donor chelating ligands i.e.
2, 2ʹ-bipy, and 4, 4ʹ-dimethyl, 2, 2ʹ-bipy, complexes of Iron (II) with bromate ions
in aqueous acidic medium. Accordingly, this thesis consists of two major parts.
1) The first part discusses the kinetics of reaction between [Fe (2, 2ʹ-bipy) 3]2+ and
bromate and establishment of thermodynamic parameters
2) Second part relates to kinetic and thermodynamic study of oxidation of [Fe (4,
4ʹ-dimethyl, 2, 2ʹ-bipy) 3]2+ by bromate in moderate acid aqueous medium and
evaluation of thermodynamic parameters.
Important research objectives are abridged as follows:
1. To determine the effects of different parameters such as; concentration of Fe
(II) complexes, concentration of bromate, pH of medium, ionic strength of
medium and temperature on rates of oxidation reactions separately.
2. To quantify the orders, with respect to [Fe (bipy) 3]2+, bromate and H+ for first
set of experiment in moderate pH range from 3.5- 5.0.
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3. To quantify the orders with respect to [Fe (4, 4ʹ-dimethyl, 2, 2ʹ-bipy) 3]2+
bromate and H+ for second set of experiment in moderate pH range from 3.55.0.
4. To determine the effect of ionic strength, maintained by Na2SO4 for the two
sets of experiments in order to establish the most probable reacting species in
rate determining step.
5. To evaluate the mechanisms for the two sets of experiments.
6. To evaluate energy of activation by using Arrhenius plot and quantify the
thermodynamic parameters of activation i.e. enthalpy of activation (ΔH#),
entropy of activation (ΔS#) and free energy of activation (ΔG#) by using Eyring
plot.
7. To compare the two reaction systems in the light of Marcus theory, electron
tunneling theory, ionic strength and thermodynamic parameters etc.
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4.0 EXPERIMENTAL

4.1: MATERIALS & INSTRUMENTATION

4.2: SYNTHESIS & CHARACTERIZATION

[Fe (2, 2ʹ-bipyridine)3]2+

[Fe (4, 4ʹ-dimethyl, 2, 2ʹ-bipyridine)3]2+

Reaction Products

4.3: KINETIC INVESTIGATION
4.3.1 [Fe (2, 2ʹ-bipyridine)3]2+ +
BrO34.3.2 [Fe (4, 4ʹ-dimethyl, 2, 2ʹbipyridine)3]2+ + BrO3-
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4.1: Materials & Instrumentation:
4.1.1: Glassware
All glassware used for experimental purposes were of Pyrex glass. Before use, all
the glassware were thoroughly washed with distilled water and cleaned and dried.

4.1.2: Chemicals
All the chemicals used were of analytical reagent grade (AR) and of the highest
purity available. Two chelating ligands which include 2, 2΄-bipyridine and 4, 4΄dimethyl, 2, 2΄ -bipyridine were purchased from (CMS, UK) and used without
further purification. While ferrous ammonium sulfate hexahydrate, Sodium
sulphate, sulphuric acid, acetic acid, sodium acetate and Potassium bromate were
supplied by (Merck). Distilled and deionized water was used for preparation of
solutions.

4.1.3: Preparation of Solutions
4.1.3.1: Potassium Bromate
Extra pure quality Potassium bromate (KBrO3) was used. The stock solution of 0.1
mol dm-3 was prepared by dissolving accurately weighed amounts of potassium
bromate in appropriate volume of de-ionized water, which was used for further
dilutions. Fresh solutions of potassium bromate were prepared before use.
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4.1.3.2: Sodium Sulfate
A stock Solution of 2 mol dm-3 sodium sulfate (Na2SO4) in deionized water was
prepared. Different dilutions were prepared from stock solution in the range 0.003
to 0.1 mol dm-3 to maintain the ionic strength of the reaction medium.
4.1.3.3: Buffer Solution
Standard solutions of 0.1 mol dm-3 acetic acid and 0.1 mol dm-3 sodium acetate
were prepared and different combinations of CH3COONa and CH3COOH were
mixed (Table: 4.1) to prepare buffer solutions of required pH from 3.5 to 5.0.

Table 4.1 pH of Acetic acid-Sodium acetate Buffer Mixtures [347]
Conc. of CH3COOH= 0.1 mol dm-3 Conc. of CH3COONa = 0.1 mol dm-3
S. No.

Volume of CH3COOH / ml

Volume of CH3COONa / ml

pH

1

23.1

1.9

3.5

2

22.0

3.0

3.8

3

20.5

4.5

4.0

4

18.4

6.6

4.2

5

15.75

9.25

4.4

6

12.75

12.25

4.6

7

10.0

15.0

4.8

8

7.4

17.6

5.0
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4.1.4: Instrumentation
All of the spectroscopic measurements were carried out with Shimadzu UV-1800,
UV-Visible spectrophotometer using quartz cells equipped with a thermostated
cell holder. pH measurements were done by employing digital HANNA pH meter
(HI-8314 model) using combined glass electrodes, HI-1332 and digital pH – meter
(1990 Orion research Inc Boston, MA02129 USA). Thermostat bath (HAAKE
KT33) was used for maintaining the temperature of reagents before mixing.
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4.2: Synthesis and Characterization of Iron (II) complexes
4.2.1: Preparation of Tris (2, 2΄-Bipyridine) Iron (II) Sulfate & Tris (4,
4΄-Dimethyl, 2, 2΄ -Bipyridine) Iron (II) Sulfate
The synthetic route used by Schilt and Taylor[348] for the synthesis of tris(1,10phenanthroline)iron(II) per chlorate was adopted for the preparation of tris(2, 2΄bipyridine)iron(II) sulfate, tris(4,4΄-dimethyl, 2, 2΄-bipyridine)iron(II) sulfate:
1. 0.245 g of sodium sulfate was added to a solution of 0.392 g ferrous
ammonium sulfate hexahydrate and 0.475 g (2, 2΄-bipyridine and 4,4΄dimethyl, 2, 2΄-bipyridine) separately in 50 cm3 hot water.
2. The reaction mixture was heated on the hot plate until its volume decreased to
10 cm3 and cooled at room temperature (30˚C). The product obtained was
recrystallized twice in hot water to have the desired complex crystallized out
of the solution.
3. The dark red crystals of tris(2, 2΄-bipyridine)iron(II) sulfate and tris(4,4΄dimethyl, 2, 2΄-bipyridine)iron(II) sulfate were obtained which were then
dried in vacuum for one week.
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4.2.2: Characterization of Complexes:
The two aforementioned ions were characterized on the basis of the following
features:

4.2.2.1: UV/Visible Absorption Spectra:
The synthesized complexes were analyzed on the basis of their UV-Visible
absorption spectra. The absorbance of each complex solution was recorded as a
function of wavelength at Schimadzu UV-1800, UV-Visible recording
spectrophotometer. The absorption maximums were found to be 522 and 528 nm
respectively, as shown in Figures: 4.1 and 4.2. The purity of the each complex
was established by comparing the λmax and extinction coefficients of recorded UVVisible peaks with that reported in literature [158,349-351].
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Figure 4.1 UV/Visible Spectrum of tris (2, 2΄-bipyridine) iron (II)
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Figure 4.2 UV/Visible Spectrum at different concentrations of tris (4, 4΄dimethyl, 2, 2΄-bipyridine) iron (II)
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4.2.2.2: Determination of Molar Extinction Coefficient of tris (2, 2΄bipyridine) iron (II) cation:
In order to evaluate the value of molar extinction coefficient εmax of tris (2, 2΄bipyridine) iron (II) cation, a set of experiments was carried out with different
initial concentrations of complex, from 1×10-5 to 9×10-4 mol dm-3. Different
values of absorbance were obtained and plotted as a function of concentration of
complex. A working curve of absorbance versus concentration was thus plotted
(Figure No: 4.3), the curve was found to follow Beer’s and Lambert’s law (A= ε b
C). Hence the slope of plot is equal to the product of molar absorptivity (εmax) and
cell path length (b), from the slope, the value of molar extinction coefficient was
found to be 8600 dm3 mol-1 cm-1. This value is in agreement with that of the
literature [158,349-350].
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Figure 4.3 A plot of absorbance versus concentration of complex for
determination of molar extinction coefficient of [Fe (2, 2ʹ-bipy)3]2+
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4.2.2.3: Determination of Molar Extinction Coefficient of tris (4, 4΄dimethyl, 2, 2΄-bipyridine) iron (II) cation:
The molar extinction coefficient (εmax) value of [Fe (dmbpy)3]2+ was established at
528 nm, by varying the initial concentration of complex cation from 1×10-5 to 5
×10-4 mol dm-3 with corresponding absorbance values. When this absorbanceconcentration data is plotted (Figure: 4.4), a straight line is obtained. From the
slope the value of εmax was evaluated to be 8400 dm3 mol-1 cm-1, which is in close
agreement with reported value [351].
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Figure 4.4 A plot of absorbance versus concentration of complex for
determination of molar extinction coefficient of [Fe (dmbpy)3]2+
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Table 4.2 Visible Characteristics of [Fe (bipy)3]2+ and [Fe(dmbpy)3]2+
in aqueous solutions
Comparison of observed and Reported Values

Visible Characteristics
Visible
band λmax
εmax
(dm3 mol-1

[Fe(bipy)3]2+ [Fe(dmbpy)3]2+

Observed Value

522

528

Literature Value[158, 349-351]

522

529

Observed Value

8600

8400

Literature Value[158, 349-351]

8650

8470

cm-1)
Where,
Bipy= 2, 2ʹ-bipy = 2, 2ʹ-bipyridine
Dmbpy= 4, 4ʹ-dimethyl, 2, 2ʹ-bipyridine
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4.2.2.4: Determination of Formula of Iron (II) (2, 2΄-bipyridine) Complex
by Mole Ratio Method:
Mole ratio method was employed to establish the stoichiometry of Fe (II) (2, 2΄bipyridine) complex cation spectrophotometrically. For this purpose the
concentration of Fe (II) was held constant with varying concentration of (2, 2΄bipyridine). The results obtained are shown in Table: 4.3. When these results were
plotted, a curve got developed, as shown in Figure: 4.5. The stoichiometry of the
complex was established to be Fe (1) : 2, 2′-bipyridine(3) to support the formula
[Fe (2, 2′-bipyridine) 3]2+ .
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Table 4.3 Determination of Formula of Iron (II) (2, 2΄-bipyridine)
Complex Ion by Mole Ratio Method
[Fe SO4 (NH4)2SO4.6H2O] =1×10-3 mol dm-3
(2, 2΄-bipyridine) [C10H8N2]= 1×10-3 mol dm-3
λmax = 522 nm
S. No. Composition of Reaction
Mixture (25 ml)

pH=4.8

[Fe2+]

[bipy]

[bipy]/

10-4

10-4

[Fe2+]

Absorbance

FAS

[bipy]

Buffer

M

M

1

3.0

0.0

22

3.6

0.0

0.0

0.00

2

3.0

3.0

19

3.6

3.6

1.0

0.113

3

3.0

6.0

16

3.6

7.2

2.0

0.221

4

3.0

9.0

13

3.6

10.8

3.0

0.290

5

3.0

12.0

10

3.6

14.4

4.0

0.311

6

3.0

15.0

07

3.6

18.0

5.0

0.310
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Figure 4.5 Determination of Formula of tris (2, 2΄-bipyridine) iron (II) by
Mole Ratio Method
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iron (II) (4, 4΄-dimethyl, 2, 2΄-

bipyridine) Complex Ion by Job’s Method of Continuous Variation:
The stoichiometry of the formation of complex between Fe (II) cation and 4, 4΄dimethyl, 2, 2΄-bipyridine (dmbpy) was determined by using the method of
continuous variation (Job’s method) by employing spectrophotometrically. In this
method the sum of the moles of reactants are kept constant and the amount of
product that forms for each mixture is measured. The maximum amount of
product is formed when reactants are mixed in appropriate stoichiometric
amounts.
For this purpose Fe (II) and 4, 4΄-dimethyl, 2, 2΄-bipyridine (dmbpy) with same
initial concentrations were taken. The mole fraction of Fe (II) ion and (dmbpy) in
reaction mixture was varied by varying different volumes of reactants, but by
keeping the total concentration of mixture constant. The results obtained are
shown in Table: 4.4. When these results are plotted, a curve is developed as shown
in Figure: 4.6.
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Table 4.4 Determination of Formula of Iron (II) (4, 4΄-dimethyl, 2, 2΄bipyridine) Complex by Job’s Method of Continuous Variation
[Fe SO4 (NH4)2SO4.6H2O] =3×10-3 mol dm-3
4, 4΄-dimethyl, 2, 2΄-bipyridine (dmbpy) = 3×10-3 mol dm-3
λmax = 529 nm
S. No.

Composition of Reaction Mixture
[ dmbpy]
[ Fe 2+ ]
2
+
Absorbance
([ Fe 2+ ] + [dmbpy]) ([ Fe ] + [dmbpy])

1

0.0

1.0

0

2

0.1

0.9

0.024

3

0.2

0.8

0.28

4

0.25

0.75

0.38

5

0.3

0.7

0.42

6

0.4

0.6

0.40

7

0.45

0.55

0.37

8

0.5

0.5

0.32

9

0.6

0.4

0.22

10

0.7

0.3

0.11

11

1.0

0

0
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Figure 4.6 Determination of Formula of tris (4, 4΄-dimethyl, 2, 2΄bipyridine) iron (II) Ion by Job’s Method
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4.2.2.6: Determination of Stability of tris (2, 2΄-bipyridine) iron (II) sulfate,
and tris (4, 4΄-dimethyl, 2, 2΄-bipyridine) iron (II) complexes:
Stability of complex ion is of prime importance in studying coordination
compounds therefore, stability of [Fe(bipy)3]2+ , [Fe(dmbpy)3]2+ complex ions was
ascertained spectrophotometrically at 522 and 528 nm respectively, at 303 K
temperature by varying the [H+] ion concentration of the medium. The pH of
medium was maintained by sodium acetate-acetic acid buffer in the range 3.5-5.0.
The absorbance values were recorded as a function of time with time interval of 60
s for 1.5 hours. From the data collected it was found that tris (2, 2΄-bipyridine) iron
(II) complex in aqueous acid medium is stable at pH= 4.8 while, tris (4, 4΄dimethyl, 2, 2΄-bipyridine) iron (II) complex in aqueous acid medium is stable in
pH range 4.0-5.0 for several days.

4.2.2.7: Stoichiometry of Oxidation Reaction of [Fe (bipy) 3]2+ and [Fe
(dmbpy) 3]2+ by BrO3 –
The Stoichiometry of the two reaction systems under investigation was determined
by equilibrating the reaction systems at 30ºC for 48 hours with different BrO3-/
[Complex] ratios. The unconsumed BrO3- was estimated by iodometric method
[352]

. It was discovered that 1 mole of BrO3- consumed 6 moles of Fe(II) complex,

as shown in equation (4.1).
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6 Fe (2, 2 − bipy )3  + BrO 3 + 6H + → 6 Fe (2, 2 − bipy )3  + Br − + 3H 2 O (4.1)
2+

−

3+

6 Fe (dmbpy)3  + BrO3 + 6H + → 6 Fe (dmbpy)3  + Br − + 3H 2O(4.2)
2+

−

3+

4.3: Kinetic Measurements
Kinetic study of the oxidation reaction of Fe (II) coordination complexes with N,
Nʹ-donor chelating ligands by bromate ion in aqueous acid medium was the prime
task. Accordingly this section is subdivided into:
4.3.1: Oxidation of [Fe (2, 2′-bipyridine) 3]2+ by BrO3 –
4.3.2: Oxidation of [Fe (4, 4′-dimethyl-2, 2′-bipyridine) 3]2+ by BrO3 –

4.3.1: Oxidation of [Fe (2, 2′-bipyridine) 3]2+ by BrO3 –
The kinetic investigation and evaluation of mechanism for redox reaction between
[Fe (2, 2′-bipy)3]2+ and BrO3 - was performed under pseudo-first order condition.
The concentration of BrO3- was always in excess over [Fe (2, 2′-bipy) 3]2+. Sodium
acetate-acetic acid buffer was used to maintain the pH of the solution in the range
of 3.5 to 5.0. Sodium sulfate was used to maintain the ionic strength of the
medium in the range 0.01- 0.1 mol dm-3. Various ratios of [Fe (2, 2′-bipy) 3]2+,
BrO3- , Na2SO4 at specified pH were mixed in a 1-cm quartz cell to a total volume
of 3-ml. The temperature of the reaction was maintained at 300 K.
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UV-1800, UV- Visible spectrophotometer was employed for the spectral analysis
of reactants, products as well as the kinetic measurements. A change in the optical
density of complex at 522 nm was recorded as a function of time (with a
difference of 1 second) for each set of reaction. The value, 522 nm, is the
wavelength of maximum absorption λmax of [Fe (2, 2′-bipy)3]2+. The rate constants
were evaluated by following integrated rate equation for pseudo first order
reaction,
ln[ A]t = ln[ A]0 − k obs t  (4.3)

A plot of ln At versus time (t ) yields a slope equivalent to pseudo-first order rate
constant (kobs). All the plots were linear to a more than 50% completion of the
reaction with an intercept ln A0.

4.3.2: Oxidation of [Fe (4, 4΄-dimethyl- 2, 2′-bipyridine) 3]2+ by BrO3 –
The kinetic and mechanistic investigation of the electron transfer reaction between
[Fe (dmbpy)3]2+ and BrO3 - was performed under pseudo-first order condition. The
concentration of BrO3- was always in excess over [Fe (dmbpy) 3]2+. Sodium sulfate
was used to maintain the ionic strength of the medium in the range 0.003- 0.1 mol
dm-3. Sodium acetate-acetic acid buffer was used to maintain the pH of the
solution in the range of 3.6 to 5.0. Different combinations of volume of [Fe
(dmbpy) 3]2+, BrO3- , Na2SO4 at specified pH were mixed in a 1-cm quartz cell to a
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total volume of 3-ml. Quartz cells were equipped with a thermostated cell holder.
The temperature of the reaction was maintained at 300 K.
Kinetics investigations were done on wave length of maximum absorption of [Fe
(dmbpy) 3]2+ i.e. λmax 528 nm. UV-1800, UV- Visible spectrophotometer was used
for the spectral analysis of reactants, products as well as the kinetic measurements.
A change absorbance of complex at 528 nm was monitored as a function of time
(with a difference of 1 second) for each set of reaction. The rate constants were
appraised by following integrated rate equation (4.3).
A plot of ln At versus time (t ) yields a slope equivalent to pseudo-first order rate
constant (kobs). Linearity of plots was observed for maximum part of the reaction
with an intercept ln A0.

4.4: Identification of Reaction Products
For the identification of reaction products, two sets of reaction mixtures were
prepared by taking equal volumes of [Fe (2, 2′-bipy)3]2+ / [Fe (dmbpy)3]2+, Na2SO4
with excess concentration of BrO3- at pH 3.8. Reaction mixtures were left for 48
hours at 300 K. After the completion of reaction, the products from both reaction
mixtures were isolated and extracted with chloroform (CHCl3). Chloroform extract
was dried in rotary evaporator. TLC method was used to check the purity of end
products in hexane –ethyl acetate solvent system (1:9) with reference to the Rf
value of reactants ([Fe (2,2′-bipy)3]2+, [Fe (dmbpy)3]2+) in the same solvent system.
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Similarity in Rf values of isolated product species to that of reactant complexes
also confirm the product to be [Fe (2, 2′-bipy)3]3+, [Fe (dmbpy)3]3+ .

4.4.1: Test for Identification of Bromide ion in the Reaction Product
For confirmation of the presence of bromide ion as the reaction by-product, silver
nitrate test was performed. For this purpose, one set of reaction was performed by
taking [Fe (2, 2′-bipy)3]2+, BrO3 -, Na2SO4, and buffer solutions with similar
volumes. Second set of reaction was conducted with similar volumes of [Fe
(dmbpy)3]2+, BrO3 -, Na2SO4, and buffer solutions. The two reactions were left for
24 hours for completion of reaction. Afterwards, solution of silver nitrate was
poured into the two mixtures separately and pale yellow precipitates of AgBr just
appeared showing the presence of bromide ions in the reaction product as shown
in figures: 4.7 and 4.8.

Shazia Summer, PhD Dissertation

Page 100

Chapter No: 4

Experimental

Figure 4.7 Pale Yellow Precipitates of Silver Bromide (AgBr)
Silver Nitrate test for Identification of Bromide Ions for Identification of
Bromide Ions (Br-) in Reaction Product of [Fe (2, 2′-bipy) 3]2+ - BrO3 –
Reaction System
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Figure 4.8 Pale Yellow Precipitates of Silver Bromide (AgBr)
Silver Nitrate test for Identification of Bromide Ions for Identification of
Bromide Ions (Br-) in Reaction Product of [Fe (dmbpy) 3]2+ - BrO3 –
Reaction System
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5.0 results & discussion

5.1: oxidation of [Fe (2, 2ʹbipyridine)3]2+ by BrO3-

5.2: oxidation of [Fe (4, 4ʹdimethyl, 2, 2ʹ-bipyridine)3]2+ by
BrO3-
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This chapter under the heading of results and discussion is divided into two main
sections comprises of experimental observations, tabulated results as well as
discussion related to the redox reaction between [Fe (2, 2′-bipyridine) 3]2+ / [Fe
(dmbpy) 3]2+ and BrO3- in aqueous acid medium. Both of the redox reactions have
shown comparable kinetic behavior under the fixed pseudo-first order
circumstances and accordingly an identical mechanism is proposed. Though, their
kinetic investigation, tabulated results and discussions are displayed separately
under the sub sections 5.1 and 5.2 respectively.
Both of these sections elaborate the conclusions arrived at through various
experimental factors like concentration of complexes, concentration of bromate,
pH of medium, ionic strength etc which influence the reaction kinetics and help to
quantify the reaction mechanism. In addition, influence of temperature on reaction
rate(s) and rate constant(s) has been taken into account.
Further to that, important formulae and equations which have been employed for
quantification of influence of various factors are also being highlighted below.

Expressions used to quantify the Influence of ionic strength on reaction
rate(s) and rate constant(s):
To quantify the change in ionic strength of the reaction system, investigation of
the variation of concentration of inert salt in the reaction medium was undertaken
by employing the following equations.
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log k = log k 0 + 2 AZ A Z B ( )

1/ 2

(5.1) (At low ionic strength)

(
 )1 / 2
log k = log k 0 + 2 AZ A Z B
1/ 2
1 + ( )

 (5.2 ) (At higher ionic strength)

Where,
k = non-ideal rate constant
k0= ideal rate constant
A= temperature dependent Debye-Hückel constant. In water its value at 250C is
0.5 mol-1/2 l1/2
ZAZB= product of charges
µ= ionic strength
The effect of ionic strength on rate constant of the redox reaction between [Fe
(bipy)3]2+ and BrO3- and [Fe (dmbpy)3]2+ and BrO3- was established by employing
equation (5.1) in the form,
log k obs = log k 0 + 2 AZ A Z B ( )

1/ 2

(5.3)

Where, kobs = pseudo-first order rate constant.
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Effect of temperature and evaluation of activation parameters:
Effect of temperature on rate constant of the two electron transfer reactions ([Fe
(bipy)3]2+ and BrO3- and [Fe (dmbpy)3]2+ and BrO3-), was studied and quantified
by using Arrhenius equation and Eyring equation.
Arrhenius Equation
Arrhenius equation was used to evaluate the energy of activation and preexponential factor.

ln k obs = ln A −

Ea
RT

 (5.4 )

Where,
kobs= pseudo-first order rate constant
A= pre-exponential factor
T= temperature (Kelvin scale)
Ea= energy of activation
R= gas constant=8.314 J mol-1 K-1
Eyring Equation
Activation parameters i.e. enthalpy of activation (ΔH≠) and entropy of activation
(ΔS≠) were estimated from Eyring equation.
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k obs
S 
  k B  H
ln
= ln 
+
(5.5)
−
T
R
 h  RT

Where,
kobs = pseudo-first order rate constant
T = temperature (Kelvin scale)
kB = Boltzmann constant=1.38×10-23 J K-1
R= gas constant=8.314 J mol-1 K-1
κ = transmission coefficient ≈ 1
h= Planck’s constant= 6.626×10-34 J s
 k 
ln  B  =23.76
 h 

The free energy of activation for the two redox reactions at constant temperature
was evaluated from Gibbs equation as follows,
G  = H  − TS  (5.6)
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5.1: Oxidation of [Fe (2, 2′-bipyridine) 3]2+ by BrO3 –
This Section 5.1 comprises of experimental observations, tabulated in the form of
results for the redox reaction between [Fe (2, 2′-bipyridine) 3]2+ and BrO3- in
aqueous acid medium. In addition, discussion on the results undertake the various
experimental factors including concentration of [Fe (2, 2′-bipyridine) 3]2+,
concentration of BrO3-, pH of medium, ionic strength etc which influence the
reaction kinetics and help to quantify the reaction mechanism. In addition,
influence of temperature on reaction rate(s) and rate constant(s) has been
undertaken. Accordingly, this section is subdivided into the following:
5.1.1: Effect of variation in the concentration of tris (2, 2-bipyridine) iron (II) on
kobs
5.1.2: Effect of variation in the concentration of bromate on kobs
5.1.3: Effect of Hydrogen ion concentration on kobs
5.1.4: Effect of ionic strength on kobs
5.1.5: Effect of Temperature on Reaction Rate and Evaluation of Thermodynamic
Parameters
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Representative Plots for the Cross-Exchange Electron transfer Reaction
between [Fe (2, 2′-bipyridine) 3]2+ and BrO3-
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Figure: I A plot of Absorbance versus time for the oxidation of [Fe (2, 2′bipyridine) 3]2+ (1.0 ×10-4 mol dm-3) by BrO3- (0.8×10-3 mol dm-3) at λmax 522
nm
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Figure: II A plot of Absorbance versus time for the oxidation of [Fe (2, 2′bipyridine) 3]2+ (1.0 ×10-4 mol dm-3) by BrO3- (2.5×10-3 mol dm-3)at λmax 522
nm
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Figure: II A plot of Absorbance versus time for the oxidation of [Fe (2, 2′bipyridine) 3]2+ (1.0 ×10-4 mol dm-3) by BrO3- (5×10-3 mol dm-3)at λmax 522
nm
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5.1.1: Effect of variation in the concentration of tris (2, 2-bipyridine) iron
(II) on kobs
Different sets of experiment were performed to study the influence of variation in
the concentration of the complex on the rate of reaction. The kinetic runs were
carried out at 300 K by varying the concentration of [Fe (2, 2′-bipyridine) 3]2+
from 1.0×10-5 to 5.0×10-4 mol dm-3. All other experimental conditions were kept
constant such as [BrO3–] (1.0 × 10-3 mol dm-3), pH (3.8) and μ (0.01 mol dm-3).
Kinetic data was collected at λmax 522 nm (wavelength of maximum absorption of
[Fe (2, 2′-bipyridine) 3]2+). Data was plotted as ln At versus time (t) by using
integration rate equation method. From the gradient of these plots values of
observed pseudo-first order rate constant kobs were determined. The values of kobs
were found to be independent of [Fe (2, 2′-bipyridine)3]2+ (Table 5.1, Figure 5.1).
This pattern confirms the first order with respect to [Fe (2, 2-bipy)3]2+.
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Table 5.1 Dependence of pseudo first order rate constant (kobs)
on [Fe (2, 2-bipy)3]2+
[BrO3- ]=1.0×10-3 mol dm-3
T = 300 K

pH = 3.8

μ = 0.01 mol dm-3

λmax=522 nm

-2

-1

[Fe(2, 2-bipy)3]2+ /

[Fe(2, 2-bipy)3]2+ :

kobs / 10 (s ) ±

10-4 mol dm-3

[BrO3- ]

S.D. /10-4

1

0.1

1:100

2.50 ± 1.53

2

0.2

1:50

2.52 ± 3.00

3

0.4

1:25

2.60 ± 4.00

4

0.6

1:16.7

2.50 ± 2.11

5

0.8

1:12.5

2.52 ± 2.92

6

1.0

1:10

2.50 ± 1.53

7

3.0

1:3.3

2.53 ± 2.00

8

4.0

1:2.5

2.50 ± 2.00

9

5.0

1:2

2.50 ±1.70

S. No.

S.D. = Standard Deviation
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Figure 5.1: A Plot of pseudo-first order rate constant (kobs) versus [Fe (2, 2′bipy) 3]2+ for redox reaction between [Fe (2, 2′-bipy) 3]2+ and [BrO3-] at pH
3.8, 0.01 mol dm-3 ionic strength and at 300 K temperature
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5.1.2: Effect of variation in the concentration of bromate on kobs
To study the sway of variation in the concentration of bromate (1 × 10 –2 to 4×10–4
mol dm-3) over the rate of reaction, all the remaining experimental conditions were
kept constant. The concentration of [Fe (2, 2′-bipy)3]2+ (1×10-4 mol dm-3), pH
(3.8), and µ (0.01 and 0.025 mol dm-3) were fixed. Sodium sulphate (Na2SO4)
was used to maintain the ionic strength of the reaction system. Different sets of
experiments were performed. The observed absorbance-time data was plotted as ln
At versus time (t). The values of pseudo first order rate constant kobs were
evaluated from the gradient of these plots. Results show (Table: 5.2), that the value
of the rate constant increases with increasing concentration of bromate up to a
saturation point at higher concentrations. When the values of k obs for different sets
of experiments were plotted as a function of [BrO3-] (Figure: 5.2), a nonlinear
curve is obtained. This reflects involvement of more than a single species of
bromate ion in the reaction. Bromate is very well known to be protonated in acidic
medium, and yields mono and di-protonated species
revealed studies

[327, 354-357]

[353]

. According to the

HBrO3 and H2BrO3+ are the existing species of Br (V)

in moderately strong acid medium. The saturation point at higher concentrations of
bromate ion helps to recognize the leading character of the protonated species, as a
fixed pH provides a limiting factor to protonation. Whereas, a plot of 1/kobs versus
1/ [BrO3-] is linear with a positive and non-zero intercept (Figure: 5.3) which is
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indicative of participation of more than one species of bromate ion to control the
rate of reaction and also confirms the oxidation through complex formation.

Table 5.2 Dependence of pseudo first order rate constant (kobs) on BrO3[Fe (2, 2-bipy)3]2+ =1×10-4 mol dm-3
T=300 K

[BrO3-] / 10-3 mol dm-3

pH = 3.8

λmax=522 nm

µ=0.01

µ=0.025

kobs / 10-2 (s-1)
± S.D. / 10-4
0.4

0.95 ± 1.73

1.20 ± 1.00

0.5

1.01 ± 1.53

2.26 ± 2.00

0.6

1.55 ± 3.51

2.80 ± 1.15

0.8

1.97 ± 1.15

3.34 ± 3.00

1.0

2.50 ± 1.53

4.01 ± 2.08

2.0

4.80 ± 2.52

6.70 ± 1.53

3.0

6.70 ± 2.31

8.60 ± 2.00

4.0

8.00 ± 1.53

10.10 ± 5.00

7.0

9.90 ± 2.08

12.8 ± 4.11

10.0

10.10 ± 5.00

13.3 ± 4.04

S. D. = Standard Deviation
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Figure 5.2: A Plot of pseudo-first order rate constant (kobs) versus [BrO3-] for
redox reaction between [Fe (2, 2′-bipy) 3]2+ and [BrO3-] at pH 3.8, at two ionic
strengths (µ= 0.01 and µ= 0.025 mol dm-3) and at 300 K temperature
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Figure 5.3: A Plot of 1/kobs versus 1/[BrO3-] for electron transfer reaction
between [Fe (2, 2′-bipy) 3]2+ and [BrO3-] at pH 3.8, at two ionic strengths (µ= 0.01
and µ= 0.025 mol dm-3) and at 300 K temperature
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5.1.3: Effect of the concentration of protons on kobs
To investigate the dependence of the rate of reduction of bromate on [H+], various
sets of experiments were performed by varying pH from 3.5 – 5.0. The pH was
maintained by sodium acetate - acetic acid buffer under fixed experimental
conditions ([Fe (2, 2-bipy)3] 2+ = 1 × 10-4 mol dm-3, [BrO3–] = 4 × 10-3 mol dm-3, μ
= 0.025 mol dm-3). Values of pseudo first order rate constant were obtained from
gradient of the plots of ln At versus time (Table: 5.3). A plot of kobs versus [H+]
was non-linear (Figure: 5.4), while a plot of 1/kobs versus 1/ [H+] is linear with a
non-zero intercept (Figure: 5.5). The linearity of the curve is an indication of the
leading role of protonated bromate species in the rate-determining step. The
intercept, however represents the involvement of deprotonated bromate ion
(BrO3–). Stooping of the linear pattern at higher concentrations of protons is
justifiable considering the fixed concentration of bromate ions in the reaction
mixture, which acts as the limiting reactant.
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Table 5.3 Dependence of pseudo first order rate constant (kobs) on [H+]
[Fe (2, 2-bipy)3]2+=1×10-4 mol dm-3
μ = 0.025 mol dm-3

T = 300 K

S. No. [H+] / 10-4 mol.dm-3

[BrO3-]= 4×10-3 mol.dm-3
λmax=522 nm

kobs / 10

-2

-1

(s )
-4

± S. D. / 10
1

3.16

10.56 ± 3.06

2

2.51

10.43 ± 4.04

3

1.995

10.30 ± 2.08

4

1.58

10.10 ± 5.00

5

1.00

9.52 ± 2.00

6

0.631

8.71 ± 2.05

7

0.398

7.71 ± 2.00

8

0.251

6.53 ± 1.53

9

0.158

5.26 ± 2.08

10

0.100

4.60 ± 1.53

S.D. = Standard Deviation
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Figure 5.4: A Plot of pseudo-first order rate constant (kobs) versus [H+] for redox
reaction between [Fe (2, 2′-bipy) 3]2+ and [BrO3-] at 0.025 mol dm-3 ionic strength
and at 300 K temperature
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Figure 5.5: A Plot of 1/kobs versus 1/ [H+] for electron transfer reaction
between [Fe (2, 2′-bipy) 3]2+ and [BrO3-] at 0.025 mol dm-3 ionic strength and
at 300 K temperature
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5.1.4: Effect of ionic strength on kobs
Primary kinetic salt effect on the rate of reaction was investigated by maintaining
the ionic strength within the range, 0.01- 0.1 mol dm-3 by an appropriate
concentration of the inert salt. For this purpose Na2SO4 was added to the reaction
mixture. The influence of ionic strength over the observed rate constant was
monitored at fixed conditions i.e., [Fe (2, 2-bipy)3]2+ = 1 × 10-4 mol dm-3, [BrO3–]
= 1.0 × 10-3 mol dm-3, pH = 3.8. An increasing value of the rate constant upon
scaling ionic strength (Table: 5.4) confirms the involvement of the positively
charged ions in the rate-determining step. This observation establishes [Fe (2, 2bipy)3]2+ and H2BrO3+ as the active species for controlling the rate of reaction.
When a graph is plotted between log kobs and √µ, a straight line with a positive
slope is obtained (Figure: 5.6). The gradient of the line yields Z AZB as +1.60,
which is very close to the expected value +2.
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Table 5.4 Variation of pseudo first order rate constant (kobs) with
Ionic Strength of the Medium
[BrO3-]= 1.0×10-3 mol dm-3
pH = 3.8

S. No.

[Fe (2, 2-bipy)3]2+ = 1×10-4 mol dm-3
λmax=522 nm

T = 300 K

μ / 10-2 mol dm-3

kobs / 10

-2

-1

s

√μ

log kobs

-4

± S. D. / 10
1

1.0

2.50 ± 1.53

0.105

-1.53

2

2.0

3.63 ± 0.58

0.141

-1.44

3

2.5

4.01 ± 2.08

0.158

-1.387

4

3.0

4.40 ± 1.15

0.173

-1.356

5

5.0

4.80 ± 2.65

0.224

-1.319

6

6.0

5.40 ± 2.00

0.245

-1.268

7

7.0

5.90 ± 3.10

0.265

-1.229

8

9.0

6.20 ± 2.52

0.300

-1.210
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Figure 5.6: Plot of log kobs versus √µ, in order to illustrate the influence of ionic
strength on pseudo-first order rate constant (kobs) for the electron transfer reaction
between [Fe (2, 2′-bipy) 3]2+ and [BrO3-] at pH 3.8 and 300 K temperature
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5.1.5: Effect of Temperature on Reaction Rate and Evaluation of
Thermodynamic Parameters:
The influence of variation of temperature on the reaction system under
investigation was studied at different temperatures i.e. 295, 300, 305 and 310 K.
The kinetic study of redox reaction between [Fe (2, 2′-bipy) 3]2+ and [BrO3-] was
carried out under the pseudo-first condition.

A fixed ratio of 1: 10 for the

reactants i.e., the complex and bromate was maintained and that pH and ionic
strength of the reaction mixture was maintained at 3.8 and 0.025 mol dm-3
respectively. Prior to mixing, all the reagents were maintained at desired
temperature either by placing in a water bath to raise the temperature or by chilling
to bring to lower temperature. All the reagents were mixed with fixed
concentration to a total volume of 3 ml in quartz cell equipped with a thermostated
cell holder to maintain the required temperature.
Kinetic data was recorded as change in optical density of [Fe (2, 2′-bipy) 3]2+, at
λmax 522 nm, as a function of time. Data was plotted as ln At versus time (t). From
the gradient of these plots values of kobs were obtained (Table: 5.5). It was
observed that the values of pseudo-first order rate constant get enhanced with
increasing temperature. Kinetic data was used to quantify thermodynamic
properties of reaction system by employing Arrhenius and Eyring equations (5.4 &
5.5) respectively.
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Arrhenius equation was graphically implemented as ln (kobs) versus 1/T plot
(Figure: 5.7). From slope and intercept of the plot Ea (energy of activation) and A
(pre-exponential factor) respectively, were evaluated.
Whereas, Eyring equation was employed in order to get ln (kobs /T) versus 1/T plot
(Figure: 5.8). Enthalpy of activation (ΔH≠) was calculated from slope, while
entropy of activation (ΔS≠) was evaluate from intercept. The Gibb’s free energy of
activation (ΔG≠) was calculated by using equation (5.6). Calculated values of Ea,
A, ΔH≠, ΔS≠ and ΔG≠ are revealed in Table: 5.6.
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Table 5.5 Dependence of pseudo first order rate constant (kobs) on
Temperature
[BrO3- ]=1.0×10-3 mol dm-3

μ=0.025 mol dm-3

pH = 3.8

S. No. T (K)

[Fe (2, 2-bipy)3]2+=1×10-4 mol dm-3

1/T ×103 (K-1)

kobs / 10-2 (s-1)

λmax=522 nm

ln kobs

ln (kobs/ T)

± S. D. / 10-4
1

295

3.39

3.40 ± 1.75

-3.38

-9.07

2

300

3.33

4.01 ± 2.08

-3.22

-8.92

3

305

3.28

4.60 ± 2.00

-3.08

-8.80

4

310

3.22

5.20 ± 1.53

-2.96

-8.69

5

315

3.17

5.90 ± 3.00

-2.83

-8.58
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Figure 5.7: Plot of log kobs versus 1/T (Arrhenius Plot), in order to determine the
influence of temperature on pseudo-first order rate constant (kobs) and evaluation
of energy of activation (Ea) and pre-exponential factor (A) for the electron transfer
reaction between [Fe (2, 2′-bipy) 3]2+ and [BrO3-] at pH 3.8 and µ 0.025 mol dm-3.
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Figure 5.8: Plot of ln(kobs/T) versus 1/T (Eyring Plot), in order to determine the
influence of temperature on pseudo-first order rate constant (kobs) and evaluation
of enthalpy of activation (ΔH≠) and entropy of activation (ΔS≠) for the electron
transfer reaction between [Fe (2, 2′-bipy) 3]2+ and [BrO3-] at pH 3.8 and µ 0.025
mol dm-3.
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Table: 5.6 Thermodynamic parameters for the redox reaction between
[Fe (2, 2′-bipy) 3]2+ and [BrO3-]
Ea

A

ΔH≠

ΔS≠

ΔG≠

(kJ mol-1)

(s-1)

(kJ mol-1)

(J mol-1 K-1)

(kJ mol-1)

20.54

149.28

18.29

-210.84

81.54 at 300 K
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5.2: Oxidation of [Fe (4, 4′-dimethyl, 2, 2′-bipyridine) 3]2+ by BrO3 –
Investigation of redox reaction between [Fe (dmbpy) 3]2+ and BrO3- in aqueous
acid medium was undertaken and have been the subject of section 5.2. This
section includes experimental observations and tabulated results of the
aforementioned reaction. Additionally, results have been discussed on the basis of
observed influence of various experimental factors including concentration of [Fe
(dmbpy)32+], concentration of BrO3-, pH of medium, ionic strength etc which
influence the reaction kinetics and help to quantify the reaction mechanism.
Moreover, influence of temperature on reaction rate(s) and rate constant(s) has
been undertaken. Consequently, this section is subdivided into the following:
5.2.1: Influence of variation in the concentration of [Fe (dmbpy)32+] on kobs
5.2.2: Influence of variation in the concentration of bromate on kobs
5.2.3: Effect of Hydrogen ion concentration on kobs
5.2.4: Effect of ionic strength on kobs
5.2.5: Effect of Temperature on reaction rate and evaluation of thermodynamic
parameters
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Representative Plots for the Cross-Exchange Electron transfer Reaction
between [Fe (dmbpy) 3]2+ and BrO3-
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Figure: IV A plot of Absorbance versus time for the oxidation of [Fe (4,
4′-dimethyl, 2, 2′-bipyridine) 3]2+(1.33 ×10-4 mol dm-3) by BrO3- at λmax 528
nm
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5.2.1: Effect of variation in the concentration of [Fe (4, 4′-dimethyl, 2, 2′bipyridine) 3]2+ on kobs
Kinetic studies of the redox reaction between [Fe (dmbpy) 3]2+-[BrO3-] were
carried out to investigate the effect of variation of concentration (mol dm-3) of tris
(dmbpy) iron (II) on rate and rate constant of reaction. The pseudo-first order
condition was maintained by keeping excess and constant concentration (2.5×10-3
mol dm-3) of BrO3- over the concentration of complex ([Fe (dmbpy) 3]2+). Different
sets of experiment were performed with varying concentration of [Fe (dmbpy) 3]2+
from 5×10-4 - 3×10-5 mol dm-3. All the kinetic runs were recorded at fixed pH (3.6)
and constant ionic strength (µ=0.003 mol dm-3) maintained by NaCH3COOHCH3COOH buffer and Na2SO4 in aqueous medium. Temperature of the reaction
mixture was maintained at 300 K. Kinetic runs were monitored as change in
optical density of [Fe (dmbpy) 3]2+ at its wavelength of maximum absorption λmax
528 nm as a function of time. Obtained data was plotted by employing integrated
rate equation by plotting ln At versus t (time). Values of pseudo-first order rate
constant kobs were evaluated from the slope of these plots. It was observed that kobs
is independent of the concentration of Fe (dmbpy)32+ (Table 5.7, Figure 5.9), thus
it is suggested to follow first order with respect to Fe(dmbpy)32+.
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Table 5.7 Dependence of pseudo first order rate constant (kobs)
on [Fe (dmbpy)3]2+
[BrO3-]=1.0×10-3 mol dm-3
T = 300 K

pH = 3.6

μ = 0.003 mol dm-3

λmax=528 nm

-3

-1

[Fe(dmbpy)3]2+

[Fe(dmbpy)3]2+

/ 10-4 mol dm-3

: [BrO3- ]

1

0.30

1:83

3.37 ± 1.15

2

0.50

1:50

3.31 ± 6.81

3

0.80

1:31.25

3.33 ± 2.01

4

1.33

1:18.8

3.33 ± 6.6

5

2.50

1:10

3.41 ± 6.7

6

5.00

1:5

3.35 ± 1.15

S. No.

kobs / 10

(s )

± S.D. /10-5

S.D. = Standard Deviation
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Figure 5.9: A Plot of pseudo-first order rate constant (kobs) versus [Fe
(dmbpy)3]2+ for redox reaction between [Fe (dmbpy)3]2+ and [BrO3-] at pH 3.6,
µ=0.003 mol dm-3 ionic strength and at 300 K temperature
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5.2.2: Influence of variation in the concentration of bromate on kobs
Redox reaction between [Fe (dmbpy) 3]2+ and BrO3- was studied. Effect of
variation in concentration of BrO3- on pseudo-first order rate constant kobs was
investigated. To maintain the pseudo-first order condition, bromate concentration
was varied between 3 × 10–4 to 10×10–3 mol dm-3 with always at excess
concentration than that of [Fe (dmbpy) 3]2+. Experimental conditions were kept
constant by fixing the concentration of [Fe (dmbpy) 3]2+ (1.33×10-4 mol dm-3), µ
(0.003 and 0.03mol dm-3) and temperature (300K). Na2SO4 was used to fix the
ionic strength of the medium. Variation of [BrO3-] concentration was also studied
at fixed pH 3.6 maintained by CH3COONa-CH3COOH buffer system.
Kinetic runs were monitored and collected as absorbance-time data at the λmax 528
nm, the wavelength of maximum absorption of [Fe (dmbpy) 3]2+. The observed
absorbance-time data was plotted as ln At versus time (t) and from the gradient of
these plots the values of pseudo first order rate constant kobs were evaluated.
According to the results (Table: 5.8, Figure 5.10), at fixed pH 3.6, the values of
kobs increase linearly with the increasing concentration of bromate upto the
saturation point at higher concentrations of bromate. Thus a non-linear curve is
obtained. This behavior helps to recognize the probable involvement of protonated
species of bromate i.e., HBrO3 and H2BrO3+ in the rate determining step of the
reaction.
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Table 5.8 Dependence of pseudo first order rate constant (kobs) on
[BrO3-]
[Fe (dmbpy)3]2+ = 1.33×10-4 mol dm-3
λmax=528 nm

S. No.

[BrO3-] / 10-3
mol dm-3

μ= 0.003 mol dm-3

pH= 3.6
T = 300 K

-3

-1

kobs / 10 (s )
± S.D. / 10

-5

1

0.30

1.93 ± 1.29

2

0.50

2.38 ± 2.00

3

0.80

2.80 ± 1.78

4

1.00

3.33 ± 1.55

5

2.00

4.21 ± 1.00

6

2.50

4.68 ± 2.62

7

5.00

5.04 ± 3.33

8

7.00

5.45 ± 3.00

9

9.00

5.67 ± 2.67

S.D. = Standard Deviation
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Figure 5.10: A Plot of pseudo-first order rate constant (kobs) versus [BrO3-] for
redox reaction between [Fe (dmbpy)3]2+ and [BrO3-] at pH 3.6 and at µ=0.003
mol dm-3 ionic strength and at 300 K temperature
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Figure 5.11: A Plot of 1/kobs versus 1/ [BrO3-] for redox reaction between [Fe
(dmbpy)3]2+ and [BrO3-] at pH 3.6 and at µ=0.003 mol dm-3 ionic strength and at
300 K temperature
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5.2.3: Influence of variation in the concentration of protons on kobs
Impact of variation in concentration of protons on the rate of reduction of bromate
by [Fe (dmbpy) 3]2+ was investigated under constant experimental conditions ([Fe
(dmbpy) 3]2+ = 1.33 × 10-4 mol dm-3, [BrO3–] = 5 × 10-3 and 10× 10-3 mol dm-3, μ =
0.003 and 0.03 mol dm-3).

Different sets of experiment were performed by

varying pH of the reaction mixture from 3.6 – 5.0. The pH was maintained by
sodium acetate - acetic acid buffer. Values of pseudo first order rate constant were
obtained from gradient of the plots of ln A t versus time (Table: 5.9), showing an
increment in kobs value with increasing H+ concentration or decreasing pH upto a
limiting value. Whilst at different concentrations of BrO3- (5.0×10-3 and 10.0×10-3
mol dm-3), a plot of kobs versus [H+] is non-linear (Figure: 5.12 and 5.14), which
signifies protonated bromate to be the participating species.
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Table 5.9 Variation in value of pseudo-first order rate constant
(kobs) with [H+]
[Fe (dmbpy)3]2+=1.33×10-4 mol dm-3

S.

pH

No.

[H+] / 10-4

λmax=528 nm

T = 303 K

-3

kobs / 10

-1

(s ) ± S.D. /10-5

mol dm-3
[BrO3-]= 5.0×10-3 mol dm-3

[BrO3-]= 10.0×10-3 mol dm-3

I=0.003M

I=0.03M

I=0.003M

I=0.03M

1

3.6

2.510

5.04 ± 1.53

8.42 ± 2.53

5.67 ± 2.23

9.00 ± 3.61

2

4.0

1.000

4.39 ± 2.5

7.77 ± 2.41

5.10 ± 2.22

8.23 ± 3.12

3

4.4

0.398

3.21 ± 2.8

6.59 ± 1.76

4.24 ± 2.51

7.57 ± 3.00

4

4.8

0.158

2.22 ± 2.52

5.60 ± 2.52

3.00 ± 2.53

6.29 ± 4.21

5

5.0

0.100

1.42 ± 4.16

4.80 ± 3.12

2.37 ± 2.31

5.70 ± 2.56

S.D. = Standard Deviation
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Figure 5.12: A Plot of pseudo-first order rate constant (kobs) versus [H+] for redox
reaction between [Fe (dmbpy) 3]2+ (1.33×10-4 mol dm-3) and [BrO3-] (5.0 × 10-3 mol
dm-3) at ionic strength µ=0.003 and 0.03 mol dm-3 and at 300 K temperature
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Figure 5.13: A Plot of 1/kobs versus 1 / [H+] for redox reaction between [Fe
(dmbpy)3]2+ (1.33×10-4 mol dm-3) and [BrO3-] (5.0 × 10-3 mol dm-3) at ionic
strength µ=0.003 and 0.03 mol dm-3 and at 300 K temperature
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Figure 5.14: A Plot of pseudo-first order rate constant (kobs) versus [H+] for redox
reaction between [Fe (dmbpy) 3]2+ (1.33×10-4 mol dm-3) and [BrO3-] (10.0 × 10-3
mol dm-3) at ionic strength µ=0.003 and 0.03 mol dm-3 and at 300 K temperature
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Figure 5.15: A Plot of 1/kobs versus 1 / [H+] for redox reaction between [Fe
(dmbpy)3]2+ (1.33×10-4 mol dm-3) and [BrO3-] (10.0 × 10-3 mol dm-3) at ionic
strength µ=0.003 and 0.03 mol dm-3 and at 300 K temperature

Shazia Summer, PhD Dissertation

Page 147

Chapter No: 5

Results & Discussion

5.2.4: Influence of the Ionic strength on kobs
Influence of added inert salt (Primary kinetic salt effect) on the kinetics of the
redox reaction between [Fe (dmbpy) 3]2+ and BrO3- was also investigated. It helps
to provide information about the electrical charges of the interacting species in the
rate determining step(s). For this purpose varying amounts of Na2SO4 was added
to the reaction mixture to maintain the ionic strength within the range, 0.003- 0.1
mol dm-3. The influence of ionic strength over the observed rate constant was
monitored at fixed conditions i.e., [Fe (dmbpy) 3]2+

= 1.33 × 10-4

mol dm-3,

[BrO3–] = 2.5 × 10-3 mol dm-3, pH = 3.6. An increasing value of the rate constant
upon scaling ionic strength (Table: 5.10) confirms the involvement of the similar
charged ions in the rate-determining step. This observation verifies [Fe (dmbpy)
2+
3]

and H2BrO3+ as the active species to control the rate of reaction. When a graph

is plotted between log kobs and √µ, a straight line with a positive slope is obtained
(Figure: 5.16). The gradient of the line yields ZAZB as +1.215, which is less than
the expected value of +2. The difference between the expected and calculated
value may arise due to contributions from other reaction path ways as shown in
equation (5.9).
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Table 5.10 Influence of ionic strength on pseudo first order
Rate constant (kobs)
[Fe (dmbpy)3]2+=1.33×10-4 mol dm-3
pH=3.6

S. No.

µ

T = 300 K

kobs / 10

-3

[BrO3-]= 2.5×10-3 mol dm-3
λmax=528 nm

-1

√µ

-5

(s )

log kobs

/ mol dm-3

± S.D. / 10

( mol dm-3)1/2

1

0.003

4.67 ± 0.78

0.055

-2.33

2

0.005

5.45 ± 1.00

0.071

-2.26

3

0.008

6.56 ± 1.00

0.089

-2.18

4

0.01

7.24 ±1.56

0.10

-2.14

5

0.03

8.01 ± 2.00

0.173

-2.10

7

0.05

9.11 ± 1.00

0.224

-2.04

8

0.08

10.0 ± 2.00

0.283

-2.00

9

0.1

11.8 ± 2.36

0.316

-1.93

S.D. = Standard Deviation

Shazia Summer, PhD Dissertation

Page 149

Chapter No: 5

Results & Discussion

√μ (mol dm-3)1/2
-1.5
0

0.05

0.1

0.15

0.2

0.25

0.3

0.35

-1.6
-1.7

log10 kobs

-1.8
-1.9
-2
-2.1
-2.2
-2.3

y = 1.215x - 2.318
R² = 0.964

-2.4
-2.5

Figure 5.16: A Plot of log kobs versus √µ, for redox reaction between
[Fe (dmbpy)3]2+ and [BrO3-] at pH=3.6 and at 300 K temperature

Shazia Summer, PhD Dissertation

Page 150

Chapter No: 5

Results & Discussion

5.2.5: Influence of Temperature on Rate of Redox Reaction and
Evaluation of Thermodynamic Parameters:
The influence of variation of temperature on the reaction system under
investigation was studied at different temperatures i.e. 291, 295, 300, 305, and 310
K. The kinetic study of redox reaction between [Fe (dmbpy) 3]2+ and [BrO3-] was
carried out under the pseudo-first condition.

A fixed ratio of 1: 37.5 was

maintained between the bromate and complex. pH and ionic strength of the
reaction mixture was maintained at 3.6 and 0.003 mol dm-3 respectively. Prior to
mixing, all the reagents were maintained at desired temperature either by placing
in a water bath to raise the temperature or by chilling to bring to lower
temperature. All the reagents were mixed with fixed concentration to a total
volume of 3 ml in quartz cell equipped with a thermostated cell holder to maintain
the required temperature.
Kinetic data was recorded as change in optical density of [Fe (dmbpy) 3]2+, at λmax
528 nm, as a function of time. Data was plotted as ln At versus time (t). From the
gradient of these plots values of kobs were obtained (Table: 5.11). It was observed
that the values of pseudo-first order rate constant get enhanced with increasing
temperature. Kinetic data was used to quantify thermodynamic properties of
reaction system by employing Arrhenius (5.5) and Eyring (5.6) equations.
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Arrhenius equation was graphically implemented as ln (kobs) versus 1/T (Figure:
5.17). From slope and intercept of the plot Ea (energy of activation) and A (preexponential factor) respectively, were evaluated.
Further to that Eyring equation was utilized to develop plot between ln (kobs /T)
and 1/T (Figure: 5.18). Enthalpy of activation (ΔH≠) was calculated from slope,
while entropy of activation (ΔS≠) was evaluated from intercept. The Gibb’s free
energy of activation (ΔG≠) was calculated by using equation (5.7). Calculated
values of Ea, A, ΔH≠, ΔS≠ and ΔG≠ are revealed in Table: 5.12.
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Table 5.11 Dependence of pseudo first order rate constant (kobs) on
Temperature
[BrO3-]=5.0×10-3 mol dm-3

μ=0.003 mol dm-3

pH = 3.6

S.

T (K)

[Fe (dmbpy)3]2+=1.33×10-4 mol dm-3

1/T ×103 (K-1)

No.

kobs / 10

-3

λmax=528 nm

(s-1)

± S. D. / 10

ln kobs ln (kobs/ T)

-5

1

291

3.44

3.90 ± 2.22

-5.55

-11.21

2

295

3.39

4.47 ± 2.00

-5.41

-11.09

3

300

3.33

5.04 ± 1.76

-5.30

-10.99

4

305

3.28

5.74 ± 2.56

-5.16

-10.89

5

310

3.22

6.28 ± 3.00

-5.07

-10.79

S.D. = Standard Deviation
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1/ T / (K-1)
3.20E-03
-5

3.25E-03

3.30E-03

3.35E-03

3.40E-03

3.45E-03

3.50E-03

-5.07
-5.1

ln kobs

-5.16
-5.2

-5.3

-5.4

y = -2152.8x + 1.8882
R² = 0.9731
-5.3

-5.41

-5.5
-5.55
-5.6

Figure 5.17: Plot of log kobs versus 1/T (Arrhenius Plot), in order to determine
the influence of temperature on pseudo-first order rate constant (kobs) and
evaluation of energy of activation (Ea) and pre-exponential factor (A) for the
electron transfer reaction between [Fe(dmbpy)3]2+ and [BrO3-] at pH 3.6 and µ
0.003 mol dm-3.
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1/ T / (K-1)
3.20E-03
-10.75
-10.8

3.25E-03

3.30E-03

ln (kobs /T)

3.40E-03

3.45E-03

3.50E-03

-10.79
y = -1887.7x - 4.7041
R² = 0.9961

-10.85
-10.9

3.35E-03

-10.89

-10.95
-11

-10.99

-11.05
-11.1

-11.09

-11.15
-11.2

-11.21

-11.25

Figure 5.18: Plot of log (kobs/ T) versus 1/T (Eyring Plot), in order to determine
the influence of temperature on pseudo-first order rate constant (kobs) and
evaluation of enthalpy of activation (ΔH≠) and entropy of activation (ΔS≠) for the
electron transfer reaction between [Fe (dmbpy)3]2+ and [BrO3-] at pH 3.6 and µ
0.003 mol dm-3.
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Table: 5.12 Thermodynamic parameters for the electron transfer
reaction between [Fe (dmbpy) 3]2+ and [BrO3-]
Ea

A

ΔH≠

ΔS≠

ΔG≠

(kJ mol-1)

(s-1)

(kJ mol-1)

(J mol-1 K-1)

(kJ mol-1)

18.23

7.45

15.69

-236.65

86.68 at 300K
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Summary of observations and corresponding results:
Stoichiometry of the oxidation reaction of [Fe(bipy)3]2+/[Fe (dmbpy)3]2+

by

BrO3- as mentioned in experimental section (4.2.2.7) of this thesis, under the
experimental condition (BrO3- >> [Fe(bipy)3]2+ / [Fe (dmbpy)3]2+), is found to be
6:1 as shown in equations (4.1 & 4.2):
6 Fe (bipy )3  + BrO3 + 6H + → 6 Fe (bipy )3  + Br − + 3H 2O(4.1)
2+

−

3+

6 Fe (dmbpy)3  + BrO3 + 6H + → 6 Fe (dmbpy)3  + Br − + 3H 2O(4.2)
2+

−

3+

It is essential to mention here that the two aforesaid Fe (II) complexes of N, N′donor chelating complexes i.e., [Fe (bipy)3]2+ and [Fe (dmbpy)3]2+ belong to the
class of diimine chelating complexes. Therefore, these are mutually symbolized as
[Fe (diimine)3]2+ to avoid the reverberation.
The obtained data establish, first order kinetics with respect to [Fe (diimine)3]2+
(Figures: 5.1 & 5.9). The results demonstrate that the pseudo-first order rate
constant (kobs) values vary lineraly upon variation in the concentration of bromate
ions. However kobs values saturate at high concentration of bromate ions, thus
showing a non-linear curve (Figures: 5.2 & 5.10), indicative of ion-pair precursor
formation and outer-sphere mechanism as well

[358]

. Variation of pH in the

employed pH range showed that value of rate constant increases with increasing
concentration of H+ but to a limiting value approaching at high acidic
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concentrations, resulting in a non- linear curve between kobs and [H+] (Figures: 5.4
& 5.12, 5.14). Variation of ionic strength in the range 0.01-0.1 mol dm-3 (in case
of oxidation of [Fe(bipy)3]2+) and from 0.003- 0.1 mol dm-3 (in case of oxidation
of [Fe(dmbpy)3]2+), shows an enhanced rate of reaction with increasing ionic
strength (Tables: 5.4 & 5.10). These trends suggest that the main reaction in each
of the reaction system, proceeds by involving likely charged species. In our
reaction system the two possible similar charged species are [Fe (diimine)3]2+ and
[H2BrO3+]. The product of ZAZB

calculated from the slope(s) of the plot(s)

(Figures: 5.6 & 5.16) is found to be +1.60 and +1.215 respectively, which is being
less than the expected value of +2, suggesting the complexity of reaction.

Proposed Reaction Mechanism
Bromate in aqueous acid medium

[327, 353-357]

exists as BrO3-, HBrO3, H2BrO3+ and

BrO2+ . In present study, effect of each factor, i.e., the concentration of BrO3- , H+
ions and influence of ionic strength on rate of reaction, suggests that H2BrO3+ is
the active species of Bromine (V). Therefore, on the basis of evidences gathered
from our data and in the light of views of literature

[327, 353-357]

, we arrive at the

conclusion that a complex kinetic pathway is followed as put forward below.
➢ Step one may involve an initial protonation of the bromate ions to yield a
neutral monoprotonated and diprotonated bromate species [353], as follows:
−

K1
BrO3 + H + ⎯→
HBrO 3 (5.7)
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K2
HBrO 3 + H + ⎯→
H 2 BrO3

+

(5.8)

➢ Step two is suggested to involve a fast electron transfer reaction between [Fe
(diimine)3]2+ and HBrO3, a monoprotonated bromate compound produced
through step one Equation (5.7).
k ( fast)
Fe (dii min e)3 2+ + HBrO 3 ⎯⎯
⎯
⎯→ Pr oduct (5.9)
1

➢ Step three is suggested to involve ion pair formation between [Fe (diimine)3]2+
cation and H2BrO3+ ;
+
K
Fe (dii min e)3 2+ + H 2 BrO 3 + ⎯
→ IP 3  (5.10)
ip

Where,

IP3+ (Ion Pair) = [Fe (diimine)3. H2BrO3]3+ and Kip

=

Ion Pair

formation constant.
➢ and the rate determining step may involve dissociation of ion-pair to form
product;
+

2 ( slow)
IP 3 ⎯k⎯
⎯
⎯→ Pr oduct (5.11)

Considering the kinetic data we propose the following rate equation:
Rate = k 1 Fe ((dii min e )3  [ HBrO 3 ] +
2+

H BrO (5.12)
(1 + K [ H BrO ])

k2 K ip Fe (dii min e )3 

2+

+

2

3

+

ip

2

3

Considering the equilibrium between monoprotonated bromate ion and
diprotonated bromate ion [353], we arrive at the relationship;
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+

[ H 2 BrO 3 ]
K2 =
[ HBrO 3 ][ H + ]

 (5.13)

Where, [HBrO3] is the molar concentration of monoprotonated and [H2BrO3+] is
the molar concentration of diprotonated bromate species in the reaction mixture.
By rearranging equation(5.13), we get equation(5.14) as follows:
+

[ H 2 BrO 3 ]
[ HBrO 3 ] =
K 2[H + ]

 (5.14)

Inserting the value of [HBrO3] from equation (5.14) into equation (5.12), we get
equation(5.15);
Rate = k 1 Fe (dii min e )3 

2+





+
[ H 2 BrO3 ] k2 K ip Fe (dii min e )3  H 2BrO3
+
 (5.15)
+
K 2[ H + ]
1 + K ip[ H 2BrO3 ]
2+

(

+

)

The total concentration of bromate ion ([BrO3-]T) in the reaction mixture is
equivalent to:

BrO  = BrO 
-

3

-

T

3

F





+ HBrO 3  + H 2 BrO 3 (5.16)
+

Concentration of bromate ions in the reaction mixture is sufficiently high.
Accordingly it yields considerable amounts of monoprotonated and diprotonated
species corresponding to the constant concentration of bromate ion. Thus, [BrO3-]T
may be supposed to become equalized to [HBrO3] and [H2BrO3+]. Therefore;

BrO 
-

3

T





= HBrO 3  + H 2 BrO 3 (5.17)
+
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Further to that if the value of [HBrO3] from equation (5.14) is inserted into
equation (5.17) a new relationship leads towards equation (5.18);
+

[ H BrO 3 ]
+
[BrO 3 ]T = 2
+ [ H 2 BrO 3 ]
+
K 2 [H ]
-

+

[BrO 3 ]T =
-

+

[ H 2 BrO 3 ] + K 2 [ H + ][ H 2 BrO 3 ]
K 2 [H + ]
+

[BrO 3 ]T K 2 [ H + ] = [ H 2 BrO3 ] (1 + K 2 [ H + ])
-

K 2 [ H + ] [BrO 3 ]T
[ H 2 BrO 3 ] =
(1 + K 2 [ H + ])
-

+

 (5.18)

Substituting the value of [H2BrO3+] from equation (5.18) into equation (5.15) and
by further solution, we get;
Rate = k 1 Fe (dii min e )3 

2+

−

[ BrO 3 ]T
(1 + K 2 [ H + ])

+ k 2 Fe (dii min e )3 

2+

−

K 2 K ip [ H + ] [ BrO 3 ]T
−

(1 + K ip K 2 [ H + ] [ BrO 3 ]T )

 (5.19)

Now considering the pseudo- first order reaction condition i.e., [Fe(diimine)3]2+ <<
[BrO3-]T, and dividing equation (5.19) by [Fe(bipy)3]2+ yields;
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k 1 Fe (dii min e )3  [ BrO3 ]T
2+

Rate

Fe (dii min e)3 2

=

+

−

+

Fe (dii min e)3 2 (1 + K 2 [ H + ])
2+
−
k2 Fe (dim ine )3  K 2 Kip [ H + ] [ BrO3 ]T
 (5.20)
+
Fe (dii min e)3 2 (1 + K 2 Kip [ H + ] [ BrO3− ]T )
+

Where,
Rate

Fe (dii min e )3 2

+

= kobs

or,
−

k obs =

k 1 [ BrO 3 ]T
(1 + K 2 [ H + ])

−

+

k 2 K 2 K ip [ H + ] [ BrO 3 ]T
−

(1 + K 2 K ip [ H + ] [ BrO 3 ]T )

 (5.21)

Since, k1˃˃ k2 and as observed from influence of ionic strength on rate constant,
suggests that the reactive species is H2BrO3+ and therefore equation (5.21) is thus
reduced to become equation(5.22), as first term in Equation (5.21) is neglected.
−

k obs =

k 2 K 2 K ip [ H + ] [ BrO 3 ]T
−

(1 + K 2 K ip [ H + ][ BrO 3 ]T )

(5.22)

The approximate value of equilibrium constant K2 was determined from the
reported value of pKa of H2BrO3+/HBrO3 couple is 0.68 that gives Ka as 0.21 dm6
mol-2 [327, 356] where, Ka is the dissociation constant of H2BrO3+.

Shazia Summer, PhD Dissertation

Page 162

Chapter No: 5
Ka

Results & Discussion


HBrO 3  H + 
=
= 0.21 mol dm −3

H BrO 
+

2

K2 =

3



+



H 2 BrO 3
1
1
=
=
= 4.762 dm 3 mol −1
+
K a HBrO 3  H
0.21

 

Therefore, at constant pH of reaction mixture equation (5.22) provides equation
(5.23);
1
k obs

=

1
−

 

k 2 K ip K 2 [ BrO 3 ]T H

+

+

1
 (5.23)
k2

According to equation (5.23), at fixed [H+], a plot of 1/kobs versus 1/ [BrO3-]T
should be a linear straight line with non-zero intercept. Moreover, at fixed
concentration of bromate, a plot of 1/kobs versus 1/ [H+] should be linear with
positive intercept.

Separate Cases of Validity of Equation (5.23)
➢ Redox reaction between [Fe (2, 2′-bipy) 3]2+ and BrO3At fixed [H+] concentration 1.58×10-4 mol dm-3 corresponding to the pH=3.8,
when a graph is plotted between 1/ kobs and 1 / [BrO3-]T, a linear plot with
positive intercept is obtained (Figure: 5.3). Similarly, at fixed bromate
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concentration (4.0× 10-3 mol dm-3), a plot of 1/kobs versus 1/ [H+] is also linear
with positive intercept (Figure: 5.4).

According to equation (5.23), the values of k2 and Kip were therefore calculated
from the numerals obtained from intercept(s) and slope(s), respectively from the
Figures: 5.3 and 5.5. From intercept the value of k2 is calculated to be 0.182 and
0.112 dm3 mol-1 s-1 respectively from the two plots. While, from slope the value of
Kip is calculated to be 3.55×106 and 2.93×106 dm3 mol-1 respectively. Our results
are according to the statement and thus justify the proposed mechanism.

➢ Redox reaction between [Fe (dmbpy) 3]2+ and BrO3In case of oxidation of [Fe (dmbpy)3]2+ by BrO3-, validity of equation (5.23) is
affirmed by plotting 1/kobs versus 1/[BrO3-] and 1/kobs versus 1/[H+] (Figures: 5.11
& 5.13) at fixed pH (3.6) and fixed [BrO3-] (5.0×10-3 mol dm-3) respectively.

The values of numerals were obtained from intercept(s) and slope(s), respectively
of the Figures: 5.11 and 5.13. From intercept the value of k2 is calculated to be
5.59×10-3 and 5.77×10-3 dm3 mol-1 s-1 respectively from the two plots. While, from
slope the value of Kip is calculated to be 1.37×106 and 1.46×106 dm3 mol-1
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respectively. The values so obtained from the two plots are in very close
agreement with each other and thus validate the proposed mechanism.
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The work presented herein is based upon studies pertaining to kinetics of oxidation
of N, N′-donor chelating complexes of Fe (II) i.e., [Fe (2, 2′-bipy)3]

2+

and

[Fe(dmbpy)3] 2+ versus BrO3- as an oxidizing agent. Possible mechanism has been
suggested and thermodynamic parameters are being reported. Prime consideration
behind the selection of aforesaid redox systems was to uncover the influence of
molecular complexity of reactants and that of the resultant activated complexes.
The effect on the chemical reactivity of redox reaction with varying the size of the
ligands and those of the substituted groups were also of our interest. The study
also helped to establish the validity of Marcus theory and Electron Tunneling
Theory for the selected redox systems.
Kinetic data and its corresponding thermodynamic properties are tabulated in
Table: 6.1. It can be seen that the rate constants for the oxidation of [Fe (2, 2′bipy)3] 2+ and [Fe(dmbpy)3] 2+ vary largely with the same electron acceptor (BrO3-).
On the basis of cited literature

[3, 13, 72-73,101]

and experimental results of present

study, both of these electron exchange reactions are proposed to follow outersphere mechanism. It has been revealed through previous investigations
73,101]

[3, 13, 72-

by many scientists that electron transfer reaction between substitution inert

reductant and oxidant are usually found to follow outer-sphere mechanism. The
reducing agents in our reaction systems including [Fe (2, 2′-bipy)3]

2+

and

[Fe(dmbpy)3] 2+ are substitution inert species as cited in literature [72, 101, 332].
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The rates of outer-sphere electron transfer process are consequences of various
factors. These factors have been identified to be electrostatic charges on reacting
species and resultant charge on activated complex, effect of solvent on reacting
species as well as activated complex, ionic strength of medium etc. Structural
complexity of reacting entities is associated with energy barriers which have been
taken care of by different theories like Marcus theory and electron tunneling
theory etc.

Effect of Solvent on Reaction Rate
Solvent as a medium of reaction system plays very important role. Solvent as a
medium by virtue of its permittivity modifies the electrostatic interaction between
charges. Therefore, a solvent can sway a reaction in many ways. It can affect the
mechanism of reaction. It can affect the species involved by promoting ion pair
formation, complexing and other associations between the reacting species. In
present piece of investigation, both of the redox reactions were investigated in
aqueous acid medium. The trend of our results highlights the protonation of BrO3to form HBrO3 and H2BrO3+. Out of these two, diprotonated species of bromate
i.e., H2BrO3+ is suggested to be the most effective oxidant species in rate
determining step of reaction.
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Ionic Strength and Primary Kinetic Salt Effect
Ionic strength reflects the total strength of electric field due to ions in solution.
The rate of reaction between charged species is greatly influenced by the ionic
strength of the solution, which is mathematically given as;
I= ½ Σ Ci Zi2 ----------------- (6.1)
Where,
Ci = concentration of each ion present in the solution
Zi = charge number on each ion
The ionic strength of reaction medium influences the activity coefficient (γi) of
ionic reactants, transition states and eventually the rate of reaction. Debye-Hückel
theory relates the activity coefficient of an ion to the ionic strength by the
equation;
log γi = - 0.509 Zi2 √I ---------------------- (6.2)
Where,
Zi is the charge number of the ion
I= ionic strength of solution
The Brønsted–Bjerrum equation (5.1) and the equation of extended law of Debye–
Hückel (5.2) can be used to estimate the value of ZA ZB, where ZA and ZB are the
charges of the ions involved in the rate-determining step.
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log k = log k 0 + 2 AZ A Z B ( )

1/ 2

log k = log k 0 + 2 AZ A Z B

(5.1)

( )1 / 2
1/ 2
1 + ( )

 (5.2)

(At

low

ionic

strength)

(At higher ionic strength)

According to equation (5.1) a plot of log k versus √I / (mol. dm–3)1/2 will give a
straight line of slope 1.02 ZA ZB and intercept as log ko. If one of the reactants is a
neutral molecule, ZA ZB is zero and the rate constant is expected to be independent
of the ionic strength. If ZA and ZB have different signs, ZA ZB is negative and the
rate constant decreases with increasing ionic strength. If ZA and ZB have the same
sign, then ZA ZB is positive and the rate constant increases with ionic strength.
In present investigation, both redox systems i.e., [Fe (2, 2′-bipy)3] 2+- BrO3- and
Fe(dmbpy)3] 2+ - BrO3- show the escalating influence of increasing ionic strength
on reaction rate. It is therefore concluded that for the above mentioned reaction
systems, active species carry like charges. Accordingly, [Fe (2, 2′-bipy)3]

2+

/

Fe(dmbpy)3] 2+ - H2BrO3+ are suggested to be the dominantly participating species
in the rate determining step of the two redox reactions.

Relation between Ionic Strength and Activation Energy
For a reaction occurring between ionic species in solution, an increasing rate with
increasing ionic strength is associated with decreasing activation energy. A
relation for the effect of ionic strength on activation energy is given as;
E = Eo - 8.78 ZA ZB √I ---------------- (6.3)
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Where, E= activation energy (kJ mol-1)
Eo = activation energy at infinite dilution (kJ mol-1)
I= ionic strength of solution (mol dm-3)
According to equation (6.3), there is an inverse relation between ionic strength of
medium and energy of activation, when both the reacting species ZA and ZB carry
similar charges. This again reinforces the relation that activation energy decreases
with increasing ionic strength.

Marcus Theory
Reduction oxidation reactions are more commonly investigated in aqueous
medium or polar solvents, which results in the solvation of reductant, oxidant and
activated complex as well. The free solvent molecules constitute the "outer
sphere".

An electron transfer reaction proceeds through the reorganization of charges,
which firmly controls the solvent environment. Solvent molecules rearrange in the
direction of the electric field, at the same time, atoms and electrons in the solvent
molecules are slightly relocated. Thus, solvent polarization is the factor which
determines the free energy of activation and also the reaction rate.

The main theme of Marcus theory is the solvent reorganization that takes place
outside the inner coordination shell (λi) of each reactant before the process of
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electron transfer. Reorganization energy of inner coordination shell depends on
any changes in bond lengths and/or bond angles, whereas, that of outer sphere is
dependent on shape and size of reactants. The total reorganization energy (λ) is a
summation of energies of inner coordination shell (λi) and of the outer sphere (λ0),
λ = λi + λ0
ΔG≠AB =ωAB + m2 λ
kAB= ZAB expΔG

≠

AB/

RT -------------- (6.4)

According to equation (6.4), larger the size of ligand, greater will be the
reorganization energy of medium. This requirement results in an increased
reorganization free energy of activation (ΔG≠AB) and eventually decreases the rate
constant of electron transfer reaction.
In this presented piece of investigation, both Fe (II) complexes contain N, N’donor chelating ligands. Out of these two, dmbpy (4, 4′-dimethyl-2, 2′-bipyridine)
is larger than bipy (2, 2′-bipyridine) and thus it requires more reorganization
energy of medium. Therefore, the rate constant for electron transfer reaction
between [Fe (dmbpy)3]2+-BrO3- decreases as shown in Table:6.1.
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Electron Tunneling Theory
In outer sphere electron transfer reactions due to small displacement of nuclei in
the reactants, identity of reductant and oxidant retains during the reaction.
Therefore the electron, being an elementary particle, can only “jump” as a whole
i.e., electron transfer.

The electron tunneling theory discusses about the probability of electronic jump
during the electron transfer process. The electronic transmission coefficient ke
depends upon the electron barrier (V) which actually reflects the height of
potential and the kinetic energy of tunneling electron (W). According to Gamow
[51]

equation,

  8 
1/ 2 
k e = exp −  rab  2m(V − W ) 
  3h 


----------------- (6.5)

Where, V and W are the variables which control transmission coefficient ke. When
V is high and W is low, this slower down the transmission of electron from one
reactant to another and also the rate constant of electron transfer reaction.
Transmission coefficient ke, as well as the rate constant k have been found to
decrease for the complexes with large size ligands
reaction rate constant for [Fe(dmbpy)3]
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against [Fe(2, 2′-bipy)3]2+- BrO3- reaction system. Thus, the role of the larger
sized ligand in controlling the rate of redox reaction gets expose.

Entropy of Activation (ΔS≠)
Temperature dependence of a reaction rate constant is studied by using Eyring
Equation;

---------------------------- (6.6)
Where,
k = reaction rate constant
T = absolute temperature (K)

ΔH≠ = enthalpy of activation (kJ mol-1)
R = gas constant (8.314 J mol-1 K-1)
kB = Boltzmann constant (1.381×10-23 J K-1)
h = Planck's constant (6.626×10-34 J s)

ΔS≠ = entropy of activation (kJ mol-1)
Since, in Eyring equation;

kB T/ h ≈ 1013 s-1 and if 1013 e- ΔH≠/RT is taken as normal, then ΔS≠ is the only
factor which controls the reaction pace i.e., whether reaction occurs faster or
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slower than normal. The value of ΔS≠ offers evidence about the molecularity of
the rate determining step in a reaction. Positive values suggest that entropy
increases upon achieving the transition state, which usually indicates a dissociative
mechanism in which the activated complex is weakly bound easily dissociable.
Negative value for ΔS≠ indicates a decrement in disorderness on reaching the
transition state, which often mentions an associative mechanism in which two
reaction partners form a single activated complex.[2]
When Arrhenius theory is compared with transition state theory, the exponential
terms Ea/RT and ΔH≠/RT can be correlated with each other through frequency
factor ‘A’, similarly, (κkT/h) exp (ΔS≠/R) can also be correlated to each other [228].
According to Arrhenius theory, rate constant of a reaction is determined by the
following equation;
k = A exp (-Ea/RT)
Whereas, transition state theory gives the form;
k = (κkT/h) exp (-ΔH≠/RT) exp (ΔS≠/R)
Therefore,
A= (κkT/h) exp (ΔS≠/R) ------------------------------------- (6.7)
log10 A= log10 (κkT/h) + (ΔS≠/2.303R) ------------------------(6.8)
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According to equation (6.8), when a graph is plotted between log10 A and ΔS≠,
then a linear plot with positive slope should obtain. Slope of the plot must be equal
to (1 /2.303 R) while, log10 (κkT/h) reflects the intercept.
if κ = 1and T = 298K , log10 (κkT/h) = 12.8
Since log10 (κkT/h) is constant at fixed temperature, therefore ‘A’ is a function of
ΔS≠ at fixed temperature. In equation (6.8), ΔS≠ is a sole factor which reflects
complexity of reactants and resulting activated complex as well (Table: 6.1). As
complexity in a molecule rises, ΔS≠ becomes gradually more negative and so the
exponential term i.e., exp (ΔS≠/R) becomes increasingly smaller.
A linear graph with positive slope (0.0521 J-1 K mol) and intercept (12.74), is
obtained while log10 A is plotted as a function of ΔS≠ (Figure: 6.1). The value of
gas constant R is obtained from the slope as;



1
= slope = 0.0521 J-1 K mol
2.303R



1
=R
2.303 ( slope )

R= 8.33 J mol-1 K-1

Similarly, the value of intercept (12.74) is in close agreement with the calculated
value 12.8, as mentioned previously. The values of R and log10 (κkT/h) determined
from results compliment to those already reported in the literature. Thus, our
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results validate the suggestion of outer-sphere electron transfer via the formation
of activated complex (Figure: 6.1).

3
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Figure: 6.1 A Plot of log10A versus ΔS≠
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The kinetic data and the corresponding thermodynamic parameters of electron
transfer reactions studied by us are displayed in Table: 6.1.

Table: 6.1 Characteristic Kinetic and Thermodynamic Properties of
Investigated Electron Transfer Reactions
Redox systems
[Fe (2, 2′-bipy)3] 2+

[Fe(dmbpy)3] 2+

- BrO3-

- BrO3-

[Fe (2, 2′-bipy )3] 2+

[Fe(dmbpy)3] 2+-

- H2BrO3+

H2BrO3+

3+

+3

k2 (dm3 mol-1 s-1)

0.182

5.59×10-3

Kip (dm3 mol-1)

3.55×105

1.37×106

Ea (Energy of Activation)

20.54

18.23

log10 (A/ s-1)

2.174

0.872

ΔS≠ (J mol-1 K-1)

-210.84

-236.65

Characteristic Properties

Active Reacting Species

Charge on Activated
Complex

ΔH≠ (kJ mol-1)
ΔG≠ (kJ mol-1)
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18.29
81.54 at 300 K

15.69
86.68 at 300 K
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Portrayal of the Cross-Exchange reaction between [Fe (2, 2′bipy)3]2+- BrO3- and [Fe(dmbpy)3]2+- BrO3The entropy of activation and the rate constant for the two redox reactions follows
the order;

[Fe (2, 2′-bipy)3]2+- H2BrO3+
ΔS≠ (J mol-1 K-1)

-210.84

k2 (dm3 mol-1 s-1)

> [Fe (dmbpy)3] 2+ - H2BrO3+

<

0.182

-236.65

>

5.59×10-3

The small value of ΔH≠ and a negative value of ΔS≠ were determined for both

reactions, which is indicative of associative mechanism. The complexity of the
reacting entity [Fe (dmbpy)3] 2+ contributed more negatively to the - ΔS≠ than
that for [Fe (bipy)3]2+.
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Future Perspectives
Further studies in this field of kinetic study of electron transfer reaction could be
done;

1. The reduction of bromate in aqueous medium could be done by using other
derivatives of 2,2′ and 4,4′-bipyridine such as 5,5′-dimethyl-bipyridine, 4,4′
and 5,5′-diamino-bipyridine, 4,4′-dicarboxyl-bipyridine etc.
2. The comparative kinetic study of oxidation of acetylferrocene and its
analogues could be done by bromate.
3. Kinetic investigation of reduction of bromate with different metal chelates
based drugs.
4. Oxidation of biological ligands containing coordination compounds of Fe , Zn,
Pt etc with bromate could be taken into account.
5. Kinetic investigation of bromate reduction by metal complexes by
electrochemical methods.
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Kinetics and Mechanism of [Fe (bipy) 3]2+ and [BrO3–] System in Aqueous Acidic Medium
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Summary: The kinetics of the oxidation of tris (2,2-bipyridine)iron(II) ([Fe(bipy)3]2+) by bromate ion (BrO3–) in
aqueous medium have been investigated. The reaction was probed spectrophotometrically in the pH range 3.55.0, and from 0.01 to 0.1 mol/dm3 ionic strength. The kinetic runs were pursued to more than two half lives of the
reaction. The pseudo first order rate constant was found independent of the concentration of tris (2, 2-bipyridine)
iron (II), and increases with increasing concentration of bromate ion in the reaction mixture. Protonation of
BrO3– in the acidic medium yields monoprotonated (HBrO3) and diprotonated (H2BrO3+) species. The rising
figure of the rate constant upon lowering the pH refers to the involvement of protonated species in the ratedetermining step. A rise in the value of the rate constant with increasing ionic strength implies, however, the
diprotonated species, H2BrO3+, as the reactive species among the two competing. Involvement of the other Br(V)
species results in a complex reaction pathway, consequently. The rate law is suggested as follows:
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Key Words: Electron transfer reaction, Bromate, tris (2, 2-bipyridine)iron(II), Ion-pair formation

Introduction
Bromate (BrO3-) is an inorganic ion which
naturally exists in water reservoirs due to reaction of
bromide ion with ozone [1]. Potassium salts of bromate
have wide applications in different textile and food
industries [2, 3]. Investigation declares reduction of
bromate in water to yield bromide by the reaction with
reduced forms of iron i.e. Fe (II), and, or, Fe (0)[4, 5].
Bromate with redox potential of 1.44 V [6] is a
valuable chemical reagent, widely used as a powerful
oxidizing agent. Kinetics of its reactions in acidic media
is complex. In acidic medium Bromate has been widely
used in the oxidations of various organic and inorganic
compounds [7-14]. Oxidation of aquoiron (II) by
bromate has been reported [15]. Simple and mixed
second order kinetics with complex hydrogen ion
dependence was suggested for this redox reaction.
Oxidation of various metal ions by bromate ion has also
been studied [16-20], these investigations include Ce3+,
Mn2+, Np5+, VO2+, V3+, V2+, Hg0, and U4+ as the
reducing agents.
The kinetics of the oxidation of transition
metal complexes specifically the substitution inert
complexes by bromate ion remained in focus of
different researchers. These studies involved the high
acidity regions of limited concentrations, where
autocatalytic behavior is obvious, which was attributed
to the bromine formation in the reactions. Kinetics and
mechanism of oxidation of hexachloroiridate (III) [21]
by bromate ion has been studied at high acidity (0.050.5 mol dm-3), 0.5 M ionic strength and at 25ᵒC. No
partial or totally autocatalytic behavior was observed. A
few reports appeared that probe the oxidation of iron(II)
complexes
such as [Fe(phen)3]2+ [Fe(CN)6]4, [Fe
2–
(bipy)(CN)4] , and [Fe(bipy)2(CN)2] by bromate in a
*

To whom all correspondence should be addressed.

low pH range, from 0.2 to 2.5[22-25]. The kinetics of
the oxidation of diaquotetrakis (2, 2ʹ-bipy)-µoxodiruthenium (III) ion by bromate in aqueous
perchloric medium has been investigated [26]. The
reaction was proposed to occur by parallel acidindependent and acid dependent pathways suggesting
H2BrO3+ and BrO3- as the reactive bromate species. Both
pathways follow outer-sphere mechanism. The
suggested rate law is:


d  RuORu
dt

4 



 5 k  k H H




  BrO  RuORu


2

3

T

4



Birk and Kozub [25] pursued the kinetics of
the redox reaction between [Fe (bipy)3]2+ and BrO3–
under the condition of an excess concentration of
bromate as well as protons (0.05-0.494 M). The reaction
was concluded to be autocatalytic that proceeds by an
outer - sphere mechanism. Suggestions and proposals
were given on the basis of a few uncertain assumptions
by considering the other Fe (II) complexes.
According to the surveyed literature, no further
studies at high pH range are available for this reaction
system. We, therefore, focus upon the kinetics of the
redox reaction between [Fe (bipy) 3]2+ and bromate in
the moderate acidic medium within the pH range 3.5 –
5.0. This study brings to surface the issues and reasons
behind them, which were not elucidated in previous
studies.
Experimental
Materials & Methods
All the chemicals used that include 2, 2΄ bipyridine (CMS, UK), ferrous ammonium sulfate
hexahydrate (Merck), sodium sulfate (Merck), sodium
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acetate (Merck), acetic acid (Merck) and Potassium
bromate (Merck), were of analytical reagent grade (AR)
and of the highest purity available. Distilled and
deionized water was used for preparation of solutions.
All of the spectroscopic measurements were
carried out with Shimadzu UV-1800, UV-Visible
spectrophotometer using quartz cells equipped with a
thermostated cell holder. pH measurements were done
on digital HANNA pH meter (HI-8314 model) using
combined glass electrodes, HI-1332 and digital pH –
meter (1990 Orion research Inc Boston, MA02129
USA). Thermostat bath (HAAKE KT33) was used for
maintaining the temperature of reagents before mixing.
Synthesis and Characterization of tris (2, 2-bipyridine)
iron (II) sulphate
Tris (2, 2-bipyridine) iron (II) sulphate
complex was synthesized by the method [27]. The
complex was characterized on the basis of UV/visible
spectrum by monitoring absorption spectrum and the
absorption maximum by employing Shimadzu UV1800,
UV-Visible
recording
spectrophotometer.
The
absorption maximum (λmax) of complex was found to be
522 nm. While, the molar extinction coefficient (ε) of
complex was calculated through plotting a working
curve of absorbance as a function of concentration at
λmax 522 nm by considering Beer–Lambert’s law (A = ε
b c), where, A=absorbance of absorbing species, ε =
molar extinction coefficient, b=cell path length and
c=concentration of absorbing species. The curve yields ε
as 8600 dm3 mol-1 cm-1. This value is in close agreement
with the one mentioned in literature [28].
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equivalent to pseudo-first order rate constant (kobs). All
the plots were linear to a more than 50% completion of
the reaction with an intercept.
Results and Discussion
Effect of Variation in the Concentration of tris (2, 2bipyridine) iron (II) on kobs
Different sets of experiment were performed to
study the influence of variation in the concentration of
the complex on the rate of reaction. The kinetic runs
were carried out by varying the concentration of [Fe (2,
2′-bipy) 3]2+ from 1.0×10-5 to 5.0×10-4 mol dm-3
keeping all other experimental conditions constant such
as [BrO3–] (1.0 × 10-3 mol dm-3), pH (3.8) and μ (0.01
mol dm-3). The observed pseudo-first order rate constant
(kobs) was found to be independent of [Fe (2, 2′-bipy)3] 2+
(Table-1, Fig 1). This pattern confirms the first order
with respect to [Fe (2, 2-bipy)3]2+.
Table-1: Dependence of pseudo first order rate constant
(kobs) on [Fe (2, 2-bipy)3]2+.
S. No.

[Fe(2,2-bipy)3]2+ / 10-4 mol dm-3

-2

k

obs

/ 10

-1

(s )

1
0.1
2.50
2
0.2
2.52
3
0.4
2.60
4
0.6
2.50
5
0.8
2.52
6
1.0
2.50
7
3.0
2.53
8
4.0
2.50
9
5.0
2.50
-3
-3
-3
BrO3 ]=1.0×10 mol dm , pH = 3.8, μ = 0.01 mol dm , T = 300 K,
λmax=522 nm

Procedure
The reaction between [Fe (2, 2′-bipy)3]2+ and
BrO3 was performed under pseudo-first order condition.
The concentration of BrO3- was always in excess over
[Fe (2, 2′-bipy)3]2+. The pH of the solution was acquired
to the desired value by sodium acetate-acetic acid buffer
that helped to maintain acidic medium within the range
from 3.5 to 5.0. Sodium sulphate was used to maintain
the ionic strength in the reaction mixture, and to provide
a range from 0.01 to 0.1 mol dm-3. The reactants such as
[Fe (2, 2′-bipy)3]2+, BrO3– , Na2SO4 and buffer were
mixed in the quartz cell (1 cm) to a total volume of 3-ml
to retain different ratios. The temperature of the reaction
was maintained at 300 K.
-

The kinetic measurements were performed
spectrophotometrically. A change in the optical density
of complex at 522 nm was recorded as a function of
time (with a difference of 1 second) for each set of
reaction. The value, 522 nm, is the wavelength of
maximum absorption of [Fe (2, 2′-bipy)3]2+. The rate
constants were evaluated by following integrated rate
equation. A plot of ln At versus time yields a slope

Fig. 1:

A Plot of pseudo-first order rate constant (kobs)
versus [Fe (2, 2′-bipy) 3]2+ for redox reaction
between [Fe (2, 2′-bipy) 3]2+ and [BrO3-] at pH
3.8, 0.01 mol dm-3 ionic strength and at 300 K
temperature.

Effect of Variation in Concentration of Bromate on kobs
To study the sway of variation in concentration
of bromate (1 × 10–2 to 8×10–4 mol dm-3) over the rate
of reaction, all the experimental conditions were kept
constant. The concentration of [Fe (2, 2′-bipy)3]2+
(1×10-4 mol dm-3), pH (3.8), and µ (0.025 mol dm-3)
were fixed. Sodium sulphate (Na2SO4) was used to
maintain the ionic strength of the reaction system.
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Different sets of experiments were performed. The
observed absorbance-time data was plotted as ln At
versus time. The values of pseudo first order rate
constant kobs were evaluated from the gradient of these
plots (Table-2). Results show that the value of the rate
constant increases with increasing concentration of
bromate up to a saturation point at higher
concentrations. When the values of kobs for different sets
of experiments were plotted as a function of [BrO3-] (Fig
2), a nonlinear curve is obtained. This reflects
involvement of more than a single species of bromate
ion in the reaction. Bromate is very well known to be
protonated in acidic medium, and yields mono/diprotonated species [29]. According to the revealed
studies [30] HBrO3 and H2BrO3+ are the existing species
of Br (V) in moderately strong acid medium. The
saturation point at higher concentrations of bromate ion
helps to recognize the leading character of the
protonated species, as a fixed pH provides a limiting
factor to protonation. Whereas, a plot of 1/kobs versus
1/[BrO3-] is linear with a positive and non-zero intercept
(Fig 3) which is indicative of ion pair formation
between charged species.

Table-2: Dependence of pseudo first order rate constant
(kobs) on [BrO3-].
S. No.
[BrO3-] / 10-3 mol dm-3
kobs / 10-2 (s-1)
1
0.8
3.34
2
1.0
4.01
3
2.0
6.7
4
3.0
8.6
5
4.0
10.1
6
7.0
12.8
7
10.0
13.3
[Fe (2, 2-bipy)3]2+ =1×10-4 mol dm-3, pH = 3.8, μ = 0.025 mol dm-3, T =
300 K, λmax=522 nm

Effect of the Concentration of Protons on kobs
To investigate the dependence of the rate of
reduction of bromate on [H+], various sets of
experiments were performed by varying pH from 3.5 –
5.0. The pH was maintained by sodium acetate - acetic
acid buffer under fixed experimental conditions ([Fe (2,
2-bipy)3] 2+ = 1 × 10-4 mol dm-3, [BrO3–] = 4 × 10-3 mol
dm-3, μ = 0.025 mol dm-3). Values of pseudo first order
rate constant were obtained from gradient of the plots of
lnAt versus time (Table-3). A plot of kobs versus [H+] was
non-linear (Fig. 4), while a plot of 1/kobs versus 1/ [H+]
is linear with a non-zero intercept (Fig. 5). The linearity
of the curve is an indication of the leading role of
protonated bromate species in the rate-determining step.
The intercept, however represents the involvement of
deprotonated bromate ion (BrO3–). Stooping of the
linear pattern at higher concentrations of protons is
justifiable considering the fixed concentration of
bromate ions in the reaction mixture, which acts as the
limiting reactant.
Table 3: Dependence of pseudo first order rate constant
(kobs) on [H+]
S. No.

[H+] / 10-4 mol dm-3

-2

k

obs

Fig. 2: A Plot of pseudo-first order rate constant (kobs)
versus [BrO3-] for redox reaction between [Fe
(2, 2′-bipy) 3]2+ and [BrO3-] at pH 3.8, 0.025
mol dm-3 ionic strength and at 300 K
temperature
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1
2
3
4
5
6
7
8
9
10

3.16
2.51
1.995
1.58
1.00
0.631
0.398
0.251
0.158
0.100

/ 10

-1

(s )

10.56
10.43
10.30
10.10
9.52
8.71
7.71
6.53
5.26
6.70

[Fe (2, 2-bipy)3]2+ =1×10-4 mol dm-3, [BrO3-]= 4×10-3 mol dm-3, μ
= 0.025 mol dm-3 , T = 300 K
λmax=522 nm

Fig. 4:
Fig. 3:

A Plot of 1/kobs versus 1/[BrO3-] for electron
transfer reaction between [Fe (2, 2′-bipy) 3]2+
and [BrO3-].

A Plot of pseudo-first order rate constant (kobs)
versus [H+] for redox reaction between [Fe (2,
2′-bipy) 3]2+ and [BrO3-] at 0.025 mol dm-3
ionic strength and at 300 K temperature.
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Proposed Reaction Mechanism
The stoichiometry of the oxidation reaction of
[Fe(bipy)3]2+ by BrO3-, when BrO3- >> [Fe(bipy)3]2+,
established earlier in the preliminary part of experiment
by following the procedure [24]. Stoichiometry was
found to be 6:1 as shown in equation(1):
6[Fe((2,2′-bipy)3] 2++BrO3 -+6H+ → 6 [Fe ((2,2′bipy)3] 3+ +Br- + 3H2O
(1)
Fig. 5:

A Plot of 1/kobs versus 1/[H+] for electron
transfer reaction between [Fe (2, 2′-bipy) 3]2+
and [BrO3-].

Influence of Ionic Strength on kobs
Primary kinetic salt effect on the rate of
reaction was investigated by adding inert salt Na2SO4 to
the reaction mixture to maintain the ionic strength
within the range, 0.01- 0.1 mol dm-3. The influence of
ionic strength over the observed rate constant was
monitored at fixed conditions i.e., [Fe (2, 2-bipy)3]2+ =
1 × 10-4 mol dm-3, [BrO3–] = 1.0 × 10-3 mol dm-3, pH =
3.8. An increasing value of the rate constant upon
scaling ionic strength (Table-4) confirms the
involvement of the positively charged ions in the ratedetermining step. This observation verifies [Fe (2, 2bipy)3]2+ and H2BrO3+ as the active species to control the
rate of reaction. When a graph is plotted between log
kobs and √µ, a straight line with a positive slope is
obtained (Fig. 6). The gradient of the line yields ZAZB as
+1.60, which is very close to the expected value +2.

According to the obtained data and concluded
results, we propose an initial protonation of the bromate
ions to yield a neutral monoprotonated and diprotonated
bromate species[29], as follows:

K1
BrO 3  H  
HBrO 3      (2)
     (2)
K2
HBrO 3  H  
H 2 BrO 3




(3)    ( 3)

On the basis of evidences gathered from our
data and in view of literature, we therefore propose the
following reaction scheme. Where, equations 4 and 5
are suggested to be the rate-determining steps.

k
Fe 2,2' bipy 3 2   HBrO 3 
Pr oduct  (4)


k
Fe 2 , 2 ' bipy 3 2   H 2 BrO 3  
IP 3  (5)
 (
1

2

k2
Fe  2 , 2 ' bipy
IP 3  


 3 2 

 H 2 BrO


3

   (6)
       (6)

where, IP3+ (Ion Pair) = (  Fe  ( 2 , 2 '  bipy  3  .
and k2/k-2=Kip (Ion pair formation constant)

H 2 BrO

3

) 3



IP 3  Pr oduct            ( 7 )

(7)
Considering the kinetic data we propose the
following rate equation:
Rate  k 1  Fe  ( 2 , 2 '  bipy

 3 2



[ HBrO

3

]

k 2 K ip  Fe  ( 2 , 2 '  bipy

 3 2



[ H 2 BrO 3 ] 

(1  K ip [ H 2 BrO 3 ] 

      8 

(8)
where, Kip =ion pair formation constant.
Fig. 6:

Plot of log kobs versus √µ, in order to determine
the influence of ionic strength on pseudo-first
order rate constant (kobs) for the electron
transfer reaction between [Fe (2, 2′-bipy) 3]2+
and [BrO3-] at pH 3.8 and 300 K temperature.
Table-4: Dependence of pseudo first order rate constant
(kobs) on Ionic Strength of Medium.
S. No.

μ / 10-2 mol dm-3

-2

k

obs

/ 10

-1

s

(μ)1/2

log k

1
1.0
2.50
0.105
2
2.0
3.63
0.141
3
2.5
4.01
0.158
4
3.0
4.40
0.173
5
5.0
4.80
0.224
6
6.0
5.40
0.245
7
7.0
5.90
0.265
8
9.0
6.20
0.300
-3
-3
2+
-4
[BrO3 ]=1.0×10 mol dm , [Fe(2,2-bipy)3] =1×10 mol dm-3,
T = 300 K, λmax=522 nm

obs

-1.60
-1.44
-1.40
-1.36
-1.32
-1.27
-1.23
-1.21
pH = 3.8,

The equilibrium between monoprotonated
bromate complound and diprotonated bromate ion is
considered;


K2 

[ H 2 BrO 3 ]
[ HBrO 3 ][ H  ]

                   (9 )

(9)
where, [HBrO3] is the molar concentration of
monoprotonated bromate species in the reaction
mixture.
By rearranging equation(9), we get
equation(10) as follows:


[ HBrO3 ] 

[ H 2 BrO3 ]
                       (1
K 2 [H  ]
(10)

Inserting the value of [HBrO3] from equation (10) in
equation (8) we get equation (11)
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