
Republic of Iraq 
Ministry of Higher Education  
And Scientific Research 
Al-Nahrain University 
College of Science 
Department of Chemistry 
 

 

 

 

 

 

 

EELLEECCTTRROONNIICC  SSPPEECCTTRROOSSCCOOPPYY  OOFF  

SSOOMMEE  TTRRAANNSSIITTIIOONN  MMEETTAALL  IIOONN  

CCOOMMPPOOUUNNDDSS  IINN  AA  NNEEWW  IIOONNIICC  LLIIQQUUIIDD  
 

 

 

 

A Thesis 
Submitted To The College of Science Al-Nahrain 

University As a Partial Fulfillment of The Requirements 
For The Degree of M. Sc. In Chemistry 

 

 
By: 

 
ZENA NATHEER RAJAB 

 

(B.Sc. 2009( 

 

Supervised by 

      DR. HADI M. A. ABOOD 

 

 

 

 

 

 



Supervisor Certification 
 
 

I certify that this thesis was prepared under my supervision in the 

Department of Chemistry, College of Science, Al-Nahrain University as a 

partial requirements for the Degree of Master of Science in Chemistry.      

 

 

Signature:                

Name: Assistant Prof.  

              Dr. Hadi M. A. Abood 

                                                                                                     

  

 

 
  In view of the available recommendations, I forward this thesis for 

debate by the Examining Committee.                                                          

 

 

 

                            

Signature:                              

Assistant Prof.  

Dr. Hilal S. Wahab 

Head of  Chemistry Department, 

Collage of Science,  

Al-Nahrain University.                                             

 
 

 

 

 

 



Committee certification  
 

 

We, examining committee, certify that we have read this thesis and 

examined the student in its content, and that in our opinion it is adequate 

with standing as a thesis for the Degree of M. Sc. in Chemistry.  

Chairman                                                                 Member  

Name:                                                                        Name:  

Signature:                                                                  Signature:  

Date:    /     /2012                                                       Date:    /     /2012 

Member                                                                    Supervisor/Member        

Name:                                                                        Name:  

Signature:                                                                  Signature:  

Date:    /     /2012                                                       Date:    /     /2012 

 

 

 

Approved for the College of Graduate Studies 
           

Name: 

Signature:  

Dean of the College of Science Al-Nahrain University  

Date: 

 

 

 
 
 

 



     بسم الله الرحمن الرحيم                                          

 
 {و علمك مالم تكه تعلم وكان فضل الله عليك عظيما}

 
صدق الله العظيم                                                                                                     

النساء  ةسور                                                                                                            

  (113)الآية 
 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



Dedication: 
 

 

To my : 

 

        Family and fiancé (Husam  Ekrayym) 

 

 

 

 

 

 

 

 

 

 

 

 

 

                                                                  Zena 

 

 

 

 

 

 

 



Acknowledgement 

 

  First of all, thanks to Allah for his blesses. I wish to express my 

deepest gratitude and great appreciation to my supervisor, Dr. Hadi 

M. A. Abood for suggesting this project, his valuable guidance, 

advice and continuous encouragement throughout my study.  

  Sincere thanks are due to the Chemistry Department, Al- 

Nahrain University and to Staff of the department, specially the head 

of the department Dr. Hilal S. Wahab.  

My deepest thanks and appreciation to my lovely family, for 

their patience with me, and for their financial and moral support.  

Finally, sincere thanks and deep respect go to all my doctors for 

there support. Thanks to my friend Asmaa and to all my friends for 

their help and support.  

 

                                                                                               Zena N. Rajab 

                                                                                           2012 

 

 

 

 

 

 



Abstract: 

The behavior of some transition metal cations [Cr (III), Fe (III), Fe 

(II), Co (II), Ni (II) and Cu (II)] were investigated in ammonium alum-

urea ionic liquid. The study was followed by UV-Visible electronic 

spectroscopy to establish their coordination geometry in the liquid and 

estimate the ionic species attached to the transition metal cations.  

The reactivity of the metal cations were found to vary from one to 

another. Chromium (III) cation was found, (as expected) to be in 

octahedral geometry with ionic liquid species and was inert toward the  

addition of ligands. Similarly iron (III) did not show a tendency to react 

with added ligands, yet charge transfer was prevailed. However, 

interesting iron (II) showed high spin octahedral coordination with 

thiocyanate ion but a low spin octahedral complex with nitrite ion. 

Cobalt (II) showed an interesting behavior in alum-urea ionic 

liquid, as it coordinated in an octahedral geometry with its ionic species. 

A gradual geometrical changes were appeared as a major change in their 

spectra most probably forming a mixture of two species tetrahedral with 

some original octahedral complex when its solution was studied with 

increasing thiocyanate ion concentration up to 35 thiocyanate:1 cobalt 

mole ratio.  

The solubility limit of nitrite in ionic liquid ceased the concentration ratio 

of nitrite : cobalt to be 5:1. 

Nickel (II) also showed an octahedral geometry behavior in ionic 

liquid species. It reacts with added ligands particularly when the 



concentration of thiocyanate ion : Ni (II) increased up to 30 to 1 mole 

ratio, the color changed from pale green to olive-green solution. 

Cupper (II) cation showed a clear blue solution and its spectra are 

assigned to be octahedral geometry, while the added nitrite did not show 

color change but less absorbance was recorded. However, thiocyanate ion 

seems to react with cupper (II) ionic liquid solution producing suspended 

green solution with much less absorbance than with ionic liquid.      

Interestingly, the water molecules present in the original 

ammonium alum was not found to coordinate with metal cations as their 

spectra was found to differ when compared with those obtained in 

aqueous solution. 
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1.1 Green chemistry:- 
 

Green chemistry, (also called sustainable chemistry), is the use of 

chemistry for pollution prevention or, green chemistry is the design of 

chemical products and processes that reduce or eliminate the use and 

generation of hazardous substances. Green chemistry is a highly effective 

approach of pollution prevention because it applies innovative scientific 

solutions to real-world environmental situations. 
[1,2]  

Green solvents are environmentally friendly solvents or bio 

solvents, which may be derived from the processing of agricultural crops. 

Ethyl lactate, for example is a green solvent derived from processing 

corn. 
[3]

  

Ethyl lactate is a particularly attractive solvent for the coatings industry 

as a result of its high solvency power, high boiling point, low vapor 

pressure and low surface tension. It is a desirable coating for wood, 

polystyrene and metals and also acts as a very effective paint stripper and 

graffiti remover. Ethyl lactate has replaced solvents including toluene, 

acetone and xylene, which has resulted in the workplace being made a 

great deal safer. 
[4]

 The uses of petrochemical solvents are the key to the 

majority of chemical processes but not without severe implications on the 

environment. The use of toxic solvents contributes to air emission of 

volatile organic compounds (VOCs); they are now considered as 

environmentally unacceptable. 
[5]

 

The Montreal Protocol identified the need to re-evaluate chemical 

processes with regard to their use of VOCs and the impact that VOCs has 

on the environment. Green solvents were developed as a more 

environmentally friendly alternative to petrochemical solvents. 
[6]

  

Alternative promising areas of research in the replacement of the use of 

VOCs in industry include the application of supercritical carbon dioxide 



and ionic liquids as alternative solvents ,both of which have proved to 

have valuable applications. 
[7]

 The use of new ionic liquid alum such as 

(AlNH4(SO4)2.XH2O, Al2(SO4)3.XH2O and AlK(SO4)2.XH2O) with urea 

considered useful as a green solvent because it has a low vapor pressure 

and stable when it is exposed to air or moisture.
[8]

  

 

1.2 Molten salts ionic liquids:- 

Molten Salt is a rather dreadful name for an otherwise useful 

category of materials and processes. The term "Molten Salt" is self-

descriptive; it is melted salt(s). Another common name is Fused Salt(s).
[9]

 

The simplest example of a molten salt would be sodium chloride 

and heated to a red heat (greater than 801°C, or 1474°F) to melt into a 

liquid. This liquid is stable, has a heat capacity similar to water (by 

volume) and flows much like water does. The major differences are the 

obvious higher temperatures attainable in the molten salt state and when 

the salt solidifies (freezes) it contracts versus expanding like water. Thus, 

molten salt freezing in a pipe would not burst as water would.
 
The other 

examples of molten salts are: LiCl/KCl which are melt at 450°C (binary 

system), LiCl/NaCl/KCl melt at 383°C (ternary system).
 
Salts are simple, 

usually ionic (that is the chemical bonds are a simple ionic type) and 

stable compounds. The most common example is sodium chloride 

(NaCl). Both sodium and chlorine are notoriously reactive; sodium is one 

of the most electropositive substances (wants to lose an electron) and 

chlorine one of the most electronegative substances (wants to take an 

electron). These two opposite substances readily join to form stable 

sodium chloride via a strong ionic bond.
 [10]

  

 



Ionic liquids and room temperature ionic liquids 

(RTILs):- 

 

An ionic liquid (IL) is a salt in the liquid state. In some contexts, 

the term has been restricted to salt whose melting point is below some 

arbitrary temperature, such as 100 °C (212 °F). IL is largely made of ions 

and short-lived ion pairs. These substances are variously called liquid 

electrolytes, ionic melts, ionic fluids, fused salts or liquid salts. The ionic 

bond is usually stronger than the Vander Waals forces between the 

molecules of ordinary liquids. For that reason, common salts tend to melt 

at higher temperatures than other solid molecules. Some salts are liquid at 

or below room temperature.
 [11] 

 

Low-temperature ionic liquid can be compared with the ionic 

solutions, liquids that contain both ions and neutral molecules, and in 

particular so-called deep eutectic solvents, mixtures of ionic and non-

ionic solid substances which have much lower melting points than the 

pure compounds. Certain mixtures of nitrate salts can have melting points 

below 100 °C.
 [12]

  

The discovery date of the "first" ionic liquid is disputed, along with 

the identity of its discoverer. Ethanol-ammonium nitrate (m.p. 52-55 °C) 

was reported in 1888 by S. Gabriel and J. Weiner.
[13]

 One of the earliest 

truly room temperature ionic liquids was ethyl ammonium nitrate 

[C2H5NH3
+
NO3

-
](m.p. 12 °C), synthesized in 1914 by Paul Walden.

[14]
 In 

the 1970s and 1980s ionic liquids based on alkyl-substituted imidazolium 

and pyridinium cations, with halide or trihalogenoaluminate anions, were 

initially developed for use as electrolytes in battery applications.
[15,16]

 

An important property of the imidazolium halogenoaluminate salts is that 

their physical properties: such as viscosity, melting point, and acidity, 
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could be adjusted by changing the alkyl substituents and the 

imidazolium/pyridinium and halide/halogenoaluminate ratios.
[17]

  

 In 1992, Wilkes and Zaworotko obtained ionic liquids with 'neutral' 

weakly coordinating anions such as hexafluorophosphate (PF6
-
) and 

tetrafluoroborate (BF4
-
), allowing a much wider range of applications.

[18]
  

Latter a new class of air and moisture–stable, ionic liquids based on 1-

ethyl-3-methylimidazolium cation with either tetrafluoroborate or 

hexafluorophosphate as anions.
[18] 

Unlike the chloroaluminate ionic 

liquids, these ionic liquids could be prepared and safely stored outside of 

an inert atmosphere.
 
Generally, these ionic liquids are water insensitive, 

however, the exposure to moisture for a long time causes some change in 

their physical and chemical properties. 
[19]

 

Abbott et. al. 
[20] 

prepared a new class of air and moisture stable 

ionic liquids based on choline chloride, a green chemistry of such ionic 

liquids were demonstrated particularly in the metal process such as metal 

winding coating, this process offered much safer conditions and good 

quality for the manufacture . 

Different type of choline chloride based on liquids with metal 

chlorides with hydrated or anhydrous were synthesized and each were 

used in particularly for their constituent, metal coating such as chrome, 

nickel, copper, zinc ….etc. 
[21,22] 

   

Development of chloroaluminate was not halted at replacing the 

imidazolium or pyridinium by the less sensitive boron tetrafluoride or 

phosphate hexafluoride ions.  

Most recently new ionic liquids based on aluminum chloride were 

prepared by Abood,
[23]

 when it combined with either urea or acetamide or 

trimethyl urea. These ionic liquids are much stable than chloroaluminate 

ionic liquids, offering relatively cheaper, easily prepared ionic liquids 

http://en.wikipedia.org/wiki/Alkyl
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with promising similar properties in at least its catalytic properties for 

organic reactions and aluminum metal coating on copper substrate . 

In our laboratory a nother new type of ionic liquid were prepared 

from alum sulfate instead of alum chloride due to there ease of handling, 

cheaper, greener and availability of these compounds in variable 

industrial applications such as water purification. Alum of the type 

NH4Al(SO4)2.XH2O and KAl(SO4)2.XH2O with urea or acetamide offered 

a room temperature ionic liquid with highly moisture and air stable 

characterization. As this is green ionic liquid as it expected to be used in 

variable process such as metal coating as it offer good media for some 

insoluble compounds in aqueous media to be dissolve easily this ionic 

liquid such as silver sulfate.
[8] 

  

There are many ways to prepare different types of ionic liquid such 

as: 

1- Metathesis reactions: are good candidates to prepare new ionic liquids 

for the first time, however, they can leave the ionic liquids contaminated 

with small amounts of halide ions that may react with solute materials.
[24] 

        [EMIM]I + Ag[BF4]  →   [EMIM][BF4] + AgI    m.p. (12°C ).
[25]

 

 

2- Acid-base neutralization reaction: tetraalkylammonium sulfonates have 

been prepared by mixing equimolar amounts of the sulfonic acid and the 

tetraalkylammonium hydroxide, the excess water was removed by 

vacuum.
[24] 

        RSO3H + [R4N] [OH] → [R4N] [RSO3] + H2O 

 

 



3- The final method for synthesis of ionic liquids is direct combination of 

a halide salt with a metal halide
 [24]

, such as:
 

        AlCl3 + [EMIM]Cl → [EMIM]
+
  +  AlCl4

-
 (basic part).

[26]
 

 

1.4. General characteristics of ionic liquids:- 

Ionic liquids are often moderate to poor conductors of electricity, 

non-ionizing (e.g. non-polar),
 
 highly viscous and frequently exhibit low 

vapor pressure, their other properties are diverse: many have low 

combustibility, excellent thermal stability: some ionic liquids (such as 1-

butyl-3-methylimidazolium nitrate) generate flammable gases on thermal 

decomposition, thermal stability and melting point depend on the liquid's 

components.
 [27]

  

Ionic liquids have been defined to have melting point below 100 ºC 

and most of them are liquid at room temperature, both cations and anions 

causes the low melting points of ionic liquids and the increase in anion 

size leads to decrease in melting point.
 [28]

  

Ionic liquid have wide liquid regions, and favorable solvating 

properties for a range of polar and non-polar, useful in many classes of 

chemical reactions, such as Diels-Alder reactions and Friedel-Crafts 

reactions, which can be performed by using ionic liquids as solvents. 

Recent work showed that ionic liquids can serve as solvents for 

biocatalysis, and the miscibility of ionic liquids with water or organic 

solvents vary with side chain lengths on the cation and with choice of 

anion, they can be functionalized to act as acids, bases or ligands, and 

have been used as precursor salts in the preparation of stable carbenes 

because of their distinctive properties, they have low nucleophilicity and 
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capability of providing week coordinating or non-coordinating 

environment.
 
The stability of ionic liquids, at least at a certain extent, is 

crucial for optimum process performance. Several studies have indicated 

that although not 100% inert, certain ionic liquids incorporating 1,3-

dialkyl imidazolium cations are generally more resistant than traditional 

solvents under certain harsh process conditions, such as those occurring 

in oxidation, photolysis and radiation processes.
[27] 

High quality ionic liquids incorporating [BMIM]
+
 cation and a 

variety of anions, such as [PF6]
−
, [BF4]

−
, [CF3SO3]

−
, [CF3CO2]

−
 and 

[(CF3SO2)2N]
−
 have been reported to be colorless, even though they are 

not 100% pure, the color of less pure ionic liquids generally ranges from 

yellowish to orange, the formation of the color was attributed to the use 

of raw materials with color or excessive heating during the synthesis, 

a number of precautions for synthesis of colorless ionic liquids have been 

described, and a procedure for removal of color from impure ionic liquids 

using acidic alumina and activated charcoal has also been proposed.
 [29,30]

  

 

Ionic liquids are attracting increasing attention in many fields, 

including organic chemistry, electrochemistry, catalysis, physical 

chemistry, and engineering. 
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1.5. Some applications of ionic liquid:- 
 

 

1- Homogeneous and heterogeneous catalysts:-  

Ionic liquids offer the advantage of both homogeneous and heterogeneous 

catalysts because selected ionic liquids can be immiscible with the 

reactants and products but dissolve the catalysts.
[31]  

This has the advantages of a solid for immobilizing the catalyst, with             

the advantages of a liquid to allow the catalyst to move freely.  

 

2- Biological reactions media:- 

Enzymes are also stable in ionic liquids, giving the possibility for ionic 

liquids to be used in biological reactions, such as the synthesis of 

pharmaceuticals.
 [31] 

 

  

3- Treatment of high-level nuclear wastes:- 

Ionizing radiation does not affect ionic liquids, so they could be                            

used to treat high-level nuclear wastes. [31] 

 

4- Removing of metal ions:- In another application, Davis and Rogers 

have designed and synthesized several new ionic liquids to remove 

cadmium and mercury from contaminated water, when the water-

insoluble ionic liquids come in contact with contaminated water, they 

snatch the metal ions out of water and sequester them in the ionic 

liquid.
[31] 

 

 

5- Purification of gases :-
 

Ionic liquids can selectively dissolve and remove gases and could be used 

for air purification on submarines and spaceships.
[31] 

 

http://lem.ch.unito.it/didattica/infochimica/Liquidi%20Ionici/GasPurification.html


6- Synthesis of coordination complexes:- 

Reports of direct synthesis of coordination complexes in ionic liquids are 

oxo-exchange chemistry, exposure of chloroaluminate ionic liquid to 

water leads to formation of aluminum oxo- and hydroxo-containing 

species, dissolution of more oxophilic metals than aluminum will 

generate metal oxohalide species. Hussey et al. used phosgene [COCl2] to 

deoxochlorinate [NbOCl5]
2-

, as shown in equation (1): 
[32] 

NbOCl5
2- COCl2

O2-
NbCl6

-

[ ] [ ]
……………(1) 

Triphosgene has been used to deoxochlorinate [VO2Cl2]
-
 to [VOCl4]

2-
 

then to [VCl6]
3-

 in both cases the deoxochlorination was accompanied by 

spontaneous reduction of the initial products, as shown in equation (2): 

[32]
  

VO2Cl2
- triphosgene

PhIO
VOCl4

2- triphosgene

O2

VCl6

3-

[ ] [ ] [ ]
………………..(2) 

 

7- Synthesis of organometallic compounds:- 

The imidazolium-based ionic liquids being used to prepare metal 

imidazolylidene complexes.
 

The first came from Xiao et al., who 

prepared bis(imidazolylidene) palladium(II) dibromide in [BMIM]Br, as 

shown in equation (3): 
[32] 



Pd(OAc)2

[BMIM]Br

N

N

PdBu

Me

Br

Br Br

Pd

Br

N

N
Me

Bu

N

N

N

N

Pd

N

N

Bu Me

BuMe

X X

N

N
Me

Bu

Me

Pd

Bu

X

X

..(3) 

And [BMIM]I-AlCl3 used in acylation of ferrocene, as shown in equation 

(4): 

Fe Fe

R

O
Fe

R

O

R

O

RCOCl or (RCO)2O

[EMIM]I-AlCl3

+

……(4) 

 

8- Formation of oxides:-  
 

Recently, there has been some attention given to the preparation of oxides 

from solutions in ionic liquids. The first of these was the formation of a 

silica aerogel in [EMIM] [Tf2N], as shown in equation (5):
 [32]

 

 

2HC(O)OH + (CH3O)4Si
[EMIM]

 [Tf2N]

SiO2 + 2CH3OH + 2HC(O)OCH3

………...(5) 

 

 

1.6.1.  Coordination chemistry:- 
 

Coordination chemistry or metal complex, is an atom or ion 

(usually metallic), bonded to a surrounding array of molecules or anions, 

http://en.wikipedia.org/wiki/Chemical_bond


that are in turn known as ligands or complexing agents. Many metal-

containing compounds consist of coordination complexes. 
[33,34]

  

The central atom or ion, together with all ligands comprises the 

coordination sphere. The central atoms or ion and the donor atoms 

comprise the first coordination sphere. 
[35,36]

 

The ions or molecules surrounding the central atom are called ligands. 

Ligands are generally bound to the central atom by a coordinate covalent 

bond (donating electrons from a lone electron pair into an empty metal 

orbital), and are said to be coordinated to the atom.
[37]

  

In coordination chemistry, a structure is first described by its 

coordination number, the number of ligands attached to the metal (more 

specifically, the number of donor atoms). Usually one can count the 

ligands attached, but sometimes even the counting becomes ambiguous. 

Coordination numbers are normally between two and nine, but large 

numbers of ligands are not uncommon for the lanthanides and actinides. 

The number of bonds depends on the size, charge, and electron 

configuration of the metal ion and the ligands. Metal ions may have more 

than one coordination number.
[36] 

Typically the chemistry of complexes is dominated by interactions 

between s and p molecular orbitals of the ligands and the d orbitals of the 

metal ions. The s, p, and d orbitals of the metal can accommodate 18 

electrons. The maximum coordination number for a certain metal is thus 

related to the electronic configuration of the metal ion (to be more 

specific, the number of empty orbitals) and to the ratio of the size of the 

ligands and the metal ion. Large metals and small ligands lead to high 

coordination numbers, e.g. [Mo(CN)8]
4-

. Small metals with large ligands 

lead to low coordination numbers, e.g. Pt[P(CMe3)]2. Due to their large 

size, lanthanides, actinides, and early transition metals tend to have high 

coordination numbers.
[38]
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Different ligand structural arrangements result from the 

coordination number. Most structures follow the points-on-a-sphere 

pattern (or, as if the central atom were in the middle of a polyhedron 

where the corners of that shape are the locations of the ligands), where 

orbital overlap (between ligand and metal orbitals) and ligand-ligand 

repulsions tend to lead to certain regular geometries, but there are many 

cases that deviate from a regular geometry, e.g. due to the use of ligands 

of different types (which results in irregular bond lengths; the 

coordination atoms do not follow a points-on-a-sphere pattern), due to the 

size of ligands, or due to electronic effects.
[39]

 

The idealized descriptions of 5-, 7-, 8-, and 9- coordination are 

often indistinct geometrically from alternative structures with slightly 

different L-M-L (ligand-metal-ligand) angles. The classic example of this 

is the difference between square pyramidal and trigonal bipyramidal 

structures.
[39] 

 

Due to special electronic effects such as (second-order) Jahn-Teller 

stabilization, certain geometries are stabilized relative to the other 

possibilities, e.g. for some compounds the trigonal prismatic geometry is 

stabilized relative to octahedral structures for six-coordination. 
[38]

 

  

1.6.2.  Electronic properties:- 

Many of the properties of metal complexes are dictated by their 

electronic structures. The electronic structure can be described by a 

relatively ionic model that ascribes formal charges to the metals and 

ligands.  

The electronic configuration of the complexes gives them some 

important properties: 
[40]
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1.6.2.1.  Color:- 
 

Metal complexes often have spectacular colors caused by 

electronic transitions by the absorption of light. For this reason they are 

often applied as pigments. Most transitions that are related to colored 

metal complexes are either d-d transitions or charge transfer. In a d-d 

transition, an electron in a d orbital on the metal is excited by a photon to 

another d orbital of higher energy. A charge transfer band entails 

promotion of an electron from a metal-based orbital into an empty ligand-

based orbital (Metal-to-Ligand Charge Transfer or MLCT). The converse 

also occurs: excitation of an electron in a ligand-based orbital into an 

empty metal-based orbital (Ligand to Metal Charge Transfer or LMCT). 

This phenomena can be observed with the aid of electronic spectroscopy, 

also known as UV-Vis. For simple compounds with high symmetry, the 

d-d transitions can be assigned using Tanabe-Sugano diagrams. These 

assignments are gaining increased support with computational 

chemistry.
[38,40]

 

 

1.6.2.2. Magnetism:- 
 

Metal complexes that have unpaired electrons are magnetic. 

Considering only monometallic complexes, unpaired electrons arise 

because the complex has an odd number of electrons or because electron 

pairing is destabilized. Thus, monomeric Ti(III) species have one "d-

electron" and must be (para)magnetic, regardless of the geometry or the 

nature of the ligands. Ti(II), with two d-electrons, forms some complexes 

that have two unpaired electrons and others with none. This effect is 

illustrated by the compounds TiX2[(CH3)2PCH2CH2P(CH3)2]2: when X = 

Cl, the complex is paramagnetic (high-spin configuration), whereas when 
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X=CH3, it is diamagnetic (low-spin configuration). It is important to 

realize that ligands provide an important means of adjusting the ground 

state properties. 

In bi- and polymetallic complexes, in which the individual centers have 

an odd number of electrons or that are high-spin, the situation is more 

complicated. If there is interaction (either direct or through ligand) 

between the two (or more) metal centers, the electrons may couple 

(antiferromagnetic coupling, resulting in a diamagnetic compound), or 

they may enhance each other (ferromagnetic coupling). When there is no 

interaction, the two (or more) individual metal centers behave as if in two 

separate molecules. 
[40] 

 

1.6.2.3. Reactivity:- 
 

Complexes show a variety of possible reactivities, some of them are: 
[40] 

 

1- Electron transfers : 

 

A common reaction between coordination complexes involving 

ligands are inner and outer sphere electron transfers. They are two 

different mechanisms of electron transfer redox reactions, largely defined 

by the late Henry Taube. In an inner sphere reaction, (a ligand with two 

lone electron pairs acts as a bridging ligand, a ligand to which both 

coordination centres can bond), through this, electrons are transferred 

from one centre to another.  

 

2-  ligand exchange :  

 

One important indicator of reactivity is the rate of degenerate 

exchange of ligands, for example, the rate of interchange of coordinate 
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water in [M(H2O)6]
n+

, complexes varies over 20 orders of magnitude. 

Complexes where the ligands are released and rebound rapidly are 

classified as labile, such labile complexes can be quite stable 

thermodynamically. Typical labile metal complexes either have low-

charge (Na
+
), electrons in d-orbitals that are antibonding with respect to 

the ligands (Zn
2+

), or lack covalency (Ln
3+

, where Ln is any lanthanide). 

The lability of a metal complex also depends on the high-spin vs. low-

spin configurations when such is possible. Thus, high-spin Fe(II) and 

Co(III) form labile complexes, whereas low-spin analogues are inert. 

Cr(III) can exists only in the low-spin state (quartet), which is inert 

because of its high formal oxidation state, absence of electrons in orbitals 

that are M-L antibonding, plus some "ligand field stabilization" 

associated with the d
3
 configuration.  

 

3- Associative processes : 

 

Complexes that have unfilled or half-filled orbitals often show the 

capability to react with substrates. Most substrates have a singlet ground-

state; that is, they have lone electron pairs (e.g., water, amines, ethers), so 

these substrates need an empty orbital to be able to react with a metal 

centre. Some substrates (e.g., molecular oxygen) have a triplet ground 

state, which results that metals with half-filled orbitals have a tendency to 

react with such substrates (it must be said that the dioxygen-molecule 

also has lone pairs, so it is also capable to react as a 'normal' Lewis base).  
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1.7.  Chemistry of some first transition metal elements:-  

 

1.7.1.  Chromium (III), (d3):-  
 

Chromium (III) forms stable salt with all the common anions and 

its complexes with virtually any species capable of donating an electron-

pair. These complexes may be anionic, cationic, or neutral and, with 

hardly any exceptions are octahedral. 
[41]

 There is also a multitude of 

complexes with two or more different ligands such as pentammines 

[Cr(NH3)5X]
n+1

 which have been extensively used in kinetic. These 

various complexes are notable for their kinetic inertness, which is 

compatible with the half-filled T2g level arising from an octahedral d
3 

configuration, ligand displacement or rearrangement reaction of Cr (III) 

complexes are only about 10 times faster than those of Co (III), with half-

times in the range of several hours.  

This is the reason why many thermodynamically unstable complexes of 

Cr (III) can be isolated as solid and that they persist for relatively long 

time in solution, even under conditions of marked thermodynamic 

instability.  

[CrX6]
3-

          (X=halide, CN
-
, SCN

-
, N3, H2O, NH3).  

[Cr (L-L)3]      (L-L= amino acid anions).  

 

The hexaaqua ion [Cr(H2O)6]
3+

, which is regular octahedral, occurs in 

aqueous solution and in numerous solid salts such as the green 

[Cr(H2O)6]Cl3. Chromium (III) is the arch type d
3
 ion and the electronic 

spectra and magnetic properties of its complexes have been exhaustively 

studied .
[42]

 

Chromium (III) chloride type d
3
 formed deep green colored solution in 

choline chloride/tartaric acid ionic liquid and gave octahedral 

coordination complex with 4 Cl
- 
and 1 tartarate ion. 

[43] 
  



The magnetic properties of the octahedral Cr (III) complexes are 

uncomplicated. All such complexes must have three unpaired electrons 

irrespective of the strength of the ligand field, and this has been 

confirmed for all known mononuclear complexes. The spectra of Cr (III) 

complexes are also well understood in their main features, in an 

octahedral field, the splitting of free ion ground 
4
F term, along with the 

presence of the excited 
4
P term of the same multiplicity, provides or 

indicates the possibility of three spin-allowed d-d transition, and these 

have been observed in a considerable number of complexes, the 

spectorchemical series was originally established by using data for Cr 

(III) and Co (III) complexes .
[42]

 In molten salt anhydrous chromium (III) 

chloride dissolved only slowly forming pale green solutions after more 

than 15h for 10
-3

 mol dm
-3

 concentrations at 90 ºC in acetamide-potassium 

nitrate and 8h at 140 ºC in butyramide-sodium nitrate melts.
[44]

 

 

1.7.2. Iron (III), (d5) and iron (II), (d
6
):-  

 

Iron forms compounds mainly in the +2 and +3 oxidation states. 

Traditionally, iron (II) compounds are called ferrous, and iron (III) 

compounds ferric. 
[45][46]

 There are also many mixed valence compounds 

that contain both iron(II) and iron(III) centers, such as magnetite and 

Prussian blue (Fe4(Fe[CN]6)3). The iron compounds produced on the 

largest scale in industry are iron (II) sulfate (FeSO4·7H2O) and iron (III) 

chloride (FeCl3). Iron (II) sulfate or ferrous sulfate is the chemical 

compound with the formula FeSO4, known since ancient times as 

copperas and as green vitriol, the blue-green heptahydrate is the most 

common form of this material. All iron sulfates dissolve in water to give 

the same aqua complex [Fe(H2O)6]
2+

, which has octahedral molecular 

geometry and is paramagnetic. On heating, iron (II) sulfate first loses its 

water of crystallization and the original green crystals are converted into 
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a dirty-yellow anhydrous solid, when further heated the anhydrous 

material releases sulfur dioxide and white fumes of sulfur trioxide, 

leaving a reddish-brown iron (III) oxide. Decomposition of iron (II) 

sulfate begins at about 480 °C. Like all iron (II) salts, iron (II) sulfate is a 

reducing agent. For example, it reduces nitric acid to nitrogen oxide and 

chlorine to chloride. 
[46]

 

Iron (III) occurs in salts with most anions, except those that are 

incompatible with it because of their character as reducing agent. In 

aqueous solution Fe (III) is one of the most conspicuous features of ferric 

ion in aqueous solution. It has a tendency to hydrolyze and/ or form 

complexes. It has been established that the hydrolysis (equivalent in the 

first stage to acid dissociation of the aqua ion) is governed in its initial 

stage. The various hydroxo species, such as [Fe(OH)(H2O)5]
2+

, are yellow 

because of charge transfer band in the ultraviolet region, which has tails 

coming into the visible region. Thus aqueous solutions of ferric salts even 

with non complexing anion are yellow unless strongly acid. 
[42,47]

  

Iron (III) chloride was found to be soluble in the acetamide-potassium 

nitrate eutectic at 90 ºC giving initially a pale yellow solution which 

darkened rapidly to a strong brown color within 15 min. The pale yellow 

solution gave one absorption band at υ = 16900 cm
-1

 (ε = 35 mol
-1

 dm
3

 

cm
-1

) close to an absorption edge at υ = 21000 cm
-1

, while the dark brown 

solution showed only the absorption edge. The pale yellow solution may 

be due to a tetrahedral complex perhaps containing some chloride (FeCl4
-
 

in LiNO3-KNO3 eutectic at 160 ºC, the band at υ = 16000 cm
-1

, ε = 32 

mol
-1

 dm
3 

cm
-1

) which was replaced over 15 min by more stable simple 

complexes containing acetamide and/or nitrate, or perhaps by more 

polymerized solvolyzed iron specie. 
[44] 
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1.7.3.  Cobalt (II), (d7):-  

 
There is a very marked contrast in this oxidation state between 

cobalt (II) on the one hand and the two heavier member of the group on 

the other hand, for cobalt (II) it is one of the two most stable oxidation 

state. Complexes of configuration comparable to stability with the T2g
6
 

Eg
1
 of Co(II) , show a greater diversity of types and are more labile. 

[41]
  

The aqua ion [Co(H2O)6]
2+

 is the simplest complex of cobalt (II). In 

aqueous solution containing no complexing agents, the oxidation to Co 

(III) is very unfavorable. Cobalt (II) forms numerous complexes, mostly 

either octahedral or tetrahedral but five-coordination and square species 

are also known. 
[47] 

There are tetrahedral complexes of cobalt (II) more than other transition 

metal ions. This is in accord with the fact that for a d
7
 ion, ligand field 

stabilization energies disfavor the tetrahedral configuration relative to the 

octahedral one to a smaller extent than for any other d
n
 (1≤ n ≤9) 

configuration. Because of the small stability difference between 

octahedral and tetrahedral Co(II) complexes, there are several cases in 

which the two types with the same ligand are both known and may be in 

equilibrium.  

In ionic liquid such as choline chloride / tartaric acid cobalt (II) 

chloride formed tetrahedral coordination complex [CoCl4]
2-

. 
[43] 

As already noted, cobalt (II) occurs in a great variety of structural 

environments. Because of this the electronic structures, hence the spectral 

and magnetic properties of the ion, are extremely varied. In each case of 

high-spin octahedral and tetrahedral complexes, there is a quartet ground 

state (
4
F) and three spin-allowed electronic transitions to the excited 

quartet state (
4
P). 

[41,47]
  

 



1.7.4.  Nickel (II), (d8):-  

The stereochemistry of Ni (II) has been a topic of continuing 

interest, and kinetic and mechanistic studies on complexes of Ni (II). The 

absence of any other oxidation state of comparable stability for nickel 

implies compounds of Ni (II) which are largely immune to normal redox 

reactions. 
[41]

 

Ni (II) forms salts with virtually every anion and has extensive 

aqueous solutions chemistry based on the green hexaaquanickel (II), [Ni 

(H2O)6]
2+

 ion which is always present in the absence of strongly 

complexing ligands.  

The coordination number of Ni (II) rarely exceeds 6 and its principal 

stereo chemistries are octahedral and square planer, tetrahedral (4-

coordinate) with rather fewer examples of trigonal bipyramidal, square 

pyramidal (5-coordinate), octahedral complexes of Ni (II) are obtained 

often from aqueous solution by replacement of coordinating water, 

especially with neutral N-donner ligands such as NH3, en, bipy, and phen, 

but also with NCS
-
, NO2

-
, and O-donner such as DMSO (Me2SO).

[42,47]
 

When Ni (II) chloride react with choline chloride / tartaric acid ionic 

liquid its formed tetrahedral complex, the presence of this type of ionic 

liquid effect of the Ni (II) and make coordination with it. 
[43]

 

Nickel (II) forms a large number of complexes encompassing 

coordination numbers 4, 5, and 6 in structural types of neutral ligands. It 

is characteristic of Ni (II) complexes that complicated equilibria, which 

are generally temperature dependent and sometimes concentration 

dependent.
[44] 

 

 

 

 

 



1.7.5.  Copper (II), (d9):-  
 

Simple salts are formed with most anions, except CN
-
 and I

-
 instead 

of forming covalent Cu (I) compounds which are insoluble in water. Most 

Cu (I) compounds are fairly readily oxidized to Cu (II) compounds. There 

is a well-defined aqueous chemistry of Cu
2+

, and large number of salts of 

various anions, many of which are water soluble. The blue color of their 

solution arises from the [Cu(H2O)6]
2+

 ion, and they frequently crystallize 

as hydrates. The aqueous solutions are prone to slight hydrolysis and, 

unless stabilized by a small amount of acid, are liable to deposit basic 

salts. The most common coordination numbers of Copper (II) are 4,5, and 

6, but regular geometries are rare and the distinction between square-

planer and tetragonally distorted octahedral coordination is generally not 

easily made. The reason for this is ascribed to the Jahn-Teller effect 

arising from the unequal occupation of the Eg pair of orbitals (dz
2

 and dx
2
-

y
2
) when a d

9
 ion is subjected to an octahedral crystal field. The d

9
 

configuration makes Cu(II) subject to Jahn-Teller distortion if placed in 

an environment of cubic (i.e. regular octahedral or tetrahedral) symmetry, 

and this has a profound effect on all its stereochemistry. The d
9
 

configuration can be thought of as an inversion of d1, relatively simple 

spectra might be expected, and it is indeed true that the great majority of 

Cu (II) compounds are blue or green because of a single broad absorption 

band in the region 11000-16000 cm-1, however as already noted, the d
9
 

ion is characterized by large distortion from octahedral symmetry and the 

band is unsymmetrical, being the result of a number of transitions which 

are by no means easy to assign unambiguously.
[41]

  

In d
9
 ion the free-ion ground 

2
D term is expected to split in a crystal field 

in the same way as the 
5
D term of the d

4 
ion, (

2
Eg → 

2
T2g) and a similar 

interpretation of spectra is like wise expected in octahedral system. 



Unfortunately this is now more difficult because of the greater 

overlapping of bands which occurs in the case of Cu (II). The T ground 

term of the tetrahedrally coordinated ion implies an orbital contribution to 

the magnetic moment, but the E ground term of the octahedrally 

coordinated ion is caused by ‘mixing’ of the excited T term into the E 

ground term with compounds whose geometry approaches octahedral 

having moments at the lower end, and those with geometries approaching 

tetrahedral having moments at the higher end, but their measurements can 

not be used diagnostically with safety unless supported by other 

evidence.
[41,47]

  

 

1.8.  Interaction of the ligands with the metal ions:- 
 

The tendency of a metal ion to form a stable complex with ligands 

depends on many rules such as the hard and soft acids and bases (HSAB) 

principal of Pearson
 [42]

 which imply that metal ion tend to coordinate 

with certain functional groups of the ligand to form a stable complex. On 

the other hand, the tendency of transition metal ion of a special oxidation 

states is affected by the coordination to certain ligands. This phenomenon 

is called (symbiosis).
[41,47] 

Increasing the positive charge on the central 

transition metal ions strengthens the metal-ligands bond. . The metal ion 

prefers to bind with atoms of high electron density such as N
3-

, O
2-

, P
3-

, 

S
2-

 and C
4-

, the ligand should have certain characteristic properties to 

make it convenient to form stable complex with transition metal ions. The 

size, geometrical shape, number and geometrical arrangement of ligand 

and donor atoms play the important role in the stability of the resultant 

complex. Metal centers, being positively charged, are favored to bind to 

negative charged biomolecules, the constituents of proteins and nucleic 

acid offer excellent ligands for binding to metal ions .
[47]

  



The Irving Williams series,
[48]

 of stability for a given ligand shows a good 

criterion for the stability of complexes with dipositive metal ions which 

follows the order:  

Ba
2+

 < Sr
2+

 < Ca
2+ 

< Mg
2+

 < Mn
2+ 

< Fe
2+

 < Co
2+

 < Ni
2+ 

< Cu
2+

 >Zn
2+

 

This order arises in part from a decrease in size across the series and in 

part from ligand field effect. A second observation is that certain ligands 

form their most stable complexes with metal ions such as Ag
+
, Hg

2+
 and 

Pt
2+

, but other ligands seem to prefer ions such as Al
3+

, Ti
4+

, and Co
3+

. 

Ligands and metal ions were classified as class (a) or (b) according to 

their preferential bonding. Class (a) metal ions includes those of alkali 

metals, alkaline earth metals, and lighter transition metals in higher 

oxidation states such as Ti
4+

 ,Cr
3+

 , Fe
3+

 ,Co
3+

 and the hydrogen ion, H
+
. 

Class (b) metal ions include those of the heavier transition metals, and 

those in lower oxidation states such as Cu
+
, Ag

+
, Hg

2+
, Pd

2+
, and Pt

2+
. 

According to their preference toward either class (a) or class (b) metal 

ions, ligands may be classified as type (a) or (b), respectively. 

Stability of these complexes may be summarized as follows:
[42,47]

  

 

Tendency of ligands to complex           Tendency of ligands to complex 

        Class (a) metal ions                                            Class (b) metal ions 

          N>>P> As >Ab                                                   N<<P< Aِِs >Sb 

          O>>S>Se>Te                                                      O<<S<Se~Te 

          F>Cl>Br>I                                                           F<Cl<Br<I 

 

The ligand should have certain characteristic properties to make it 

convenient to form a stable complex with transition metal ions. 

The size, geometrical shape, number and geometrical arrangement of 

ligand donor atoms play the important role in stability of the resultant 

complex .
[42]

 



One of the important aspects of CFT is that all ligands are not identical 

when it comes to a causing separation of the d-orbitals. For transition 

metal compounds, we are well aware of the multitude of colors available 

for a given metal ion when the ligands or stereochemistry are varied. In 

octahedral complexes, this can be considered a reflection of the energy 

difference between the higher dz
2
, dx

2
-y

2
 (Eg subset) and the dxy, dyz, 

dxz (T2g subset). 

It has been established that the ability of ligands to cause a large splitting 

of the energy between the orbitals is essentially independent of the metal 

ion and the spectrochemical series is a list of ligands ranked in order of 

their ability to cause large orbital separations. 

A shortened list includes: 

I
-
 < Br

-
 < SCN

-
 ~ Cl

-
 < F

-
 < OH

-
 ~ ONO

-
 < C2O4 

2-
 < H2O < NCS

-
 < 

EDTA
4-

 < NH3 ~ pyr ~ en < bipy < phen < CN
-
 ~ CO 

When metal ions that have between 4 and 7 electrons in the d orbitals 

form octahedral compounds, two possible electron allocations can occur. 

These are referred to as either weak field- strong field or high spin - low 

spin configurations. 

The CFT method has provided a quantitative measure of the d-splitting. 

The T2g / Eg splitting (called the octahedral ligand field splitting Δ0= 

10Dq) Follows the general trend. Point to consider about the Δ0 splitting: 

1- Charge on the metal: 

As charge increase, electrostatic attraction between M and L increases, 

M-L bond distance decreased and SML increased. Also as charge 

increase, metal becomes more electronegative, decreasing ΔEML. Both 

trends lead to greater field strength for the more highly charged ion. 

2- The nature of the metal ion, radial extension of 2
nd

 and 3
rd 

row 

transition metals are greater, thus SML larger, leading to the following 



trend in Δ0: 1
st 

row transition metal << 2
nd

 row transition metal ~ 3
rd 

row 

transition metal. 

3- Nature of ligand: 

Different ligands have different SML for a given metal ion. Can assess by 

measuring Δ0 for different ligands about a given metal ion of given 

charge 

Cl
-
< F

-
< OH2 < CN

-
                                    Cl

-
< OH2 < NH3 < CN

-
 

From experiments such as these, may deduce a general ranking of ligands 

in terms of field strength. This ranking is called the spectrochemical 

series: 

 

I
-
<Br

-
<S

2-
<SCN

-
<Cl

-
<S

2-
<F

-
<O

2-
 <OH

-
<H2O <NH3 < CN

-
<CO<NO

+ 

Weak field strength (small Δ0)               Strong field strength (largeΔ0)
 

π-donors
 
                                π-accepter 

In the above series, the ligand type has been overlayed onto the 

spectrochemical series. As is readily apparent from the energetic 

disposition of Δ0, π-donors give weak ligand fields, σ-only ligands give 

intermediate fields and π-acceptors ligands give strong fields. 
[41,47]

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



Aim of present work: 

 
The aim of the work is to synthesized a new ionic liquid for green 

chemical applications and studied the interaction with particularly 

transition metal cations, e.g. : chromium (III) chloride, iron (III) chloride, 

iron (II) sulfate, cobalt (II) sulfate, nickel (II) sulfate and copper (II) 

sulfate, were investigated for their dissolution in ionic liquid and reaction 

with selected ligands of potassium thiocyanate, sodium nitrite, oxalic acid 

and EDTA and followed by electronic spectroscopic investigations to 

establish their behavior and stability in the liquid. 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



Chapter 2  
 

Experimental    

Part 
 

 

 

 

 

 

 

 

 

 

 

 

 

 



2.1.  Chemicals:-  
 

  All chemicals were used with highest purity available and without 

further purification. Table (2-1) shows the reagents, their purities and 

suppliers: 

 

Table (2.1):- The used chemicals with their purities and suppliers. 
 

  Chemical  compounds              Purity %             Company  

Hydrated ammonium 

aluminum sulfate 

99 BDH 

Urea 99.5 THOMAS BAKER 

Chromium(III) chloride 

hexahydrate 

99 BDH 

Iron(III) chloride 

hexahydrate 

98 BDH 

Iron(II) sulfate 

heptahydrate 

99 BDH 

Cobalt(II) sulfate 

heptahydrate 

98 BDH 

Nickel(II) sulfate 

hexahydrate 

99 BDH 

Copper(II) sulfate 

pentahydrate 

99 BDH 

Potassium thiocyanate 98 Merck 

Sodium nitrite 95.5 Fluka 

Oxalic acid 99.5 BDH 

EDTA 98.7 THOMAS BAKER 

 

 

 

 

 

 

 

 

 
 



2.2. Practical Methods:- 

 

2.2.1. Preparation of hydrated ammonium aluminum 

sulfate/ urea room temperature ionic liquid:- 

 

  Solid salts of hydrated ammonium aluminum sulfate [NH4Al 

(SO4)2.12H2O] which has m.p. 93.5°C,
[49]

 and urea [NH2CONH2] with 

m.p. 132°C,
[50]

 will mixed in ratio (1:5) mole respectively,
[8]

 then it 

heated gradually to 85
°
C, with continuous gentle stirring until both 

hydrated ammonium aluminum sulfate and urea melted together 

producing a colorless liquid. The resulted melt was gradually cooled to 

room temperature and remained as a liquid. The melt was kept sealed in a 

dry desiccators for further use. 

 

2.2.2. Preparation of some transition metal ions in ionic 

liquid and water:- 

 
A known weight of solid transition metal salts was added to 

appropriate volume of ionic liquid at room temperature, the mixture was 

left for 15 minutes in case of Cr
3+

, Cu
2+

, Fe
2+

 and Fe
3+ 

and two hours for 

Ni
2+

 with stirring and heating up to 40°C, while Co
2+ 

dissolved 

immediately, Table (2.2). Accordingly the color of the solution was 

changed indicating dissolution of the salt in ionic liquid. No precipitation 

or gaseous evaporation were noticed through out the dissolution process. 

While in water all the transition metal salts dissolved immediately. The 

resulted mixtures investigated by Ultraviolet Visible Spectroscopy then 

the obtained spectra were analyzed. 

 

 

 

 



Table (2-2):- Concentrations and weights of transition metal salts in aqueous 

solution and in hydrated ammonium aluminum sulfate/urea room temperature 

ionic liquid. 

  

 

2.2.3. Substitution reaction studies:- 
 

For substitution reaction studies, the transition metal salts in ionic 

liquid was mixed with appropriate amount of alkali metal salts KSCN, 

NaNO2, EDTA and oxalic acid. The dissolution of the added ligands 

varied in their nature of reaction, in some cases they required gentle 

heating while others reacted without heating. However, time was also 

varied and stated throughout this work. 

    

2.3.  Instruments:-  
            

 

2.3.1.  Electronic absorption measurements:-  

 
The electronic spectra of complex solutions were obtained by using 

CECEL CE7200, UV-Vis, Ultraviolet Visible spectrophotometer at room 

temperature using quartz cells of 1.0 cm path length and water reference 

in the range of wavelength 190-900 nm. Ionic liquid solvent was not used 

Transition     

metal salts 

Weight(g) 

in 50 ml 

water   

Concentration(M) 

in water 

Weight(g)in 

10 ml  ionic 

liquid  

Concentration(M) 

in ionic liquid 

CrCl3.6H2O 0.13 0.01 0.026 0.01 

FeCl3.6H2O 0.13 0.01 0.027 0.01 

FeSO4.7H2O 0.13 0.01 0.08 0.03 

CoSO4.7H2O 0.14 0.01 0.14 0.05 

NiSO4.6H2O 0.13 0.01 0.05 0.02 

CuSO4.5H2O 0.12 0.01 0.12 0.05 



as reference because it was not possible to obtain a base line with ionic 

liquid and the water reference was not interfered with the absorption of 

ionic liquid and did not show any absorption in the visible region except a 

low absorbance band at 276 nm in the ultraviolet region.  

 

2.4.  Assignment of spectra:- 

 

2.4.1. Orgel diagrams:- 
 

Orgel diagrams are useful for showing the number of spin-allowed 

absorption bands expected, and their symmetry state designations, for Td 

and weak field Oh - complexes (d
5

 not included). The two diagrams (one 

for d
1,

 
4,

 
6,

 
9
 the other for d

2, 3, 7, 8
) pack a lot of information in very little 

space, as shown in scheme (2.1) and (2.2). Nevertheless, there are three 

major limitations to using Orgel diagrams:  

1- They are restricted to weak field/high spin conditions and offer no 

information for d
 4, 5, 6, 7 

strong fields/ low spin cases.  

2- They only show symmetry states of same highest spin multiplicity.  

3- They are qualitative, and therefore energy values cannot be 

obtained or calculated from them.
 [51,52]

 

 



 
 

Scheme (2.1):-The splitting of free-ion D terms in octahedral and tetrahedral  

fields.
[52]

 
   

 

 
      

Scheme (2.2):-The splitting of free-ion F and P term in octahedral and 

tetrahedral                          fields. 
[52]

 

 



2.4.2. Tanabe-Sugano diagrams:-  
 

Tanabe-Sugano diagram use the ground symmetry state as a 

straight-line horizontal base, whereas Orgel diagrams place the parent 

term in a central location and direct ground symmetry states below it. 

Appear "split" for d
4
, d

5
, d

6
, d

7
, cases because both low and high spin 

symmetry states are included. Consequently, these diagrams appear to be 

discontinuous - having two parts separated by a vertical line. The left part 

pertains to the weak field /high spin condition and the right to strong 

field/ low spin. 

First note why d
1

 and d
9 

cases have no T-S diagrams. A term description 

for an atom/ion is more information than its electron configuration 

because terms account for e-e repulsion energies.  

However there is no e-e repulsion for one "d" electron so the d
1

 

configuration gives rise to a single term, 
2
D. In Oh and Td ligand fields 

this single term is split into T2g, Eg, or E, T2 symmetry states. Only one 

absorption band is expected and energy of the observed band gives the Δo 

or ΔTd value directly. No calculations are necessary, so no T-S diagram 

for (d
1

 and d
9
). 

[51,52]
 

 

2.4.3. Equations:- 
 

The equations that have been used in the discussion of spectra of 

each complex were different from metal to another according to the 

splitting of terms for d
n

 configurations as shown in scheme (2.3).  

 



 
  
          Scheme (2.3):- Splitting of terms for d

n
 configurations in to (a) and (b). 

[42]
  

 

 
                       

Jorgenson rule has been used to measure the tendency of metal ion to 

form a complex, the (g) factors provide an estimate of the value of 10Dq 

for an octahedral complex when combined with the ( f ) value for the 

appropriate ligands: 

 

    10Dq = f ligand × g ion × 1000 ---------------------------------------- (2-1)  

 
 

   Table (2.3):- Values of (g) and (f) factors for metal ions and various ligands. 
[42]

 

 

Transition metal 

ion 

Value of (g) factor        Various ligands   Value of (f) factor 

Cr(III) 17.4 Cl
-
 0.78 

Fe(III) 14.0 H2O 1.00 

Fe(II) 15.2 SCN
-

 0.73 

Co(II) 9.00 Urea 0.92 

Ni(II) 8.70   

Cu(II) 12.5   

 



If all three transitions are observed, it is a simple matter to assign a value 

to B` (Racah parameters), since the following equation must hold; (B` is 

in cm
-1

 units). 

       15B`= ν3+ ν2–3 ν1 -------------------------------------------------------------------------- (2-2) 

 

The nephelauxetic ratio β is given by: 

       

       β= B`/B°
  ----------------------------------------------------------- (2-3) 

 

Where (B`) is Racah parameter. And (B
°
) is for free ion.  

 

 

2.4.4. Example of calculations:- 

 

Consider an example application of a Tanabe-Sugano diagram for 

d
8
 octahedral case. The absorption spectral data of a Ni

2+
 solution is 

shown below in Table (2.4). For example, the mathematical calculation of 

spectra of NiSO4.6H2O in hydrated ammonium aluminum sulfate/urea 

room temperature ionic liquid. 

 

 

Table (2.4):- Peak position of nickel (II) ions in hydrated ammonium aluminum 

sulfate/urea room temperature ionic liquid. 
 

Ion  ν2 cm
-1

 ν3 cm
-1

 ν1 cm
-1

 ν3/ν2  Δo/B`                   Ref. 

Ni
2+

 14914 24906 ? 1.67 9 This 

work 

 

 

Two bands are observed within the range of measurement. They have 

maxima at 14914 cm
-1

 and 24906 cm
-1

. Nickel is in the +2 oxidation state, 

so this is a d
8 

system. Reference to Orgel diagram informs that (3 d-d) 

bands are expected and they can be assigned as: 

 



υ1 = 
3
A2g(F) → 

3
T2g(F) 

υ2 = 
3
A2g(F) → 

3
T1g(F) 

υ3 = 
3
A2g(F) → 

3
T1g(P) 

 

 

Δo is taken to equal the absorption energy of ν1, and the intersect on the 

x-axis of Tanabe-Sugano diagram equal Δo/B`. And by drawing a vertical 

line from this point it will intersect with other allowing electronic state of 

Tanabe-Sugano diagram for d
8
. 

There are several goals sought in analyzing spectra using Tanabe-Sugano 

diagrams: 

1- To make correct band assignments. The two bands observed could 

be the first and second, or the second and third. Their assignment 

cannot be made by inspection. 

2- To determine the magnitude of the ligand field splitting parameter, 

Δo. 

3- To determine the magnitude of the e-e repulsion parameter (called 

a Racah parameter [B']). 

 

Assumes bands are the second and third (so first band is not observed). 

Compare the two results. Tanabe-Sugano diagrams are unit less graphs 

showing energy ratios. The abscissa shows values for the ratio Δo/B` (i.e., 

ligand field splitting parameter / e-e repulsion parameter). 
[51,53] 

 

Step (1): The calculated ratio of experimental band energies is: E (υ3) / E 

(υ2) = 1.67 

Find chart lines for second and third symmetry states by Tanabe-Sugano 

diagram, and record their values at each abscissa mark. 

 



 

Scheme (2.4):- Tanabe-Sugano diagram for d
8
 ion configuration. 

 

Δo/B` 9 10 

E (ν2) /B` 16 17 

E (ν3) /B` 27 28 

 

Then find ratio of T-S chart values [(E (ν3)/B̀)/(E (ν2)/B̀ )]= E (ν3) / E (ν2). 

 

E (ν3) / E (ν2) 1.68  1.64 

 

Step (2): Find the specific value for Δo/B̀, having a chart value for ν3/ν2 

that matches or close to the experimental ratio of 1.67 . 

When Δo/B ̀ = 9, the chart ν3/ν2 = 1.68 so it will be used in the analysis. 

 

Step(3):  Use experimental values of E(ν2) and E(ν3) to obtain values for 

Racah B`:  

E(ν2) via B̀ =  16 → 14914 cm
-1

 / 16 = 932.1 cm
-1

 

E(ν3) via B̀ =  27 →  24906 cm
-1

 / 27 = 922.4 cm
-1

 

Then find the average of B̀ = 927.2 cm
-1

  



Step(4): To determine ν1 , Δo/B̀ intersection with 
3
T2g at E(ν1) /B̀ = 9 

So: E (ν1) /B̀ = 9, and B̀ = 927.2 cm
-1

 ,then E(ν1)= 8345 cm
-1

 .  

  

Step(5): To determine the nephelauxetic ratio β : 

β = B̀ / B (free ion)    then β = 927.2 / 1030 = 0.9.  

 

To measurement of the tendency of metal ion to form complex with the 

probable existing ligand, using Jorgenson rule: 

 

10Dq = f ligand × g ion × 1000  

10Dq= ν1 = 8345 cm
-1

     

Then 8345 = f ligand × 8.7 × 1000  

f ligand = 0.96 cm
-1 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



Chapter  3 

 
Results  

&  

Discussion 
 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



3.1. Chromium (III) chloride hexahydrate in hydrated 

ammonium aluminum sulfate/urea room temperature ionic 

liquid:- 

Chromium (III) chloride hexahydrate was not found to be easily 

soluble in ionic liquid at room temperature until the temperature was 

raised to 40°C, the 0.01 M of the metal chloride solution in the ionic 

liquid was achieved after 15 minutes with magnetic stirring. The resulted 

solution was clear deep green as shown in picture (3.1).  

                                                               

 

Picture (3.1):- 0.01 M of CrCl3.6H2O in hydrated ammonium aluminum 

sulfate/urea room temperature ionic liquid dissolved at 40°C.  

 

This solubility was found to be much better than those reported for 

the same compound in other ionic liquids or molten salts, for example the 

salt was found to be much less soluble 0.001 M after 15 hours at 90°C in 

acetamide/potassium nitrate melt or 8 hours at 140°C in 

butyramide/sodium nitrate.
[44]

 In room temperature ionic liquid chromium 

(III) chloride was reported to have solubility of 0.1 M after 72 hours in 

choline chloride/urea with continuous stirring.
[54]

 This may indicate that 

hydrated ammonium aluminum sulfate/urea ionic liquid is stronger 



solvent than those reported before with better solvation energy to interact 

with chromium chloride. 

The electronic UV-Visible test of the deep green solution was 

carried out to investigate the electronic behavior of the resulted 

coordinated chromium (III) ion in the ionic liquid. Therefore the test 

showed two absorption bands in the visible region at 435.5 nm and 615 

nm, the latter band showed two shoulders at the lower energy region 

658.9 nm and 689.5 nm, Fig. (3.1.A).       

 

 

Fig. (3.1):- The UV-Visible spectra of [A]: CrCl3.6H2O in hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid. [B]: Hydrated ammonium 

aluminum sulfate/urea ionic liquid 1:5 mole ratio respectively.   

 

 



In the ultraviolet region the deep green solution showed a charge 

transfer band started around 350 nm with a very large absorbance. 

However distinct band at 278 nm with absorbance 0.5 comparable to that 

of the first two bands, appeared as a shoulder on the charge transfer band 

and in the same position of that shown by ionic liquid itself, Fig. (3.1.B). 

 

The term symbol for the ground state of chromium ion 
4
F and 

4
P in 

d
3
 would split in octahedral crystal field as follows: 

 

υ1= 
4
A2g(F) → 

4
T2g (F)  

υ2= 
4
A2g(F) →

 4
T1g (F)   

υ3=
 4
A2g(F) →

 4
T1g (P)  

 

When the third band was calculated for Cr (III) using Tanabe-

Sugano diagram, Scheme (3.1), and the first two bands were considered 

as transition one and two υ1,υ2, it was found that its value 273.8 nm, 

Table (3.1) in the ultraviolet region that coninside with that of the ionic 

liquid at 278 nm Fig. (3.1.B), the calculated υ3 band has higher 

absorbance that overshade the lower absorbance band of ionic liquid. 

Therefore the band at 278 nm is considered to be the third electronic 

transition band of Cr (III) in ionic liquid.     

 



 

Scheme (3.1):- Tanabe-Sugano diagram for d
3
 octahedral ion configuration. 

 

It was found that the band energies of the coordinated Cr (III) ion 

in hydrated ammonium aluminum sulfate/urea ionic liquid were close to 

those reported in other ionic liquids, Table (3.1) such as Cr (III) chloride 

in choline chloride/urea 608 nm and 440 nm that the Cr (III) reported to 

have octahedral coordination with six urea ligand.
[54]

 In addition spectra 

of Cr (III) ion in acetamide/potassium nitrate 596.6 nm and 445.4 nm 

where Cr (III) ions also assigned to have octahedral coordination with six 

acetamide or six nitrate ligands.
[44]

  

Therefore the observed bands in hydrated ammonium aluminum 

sulfate/urea ionic liquid would also expected to have octahedral 

geometry. Yet the energy splitting of the electronic states (term symbol) 

is relatively at lower energy from those reported values in other medium 

or solid alum reflecting the weaker field strength of ionic species of this 

ionic liquid. 

 



In LiCl/KCl melt, the band energies reported at 800 nm and 540.5 nm and 

Cr (III) ions also assigned to have octahedral coordination with six 

chloride ions.
[55]

 Therefore the relatively higher energy observed in this 

work would explain the stronger nature of ionic species of hydrated 

ammonium aluminum sulfate/urea ionic liquid than chloride in LiCl/KCl 

melt.   

The octahedral geometry also supported by small molar absorption value 

37 Lmol
-1

cm
-1

. 

 

To compare the behavior of chromium (III) ions in hydrated 

ammonium aluminum sulfate/urea ionic liquid and in aqueous solution, a 

similar 0.01 M solution of the chromium (III) chloride salts in aqueous 

solution showed two bands in the visible region 420 nm and 587 nm, Fig. 

(3.2.A). The wavelength observed in aqueous solution were at lower 

energy than those obtained in hydrated ammonium aluminum sulfate/urea 

ionic liquid, gives a support to the weaker nature of the ionic liquid 

species coordinated to chromium (III) ions than water molecule. 

Additionally it could also be noticed that the molar absorptivity in ionic 

liquid is higher than in aqueous solution, Table (3.1) which indicates the 

less symmetrical coordinated geometry of Cr (III) ions in ionic liquid. 

This would indicates a complex ionic liquid species coordinated to Cr 

(III). 

 



 

Fig. (3.2):- The UV-Visible spectra of 0.01 M CrCl3.6H2O [A]:  In aqueous 

solution. [B]: In hydrated ammonium aluminum sulfate/urea room temperature 

ionic liquid.          

   

The shoulder bands of Cr (III) ions in hydrated ammonium 

aluminum sulfate/urea ionic liquid Fig. (3.1.A) were assigned to 

electronic transition from 
4
A2g ground state to spin non allowed of 

doublet states 
2
Eg and 

2
T1g of the 

2
G state of free ion, Scheme (3.1).  

 

4
A2g →  

2
Eg 

4
A2g → 

2
T1g 

 

 



Based on the values obtained in ionic liquid for the (g) metal value, 

the calculated value of the ligand factor (ƒ) was found to have value of 

0.93 which is smaller than the water field factor (ƒH2O =1).
[42]

 This might 

be also explain the lower energy bands observed in ionic liquid than in 

aqueous solution. 

 

         The higher energy differences between the spectra of Cr (III) in 

aqueous media compared to those in ionic liquid and the calculated 

different values of Racah parameter in both media strongly suggested that 

the interaction in ionic liquid is not with water molecule that are initially 

present in the lattice of starting material (NH4Al(SO4)2.12H2O). This 

indicated that the presence of water molecule in ionic liquid is not as free 

molecules but still retaining their original interaction with the metals of 

the alum Al
3+

 or K
+
 there by allowing the negatively ionic species with 

weaker strength to bound with chromium (III) metal in a coordination 

interaction.   

     

 

 

 

 

 

 

 

 

 

 



3.1.1. Reaction with potassium thiocyanate:-   

 

  In an attempt to study the possible substitution reaction of ionic 

liquid species by added biphilic anionic species, thiocyanate was added to 

ionic liquid containing chromium (III) chloride in a 1:1 mole ratio. The 

original deep green solution did not change color and the UV-Visible 

spectroscopic measurement revealed no change to the original spectra 

obtained for initial deep green solution, Fig. (3.3.B). The one exceptions 

to the above finding is the charge transfer which started at 350 nm, but 

with much higher absorbance in case of addition potassium thiocyanate. 

The charge transfer might be related to interaction of chromium (III) ion 

with one or more KSCN and hence the charge transfer is from ligand to 

metal [Thiocyanate - Cr (III)]. This suggestion is supported by the fact 

that thiocyanate ligand has a field factor of 0.73,
[42]

 which is much 

smaller than those calculated for the ionic species of the ionic liquid 

coordinated to chromium (III) cation. The absence of clear evidence of 

the coordination nature around chromium cations would not reject the 

possibility of interaction of one or more thiocyanate ligand to chromium 

(III) cation. 

 



 

Fig. (3.3):- The UV-Visible spectra for CrCl3.6H2O in [A]: Hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid. [B]: Addition one 

equivalent mole of potassium thiocyanate to CrCl3.6H2O . 

    

 

3.1.2. Reaction with Ethylene Diamine Tetra Acetic Acid 

(EDTA):- 

 

When (EDTA) Ethylene Diamine Tetra Acetic Acid was added to 

chromium (III) chloride in hydrated ammonium aluminum sulfate/urea 

ionic liquid at room temperature in the mole ratio 1:1, there isn’t any 

change in color of solution or in its spectrum, Fig. (3.4.B). The expected 



interaction of the hexadentate EDTA ligand was increased to 1:4 mole 

ratio which showed an increase in molar absorptivity, Table (3.1) and in 

the absorbance of the third electronic transition band of chromium cation, 

Fig. (3.4.C). 

 

The third transition band seems to start at lower energy than the charge 

transfer of the chromium (III) cation in hydrated ammonium aluminum 

sulfate/urea ionic liquid alone. This increase was obvious with the 

addition of EDTA which increased to 1:10 mole ratio, the change 

observed in the spectra of chromium (III) with the latter mole ratio with 

EDTA, Fig. (3.4.D), also showed an increase in the molar absorptivity of 

the first and second transition bands, Table (3.1).  

These changes may suggest an interaction of the usually inert chromium 

(III) cation with highly concentration of EDTA ligand, that changed the 

ligand sphere around the metal cation.      

 



 

Fig. (3.4):- The UV-Visible spectra for CrCl3.6H2O in [A]: Hydrated 

ammonium aluminum sulfate/urea ionic liquid. [B]: Addition one equivalent 

mole of EDTA to CrCl3.6H2O. [C]: Addition 4 moles of EDTA to CrCl3.6H2O. 

[D]: Addition 10 moles of EDTA to CrCl3.6H2O. 

 

 

3.1.3. Reaction with sodium nitrite and oxalic acid:-  

 

When another biphilic ligand, sodium nitrite (NaNO2) was added 

as monodentate ligand to chromium (III) chloride hexahydrate solution in 

hydrated ammonium aluminum sulfate/urea ionic liquid at room 

temperature in a mole ratio of 1:1, the original color green solution did 

not change. When the mixture was examined by UV-Visible 



spectroscopic there is no change in bands compared with the original 

spectrum obtained for initial green solution, Fig. (3.5.B), Table (3.1), 

even when increase the moles for sodium nitrite there is no change in 

bands or color. This may indicate the stronger interaction of chromium  

(III) ions as inert element with hydrated ammonium aluminum 

sulfate/urea ionic liquid.     

 

When oxalic acid was added as bidentate ligand to chromium (III) 

chloride hexahydrate solution in hydrated ammonium aluminum 

sulfate/urea ionic liquid at room temperature in mole ratio of 1:1, it 

showed no change in color and revealed no change in the value of the 

bands for the deep green solution Fig. (3.5.C). 

The charge transfer obtained from the added oxalic acid to chromium 

(III) solution that also started at 350 nm but jumped up with a very high 

absorbance and overshade the υ3 of chromium (III) usually appeared in 

this ionic liquid or with added ligands. This charge transfer also might be 

taken as interaction of oxalate ion with chromium (III).   

 



 

Fig. (3.5):- The ultraviolet visible spectra for CrCl3.6H2O in [A]: Hydrated 

ammonium aluminum sulfate/urea ionic liquid. [B]: Addition one mole of sodium 

nitrite to CrCl3.6H2O. [C]: Addition one equivalent mole of oxalic acid to 

CrCl3.6H2O. 

 

 

 

 

 

 

 

 



Table (3.1):- Electronic spectra for complexes of CrCl3.6H2O in various room 

temperature ionic liquids. 

Chromium 

(III) chloride 

Absorption  

bands  

(nm) 

B` 

(cm
-1

) 

Cal. 

Β 

10 

Dq 

(cm
-1

) 

Suggested 

Structure 

ε  

(Lmol
-1

 

cm
-1

) 

Ref. 

Aqueous solution υ1= 587 

υ2= 420 

υ3(cal.)= 262.3 

680.8 0.74 17035 Oh 

[Cr(H2O)6]
3+

 

16 

21 

This 

work 

NH4Al(SO4)2 

.12H2O/urea 

υ1= 615 

υ2= 435.5 

υ3(cal.)= 273.8 

676.4 0.73 16260 Distorted Oh 

[Cr(IL)6]
3+

 

37 

32 

This 

work 

NH4Al(SO4)2 

.12H2O/urea 

+ KSCN(1:1) mole 

υ1= 614.5 

υ2= 436 

υ3(cal.)= 273.8 

676.3 0.73 16273 Distorted Oh 

[Cr(IL)6]
3+

 

41 

35 

This 

work 

NH4Al(SO4)2 

.12H2O/urea 

+NaNO2(1:1) mole 

υ1= 615.5 

υ2= 435.5 

υ3(cal.)= 273.9 

676.1 0.73 16246 Distorted Oh 

[Cr(IL)6]
3+

 

40 

32 

This 

work 

NH4Al(SO4)2 

.12H2O/urea+ 

Oxalic acid (1:1) 

mole 

 

υ1= 615 

υ2= 436 

υ3cal.= 273.9 

676 0.73 16260 Distorted Oh 

[Cr(IL)6]
3+

 

41 

35 

This 

work 

NH4Al(SO4)2 

.12H2O/urea+ 

EDTA(1:4) mole 

 

 

υ1= 615 

υ2= 436 

υ3cal.= 273.9 

676 0.73 16260 Distorted Oh 

[Cr(IL)6]
3+

 

56 

47 

This 

work 



 

 

 

 

 

 

 

 

 

 

 

 

 

 

NH4Al(SO4)2 

.12H2O/urea+ 

EDTA(1:10) mole 

 

υ1= 614 

υ2= 435.5 

υ3cal.= 273.5 

676.9 0.73 16286 Distorted Oh 

[Cr(IL)6]
3+

 

62 

53 

This 

work 

Choline chloride/ 

Urea 

υ1= 608 

υ2= 440 

632 0.87 16447 Oh 

[Cr(urea)6]
3+

 

4.06 54 

Butyramide/ 

NaNO3 at 140°C 

υ1= 602.4 

υ2= 444 

- - - Oh 

(6 butyramide) 

- 44 

Acetamide/ 

KNO3 at 90°C 

υ1= 596.6 

υ2= 445.4 

- - - Oh 

(6 acetamide) 

- 44 

LiCl/KCl 

at 400°C 

υ1= 800 

υ2= 540.5 

- - - Oh 

(6 Cl
-
) 

[CrCl6]
3-

 

- 55 



3.2. Iron (III) chloride hexahydrate in hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid:- 

 

Iron (III) chloride hexahydrate was also not found to be easily 

soluble in hydrated ammonium aluminum sulfate/urea at room 

temperature until the temperature was raised to 40°C, when 0.01 M of 

iron chloride solution in ionic liquid was achieved after 15 minutes with 

magnetic stirring. The resulted solution was clear pale yellow as shown in 

picture (3.2). 

 

 

Picture (3.2):- 0.01 M pale yellow solution for FeCl3.6H2O in hydrated 

ammonium aluminum sulfate/urea room temperature ionic liquid dissolved at 

40°C. 

  

The solubility of iron (III) chloride in hydrated ammonium 

aluminum sulfate/urea ionic liquid was found to be at lower temperature 

40°C than those reported for the same compound in other ionic liquids or 

molten salts. For example, iron (III) chloride after 15 minutes was 

reported to be soluble in acetamide-potassium nitrate at 90°C, and in 

LiNO3/KNO3 the Fe (III) ions soluble after 15 minutes at 160°C.
[44]

 In 

another room temperature ionic liquid iron (III) chloride was reported to 

have a solubility in choline chloride/urea of  0.1 M after 72 hours with 



continuous stirring longer time than in ionic liquid of present work.
[54]

 

This may indicate that the hydrated ammonium aluminum sulfate/urea 

ionic liquid is stronger solvent than those reported above. 

 

The pale yellow solution was examined by UV-Visible test and 

showed three bands with small absorbance in the visible region at 556 

nm, 782 nm, and 876 nm as shown in Fig. (3.6.A), this bands were 

assigned to non allowed transition of d
5
 configuration 

6
S state. Also in 

visible region iron (III) chloride showed charge transfer around 500 nm 

that cover some of the blue end of the visible region and could be the 

reason for its pale yellow color. 

 

Fig. (3.6):- The UV-Visible spectrum for FeCl3.6H2O in [A]: Hydrated 

ammonium aluminum sulfate/urea room temperature ionic liquid with small 

absorbance. [B]: Inset FeCl3.6H2O in ionic liquid full range. 



It was found that the band energies for Fe (III) chloride close to 

those reported in other ionic liquids such as, in room temperature ionic 

liquid choline chloride/tartaric acid which have 878 nm, 698 nm, and 447 

nm absorptions and assigned to have tetrahedral coordination.
[43]

 Similar 

geometry was also assigned in choline chloride/malonic acid where its 

bands was 888.5 nm, 677 nm, and 532.9 nm.
[54]

 Therefore the closely 

similar observed bands of iron (III) ions in hydrated ammonium 

aluminum sulfate/urea ionic liquid would also expected to have 

tetrahedral coordination geometry. 

 

The term symbol for the ground state of  Fe (III) ions in d
5
 

configuration of 
6
S, Scheme (3.2), for tetrahedral crystal field can be 

assigned to represent the observed bands as follow: 

 

6
A1 

 
→

  4
T1  

6
A1  →  

4
T2  

6
A1 → 

4
A1 + 

4
E  

 

 

 

 



 

Scheme (3.2):- Tanabe-Sugano diagram for d
5
 tetrahedral and octahedral ion 

configuration. 

 

Iron (III) chloride in aqueous solution gave yellow colored solution 

with clear band at 482.7 nm Fig. (3.7.B) and expected to be responsible 

for the yellow color as it cover the blue end of the visible region, the 

charge transfer shifted to lower energy in aqueous solution than in ionic 

liquid of this work. This indicate that Fe (III) cation is not coordinated to 

the water molecule of the ionic liquid but to its ionic species as was 

observed previously with Cr (III) (C.F. 3.2.A). 

 



 

Fig. (3.7):- The UV-Visible spectroscopy for 0.01 M FeCl3.6H2O in [A]: Hydrated 

ammonium aluminum sulfate/urea room temperature ionic liquid. [B]:  Aqueous 

solution. 

 

3.2.1. Reaction with potassium thiocyanate:- 

 

The addition of potassium thiocyanate (KSCN) to Fe (III) ion in 

hydrated ammonium aluminum sulfate/urea ionic liquid solution at room 

temperature in ratio of 1:1 mole, showed color change from pale yellow 

to blood-red solution, as shown in picture (3.3).  

 

 

 

 



 

 

 

 

 

 

Picture (3.3):- Blood-red colored solution for FeCl3.6H2O in hydrated 

ammonium aluminum sulfate/urea room temperature ionic liquid with addition 

KSCN 1:1 mole ratio respectively. 

 

When the blood-red solution was examined by UV-Visible spectroscopy 

it showed absorption bands in the visible region at 556, 876 nm and 782 

nm with lower absorbance, the band at 556 nm was disappeared because 

the charge transfer shifted to lower energy region than in ionic liquid, Fig 

(3.8.B), the charge transfer transition band was started in the visible 

region around 700 nm absorbing much of the blue end of the visible 

region and appearing as blood-red colored solution. This changing in 

color and in charge transfer transition indicate interaction between the 

metal and SCN
-
 ligand in ionic liquid. 

 

 

 



 

Fig. (3.8):- The UV-Visible spectra for FeCl3.6H2O in [A]: Hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid [B]: Addition one 

equivalent mole of KSCN to FeCl3.6H2O. [C]:Inset FeCl3.6H2O in ionic liquid 

and with added KSCN full range. 

 

3.2.2. Reaction with sodium nitrite:- 

 

Addition of biphilic ligand like sodium nitrite (NaNO2) to the d
5
 Fe 

(III) chloride in hydrated ammonium aluminum sulfate/urea ionic liquid 

at room temperature in mole ratio of 1:1, did not show visual change in 

color of the original solution. However, when the resulted solution was 

examined by ultraviolet-visible spectroscopy it showed no change in 

previous bands without ligand NaNO2, Fig. (3.9.B), and this could be 

indicate the weaker NO2
-
 strength than that of the ionic species present in 



ionic liquid, similar finding was also observed with chromium (III) Fig. 

(3.5.B).  

 

 

Fig. (3.9):- The UV-Visible spectra for FeCl3.6H2O in [A]:Hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid [B]: Addition one 

equivalent mole of NaNO2 to FeCl3.6H2O. [C]:Inset FeCl3.H2O in ionic liquid 

and with added NaNO2 full range. 

 

 

 

 

 

 

 



Table (3.2):- The behavior of Fe (III) ion in ionic liquid and with added the 

ligands. 

Iron (III) 

chloride 

Absorption  

bands (nm) 

Color ε(Lmol
-1

cm
-1

) 

 

Suggested 

structure 

Ref. 

Aqueous 

solution 

υ= 482.7 Yellow 40.6 Oh. 

[Fe(H2O)6]
3+

 

 

This work 

Hydrated 

ammonium 

aluminum 

sulfate/urea 

υ1= 876 

υ2= 782 

υ3= 556 

Pale 

yellow 

2 

 3.2 

4 

Th. 

[Fe(IL)4]
3+

 

This work 

Hydrated 

ammonium 

aluminum 

sulfate/urea 

+ KSCN 

(1:1) mole 

υ1= 876 

υ2= 782 

 

Blood 

red 

3.3 

4.5 

Th. 

Fe
3+

  interact 

with KSCN 

This work 

Hydrated 

ammonium 

aluminum 

sulfate/urea 

+ NaNO2 

(1:1) mole 

υ1= 876 

υ2= 782 

υ3= 556 

 

Pale 

yellow 

5.2 

6.3 

6.7 

Th. 

[Fe(IL)4]
3+

 

This work 

Choline 

chloride/ 

tartaric acid 

υ1= 878 

υ2= 698 

υ3= 447 

Pale 

yellow 

- Th. one 

tartarate and 

two chloride 

43 

Choline 

chloride/ 

malonic 

acid 

υ1= 888.5 

υ2= 677 

υ3= 532.9 

Pale 

yellow 

- Th. 

[Fe(malonic 

acid)Cl2]
+
  

54 



3.3. Iron (II) sulfate heptahydrate in hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid:- 

 

Iron (II) sulfate heptahydrate was not found to be easily soluble in 

hydrated ammonium aluminum sulfate/urea room temperature ionic 

liquid at concentration 0.03 M until the temperature was raised to 40°C 

the metal sulfate complete dissolution after 15 minutes with magnetic 

stirring. The resulted solution was colorless as shown in picture (3.4). 

 

 

Picture (3.4):- 0.03 M colorless solution for FeSO4.7H2O in hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid dissolved at 40°C. 

 

The electronic UV-Visible spectroscopy examination of the 

colorless solution showed one broad absorption band at 899 cm
-1

 near IR 

region Fig. (3.10). Iron (II) sulfate colorless solution also showed charge 

transfer started around 400 nm. 

 



 

Fig. (3.10):- The UV-Visible spectrum of FeSO4.7H2O in hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid. 

 

The term symbol for the ground state of Fe (II) ions in d
6
, Scheme 

(3.3) is 
5
D may be split in tetrahedral crystal field as follow:  

5
E → 

5
T2  . 

 



 

Scheme (3.3):- Tanabe-Sugano diagram for d
6
 tetrahedral ion configuration. 

 

Iron (II) sulfate considered to have tetrahedral coordination based 

on the band energy found in this work which were close to the band 

energies for iron (II) ion in other ionic liquids. For example, iron (II) 

chloride in LiCl/KCl at 400°C reported to have 1960 nm band and 

assigned to form tetrahedral coordination, and at 1000°C have 1666 nm 

and assigned to a distorted tetrahedral coordination,
[55]

 so the iron (II) ion 

in hydrated ammonium aluminum sulfate/urea room temperature ionic 

liquid would not differ in its weak cationic charge to form tetrahedral 

geometry. 

 

To compare the behavior of iron (II) sulfate in hydrated ammonium 

aluminum sulfate/urea ionic liquid and in aqueous solution, the 0.01 M 

solution of iron (II) sulfate salt in aqueous solution showed a yellow color 

with a band at 360 nm, Fig. (3.11.A), the lower wavelength observed in 

aqueous solution than those obtained in hydrated ammonium aluminum 



sulfate/urea ionic liquid support the weaker nature of ionic liquid species 

resulted in a weaker strength interaction to iron (II) ion. 

 

 

Fig. (3.11):- The UV-Visible spectra of FeSO4.7H2O in [A]: Aqueous solution. 

[B]: Hydrated ammonium aluminum sulfate/urea room temperature ionic liquid. 

    

3.3.1. Reaction with potassium thiocyanate:- 

 

In an attempt to study the possible substitution reaction of ionic 

liquid species by adding anionic biphilic species, thiocyanate was added 

to ionic liquid solution containing iron (II) sulfate in 1:1 mole ratio, the 

original colorless solution changed after heating to 40°C to orange as 

shown in picture (3.5).   

 



 

Picture (3.5):- Orange colored solution for FeSO4.7H2O in hydrated ammonium 

aluminum sulfate/urea ionic liquid with addition KSCN 1:1 mole ratio dissolved 

at 40°C. 

 

The resulted solution was examined by UV-Visible spectroscopy and 

found to have a distinctive high absorbance band at 436 nm followed by a 

very high charge transfer spectrum, Fig. (3.12.B), that indicate the 

occurrence of interaction when thiocyanate was added as a ligand to iron 

(II) sulfate in ionic liquid solution. 

 

 

 



 

Fig. (3.12):- The UV-Visible spectra for FeSO4.7H2O in [A]:Hydrated 

ammonium aluminum sulfate/urea room temperature ionic liquid. [B]: Addition 

one equivalent mole of KSCN to FeSO4.7H2O. 

 

The term symbol for Fe (II) ion in d
6
, Scheme (3.4) is 

5
D may split in 

octahedral crystal field at high spin as follow : 
5
T2g → 

5
Eg . 

 



 

Scheme (3.4):- Tanabe-Sugano diagram for d
6
 octahedral ion configuration. 

 

3.3.2. Reaction with sodium nitrite:- 

 

When sodium nitrite (NaNO2) was added to iron (II) sulfate 

heptahydrate in hydrated ammonium aluminum sulfate/urea ionic liquid 

solution in 1:1 mole ratio, the color of the original colorless solution and 

its absorption spectrum did not change, but when the moles of NaNO2 

increased to be 2:1 mole ratio the color changed to olive green solution as 

shown in the picture (3.6). 

 

 

 



 

Picture (3.6):- Olive green colored solution for FeSO4.7H2O in hydrated 

ammonium aluminum sulfate/urea ionic liquid with addition NaNO2 1:2 mole 

ratio respectively. 

 

By using UV-Visible test, the olive green solution showed two absorption 

bands at 457.5 nm and 588.5 nm Fig. (3.13.B), this spectra were 

considered to be due to low spin d
6
 configuration. Low spin d

6
 would 

expected to show three transition bands arising from a singlet ground 

state of 
1
A1g to 

1
T1g, 

1
T2g and 

1
Eg of Tanabe-Sugano diagram, Scheme 

(3.4). Considering these bands to be υ2 and υ3, the υ1 would have a value 

of 966 nm. In comparison, the coordination of iron (II) sulfate in 

alum/urea at room temperature ionic liquid did not differ from those 

reported for example, in chloride ionic liquid at much higher temperature 

of 400°C in LiCl/KCl molten salt when a tetrahedral coordination also 

accepted as it absorption band was stated to be at lower energy 1960 nm 

than that obtained in alum/urea room temperature ionic liquid.
 
This 

tetrahedral coordination was distorted when the temperature raised further 

to 1000°C, in the same chloride molten salt.
[55] 

However, in presence of 

anionic ligands (thiocyanate and nitrite), the coordination changed to 

octahedral geometry with high and low spin depending on the ligand 

strength.
 



 

Fig. (3.13):- The UV-Visible spectra for FeSO4.7H2O in [A]:Hydrated 

ammonium aluminum sulfate/urea room temperature ionic liquid. [B]: Addition 

2 moles of NaNO2 to one mole of FeSO4.7H2O. 

 

   

 

 

 

 

 

 

 

 

 

 

 



Table (3.3):- The electronic spectra for Fe (II) ion in ionic liquid and with 

various ligands. 

 

 

  

 

Iron (II) ion Absorption 

bands(nm) 

Color  Transitions  ε(Lmol
-1

cm
-1) Suggested 

structure 

Ref. 

Aqueous 

solution 

υ= 360 Yellow 
5
T2g → 

5
Eg 39 Oh. 

[Fe(H2O)6]
2+

 

This 

work 

Hydrated 

ammonium 

aluminum 

sulfate/urea 

υ= 899 Color 

less 

5
E →

5
T2  5 Th. 

[Fe(IL)4]
2+

 

This 

work  

Hydrated 

ammonium 

aluminum 

sulfate/urea+ 

KSCN(1:1) 

mole 

υ= 436 

 

Orange 
5
T2g → 

5
Eg - Distorted Oh.  

Fe
2+

  interact with 

KSCN 

This 

work 

Hydrated 

ammonium 

aluminum 

sulfate/urea+

NaNO2(1:2) 

mole 

υ1Cal.= 966 

υ2= 588.5 

υ3= 457.5 

 

Olive 

green 

1
A1g→

1
T1g 

1
A1g→

1
T2g 

1
A1g→ 

1
Eg 

 

           

10.3 

25.6 

Distorted Oh.  

Fe
2+

  interact with 

one or more 

NaNO2 

This 

work 

LiCl/KCl at  

400°C 

υ= 1960       - 
                

-              - Th. 55 

LiCl/KCl at  

1000°C 

υ= 1666       - 
                

-              - Distorted Th. 55 



3.4. Cobalt (II) sulfate heptahydrate in hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid:- 

 

Cobalt (II) sulfate heptahydrate was found to be easily soluble in 

hydrated ammonium aluminum sulfate/urea ionic liquid at room 

temperature in a concentration 0.05 M forming a clear pink solution as 

shown in picture (3.7). 

 

 

Picture (3.7):- 0.05 M of pink colored solution for CoSO4.7H2O in hydrated 

ammonium aluminum sulfate/urea room temperature ionic liquid dissolved at 

room temperature. 

 

The solubility of cobalt (II) sulfate was found to be at lower 

temperature than those reported for cobalt (II) chloride in different ionic 

liquids or molten salts. For example, cobalt (II) ions was found to be 

much soluble 0.1 M after 72 hours in choline chloride/urea at room 

temperature,
 [54]

 at 40–70°C in Ca(NO3)2.4H2O / CaCl2, 
[56]

 or in 

acetamide/Ca(NO3)2.4H2O was soluble at 40-90 °C. 
[57]

 In molten salt Co 

(II) ions melt at 447-480°C in LiCl/KCl. 
[55] 

This may indicate that 

hydrated ammonium aluminum sulfate/urea ionic liquid is stronger 

solvent than those reported above with better interaction between the 

solvent and ionic species of cobalt sulfate. 



The electronic UV-Visible examination of the pink solution was 

carried out to investigate the electronic behavior of the resulted 

coordination for cobalt (II) ion in the ionic liquid, this examination 

showed two absorption bands in UV-Visible region at 276.5 nm and 

522.5 nm in the visible region, the latter band showed a shoulder in a 

higher energy region at 474.7 nm, Fig. (3.14). 

 

 

Fig. (3.14):- The UV-Visible spectrum for CoSO4.7H2O in hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid. 

 

 

 

 

 

 



The term symbol for the ground state for Co (II) ion 
4
F of d

7
, 

Scheme (3.5) may split in octahedral crystal field as follows: 

 

4
T1g(F) → 

4
T2g(F)  

4
T1g(F) → 

4
A2g(F)  

4
T1g(F) → 

4
T1g(P)  

 

 

Scheme (3.5):- Tanabe-Sugano diagram for d
7
 octahedral ion configuration. 

 

When the first band was calculated for cobalt (II) using Tanabe-

Sugano diagram and the first two bands were considered as transition two 

and three υ2, υ3, its value 1309 nm, Table (3.4).  

 

It was found that the band energies of the coordinated Co (II) 

sulfate in hydrated ammonium aluminum sulfate/urea ionic liquid have 

close band energy to those reported for Co (II) chloride in other ionic 

liquids such as, in Ca(NO3)2.4H2O/CaCl2 515 nm which formed an 

octahedral coordination,
[56]

 and the spectrum in 

acetamide/Ca(NO3)2.4H2O with absorption band at 514.6 nm also 



assigned to form octahedral coordination.
[57]

 However, cobalt (II) was 

assigned to have a tetrahedral geometry in other room temperature ionic 

liquid. For example, in choline chloride/urea when it showed bands at 

671 nm and 641 nm and also in choline chloride/malonic acid when it 

showed bands at 672 nm, 642 nm and 619 nm. 
[54]

 Three bands were also 

reported at much higher temperature in LiCl/KCl molten salt 680 nm, 660 

nm and 598.8 nm, and also assigned a tetrahedral coordination.
[55]

 

According to the similarities of the spectroscopic behavior of Co (II) 

sulfate observed in this work with those reported in other media, it was 

accepted to have an octahedral geometry with the ionic species of ionic 

liquid of this work and not with the molecules of water initially present in 

the lattice of the alum (hydrated ammonium aluminum sulfate).    

 

For comparison, a prepared 0.01 M of Co (II) sulfate in aqueous 

solution was also examined by UV-Visible spectroscopy and showed one 

absorption band at 512 nm, Fig. (3.15.A), the lower wavelength observed 

in aqueous solution than that obtained in hydrated ammonium aluminum 

sulfate/urea ionic liquid gave additional support to the weaker nature of 

ionic liquid species coordinated to Co (II) ions. Additionally it could also 

be noticed that the molar absorptivity in ionic liquid is higher than in 

aqueous solution, Table (3.4), which indicates the relatively less 

symmetrical coordinated geometry of Co (II) ions in ionic liquid. 

 

 

 

 

 

 



 

Fig. (3.15):- The UV-Visible spectra of CoSO4.7H2O in [A]: 0.01 M aqueous 

solution. [B]: 0.05 M hydrated ammonium aluminum sulfate/urea room 

temperature ionic liquid. 

 

3.4.1. Reaction with potassium thiocyanate:- 

 

It was known that cobalt (II) cation present in variable media in 

different geometries depending on the concentration of the ligands, 

particularly of chloride anion.
[58]

 Thus it was intended to study the 

behavior of this cation in alum ionic liquid as the present anionic species 

which are not simple as those studied earlier. Meanwhile, the expected 

behavior would reveal either similar geometrical configuration or 

different from those reported, to predicate the strength of the present 

anionic species of alum ionic liquid and their relative electrostatic 

repulsion characterization.  



The easily soluble cobalt sulfate in ionic liquid at room temperature was 

mixed with different mole ratios of potassium thiocyanate from 1:1 to 

1:35 mole of cobalt cation to thiocyanate in hydrated ammonium 

aluminum sulfate/urea ionic liquid. All these added ratios of thiocyanate 

required relatively higher temperature to be dissolved 40°C. This 

indicates the kinetically slower reaction of the cyanate ions with the 

cobalt cation in a substitution reaction to replace the coordinated ionic 

liquid anions by the thiocyanate anions. On going from 1:1 the clear pink 

color of the cobalt solution stated to change through clear violet at about 

1:5 and final to the obvious blue color at 1:15 mole, picture 3.8. These 

solutions were investigated spectroscopicall by UV-Visible and showed 

different absorption behavior as shown in Fig. (3.16). The clear 

octahedral geometrical coordination of cobalt in pure ionic liquid, which 

is also found in a rich or pure AlCl3 melts, 
[58,59]

 as stated to be due to the 

less electrostatic chloride ions present in those melts. This might also be 

proper explanation to the weaker ionic species of the present ionic liquid 

which are coordinated in a complex form to aluminum cation (probably 

[Al(SO4)2.nH2O]. 

The substitution reaction was spectroscopically noticeable when 

the ratios of added thiocyanate reached 1:10 when a band at 611.5 nm 

appeared on the octahedral band at 529 nm Fig. (3.16.D). The 611.5 nm 

band increased in intensity with addition thiocyanate until a more obvious 

tetrahedral peaks are revealed at 1:35 mole ratio Fig. (3.16.G). The latter 

are also reported for the tetrahedral geometry of cobalt cations in 

different media. 
[41,47,54,55]

 The mixed geometry or distorted octahedral 

geometry reported in variable media, were related to coordination of 

cobalt to complexing agent, more specifically mixed ligands.
[60]

 This is in 

agreement in its general sense to the formation of mixed ligand 

complexes between original cobalt complex in ionic liquid with different 



substituted thiocyanate on going from 1:1 mole ratio to 1:35 mole ratio. 

Thus it can hardly explain the nature of Fig. (3.16 D, E and F) on a 

discrete cation-anion formation between cobalt either thiocyanate of ionic 

liquid anions. The nature of these complexes required more elaborated 

studies to investigate their nature, but it might be given a suggested 

nature based on the reported complexes in different media.
[58,60]

 Therefore 

if the anionic species of ionic liquid given the letter (B) and thiocyanate 

letter (T), then the formed species on addition of thiocyanate might be 

proposed to have the following formula, [CoB6]
2-

, [CoB4T2]
2-

, [CoB3T2]
2-

….[CoT4]
2-

. 

The changing of the coordination of Co
2+

 from octahedral in ionic liquid 

to tetrahedral with added thiocyanate would indicate the weaker 

electrostatic repulsion energy exhibited by the ionic liquid anion complex 

species allowing (6) ligand to be coordinated with cobalt. However, the 

changing in geometry to tetrahedral with thiocyanate also indicated high 

electrostatic repulsion of thiocyanate anion not allowing an octahedral 

geometrical coordination with Co
2+ 

but rather more relaxed less repulsive 

tetrahedral geometry. 

It was also noticed that the charge transfer spectral in presence of 

thiocyanate started at much lower energy than that observed with out 

thiocyanate (Compare Fig. 3.16 curve A with curve B-G). 

This also could be taken as an evidence to the coordination of Co
2+

 with 

thiocyanate and therefore this charge transfer was related to electron 

transfer from ligand to metal which covered the spectra at 276.5 nm 

related to d-d electronic spectra of 
4
T1g(F) to 

4
T1g(P) of Co

2+
. 

The calculated molar absorptivity was taken to indicate the purity of 

geometrical coordination of cobalt to the anion in ionic liquid or with 

added ligands. Therefore molar absorptivity values which are presented in 

Table (3.4), reveal the increased distortion in the pure octahedral 



geometry of the coordinated metal in ionic liquid when adding 

thiocyanate. The changing in the coordination of the ligands around the 

metal from octahedral to tetrahedral may also be expected to go through 

the trigonal bipyramid or severally distorted octahedral, thus giving 

higher molar absorptivity.  

 

 

Fig. (3.16):- The UV-Visible spectra for CoSO4.7H2O in [A]:Hydrated 

ammonium aluminum sulfate/urea ionic liquid. [B]:Addition 5 moles of KSCN to 

one mole of CoSO4.7H2O. [C]: Addition 7 moles of KSCN to one mole of 

CoSO4.7H2O. [D]: Addition 10 moles of KSCN to one mole of CoSO4.7H2O. [E]: 

Addition 13 moles of KSCN to one mole of CoSO4.7H2O. [F]: Addition 15 moles 

of KSCN to one mole of CoSO4.7H2O. [G]: Addition 35 moles of KSCN to one 

mole of CoSO4.7H2O. 

 



                         

(A): Violet color                                                                         (B): Blue color 

(1(CoSO4.7H2O in ionic liquid):5(KSCN))                           (1(CoSO4.7H2O in ionic liquid):15(KSCN)) 

 

Picture (3.8):- Different colored solution for CoSO4.7H2O in hydrated 

ammonium aluminum sulfate/urea room temperature ionic liquid with addition 

KSCN in different ratio. 

 

 

3.4.2. Reaction with sodium nitrite:- 

 

Addition of nitrite anions as sodium nitrite to Co (II) sulfate in 

ionic liquid, that dissolved easily at room temperature, in contrast to the 

thiocyanate salt. When completely dissolved nitrite interacted with cobalt 

cation changing the original pink color solution in to orange color picture 

(3.9). 

 

 

Picture (3.9):- Orange colored solution for CoSO4.7H2O in hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid with added NaNO2 in ratio 

1:5 mole respectively. 



Spectroscopic test of the resulted orange solution and those obtained from 

successive addition of nitrite to cobalt (II) revealed an increase in the 

intensity of the bands at 520.5 nm and 276.5 nm indicating an increase in 

concentration of coordinated cobalt (II) with added nitrite, Table (3.4) 

and Fig. (3.17). These two bands considered as transition two and three, 

by using Tanabe-Sugano diagram for d
7
 configuration can be calculated 

the first transition band for each addition ratio.  

From the Table (3.4), its also indicated that the molar absorptivity 

increased from 11 Lmol
-1

cm
-1

 to 13.8 Lmol
-1

cm
-1

 on first added nitrite at 

1:1 mole ratio. This indicate a stronger added ligand to the weaker ionic 

liquid anions. In addition, the increased in molar absorptivity also 

indicate symmetrical coordinated Co
2+

 to the anions present in ionic 

liquid either with NO2
-
 or both ionic liquid and NO2

-
 as mixed ligands. 

In contrast to the investigated of concentration effect of added 

thiocyanate to ionic liquid, the limited solubility of nitrite in this ionic 

liquid prevent more added concentration of nitrite to ionic liquid as it was 

observed to be suspended in the ionic liquid preventing the observation of 

spectroscopic measurement.  

   



 

Fig. (3.17):- The UV-Visible spectra of CoSO4.7H2O in [A]:Hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid. [B]:Addition equivalent 

mole of NaNO2 to CoSO4.7H2O. [C]:Addition 3 moles of  NaNO2 to CoSO4.7H2O. 

[D]:Addition 5 moles of  NaNO2 to CoSO4.7H2O. 

 

 

 

 

 

 

 

 

 

 



Table (3.4):- The electronic spectra for Co (II) ion in ionic liquid and with 

various ligands. 

Co (II) ion Absorption  

bands(nm) 

Color ε  

(Lmol
-1

cm
-1

) 

Cal. 

Β 

Suggested 

structure 

Ref.  

Aqueous solution υ= 512 Pink 5 - Octahedral 

[Co(H2O)6]
2+

 

This 

work 

Hydrated 

ammonium 

aluminum 

sulfate/urea 

υ1= 1309 

υ2= 522.5 

υ3= 276.5 

Pink  

11 

7.8 

1.96 Octahedral 

[Co(IL)6]
2+

 

This 

work 

Hydrated 

ammonium 

aluminum 

sulfate/urea+ 

KSCN (1:5)mole 

υ= 523.5 Violet 20 - Distorted 

octahedral 

Co
2+

 interact 

with one or 

more KSCN 

This 

work 

Hydrated 

ammonium 

aluminum 

sulfate/urea+ 

KSCN (1:7)mole 

υ= 526.5 

υ= 625 

Violet 25.2 

6.6 

- Distorted 

octahedral 

Co
2+

 interact 

with one or 

more KSCN 

This 

work 

Hydrated 

ammonium 

aluminum 

sulfate/urea+ 

KSCN (1:10)mole 

υ= 529 

υ= 611.5 

Violet 30.2 

16 

- Distorted 

octahedral 

Co
2+

 interact 

with one or 

more KSCN 

This 

work 

Hydrated 

ammonium 

aluminum 

sulfate/urea+KSCN 

(1:13)mole 

υ= 532 

υ= 578 

υ= 616 

 Deep 

Violet 

- - Th. or 

distorted Oh. 

Co
2+

 interact 

with one or 

more KSCN 

This 

work 



Hydrated 

ammonium 

aluminum 

sulfate/urea+ 

KSCN(1:15)mole 

υ= 532.5 

υ= 579.5 

υ= 616.5 

Blue - - Th. or 

trigonal 

bipyramid 

Co
2+

 interact 

with KSCN 

This 

work 

Hydrated 

ammonium 

aluminum 

sulfate/urea+ 

KSCN(1:35)mole 

υ= 538 

υ= 584 

υ= 622 

Blue - - Th. 

Co
2+

 interact 

with KSCN 

This 

work 

Hydrated 

ammonium 

aluminum 

sulfate/urea+ 

NaNO2(1:1)mole 

υ1(Cal.)=1296 

υ2= 520.5 

υ3= 272 

Light 

pink 

 

13.8 

16.8 

1.98 Octahedral  

[Co(IL)6]
2+

 

This 

work 

Hydrated 

ammonium 

aluminum 

sulfate/urea+ 

NaNO2(1:3)mole 

υ1(Cal.)=1151 

υ2= 522 

υ3= 288.5 

Light 

pink 

 

20 

23.6 

1.79 Distorted 

octahedral 

Co
2+

 interact 

with one or 

more NaNO2 

This 

work 

Hydrated 

ammonium 

aluminum 

sulfate/urea+ 

NaNO2(1:5)mole 

υ1(Cal.)=1146 

υ2= 521 

υ3= 286.5 

Orange  

26.6 

31.6 

1.79 Distorted 

octahedral 

Co
2+

 interact 

with one or 

more NaNO2 

This 

work 

Ca(NO3)2.4H2O/ 

CaCl2 

υ= 515 - - - Octahedral  56 

Acetamide/ 

Ca(NO3)2.4H2O 

υ= 514.6 - - - Octahedral  57 

Choline 

chloride/urea 

υ= 641 

υ= 671 

- - - Tetrahedral  54 



 

 

 

 

 

 

 

 

 

 

 

 

 

 

    

 

 

 

 

 

 

Choline 

chloride/malonic 

acid 

υ= 619 

υ= 642 

υ= 672 

- - - Tetrahedral  54 

LiCl/KCl υ= 598.8 

υ= 660 

υ= 680 

- - - Tetrahedral 

[CoCl4]
2-

 

55 



3.5. Nickel (II) sulfate hexahydrate in hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid:- 

 

Nickel (II) sulfate hexahydrate was found to be not easily soluble 

at room temperature in hydrated ammonium aluminum sulfate/urea ionic 

liquid until the temperature was elevated to 40°C with mechanical 

stirring, a 0.02 M of Ni (II) sulfate in ionic liquid was achieved after 2 

hours giving pale green solution as shown in picture (3.10). 

     

 

 

 

 

 

 

Picture (3.10):- 0.02 M pale green colored solution of NiSO4.6H2O in hydrated 

ammonium aluminum sulfate/urea room temperature ionic liquid dissolved at 

40°C. 

 

Similar behavior was found for nickel chloride in choline 

chloride/urea ionic liquid when 0.1 M was dissolved after 72 hours at 

room temperature,
[54] 

 compared to 0.02 M at 40°C for Ni (II) sulfate in 

ionic liquid of the present work.
 
The nickel chloride solubility was also 

reported in LiCl/KCl molten salt at 700-1000°C and in CsCl melt at 

864°C.
[55]

 These high temperature would reflected the ease of solubility 

of Ni (II) sulfate in hydrated ammonium aluminum sulfate/urea ionic 

liquid at much lower temperature 40°C.  

 



The electronic transition of the pale green solution of nickel sulfate 

in hydrated ammonium aluminum sulfate/urea ionic liquid was 

investigated by UV-Visible and revealed two bands at 401.5 nm and split 

band in the visible region at 670.5 nm Fig. (3.18.B). These are the known 

ranges for octahedral coordination of nickel complexes, yet the third band 

which was normally existed at lower frequency was not detected due to 

the lower limit of the spectrophotometer.  

 

 

Fig. (3.18):- The UV-Visible spectrum for [A]: Hydrated ammonium aluminum 

sulfate/urea ionic liquid. [B]: NiSO4.6H2O in hydrated ammonium aluminum 

sulfate/urea room temperature ionic liquid. 

 

 

 

 



Orgel diagram, Scheme (2.2) refers to the d
8
 octahedral electronic 

transition and can split as follows: 

 

υ1 = 
3
A2g(F) → 

3
T2g(F)  

υ2 = 
3
A2g(F) → 

3
T1g(F)  

υ3 = 
3
A2g(F) → 

3
T1g(P)  

 

The observed bands of 401.5 nm and 670.5 nm, were related to υ3 

and υ2 respectively, while υ1 was calculated from Tanabe-Sugano 

diagram for d
8
 configuration, Scheme (3.6), which indicated that its value 

equal to 1198 nm. 

 

The relatively broad band at 670.5 nm in comparison to the other 

band at 401.5 nm could be related to two bands resulted from the d-d spin 

allowed electron state of  
3
A2g(F) → 

3
T1g(F) and spin forbidden 

3
A2g→ 

1
Eg electronic state which appeared due to orbital coupling. In this case 

both bands would have close energy as when ∆°/B was calculated found 

to have a value of (9). When straight line was drawn to mark the other 

transition states, indicated very close values of both above mentioned 

electronic states.      

 



 

Scheme (3.6):- Tanabe-Sugano diagram for d
8
 octahedral ion configuration. 

 

Fig. (3.18) also showed the same position shoulder of the ionic 

liquid at 277.5 nm, now appeared with higher absorbance at the charge 

transfer transition of the ligands with nickel. 

 

To compare the electronic transition behavior, nickel sulfate 

solution in water 0.01 M also showed two main electronic transition at 

396.5 nm and split band at 656.5 nm, Fig. (3.19.A). The third band was 

calculated from Tanabe-Sugano diagram for d
8
 configuration and was 

found to be 1113 nm, Table (3.5). The similarity in its behavior, nickel 

(II) sulfate hexahydrate also showed octahedral configuration in aqueous 

solution but with relatively higher transition energies, reflecting the 

stronger water molecules as a ligand in comparison to ionic liquid 

species, and also support the previous metal (Cr, Co, Fe) which also 

suggested weaker ionic liquid than water molecules interaction. These 

added observation strongly suggest the non free nature of the originally 



present water molecules in the crystal structure of the alum, and that 

water still interacted to aluminum and NH4
+
 cation in the liquid state in 

the ionic liquid. The small and close molar absorptivity value of nickel 

(II) cation in ionic liquid of present work and water Table (3.5), reveal 

the symmetrical coordination of ligands around the nickel cation. The 

octahedral coordination of nickel (II) in present ionic liquid was found 

similar to those obtained in different ionic liquid, yet showing varied 

band energies. For example, it showed bands at 410 nm, 669-746 nm and 

1050 nm in choline chloride/urea room temperature ionic liquid.
[54]

 while 

in acetamide/KNO3 it showed 431 nm, 800 nm and 1333 nm, but at 429 

nm, 793 nm and 1234 nm in butyramide-NaNO3.
[44]

 

  

 

Fig. (3.19):- The UV-Visible spectra for NiSO4.6H2O in [A]: 0.01M aqueous 

solution.[B]: 0.02M hydrated ammonium aluminum sulfate/urea room 

temperature ionic liquid.[C]: Inset NiSO4.6H2O in water and in hydrated 

ammonium aluminum sulfate/urea ionic liquid. 



3.5.1. Reaction with potassium thiocyanate:- 

 

To elaborate the behavior of Ni (II) in presence of a biphilic ligand, 

thiocyanat, as with cobalt (II) (section 3.4.1), the addition of potassium 

thiocyanate didn’t show a dramatic changes as was observed with cobalt. 

The 1:1 mole ratio of added thiocyanate to Ni (II) didn’t ever showed a 

color changes or deviation in the electronic band of Ni (II) in ionic liquid. 

However, the color changes appeared only when thiocyanate present in 

high concentration, therefore the color changed from pale green of Ni (II) 

in ionic liquid to green at 10:1 mole ratio picture (3.11), and to olive 

green at 30:1 mole ratio, picture (3.12). 

Spectroscopic investigation of the successful addition of thiocyanate, Fig. 

(3.20.B) reveal an obvious change in the charge transfer spectra which 

stated with very high absorbance at around 333 nm overshade the ionic 

liquid transition at 277.5 nm. This might be taken as indication to the 

interaction between thiocyanate with Ni (II) although the metal did not 

change its octahedral configuration when substituted its ionic liquid 

interaction with thiocyanate anion. Another indication to the interacted 

thiocyanate with Ni (II) although it showed similar band energies, Table 

(3.5), the molar absorptivity increased by four times on addition of 10:1 

thiocyanate to Ni (II) cation indicating a less symmetrical coordination of 

ligands to the metal there by reducing the octahedral symmetry. However, 

the further increased in molar absorptivity at 30:1 mole ratio could be 

explained also to the increased concentration of the complex. The 

octahedral coordination of Ni (II) in different ionic liquids was also 

reported in butyramide/NaNO3 and acetamide/KNO3,
[44]

 and in choline 

chloride/urea.
[54]

 However in highly ionic chloride melt CsCl Ni (II) 

showed tetrahedral coordination and distorted tetrahedral in LiCl/KCl 

molten salts.
[55]

 This would revealed the less electrostatic nature of 



interaction of Ni (II) in present ionic liquid. Incontras to its behaivior to 

the monodentate ligands in choline chloride/malonic acid room 

temperature ionic liquid, nickel (II) showed a tetrahedral coordination.
[54] 

  

 

Picture (3.11):- Green colored solution for NiSO4.6H2O in hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid with added KSCN 1:10 

mole ratio respectively.  

 

 

Picture (3.12):- Olive green colored solution for NiSO4.6H2O in hydrated 

ammonium aluminum sulfate/urea room temperature ionic liquid with added 

KSCN 1:30 mole ratio respectively. 

 



 

Fig. (3.20):-The UV-Visible spectra for NiSO4.6H2O in [A]:Hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid. [B]:Addition 5 moles of 

KSCN to one mole of NiSO4.6H2O. [C]:addition 10 moles of KSCN to one mole 

of  NiSO4.6H2O. [D]:addition 30 moles of KSCN to one mole of  NiSO4.6H2O.    

 

3.5.2. Reaction with sodium nitrite:- 

 

When sodium nitrite (NaNO2) was added to Ni (II) sulfate in 

hydrated ammonium aluminum sulfate/urea ionic liquid at room 

temperature in a ratio of 1:1, the color became fainted to almost colorless 

as shown in picture (3.13). 

 

 



 

Picture (3.13):- Faint green solution for NiSO4.6H2O in hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid with addition NaNO2 1:1 

mole ratio respectively. 

 

Sodium nitrite did not show a large changes in the position of the 

electronic transition bands of nickel (II) in ionic liquid, when the nitrite 

was added to nickel sulfate solution in a ratio of 1:1 the closely related 

electronic spectra and shape of the observed bands, Fig. (3.21.B) reveals 

no strong evidence to direct interaction of the metal with nitrite. However 

this does not means that there was no interacted effect due to presence of 

nitrite in solution. This might be seen from the higher molar absorptivity 

after adding nitrite ligand compared to before adding nitrite to nickel (II) 

solution in ionic liquid, Table (3.5). compared 4.1 Lmol
-1

cm
-1

 to 15.5 

Lmol
-1

cm
-1

. By using Tanabe-Sugano diagram for d
8
 configuration the 

third band was calculated and found to be 1187 nm. 

 



 

 

Fig. (3.21):- The UV-Visible spectra for NiSO4.6H2O in [A]:Hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid. [B]:Addition equivalent 

mole of NaNO2 to NiSO4.6H2O. 

 

 

  

 

 

 

 

 

 

 

 

 



Table (3.5):- The electronic spectra for Ni (II) ion in ionic liquid and with various 

ligands. 

Ni (II) ion Absorption  

bands(nm) 

Color 

 

B` (cm
-1

) ε(Lmol
-

1
cm

-1
) 

Cal. 

Β 

Suggested 

structure 

Ref. 

Aqueous solution υ1cal.= 1113 

υ2= 656.5 

υ3= 396.5 

Green 898.3  

5 

14 

0.87 Oh. 

[Ni(H2O)6]
2+

 

This 

work 

NH4Al(SO4)2.12H2O/urea υ1cal.= 1198 

υ2= 670.5 

υ3= 401.5 

 

Pale 

green 

927.2  

4.1 

9.1 

0.9 Oh. 

[Ni(IL)6]
2+

 

This 

work 

NH4Al(SO4)2.12H2O/urea

+ KSCN (1:5) mole 

υ1cal.= 1130 

υ2= 668.5 

υ3= 401.5 

Pale 

green 

884.6  

7 

14.5 

0.85 Oh. 

[Ni(IL)6]
2+

 

This 

work 

NH4Al(SO4)2.12H2O/urea 

+ KSCN (1:10) mole  

υ1cal.= 1125 

υ2= 662.5 

υ3= 401.5 

 

Green 888.6  

17.3 

30.3 

0.86 Oh. 

Ni
2+

 interact 

with one or 

more KSCN 

This 

work 

NH4Al(SO4)2.12H2O/urea 

+ KSCN (1:30) mole   

υ1cal.= 1116 

υ2= 653.5 

υ3= 401 

 

Olive 

green 

895.3  

29 

40 

0.86 Distorted Oh. 

Ni
2+

 interact 

with one or 

more KSCN 

This 

work 

NH4Al(SO4)2.12H2O/urea 

+ NaNO2 (1:1) mole 

υ1cal.= 1187 

υ2= 667.5 

υ3= 396 

 

Faint 

green 

935.7  

15.5 

21 

0.9 Oh. 

Ni
2+

 interact 

with one or 

more NaNO2 

This 

work 

LiCl/KCl υ=1250  

υ=704.2 

υ=653.6 

 

- - - - Distorted 

tetrahedral 

55 



 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

CsCl υ= 1333 

υ= 714.2 

υ= 637 

- - - - Tetrahedral  55 

Butyramide/NaNO3 υ= 1234 

υ= 793 

υ= 429 

- - - - Octahedral  44 

Acetamide/KNO3 υ= 1333 

υ= 800 

υ= 431 

- - - - Octahedral 44 

Choline chloride/urea υ= 1050 

υ=(669-746) 

υ= 410 

     - - - - Oh. 

[Ni(urea)4Cl2] 

54 



3.6. Copper (II) sulfate pentahydrate in hydrated 

ammonium aluminum sulfate/urea room temperature ionic 

liquid:- 

 

Copper (II) compounds in general form blue or green solutions, the 

d
9
 ion is characterized by large distortion form octahedral symmetry and 

the bond is unsymmetrical, being the result of a number of transitions 

which are no means easy to assign unambiguously. The free ion ground 

2
D term is expected to split in a crystal field in the same way as the term 

5
D of the d

4
 ion and a similar interpretation of the spectra is like wise 

expected. Unfortunately this is now more difficult because of the greater 

overlapping of bands which occurs in the case of Cu (II), as shown in 

Scheme (3.7).
 [41]

 

 

 

Scheme (3.7):- Crystal field splitting for 
2
D configuration. 

 

 

 

 

 



Copper (II) sulfate pentahydrate found not to be easily soluble in 

hydrated ammonium aluminum sulfate/urea ionic liquid at room 

temperature until the temperature was raised to 40°C, when a 0.05 M of 

metal sulfate was achieved after 15 minutes producing blue clear solution 

as shown in picture (3.14). 

 

 

Picture (3.14):- 0.05 M blue colored solution for CuSO4.5H2O in hydrated 

ammonium aluminum sulfate/urea room temperature ionic liquid dissolved at 

40°C.  

 

It was found that the solubility for Cu (II) sulfate in hydrated 

ammonium aluminum sulfate/urea ionic liquid is different from Cu (II) 

chloride in other ionic liquids or molten salts. For example a 0.1 M of Cu 

(II) chloride in choline chloride/urea ionic liquid soluble after standing 72 

hours, also in choline chloride/malonic acid a 0.1 M of metal chloride 

soluble after 72 hours.
[54]

 In molten salt ionic liquid like LiCl/KCl the Cu 

(II) ions soluble at 400°C.
[55]

 From that it could be suggested that Cu (II) 

sulfate in hydrated ammonium aluminum sulfate /urea ionic liquid more 

soluble than Cu chloride in chloride ionic liquids. 

 

The ultraviolet-visible test for the blue solution showed one broad 

absorption with a maxima at 802.5 nm as shown in Fig. (3.22). 

 



 

Fig. (3.22):- The UV-Visible spectrum for CuSO4.5H2O in hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid. 

 

The term symbol for d
9
 of Cu (II) ion its 

2
D with one  transition for 

broad absorption band due to distorted Cu (II) octahedral structure. 

 

Cu (II) subjected to (Jahn-Teller) effect that any non-linear 

molecule with degenerate electronic ground state will undergo a 

geometrical distortion that removes that degeneracy, because the 

distortion lowers the overlap energy of the complex. 
[61]

 

 

To compare the behavior of Cu (II) sulfate in aqueous solution and 

in hydrated ammonium aluminum sulfate/urea ionic liquid, a 0.01 M of 

Cu (II) sulfate was prepared in aqueous solution and gave one absorption 

band at 798.5 nm that shifted to higher energy than those obtained in 

http://en.wikipedia.org/wiki/Degenerate_energy_level


hydrated ammonium aluminum sulfate/urea ionic liquid Fig. (3.23), that 

indicate Cu
2+

 would have a strong interaction with water molecules than 

with anionic species of ionic liquid, and this additional support to the 

weaker nature of ionic liquid. It could be noticed that the molar 

absorptivity in ionic liquid higher than in aqueous solution Table (3.6), 

which indicates the less symmetrical coordination geometry of Cu (II) 

ions in ionic liquid. These observation are in agreement to a similar 

behavior of the other cations studied in this project.  

 

 

Fig. (3.23):- The UV-Visible spectra for CuSO4.5H2O in [A]: 0.01 M aqueous 

solution.[B]: 0.05 M hydrated ammonium aluminum sulfate/urea room 

temperature ionic liquid. 

 

 

 



Cu (II) sulfate in hydrated ammonium aluminum sulfate/urea ionic 

liquid have different coordination from Cu (II) chloride in other types of 

ionic liquids and molten salts such as, in LiCl/KCl when Cu (II) 

electronic transition band reported to have 1052 nm and assigned to form 

distorted octahedral or tetrahedral coordination.
[55] 

In choline 

chloride/tartaric acid the band energy was 1089 nm and assigned to a 

tetrahedral geometry.
[43]

 

But in choline chloride/urea the spectrum showed band energy at 766 nm 

reported to octahedral coordination,
[54]

 a close electronic transition band 

was in the ionic liquid of this work 802.5 nm,
 
and this could be related to 

octahedral coordination of Cu (II) cation. 

 

Because there was no Tanabe-Sugano diagram for d
9
 electronic 

configuration, using Orgel diagram to assign the value of 10 Dq, Cu (II) 

sulfate showed on broad band at 802.5 nm which can be assigned to
 2

Eg 

→ 
2
T2g  transitions. 

 

 

 

 

 

 

 

 

 

 

 



3.6.1. Reaction with potassium thiocyanate:- 

 

In an attempt to study the behavior of Cu (II) sulfate in hydrated 

ammonium aluminum sulfate/urea ionic liquid with addition the ligand, 

thiocyanate ligand was added to Cu (II) ions at room temperature in mole 

ratio (0.25:1) mole respectively, the original blue solution changed to 

turbid green, as shown in picture (3.15), which measured in UV-Visible 

instrument as 1mm film, the color change due to additional absorption of 

the solution.  

 

 

Picture (3.15):-  Green colored solution for CuSO4.5H2O in hydrated ammonium 

aluminum sulfate/urea room temperature ionic liquid with addition KSCN 

(1:0.25) mole respectively. 

 

The UV.Visible test showed one broad band at 806 nm that shifted to 

lower energy region and another band appeared at 361 nm, this 

absorption band related to added thiocyanate ligand to Cu (II) solution 

but it need further study to identified it, Fig. (3.24.B). In Cu (II) sulfate 

ionic liquid the distortion will be stronger than when added the ligand 

SCN
-
 because the absorbance higher in ionic liquid and the band more 

wider so its have more splitting. Molar absorptivity for Cu (II) sulfate 

when added the ligand 15.8 Lmol
-1

cm
-1

, Table (3.6), which is lower than 

the molar absorptivity in absence the ligand SCN
-
, this is additional 



support that the distortion in Cu (II) sulfate ionic liquid is stronger than in 

presence the ligand SCN
-
. Then when increase the moles of thiocyanate 

ligand the device could not detect it. 

 

 

Fig. (3.24):- The UV-Visible spectra for CuSO4.5H2O in [A]: Hydrated 

ammonium aluminum sulfate/urea room temperature ionic liquid. [B]: Addition 

0.25 mole of KSCN to one mole of CuSO4.5H2O.  

 

 

 

 

 

 



3.6.2. Reaction with sodium nitrite:- 

 

When sodium nitrite (NaNO2) was added to Cu (II) sulfate in 

hydrated ammonium aluminum sulfate/urea ionic liquid at room 

temperature in a ratio of 1:1 mole, the original blue solution did not 

change. When the resulted solution was taken by UV-Visible test it 

showed a similar behavior to that solution without added sodium nitrite 

Fig. (3.25.B). It gave a very close absorption characterization in the 

position of the maximum absorbance and  the shape of the absorbance. 

This might be indicate two possibilities to either the formation of very 

small concentration of copper nitrite coordinated to the original complex, 

or nitrite did not coordinated to copper at all. The latter possibility taken 

to explain the situation of the complex as it was observed that nitrite did 

not show obvious coordination in ionic liquid to other metal cations 

investigated in this work, even at 5:1 mole ratio of nitrite to cobalt sulfate 

(C.F. 3.4.2), the higher addition concentration of nitrite to metal cation 

would eliminate the first possibility.        



 

Fig. (3.25):- The UV-Visible spectra for CuSO4.5H2O in [A]:Hydrated 

ammonium aluminum sulfate/urea room temperature ionic liquid. [B]:Addition 

equivalent mole of NaNO2 to CuSO4.5H2O. 

 

 

 

 

 

 

 

 

 

 

 



Table (3.6):- The behavior of Cu (II) ion in ionic liquid and with various 

solvents.   

 

Solution of Cu 

(II) ions 

Absorption 

bands (nm) 

Transition  Color  ε(Lmol
-1

  

cm
-1) 

Suggested 

structure 

Ref. 

Aqueous solution  υ=  798.5  
2
Eg→ 

2
T2g Blue      14 Oh. 

[Cu(H2O)6]
2+

 

This 

work 

Hydrated 

ammonium 

aluminum 

sulfate/urea 

υ= 802.5  
2
Eg→ 

2
T2g Blue - Distorted Oh. 

[Cu(IL)6]
2+

 

This 

work 

LiCl/KCl υ= 1052 
2
B1g→ 

2
B2g 

2
B1g→ 

2
Eg 

Pale 

blue 

      - Distorted Oh. 

or Th. 

55 

Choline 

chloride/tartaric 

acid 

υ= 1089 
2
B1→ 

2
B2 

2
B1→ 

2
E 

Yellow   10.6 Th. 

two chloride 

and one 

tartarate ions 

43 

Choline 

chloride/urea 

υ= 766 
2
Eg →

2
T2g Blue  17.02 Oh.  

[Cu(urea)6]
2+

 

54 

Hydrated 

ammonium 

aluminum 

sulfate/urea        + 

KSCN(1:0.25) 

mole 

υ= 806 

υ= 361 

2
Eg→ 

2
T2g Green   15.8 Oh. 

Cu
2+

 interact 

with one or 

more KSCN 

This 

work 

Hydrated 

ammonium 

aluminum 

sulfate/urea + 

NaNO2(1:1) mole 

υ= 805.5 
2
Eg →

2
T2g Blue - Distorted Oh. 

[Cu(IL)6]
2+

 

  

 

This 

work 



Conclusion: 

It could be summarized that the some transition metal cations studied 

in present work behaved as follows: 

1- They interacted to ionic species of the ammonium alum/urea ionic 

liquid regardless their oxidation state and their type of salts. 

2- The water molecules originally present in the ammonium alum did 

not coordinated to the transition metal cations and hence not 

present in free state. 

3- Some of the added ligands to metal cations substituted the weak 

coordinated ionic liquid species. 

4- Coordination and concentration effects were obvious in case of 

cobalt cation in which the geometrical structure changed from 

octahedral to tetrahedral.  

 

Future work: 

1- Separation of the resulted substituted complexes and in case of 

turbid mixture [Cu (II) with KSCN] its preferable to filtrate it to 

get clear mixture. 

2- Identification of complexes by different analytical method. 

3- Applying different methods to further study of the reaction 

processes, such as NMR, Mass spectroscopy, ….. etc.   
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: الخلاصة

 
 Cr (III)] ، Fe (III)،Fe (II) الأزمبٌٍخ ٌٍّؼبدْ الاٌٛٔبد أٌّٛججٗعٍٛن ثؼض رُ اوزشبف 

،Co (II) ، Ni (II)، [Cu (II) ًاٌطٍفً ٚاٌزذًٍٍ. ٌٛسٌب  –َالأٍِٛٔٛ الأًٌٛٔ ٌشت فً اٌغبئ 

لالزشاح اٌشىً وبْ  الأشؼخ فٛق اٌجٕفغجٍخ الإٌىزشٍٚٔخ ٚاٌزي رجؼٗ دساعبد ٌٙزٖ اٌؼٕبطش

ثبلاٌٛٔبد أٌّٛججٗ  اٌزي ٌشرجط اٌشىً الأًٌٛٔٚرمذٌش  الأًٌٛٔ فً اٌغبئً ي إٌّغكٕ٘ذطاي

. ٌٍؼٕبطش الأزمبٌٍخ 

وشَٚ ًٌ ففً الاٌٛٔبد أٌّٛججٗ .ٌف ػٓ ثؼضٙب اٌجؼضرخذأْ فؼبٌٍٗ الاٌٛٔبد أٌّٛججٗ اٌّؼذٍٔخ 

(III)  ٌْٚىْٛ، ٚائً ألاٌٍٛٔٗاٌظ أٔٛاع فًصّبًٔ اٌغطٛح  يٕ٘ذط را شىً وْٛيوّب ٘ٛ ِزٛلغ أ 

اٌزً  الأِلاحظٙش ٍِلا ٌٍزفبػً ِغ يلا  (III)ٚثبٌّضً اٌذذٌذ . ح ٌٗاٌّضبف رجبٖ الأِلاح خبِلا

ِضٍشح  وبٔذ ٌٗ ظب٘شٖ (II) اٌذذٌذ أِب. عبد ػٍٍٗ ظٙٛس دضَ أزمبي اٌشذٕخ، ِٚغ رٌه رضبف ٌٗ

 اٌجشَ ٚ ظٙٛس اٌزي ٌشرجط ِغ اٌضبٌٛعٍبٍٔذ ِبًٔ اٌغطٛحس اٌّشرفغ ٌٍشىً ًٚ٘ اٌجشَ ٌلا٘زّبَ

. ٔزشٌذ اي إضبفخ ٌٍشىً صّبًٔ اٌغطٛح ػٕذ  ِٕخفضاي

اٌٍٛسٌب، لأٔٙب -الاٍَِٛٔٛ شتٌلا٘زّبَ فً اٌغبئً الأًٌٛٔ  ا ِضٍشاعٍٛن (II) ٌذاٌىٛة سٚأظٗ

 ح ٘زا اٌّذٍٛياطِٚغ رٌه ػٕذِب رّذ دس. لأٌٍٛٔخاالأجضاء صّبًٔ اٌغطٛح ِغ  ػٍى شىً عمخادَْ

ظٙش رغٍش ، وٛثٍذ ِٛي 1: صبٌٛعٍبٍٔذ  35إٌى  دٍش ٚطً، اٌضبٌٛعٍبٍٔذِغ صٌبدح رشوٍض 

 خٍٍط سثبػً اٌغطٛح فً شىً رشىًٍ رُ سثّب ٚػٍى الأطٍبف رذسٌجً فً اٌشىً إٌٙذعً 

. صّبًٔ اٌغطٛح الأطًٍ ٚجٛد ثؼضب ِٕٗ فً شىًِغ  اٌّؼمذ

ٌٍىٛثٍذ  1لذ رٛلف ػٕذِب ٚطٍذ إٌغجخ إٌى  اٌغٛائً الأٌٍٛٔخفً  ٌٍٕزشٌذ دذ لبثٍٍخ اٌزٚثبْأْ 

(II) : 5  ٌٍٕزشٌذ .

اٌغبئً الأًٌٛٔ ٚرفبػً ِغ الأِلاح اٌّضبفخ ٌٗ  اٌغٍٛن صّبًٔ اٌغطٛح فً (II) إٌٍىً وّب أظٙش

دٍش رغٍش اٌٍْٛ ِٓ الأخضش اٌشبدت إٌى الأخضش  30ٚرذذٌذا ػٕذ صٌبدح رشوٍض إٌٍىً إٌى 

. اٌضٌزًٛٔ

 ٚ رشٍش أطٍبفٗ إٌى رىْٛ شىً، ٌٛٔب اصسلب ٚاضذب (II)الاٌٛٔبد أٌّٛججٗ ٌٍٕذبط  أظٙشدٚ

ٌٚىٓ رُ رغجًٍ  ػٕذ أضبفٗ إٌزشٌذ لا ٌظٙش أي رغٍش فً اٌٍْٛ فً دٍٓ، صّبًٔ اٌغطٛح

ٌزفبػً ِغ إٌذبط اٌّٛجٛد فً اٌغبئً الاًٌٛٔ  ٌذْاٌٛعًاِٚغ رٌه، ٌجذٚ أْ س. الً اطٍخِزضا

 ألً ثىضٍش ِّب ِغ اٌغبئً الأًٌٛٔ ٌخاِزظبصِغ ٌٛي اخضش دبٚي ػٍى سٚاعت ٚثزٌه ٌٕزج ِخ

. ٚدذٖ



الأطًٍ  الأٍَِٛٔٛ شت ِٚٓ اٌّضٍش ٌلا٘زّبَ، ٌُ ٌزُ اٌؼضٛس ػٍى جضٌئبد اٌّبء اٌّٛجٛدح فً

وّب رُ اٌؼضٛس ػٍى أطٍبف رخزٍف ثبٌّمبسٔخ ِغ رٍه اٌزً  ،اٌّؼذٍٔخ ٌٛٔبد أٌّٛججِٗغ الا ٌزشرجط

  .ِبئًايِذٍٛي ايػٍٍٙب فً  رُ اٌذظٛي

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



 

                                             

                                             

 

 

 


