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Practical Medical Сhemistry  
MODULE 1 

 

THEME 1  
CHEMICAL ELEMENTS. PERIODIC TABLE 

Atoms, molecules and ions  
Chemistry is the study of matter, its composition, structure and properties, 
and the chemical changes it undergoes.  

Matter is anything that occupies space and has mass.  

A substance is a form of matter that has a definite (constant) composition and 
distinct properties. Examples are water, ammonia, sugar, gold, oxygen, and 
etc. 

Substances can be either elements or compounds. An element is a substance 
that cannot be separated into simpler substances by chemical means.  

The symbols of some elements are derived from their Latin names – for 
example, Au from aurum (gold), Fe from ferrum (iron), and Na from natrium 
(sodium) – whereas most of them come from their English names. 

On the basis of atomic theory, we can define an atom as the basic unit of an 
element that can enter into chemical combination.  

Atoms actually possess internal structure; that is, they are made up of 
electrons, protons, and neutrons. The protons and neutrons of an atom are 
packed in an extremely small nucleus. Electrons are as «clouds» around the 
nucleus. The properties of these subatomic particles are summarized in Table 
1.1 . 

The atomic number is the number of protons in the nucleus of each atom of 
an element. As atom is a neutral particle the number of protons is equal to the 
number of electrons, so the atomic number also shows the number of 
electrons in the atom. 

The chemical identity of an atom can be determined solely from its atomic 
number. For example, the atomic number of oxygen is 8. This means that 
each oxygen atom has 8 protons and 8 electrons so each atom in the universe 
that contains 8 protons is oxygen. 
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The mass number of an atom is the total number of neutrons and protons 
present in the nucleus of an atom of an element. The number of neutrons in 
an atom is equal to the difference between the mass number and the atomic 
number. If we have oxygen atom for which mass number is 16, this means 
the atom has 8 neutrons.  

 
Table 1.1. Masses and charges of the basic subatomic particles 

Particle Charge 
Charge  

(Coulombs) 

Mass 

(atomic units) 

Mass 

(grams) 

Electron ( e ) –1 –1.6022×10–19 5.4×10–4 9.1095×10–28

Proton (p) +1 +1.6022×10–19 1 1.6725×10–24

Neutron (n) 0 0 1 1.6750×10–24

 

Most elements have two or more isotopes. Isotopes are atoms that have 
the same atomic number but different mass numbers. For example, there are 
three isotopes of hydrogen, called hydrogen (or protium), deuterium, and 
tritium. Hydrogen nucleus has one proton and no neutrons, deuterium has one 
proton and one neutron, and tritium has one proton and two neutrons. 
A molecule is an aggregate of at least two atoms in a definite arrangement 
held together by chemical forces (also called chemical bonds). A molecule 
may contain atoms of the same element or atoms of two or more elements 
joined in a fixed ratio. 

An ion is an atom or a group of atoms that has a net positive or negative 
charge. The number of positively charged protons in the nucleus of an atom 
remains the same during ordinary chemical changes (called chemical 
reactions), but negatively charged electrons may be lost or gained. The loss 
of one or more electrons from a neutral atom results in a cation, an ion with a 
net positive charge. The acceptance of electron(s) by an atom results in an 
anion, a particle with a net negative charge. 

 

Periodic law and periodic table 
Recognition of periodic regularities in physical and chemical behavior and 
the need to organize the large volume of available information about the 
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structure and properties of elemental substances led to the development of the 
periodic law by Russian chemist D. I. Mendeleev.  

The modern formulation of periodic law states that the physical and chemical 
properties of elements are periodic functions of their atomic numbers. It is 
important to remember that the periodic table of elements was organized by 
Mendeleev according to increasing atomic weights, but not by nuclear 
charge.  

Visual expression of the periodic law is the periodic table – a chart in which 
elements having similar chemical and physical properties are grouped 
together. The periodic table is a handy tool that correlates the properties of 
the elements in a systematic way and helps us to make predictions about 
chemical behavior. 

The modern periodic table is presented below. In the periodic table the 
elements are arranged by atomic number (shown above the element symbol) 
in horizontal rows called periods and in vertical columns known as groups or 
families, according to similarities in their chemical properties. All elements 
can be divided into three categories – metals, nonmetals, and metalloids. 
Elements are often referred to collectively by their periodic table group 
number (Group 1, Group 2, and so on). However, for convenience, some 
element groups have been given special names. The Group 1 of the elements 
(Li, Na, K, Rb, Cs, and Fr) are called alkali metals, and the Group 2 elements 
(Be, Mg, Ca, Sr, Ba, and Ra) are called alkaline earth metals. Elements in 
Group 17 (F, Cl, Br, I, and At) are known as halogens, and elements in 
Group 18 (He, Ne, Ar, Kr, Xe, and Rn) are called noble gases (or rare 
gases). 



 4
 



 5

Valence electrons and chemical properties of the elements  
The chemical reactivity of the elements is largely determined by their valence 
electrons, which are the outermost electrons. For the representative elements, 
the valence electrons are those in the highest occupied shell. All nonvalence 
electrons in an atom are referred to as core electrons. Looking at the electron 
configurations of the representative elements, a clear pattern emerges: all the 
elements in a given group of the periodic table have the same number and 
type of valence electrons. The similarity of the valence electron 
configurations is what makes the elements in the same group resemble one 
another in chemical behavior. Thus, for instance, all the alkali metals have 
the valence electron configuration of ns1 and they all tend to lose one electron 
to form the unipositive cations. Similarly, the alkaline earth metals (the 
Group 2 of the elements) all have the valence electron configuration of ns2, 
and they all tend to lose two electrons to form the dipositive cations. As a 
group, the noble gases behave very similarly. Helium and neon are 
chemically inert, and there are few examples of compounds formed by the 
other noble gases. This lack of chemical reactivity is due to the completely 
filled ns and np subshells, a condition that often correlates with great 
stability. Although the valence electron configuration of the transition metals 
is not always the same within a group and there is no regular pattern in the 
change of the electron configuration from one metal to the next in the same 
period, all transition metals share many characteristics that set them apart 
from other elements. The reason is that these metals all have an incompletely 
filled d subshell. Likewise, the lanthanide (and the actinide) elements 
resemble one another because they have incompletely filled f subshells. 

 

Three important atomic properties 

A biological role of an element is a consequence of its electronic structure. 
We now need to understand how electronic structure affects atomic and ionic 
radii, and the thermodynamic ability of an atom to release or acquire 
electrons to form ions or chemical bonds. 

Three important atomic properties are the atomic and ionic radii, the 
ionization energy, the electron affinity.  
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These properties are of great significance in chemistry and biology, for they 
are controls on the number and types of chemical bonds the atom can form.  

The atomic and ionic radii. The atomic radius of an element is half the 
distance between the centers of neighboring atoms in a solid (such as Cu) or, 
for nonmetals, in a homonuclear molecule (such as H2 or S8). If there is one 
single attribute of an element that determines its chemical properties (either 
directly, or indirectly through the variation of other properties), then it is 
atomic radius. 

In general, atomic radii decrease from left to right across a period and 
increase down each group.  

The ionic radius of an element is its share of the distance between 
neighboring ions in an ionic solid. That is, the distance between the centers of 
a neighboring cation and anion is the sum of the two ionic radii.  

 

Table 1.2. lists the radii of some ions that play important roles in biochemical 
processes. 

 
Table 1.2. Atomic radii and main biochemical function 

Ion r/pm∗ Main biochemical function 

Mg2+ 72 Binds to ATP, constituent of chlorophyll, control of protein 
folding and muscle contraction 

Ca2+ 100 Component of bone and teeth, control of protein folding, 
hormonal action, blood clotting, and cell division 

Na+ 102 

K+ 138 

Cl– 167 

Control of osmotic pressure, charge balance, and membrane 
potentials 

 

The ionization energy. The minimum energy necessary to remove an electron 
from a many-electron atom is its first ionization energy, I1. The  second 
ionization energy, I2, is the minimum energy needed to remove a second 
electron (from the singly charged cation). 

                                        
∗ 1 picometer (pm) = 1⋅10–12 m 



 7

The ionization energy of an element plays a central role in determining 
the ability of its atoms to participate in bond formation. After atomic radius, 
it is the most important property for determining an element’s chemical 
characteristics.  
The electron affinity. The electron affinity, Eea, is the difference in energy 
between a neutral atom in the gaseous state and its anion. It is the energy 
released in the process: 

X(g) + e (g) → X−(g),   Eea = E(X) − E(X−). 

The electron affinity is positive if the anion has a lower energy than the 
neutral atom. 

Further analysis of ionization energies and electron affinities can begin to tell 
us why carbon is an essential building block of complex biological structures.  

Among the elements in Period 2, carbon has intermediate values of the 
ionization energy and electron affinity, so it can share electrons (that is, form 
covalent bonds) with many other elements, such as H, N, O, S, and, more 
importantly, other C atoms.  

As a consequence, such networks as long carbon–carbon chains (as in lipids) 
and chains of peptide links can form readily. Because the ionization energy 
and electron affinity of C are neither too high nor too low, the bonds in these 
covalent networks are neither too strong nor too weak.  

As a result, biological molecules are sufficiently stable to form viable 
organisms but are still susceptible to dissociation (essential to catabolism) 
and rearrangement (essential to anabolism).  

 
Bioelements 

Chemical elements can be classified according to an importance for 
human and animal organisms as organogenic and biogenic.  

Organogenic elements compose 97.5 mass% from total mass of human 
organism, i.e. O (62.4 %), C (21.0 %), H (9.7 %), N (3.1 %), P (0.95 %), S 
(0.16 %). 

Biogenic elements can be classified as following. 
I. Chemical elements essential to life forms can be broken down into 

four major categories:  
1) bulk elements (H, C, N, O, P, S);  
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2) macrominerals (Na, K, Mg, Ca, Cl);  
3) trace elements (Fe, Zn, Cu);  
4) ultratrace elements, comprised of nonmetals (F, I, Se, Si, As, B) and 

metals (Mn, Mo, Co, Cr, V, Ni, Cd, Sn, Pb, Li).   
II. Biological essentiality of these elements has been defined by certain 

criteria:  
1) a physiological deficiency appears when the element is removed from 

the diet;  
2) the deficiency is relieved by the addition of that element to the diet;  
3) a specific biological function is associated with the element. 
Bioelements can be divided for physiological processes as following: 
1) elements for physiological processes in bioliquids (C, H, O, N, P, Cl, 

K, Na, Ca, Mg); 
2) elements for metabolism (Fe, Zn, Cu, Mo, Co, I). Of special interest 

are the trace elements, such as iron (Fe), copper (Cu), zinc (Zn), iodine (I), 
and cobalt (Co), which together make up about 0.1 % of the body’s mass. 
These elements are necessary for biological functions such as growth, 
transport of oxygen for metabolism, and defense against disease. There is a 
delicate balance in the amounts of these elements in our bodies. Too much or 
too little over an extended period of time can lead to serious illness, 
retardation, or even death; 

3) elements decreasing generation and growth of microorganisms (As, 
Sb, Ag); 
4) elements for regulation of redox reactions (Mn, Cu, Cr). 
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THEME 2 
PROPERTIES AND QUALITATIVE REACTIONS OF SOME IMPORTANT IONS 

 
Qualitative analysis consists of methods for establishing the qualitative 
chemical composition of a substance – that is, the identification of atoms, 
ions, and molecules that present in the substance being analyzed. The most 
important characteristics of all methods of qualitative analysis are specificity 
and sensitivity. Specificity characterizes the ability to detect the presence of 
an unknown element in the presence of other elements – for example, iron in 
the presence of nickel, manganese, chromium, vanadium or silicon. 
Sensitivity is defined as the smallest quantity of an element that can be 
detected by a given method. 

Reaction of the cations. For the purpose of systematic qualitative 
analysis, cations are classified into five groups on the basis of their behaviour 
against some reagents. The group reagents used for the classification of most 
common cations are hydrochloric acid, hydrogen sulphide, ammonium 
sulphide, and ammonium carbonate. Classification is based on whether a 
cation reacts with these reagents by the formation of precipitates or not. It can 
therefore be said that classification of the most common cations is based on 
the differences of solubilities of their chlorides, sulphides, and carbonates. 
The five groups of cations and the characteristics of these groups are as 
followsю 

Group I. Cations of this group form precipitates with dilute hydrochloric 
acid. Ions of this group are lead, mercury (I), and silver. 
Group II. The cations of this group do not react with hydrochloric acid, but 
form precipitates with hydrogen sulphide in dilute mineral acid medium. Ions 
of this group are mercury (II), copper, bismuth, cadmium, arsenic (III), 
arsenic (V), antimony (III), antimony (V), tin (II), and tin (III) and tin (IV). 
The first four form the sub-group IIa and the last six the sub-group IIb. While 
sulphides of cations in Group IIa are insoluble in ammonium polysulphide, 
those of cations in Group IIb are soluble.  

Group III. Cations of this group do not react either with dilute hydrochloric 
acid, or with hydrogen sulphide in dilute mineral acid medium. However, 
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they form precipitates with ammonium sulphide in neutral or ammoniac 
medium. Cations of this group are cobalt (II), nickel (II), iron (II), iron (III), 
chromium (III), aluminium, zinc, and manganese (II).  

Group IV. Cations of this group do not react with the reagents of Groups 
I, II, and III. They form precipitates with ammonium carbonate in the 
presence of ammonium chloride in neutral or slightly acidic medium. Cations 
of this group are: calcium, strontium, and barium.  
Group V. Common cations, which do not react with reagents of the previous 
groups, form the last group of cations, which include magnesium, sodium, 
potassium, ammonium, lithium, and hydrogen ions.  

Reaction of the anions. The methods available for the detection of anions are 
not as systematic as those which have been described for the cations. 
Essentially the processes employed may be divided into (A) those involving 
the identification by volatile products obtained on treatment with acids, and 
(B) those dependent upon reactions in solution. Class (A) is subdivided into 
(i) gases evolved with dilute hydrochloric acid or dilute sulphuric acid, and 
(ii) gases or vapours evolved with concentrated sulphuric acid. Class (B) is 
subdivided into (i) precipitation reactions, and (ii) oxidation and reduction in 
solution. 

Class (A). (i) Gases evolved with dilute hydrochloric acid or dilute 
sulphuric acid: carbonate, hydrogen carbonate, sulphite, thiosulphate, 
sulphide, nitrite, hypochlorite, cyanide, and cyanate. (ii) Gases or acid 
vapours evolved with concentrated sulphuric acid. These include those of (i) 
with the addition of the following: fluoride, chloride, bromide, iodide, nitrate, 
chlorate, perchlorate, permanganate, bromate, borate, hexacyanoferrate (II), 
hexacyanoferrate (III), thiocyanate, formate, acetate, oxalate, tartrate, and 
citrate.  

Class (B). (i) Precipitation reactions. Sulphate, peroxodisulphate, 
phosphate, hypophosphite, arsenate, arsenite, chromate, dichromate, silicate, 
hexafluorosilicate, salicylate, benzoate, and succinate. (ii) Oxidation and 
reduction in solution. Manganate, permanganate, chromate, and dichromate.  

 



 11

Problems 

Examples 
Problem 1. Give the number of protons, neutrons, and electrons in each 

of the following species: (a) 20
11 Na , (b) 22

11 Na , (c) 17 O , and (d) carbon-14. 

Solution. Recall that the superscript denotes the mass number (A) and the 
subscript denotes the atomic number (Z). Mass number is always greater than 
atomic number. (The only exception is 1

1H , where the mass number is equal 
to the atomic number.) In a case where no subscript is shown, as in parts (c) 
and (d), the atomic number can be deduced from the element symbol or 
name. To determine the number of electrons, remember that because atoms 
are electrically neutral, the number of electrons is equal to the number of 
protons.  

(a) The atomic number is 11, so there are 11 protons. The mass number 
is 20, so the number of neutrons is 20 – 11 = 9. The number of electrons is 
the same as the number of protons; that is, 11.   

(b) The atomic number is the same as that in (a), or 11. The mass 
number is 22, so the number of neutrons is 22 – 11 = 11. The number of 
electrons is 11. Note that the species in (a) and (b) are chemically similar 
isotopes of sodium.  

(c) The atomic number of O (oxygen) is 8, so there are 8 protons. The 
mass number is 17, so there are 17 – 8 = 9 neutrons. There are 8 electrons.  

(d) Carbon–14 can also be represented as 14C . The atomic number of 
carbon is 6, so there are 14 – 6 = 8 neutrons. The number of electrons is 6. 

Problem 2. Assign oxidation numbers to all the elements in the 
following compounds: (a) Li2O, (b) HNO3. 

Solution. In general, we follow the rules for assigning oxidation 
numbers. Remember that all alkali metals have an oxidation number of +1, 
and in most cases hydrogen has an oxidation number of +1 and oxygen has 
an oxidation number of –2  in  their  compounds.      

(a) Lithium has an oxidation number of +1 (Li+), and oxygen’s oxidation 
number is –2 (O2–).  

(b) This is the formula for nitric acid, which yields a H+ ion and a NO 3
−  

ion in solution. We see that H has an oxidation number of +1. Thus the other 
group (the nitrate ion) must have a net oxidation number of –1. Oxygen has 
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an oxidation number of –2, and if we use x to represent the oxidation number 
of nitrogen, then the nitrate ion can be written as: 

[N(x)O (2 )
3
− ]– 

so that 
x + 3×(–2) = –1 

or  
x = +5. 

Problem 3. Heavy water or deuterium oxide is a form of water that 
contains the hydrogen isotope deuterium. The atomic nucleus of deuterium 
consists of one proton and one neutron. What is the molecular mass of the 
heavy water? 

Solution. To calculate the molecular mass it is required to add together 
the atomic masses of the constituent atoms. The mass of the deuterium atom 
is 2 atomic mass units (a.m.u.) because it built of two subatomic particles 
with mass of 1 a.m.u.  

Molecular mass of heavy water equals: (1 × atomic mass of oxygen) + (2 
× atomic mass of the heavy hydrogen) = 16 + 2×2 = 20 a.m.u. 
 

Problems for self-solving 

1. For each of the following atoms 4
2 He and 24

12 Mg determine the number 
of electrons, the number of protons and neutrons in the nucleus. 

2. Use the periodic table and indicate the group (alkali metals, alkaline 
earth metals, halogens, noble gases) for the elements Kr, Cl, Ca, Rb. 

3. The electronic configuration of a neutral atom is 1s22s22p63s23p2. 
Name the element. Write the number of valence s- and p-electrons of the 
atom. Is this element metal or nonmetal? 

4. Show the electronic configuration of an atom(s) that represents 
chemical properties similar to magnesium with configuration 1s22s22p63s2. 
Name this element(s). 

(a) 1s22s22p3; (b) 1s22s2; (c) 1s22s22p63s1; (d) 1s22s22p63s23p64s2;  

(e) 1s22s22p63s23p63d24s2. 

5. Determine and indicate the oxidation numbers for the nitrogen atoms 
in the following molecules and ions: N2O (nitrous oxide), NH3 (ammonia), 
NO 3

−  (nitrate ion), NO 2
−  (nitrite ion). 
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6. Write down the electronic configurations of the following particles: 
(a) chlorine atom; (b) chloride ion Cl–; (c) chlorine atom in the state with 
oxidation number +1; (d) helium atom; (e) neon atom; Cu2+ ion.  

7. Determine and indicate the oxidation numbers for the sulfur atoms in 
the following molecules and ions: H2S (hydrogen sulfide), SO 2

4
−  (sulfate ion), 

SO 2
3
−  (sulfite ion). 

8. Determine and indicate the oxidation numbers for the chlorine atom in 
the following family of its oxoanions: ClO 4

−  (perchlorate), ClO 3
−  (chlorate), 

ClO 2
−  (chlorite), ClO −  (hypochlorite). 
9. Calculate the molecular mass of the following organic compounds: (a) 

methane, CH4; (b) ethanol, C2H5OH, (c) glycine, NH2CH2COOH; (d) 
sucrose, C12H22O11. 

10. For each of the following series determine which element represents 
nonmetal, metal, and metalloid. (a) Ca, Co, Si; (b) Fe, Mg, B; (c) Br, Ba, Pt; 
(d) Ag, Na, Se; (e) Li, Cr, As. 

Problems 

Examples 
Problem 1. Write the ground-state electron configurations for sulfur 

atom. 

Solution. How many electrons are in the S (Z = 16) atom? We start with 
n = 1 and proceed to fill orbitals. For each value of l, we assign the possible 
values of lm . We can place electrons in the orbitals according to the Pauli 
exclusion principle and Hund’s rule and then write the electron configuration. 
The task is simplified if we use the noble-gas core preceding S for the inner 
electrons.  

Sulfur has 16 electrons. The noble gas core in this case is [Ne]. (Ne is 
the noble gas in the period preceding sulfur.) [Ne] represents 1s22s22p6. This 
leaves us 6 electrons to fill the 3s subshell and partially fill the 3p subshell. 
Thus, the electron configuration of S is 1s22s22p63s23p4 or [Ne]3s23p4. 

Problem 2. Write the formula of magnesium nitride, containing the Mg2+ 
and N3– ions. 

Solution. Our guide for writing formulas for ionic compounds is 
electrical neutrality; that is, the total charge on the cation(s) must be equal to 
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the total charge on the anion(s). Because the charges on the Mg2+ and N3– 
ions are not equal, we know the formula cannot be MgN. Instead, we write 
the formula as MgxNy, where x and y are subscripts to be determined. To 
satisfy electrical neutrality, the following relationship must hold 

(+2)x + (–3)y = 0. 

Solving, we obtain x/y = 3/2. Setting x = 3 and y = 2, we write Mg3N2. 

Problem 3. The atomic masses of the two stable isotopes of copper equal 
63 a.m.u. and 65 a.m.u. The molar fractions of these isotopes in the nature are 
69.17 % and 30.83 %, respectively. Calculate the average atomic mass of 
copper. 

Solution. The contribution of each isotope to the average atomic mass 
bases on its relative abundance. The multiplying the mass of each isotope by 
its fractional abundance gives its constituent to the average atomic mass. The 
average atomic mass of the natural mixture of copper isotopes equals the sum 
of these contributions: 

Average mass =  0.6917×63 + 0.3083×65  =  63.62 a.m.u. 
 

Problems for self-solving 

1. How many electrons are present in each of the following atoms? 
Assuming that each is a neutral atom, identify the element.  

(a) 1s22s22p63s2 

(b) 1s22s22p63s23p64s23d7 

2. Write electronic configuration of Zn. 

3. What are typical chemical properties of transition metals? 

4. Write electronic configuration of Mn2+ ion. 
5. Identify the element from the following partial configuration of 

neutral atom: 4s23d2. 

6. Write the formula of potassium bromide, zinc iodide, aluminum 
oxide, manganese oxide (containing the Mn3+ ion), magnesium phosphate, 
iron sulfide (containing the Fe2+ ion), cobalt sulfate (containing the Co3+). 

7. Name the following compounds: (a) Na2CrO4, (b) K2HPO4, (c) HBr 
(gas), (d) HBr (in water), (e) Li2CO3, (f) K2Cr2O7, (g) NH4NO2, (h) PF3, (i) 
PF5, (j) P4O6, (k) CdI2, (l) SrSO4, (m) Al(OH)3, (n) Na2CO3. 

8. Write chemical names of the oxoanions formed by: (a) chlorine: 
ClO4

–, ClO3
–, ClO2

–, ClO–; (b) sulfur: SO3
2–

, SO4
2–. 
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9. Chlorine is the most abundant halogen in Earth’s crust. There are two 
principal stable chlorine isotopes: 35Cl and 37Cl, their molar fractions in the 
natural mixture are 75.78 % and 24.22 %, respectively. Calculate the average 
atomic mass of the natural chlorine. Answer: average mass = 35.48 a.m.u. 

10. The most abundant of the naturally occurring isotopes of antimony 
are Sb-121 and Sb-123, and the average atomic mass of antimony is 121.760 
a.m.u. Exact atomic masses of these isotopes are 120.904 and 122.904. 
Calculate the isotopic composition of the natural antimony. Answer:  121Sb 
fraction is 57.2 %, and 123Sb is 42.8 %. 
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THEME 3 
CHEMICAL BONDING 

Chemical bond 
Atoms of most elements can interact with one another to form compounds. 
The forces that hold these atoms together in compounds are called chemical 
bonds. When atoms interact to form a chemical bond, only their outer 
electronic shells are in contact. For this reason, when we study chemical 
bonding, we are concerned with the valence electrons of the atoms. 

In general, the bonding of the atoms lowers the potential energy of the 
reacting particles. As the electron configuration and the strength of the 
nucleus-electron attraction determine the properties of an atom, the type and 
strength of chemical bonds determine the properties of a forming substance. 

 
Ionic bond 

An ionic bond is the electrostatic force that holds ions together in an ionic 
compound. Consider, for example, the reaction between lithium and fluorine 
to form lithium fluoride. The electronic configuration of lithium is 1s22s1, and 
that of fluorine is 1s22s22p5. When lithium and fluorine atoms come in 
contact with each other, the outer 2s1 valence electron of lithium is 
transferred to the fluorine atom. After this process the ions with stable 
electronic configurations are formed. The lithium cation (Li+) has electronic 
configuration like helium atom, 1s2; the fluorine anion (F–) – like neon, 
1s22s22p6. The ionic bond in LiF is formed by the electrostatic attraction 
between the positively charged lithium ion and the negatively charged 
fluoride ion. The compound itself is electrically neutral. 

 
Ionic bonding occurs between elements when the energy required to remove 
the outer shell electrons (the ionization energy) of one of reacting elements is 
relatively low. Elements with such low ionization energies are metals. 
Therefore, compounds containing a metal tend to be ionic. Non-metals 
generally contain more than three electrons in the outer shells of their atoms 
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and have high tendency to accept electrons from another atoms. 
Consequently substances formed by typical metals and nonmetals are ionic.  
In the formation of an ionic compound such as LiF or CaO, it is not only the 
electron transfer leads to formation of a stable substance. Much more energy 
lowering value corresponds to the process of interaction of the gaseous ions 
giving a crystalline solid. The lattice energy is defined as the energy needed 
to separate the ions in one mole of a solid substance to give a gaseous ions. 
For example, this value for NaF equals 910 kJ/mol, for NaCl: 788 kJ/mol, for 
CsI: 613 kJ/mol. The lattice energy indicates the strength of ionic 
interactions, which influences melting point, hardness, solubility, and other 
properties of ionic crystalls. 

 

Covalent bond 
When two or more non-metals combine their atoms have to share electrons 
forming common electronic pair and achieving the stable electronic 
configuration of a noble gas. This type of bonding is called covalent bonding. 
So, in this type of chemical bond two electrons are shared by two atoms. 
Covalent compounds are substances that contain only covalent bonds. For the 
simplicity, the shared pair of electrons is often represented in the molecule by 
a single line. Thus, the covalent bond in the hydrogen molecule can be 
written as H–H, in hydrogen chloride molecule as H–Cl.  

In a covalent bond, each electron in a shared pair is attracted to the nuclei of 
both atoms. This attraction holds the two atoms in the molecule together and 
is responsible for the formation of covalent bonds in other molecules. 
Covalent bonding between many-electron atoms involves only the valence 
electrons.  

Consider, for example, the fluorine molecule, F2. The electron configuration 
of F atom is 1s22s22p5. The 1s electrons are low in energy and stay near the 
nucleus most of the time. For this reason they do not participate in bond 
formation. Thus, each F atom has seven valence electrons (the 2s and 2p 
electrons), but there is only one unpaired electron on F, so the formation of 
the F2 molecule can be represented as coupling and sharing of these electrons. 
Note, that only two valence electrons participate in the formation of F2. The 
other, nonbonding electrons, are called lone pairs – pairs of valence electrons 
that are not involved in covalent bond formation. Thus, each F atom in F2 
molecule has three lone pairs of electrons.  
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If two atoms are held together by one electron pair, the bond is called a single 
bond. Sometimes, more than one pair of electrons is shared. Consider, for 
example, oxygen gas molecule, O2. Here, each oxygen shares two pairs of 
electrons to achieve the electron configuration of neon. The structural 
formula of oxygen molecule is written as O = O. If two atoms share two pairs 
of electrons, the covalent bond is called a double bond. Double bonds exist in 
molecules of carbon dioxide and ethylene. In a molecular structure, where 
three pairs of electrons are shared, the bond is called a triple bond, for 
example in nitrogen molecule, N2.  

  C C
H

H

H

H
N N  

The formation of these molecules illustrates the octet rule: an atom of s- and 
p-elements (other than hydrogen) tends to form bonds until it is surrounded 
by eight valence electrons. In other words, a covalent bond forms when there 
are not enough electrons for each individual atom to have a complete octet. 
By sharing electrons in a covalent bond, the individual atoms can complete 
their octets. The requirement for hydrogen is that it attain the electronic 
configuration of helium, or a total of two electrons. 
Multiple bonds are shorter than single covalent bonds. Bond length is defined 
as the distance between the nuclei of two covalently bonded atoms in a 
molecule. For a given pair of atoms, such as carbon and nitrogen, triple bonds 
are shorter than double bonds, which, in turn, are shorter than single bonds. 
The shorter multiple bonds are also more stable than single bonds. 

For the predicting whether compounds are ionic or covalent we use general 
rule: 

 
metal + non-metal →  ionic bonding, 

non-metal + non-metal →  covalent bonding. 
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Oxidation number (oxidation state) refers to the number of charges an atom 
would have, if electrons were transferred completely to the more 
electronegative of the bonded atoms in a molecule. 

 

Electronegativity of the elements and the type of the bond 
A covalent bond is formed due to sharing of an electron pair by two atoms. In 
a molecule like H2, in which the atoms are identical, the electrons to be 
equally attracted by two hydrogen nucleus. However, if we have the 
covalently bonded HF molecule, the H and F atoms do not share the bonding 
electrons equally, because H and F atoms are characterized by different 
ability to attract electrons. The bond in HF is called a polar covalent bond, 
because the electrons are shifted in the vicinity of the fluorine atom. This 
«unequal sharing» of the bonding electron pair results in a relatively greater 
electron density near the fluorine atom and a correspondingly lower electron 
density near hydrogen. The HF bond and other polar bonds can be thought of 
as being intermediate between a nonpolar covalent bond, in which the sharing 
of electrons is exactly equal, and an ionic bond, in which the transfer of the 
electrons is nearly complete. 

A property of atoms that helps us distinguish a nonpolar covalent bond from 
a polar covalent bond is electronegativity, the ability of an atom to attract 
toward itself the electrons in a chemical bond. Elements with high 
electronegativity have a greater tendency to attract electrons than do elements 
with low electronegativity. Thus, an atom such as fluorine, which has a high 
electron affinity (tends to pick up electrons easily) and a high ionization 
energy (does not lose electrons easily), has a high electronegativity. On the 
other hand, sodium has a low electron affinity, a low ionization energy, and a 
low electronegativity. 

Electronegativity is a relative value, showing that an element’s 
electronegativity can be measured only in relation to the electronegativity of 
other elements. L. Pauling proposed a method for calculating relative 
electronegativities of most elements. These values are shown below. A 
careful examination of this table reveals trends and relationships among 
electronegativity values of different elements. In general, electronegativity 
increases from left to right across a period in the periodic table, as the 
metallic character of the elements decreases. Within each group, 
electronegativity decreases with increasing atomic number, and increasing 
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metallic character. Note, that the transition metals do not follow these trends. 
The most electronegative elements – the halogens, oxygen, nitrogen, and 
sulfur – are placed in the upper right-hand corner of the periodic table, and 
the least electronegative elements (the alkali and alkaline earth metals) are 
located near the lower left-hand corner.  

 

 
 

Atoms of elements with widely different electronegativities tend to form 
ionic bonds (such as KCl and CaO, etc.) with each other, because the atom of 
the less electronegative element gives up its electron(s) to the atom of the 
more electronegative element. An ionic bond generally joins an atom of a 
metallic element and an atom of a nonmetallic element. Atoms of elements 
with comparable electronegativities tend to form polar covalent bonds with 
each other, because the shift in electron density is relatively small. Most 
covalent bonds involve atoms of nonmetallic elements. Only atoms of the 
same elements, which have the same electronegativity, can be joined by a 
pure covalent bond (non-polar).  

There is no sharp distinction between a polar covalent bond and an ionic 
bond, but the following general rule is helpful in distinguishing between 
them: an ionic bond forms when the electronegativity difference between the 
two bonding atoms is 1.7 or more. 
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Coordination compounds 
Coordination compounds (also called complexes) are substances that contain 
at least one complex ion or particle, a species consisting of a central metal 
cation (usually a transition metal) that is bonded to molecules and/or anions 
called ligands. This name originates from the Latin word «ligare» – «to 
bind». The complex ions in crystal lattice are typically associated with other 
ions, called counter ions, and are capable for independent existence in 
solutions. 

As an example of coordination compound we may discuss compound with 
formula [Co(NH3)6]Cl3. Here the complex ion is [Co(NH3)6]3+, it is always 
enclosed in square brackets; the central ion is Co3+, the six NH3 molecules 
bonded to the central ion are ligands, and the three Cl– ions are counter ions. 
Another example of the complex compound is K3[Fe(CN)6]. Here the 
complex ion [Fe(CN)6]3– is formed by central ion Fe3+ and six CN– ions as a 
ligands, the K+ ions are counter ions.  

Each ligand in a complex particle donates a pair of electrons and central ion 
accepts these pairs forming the coordinate bond. Thus, every ligand has at 
least one atom with lone pair of valence electrons and each central ion has 
free electronic orbital(s). The number of coordination bonds, which the 
ligand may form with the central metal ion in a complex particle, depends on 
the number of donor atoms. This property of the ligand is called denticity. 
Ligands having only one donor atom are called monodentate ligands (from 
the Latin, meaning «one-toothed»). These ligands are capable to occupy only 
one site in a coordination sphere. Ligands having two donor atoms are 
bidentate ligands («two-toothed»), and those having three or more donor 
atoms are polydentate ligands («many-toothed»). In both bidentate and 
polydentate species, the donor atoms can bond to the metal ion, thus 
occupying two or more sites around the central ion. The examples of 
monodentate ligands are: NH3, H2O, Cl–, Br–, OH–, CN–; bidentate ligands 
are: ethylenediamine, bipyridine, oxalate ion; polydentate ligands are: 
diethylenetriamine, ethylenediaminetetraacetate ion. 

Any complex is characterized by the coordination number that shows how 
many atoms, ions or molecules are placed around the central atom. It 
indicates the total number of σ-type chemical bonds that the central atom 
forms with the ligands. The coordination number is determined by the nature 
of the central atom and ligands and may vary from 2 to 12.  
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The central metal and the ligands bound to it constitute the coordination 
(inner) sphere of the complex compound. The central atom and the internal 
sphere form the complex particle, which restrict by the square brackets in 
formulas. The complex particle can be neutral, positively or negatively 
charged, for example, [Ni(CO)4], [Mn(H2O)6]2+, [Fe(CN)6]3–. If the complex 
particle is charged, than compound has an external (outer) sphere, because 
the every charged ion attracts oppositely charged ions, for example, 
[Mn(H2O)6]Cl2, K3[Fe(CN)6]. 

A coordination compound behaves like an electrolyte in water: the complex 
ion and counter ions separate from each other. But the complex ion behaves 
like a polyatomic ion: the ligands and central metal ion remain attached. 
Thus, at dissociation 1 mol of [Co(NH3)6]Cl3 yields 1 mol of complex ions 
[Co(NH3)6]3+ and 3 mol of Cl– ions; 1 mol of K3[Fe(CN)6] yields 1 mol of 
complex ions [Fe(CN)6]3– and 3 mol of K+ ions: 

[Co(NH3)6]Cl3 → [Co(NH3)6]3+ + 3Cl–, 

K3[Fe(CN)6] → 3K+ + [Fe(CN)6]3–. 

Note, that some coordination compounds such as iron carbonyle Fe(CO)5 do 
not contain complex ions. In this case we say about complex particle not 
ions. These substances do not capable for dissociation in solution. 

The first theory of complex compounds was proposed by the Swiss chemist 
A. Werner. According to the Werner’s theory the central atoms can exhibit 
both a primary valence and a secondary valence. The primary valence is the 
oxidation number of the central ion. The secondary valence is the auxiliary 
valence. According to Werner, the primary valence of the central ion is 
saturated only by negatively charged ions, but the secondary valence may be 
filled by both negatively charged ions and neutral molecules. 

 

Naming of complex compounds 
1. In naming complexes that are salts, the name of the cation is given 

before the name of the anion. 

2. In naming complex ions or molecules, the ligands are named before 
the metal. Ligands are listed in alphabetical order, regardless of their charges. 
Prefixes that show the number of ligands are not considered part of the ligand 
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name in determining alphabetical order. For example, the [Co(NH3)5Cl]3+ ion 
is pentaamminechlorocobalt (III).  

3. The names of anionic ligands end in the letter «o», but for electrically 
neutral ligands ordinarily the name of the molecules are used. Special  names 
are used for several molecules as ligands: water – aqua, ammonia – ammine, 
and carbon monoxide – carbonyl. For example, [Fe(NH3)2(H2O)2(CN)2]2+ is 
the diamminediaquadicyanoiron (III) ion. 

4. Greek prefixes (di-, tri-, tetra-, penta-, hexa-) are used to indicate the 
number of each kind of ligand when more than one is present. If the ligand 
contains a Greek prefix (for example, ethylenediamine) or is  polydentate, the 
alternate prefixes bis-, tris-, tetrakis-, pentakis-, and hexakis are used and the 
ligand name is placed in parentheses. For example, the name for compound 
[Co(en)3]Br3 (here en is ethylenediamine H2N–H2C–CH2 –NH2) is 
tris(ethylenediamine)cobalt (III) bromide. 

5. If the complex is an anion, its name ends in -ate. The compound 
K4[Fe(CN)6] is potassium hexacyanoferrate (II), and the ion [CoCl4]2– is 
tetrachlorocobaltate (II) ion. 

6. The oxidation number of the metal is given in parentheses in Roman 
numerals following the name of the metal. 

The examples for applying these rules: [Ni(NH3)6]Cl2 – 
hexaamminenickel (II) chloride, [Mn(H2O)6]Cl2 – hexaaquamanganese (II) 
chloride, [Co(en)2(H2O)(CN)]Cl2 – 
aquacyanobis(ethylenediamine)cobalt (III) chloride, K3[Fe(CN)6] – 
potassium hexacyanoferrate (III). 

 

Problems 

Examples 
Problem 1. Classify the following bonds as nonpolar, polar, or ionic: a) 

the bond in H2 molecule, b) the bond in CsCl, c) the bond in HBr molecule, 
d) the carbon-carbon bond in ethane H3C–CH3. 

Solution. Using the information from Appendix (Table on the page 195), 
gives that electronegativities of the elements are: Cl – 3.0, Br – 2.8, C – 2.5, 
H – 2.1, Cs – 0.7. 
a) The molecule is built from the same atoms only, this gives the nonpolar 
covalent bonding. 
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b) In CsCl the difference between the electronegativities of the elements is 
3.0 – 0.7 = 2.3, indicating the ionic bond. 
c) In HBr molecule the difference between the electronegativities of the 
elements is 2.8 – 2.1 = 0.7, this corresponds the polar covalent bond. 
в) In C2H6 the carbon-carbon bond is nonpolar covalent, because these two 
atoms are identical, and each C atom is bonded to three hydrogen atoms.  

Problem 2. For complex compound [Cr(NH3)6](NO3)3 show: central ion, 
ligand(s) and counter ion. Determine the oxidation number of the central 
metal atom in the compound. Write equation of electrolytic dissociation of 
the substance in aqueous solution. 

Solution. First it needs to find the complex ion and counter ions that 
electrically balances the complex ion. This gives the net charge of the 
complex ion. Next, from the nature of the ligands (charged or neutral species) 
we can deduce the net charge of the metal and hence its oxidation number. 
Because each nitrate ion carries +1 charge, and there are three NO3

– ions, the 
complex ion is [Cr(NH3)6]3+. NH3 is a neutral particle, so the oxidation 
number of Cr atom is +3. 

[Cr(NH3)6](NO3)3   [Cr(NH3)6]3+ + 3NO3
–. 

Problem 3. Name the following compound: [Cr(H2O)4Cl2]Cl. 
Solution. To name the complexes, we need to determine the complex ion 

and the counter ions, the ligands in the complex and the oxidation state of the 
central ion. Here the ligands are four water molecules and two chloride ions, 
this gives tetraaqua and dichloro. The central ion is chromium, the oxidation 
number of Cr is +3, thus, we have chromium (III). Finally, the chloride ions 
are counter ions. So, the name of the complex compound is 
tetraaquadichlorochromium (III) chloride. 
 

Problems for self-solving 
1. Determine, which of the following bonds are polar: F−F, H−F, C−S, 

N−O, Cl−Cl, P−H? Indicate the more electronegative atom in each polar 
bond. 

2. Determine for each case, which bond is more polar: a) B−Cl or 
C−Cl, b) P−H or P−Cl, c) S−Cl or S−Br, d) C−H or P−H? Also indicate 
which atom has the partial negative charge. 

3. Arrange the bonds in order of increasing polarity for each of the 
following sets: (a) C–F, O–F, Si–F; (b) O–Cl, S–Br, P–F; (c) Be–Cl, H–Cl, 
N–Cl. 
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4. In the given pairs of binary compounds determine which one is a 
molecular substance and which one is an ionic substance (use table of 
electronegativities from Appendix): (a) TiCl4 and CaF2, (b) ClF3 and VF3, (c) 
SbCl5 and AlF3. 

5. Determine and write the oxidation numbers of the central ions in the 
following compounds: a) K[Au(OH)4], b) K4[Fe(CN)6].  

6. Complex ion contains a chromium(III) atom bound to four water 
molecules and to two chloride ions. Write the formula and the charge of this 
ion. 

7. Name the following complex compound: (NH4)2[CuBr4]. Write 
equation of electrolytic dissociation of this substance in aqueous solution. 

8. Structure of complex compound is given by formula [Pd(NH3)3Cl]Cl. 
For this substance determine and idicate: central ion, ligand(s), oxidation and 
coordination numbers of the central ion, inner and outer sphere. Write 
equation of electrolytic dissociation of the substance in aqueous solution.  

9. Indicate the coordination number of the metal ion and its oxidation 
number as well as the number and type of each donor atom of the ligands for 
each of the following complexes: (a) K3[Co(CN)6]; (b) Na2[CdBr4]; 
(c) [Pt(en)3](ClO4)4, en is ethylenediamine H2N–H2C–CH2–NH2; 
(d) NH4[Cr(NH3)2(NCS)4].  

10. For each of the following polydentate ligands, determine the 
maximum number of coordination sites that the ligand can occupy on a single 
metal ion and (ii) the number and type of donor atoms in the ligand: (a) 
ethylenediamine (en), (b) bipyridine (bipy), (c) the oxalate anion. 
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THEME 4 

SOLUTIONS. ELECTROLYTIC DISSOCIATION 
Many of the reagents used in chemical laboratories are in the form of 
solutions which need to be purchased or prepared.  

Solution is a homogeneous mixture composed of only one phase. In such a 
mixture, a solute is a substance dissolved in another substance, known as a 
solvent. The solvent is commonly the major fraction of the mixture. A 
solution may be gaseous, solid, or liquid. For medical purposes the most 
important are liquid solutions, in particularly the aqueous solution in which 
the solvent is water. In this theme we will discuss only aqueous solutions, in 
which the solute initially is a liquid or a solid. 

A solution may be more or less concentrated or diluted. This means, it may 
contain a large or small amount of dissolved substance in a given amount of 
solvent. Composition of the solution or concentration can be expressed in 
various ways. 

The most common unit of solution concentration is molarity (M or mol/L). 
Molarity of a solution is defined as the number of moles of solute per one 
liter of solution. Note, that the unit of volume for molarity is liter, not 
milliliter or some other units. Also note, that one liter of solution contains 
both the solute and the solvent. Molarity, c, therefore, is a ratio of solute 
moles, n, and volume of solution, V 

n mc
V M V

= =
⋅

,                                           (4.1) 

where m is a mass of solute, g; М is a molar mass of solute, g/mol. 
The molality is another value for the expressing composition of the solutions. 
It is the number of moles of solute dissolved in 1 kg (1000 g) of a solvent 

solute

solvent ,  kg
nm

m
= .                                       (4.2) 

The unit of molality is mol/kg. 

The mole fraction of a component of a solution (solute or solvent) is defined 
as the ratio of the quantity of the component to the quantity of the substance 
in solution: 
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component

solution

n
x

n
= .                                         (4.3) 

The mole fraction and the percent by mass (or volume) are unitless values, 
because they equal to the ratio of two similar quantities. 
Mass percent (w) of solute in solution is defined as ratio between mass of a 
solute and mass of solution 

(solute) (solute)100 % 100 %
(solution) (solute) (solvent)

m mw
m m m

= ⋅ = ⋅
+

.        (4.4) 

This value is equal the grams of solute per 100 grams of solution. For 
example: 20 g of sodium chloride in 100 g of solution is a 20 % by mass 
solution. 

Volume percent (φ) of a component in solution is defined by the  equation 

(solute) 100 %
(solution)

V
V

ϕ = ⋅ .                          (4.5) 

The φ value may be considered as the number of the solute milliliters per 100 
mL of solution. For example: 10 mL of ethyl alcohol plus 90 mL of water 
gives approximately 100 mL of solution which contains 10 % of ethanol by 
volume. 

Others ways of expressing the solution composition can also be used. For 
example, titer, T, is concentration which shows mass of solute per 1 mL of 
solution, g/mL. 

All solutes, that dissolve in water, can be divided in two categories: 
electrolytes and nonelectrolytes. An electrolyte is a substance that, when 
dissolved in water, results in a solution that can conduct electricity. 
A nonelectrolyte solution does not conduct electricity. For the explanation of 
this and some other properties of solutions Swedish scientist S. Arrhenius 
proposed the electrolytic dissociation theory. According to this theory 
molecules of acids, bases or salts undergo dissociation into ions on 
dissolution in water. The result of this process is the presence of ions in 
solution. Positively charged ions are called «cations», negatively charged – 
«anions». 

It was found that sometimes only a part of dissolved molecules undergo 
dissociation. Fraction of the solute molecules, which are dissociated into 
ions, is called the dissociation degree. It equals to the number of dissociated 
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molecules ( N )  divided to the total number of dissolved molecules in 
solution ( oN ): 

/ oN Nα = .                                       (4.6) 

Compounds, that completely dissociate, is characterized by 1α =  and is 
called strong electrolytes. If the degree of dissociation α  is less than 0.03 the 
electrolyte is called weak electrolyte. Electrolyte that characterized by 
0.03 0.30< α <  is medium electrolyte. Degree of dissociation depends on 
electrolyte concentration and usually decreases with increase in 
concentration.  

In a solution of any electrolyte there is an equilibrium between the free ions, 
on the one hand, and undissociated molecules, on the other hand, one may 
write this equilibrium in the form 

CatAn  Cat An+ −+ , 

where Cat+ , An−  – cation and anion of the electrolyte. Mass action law for 
this equilibrium process gives  

[Cat ][An ]
[CatAn]

K
+ −

= ,                                       (4.7) 

where [...] – denotes equilibrium concentration of a particle, K  – equilibrium 
constant, called the dissociation constant.  

Depending on nature of dissociated compound, one molecule of an 
electrolyte produces different number of ions:  

• binary electrolyte gives two ions, for example, NaCl, CuSO4; 

NaCl → Na+ + Cl–. 

• ternary electrolyte gives three ions, for instance, Na2SO4, BaCl2; 

BaCl2 → Ba2+ + 2Cl–. 

• quaternary electrolyte gives four ions, e.g., NaH2PO4, AlCl3; 

NaH2PO4 → Na+ + 2H+ + PO4
3–, AlCl3→ Al3+ + 3Cl–. 

It may be shown that for a weak binary electrolyte, e.g. acetic acid, 
dissociation constant and degree of dissociation are interconnected by the 
expression 
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2

1
cK α

=
−α

,                                               (4.8) 

where c  – total molar concentration of electrolyte in solution. This equation 
is known as Ostwald’s dilution law, it is applicable for weak electrolytes 
only.  
Dissociation constant is a measure of electrolyte power: for strong 
electrolytes 21 10K −> ⋅ , for medium electrolytes 4 21 10 1 10K− −⋅ < < ⋅ , for 
weak electrolytes 41 10K −< ⋅ . It must be remembered that electrolyte 
strength and its ability for electrolytic dissociation strongly depend on solvent 
properties. Degree and constant of dissociation decrease with increase in 
relative permittivity of the solvent, because this leads to rise of coulombic 
interaction between ions.  

Strong electrolytes are considered to be completely dissociated. For example, 
in solution of hydrochloric acid there are no dissolved molecules but only 
ions 

HCl  H Cl+ −→ + . 

Weak electrolytes, for example acetic acid, CH3COOH, do not ionize 
completely in solution. This fact is represented as equilibrium between acetic 
acid molecules and its ions 

CH3COOH  CH3COO– + H+. 

Here the equation of the ionization process of acetic acid is written with a 
double arrow to show that it is a reversible reaction. By contrast, in the 
equation of dissociation of hydrochloric acid a single arrow is used to 
represent complete ionization process. 
It is obvious that dissociation of molecules into ions needs in energy for 
disruption of chemical bonds. This energy might be quite considerable, for 
example, energy of crystal lattice of KCl is about 5000 kJ/mоl. This energy 
evolved as a result of interaction of solvent molecules with the ions. This 
process is called solvation, or in particular case of water, hydration. The 
dissociation is caused by solute-solvent interactions. This interactions include 
electrostatic ion-dipole interactions between ions and polar solvent 
molecules, hydrogen bonding and donor-acceptor interactions. 
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Problems 

Examples 
Problem 1. Calculate the mass of solid hydrate CuSO4·5H2O that is 

required for the preparation of 100 mL of 0.20 mol/L solution of CuSO4. 

Solution. From the given volume and concentration of CuSO4, we can 
calculate the moles of unhydrous salt CuSO4 required 

n(CuSO4) = c(CuSO4)·V(CuSO4) = 0.20×100·10–3 = 0.02 mol. 

The formula of crystalline hydrate shows that 1 mole of CuSO4·5H2O is 
required for the transferring of 1 mole of CuSO4 into solution. The molar 
mass of CuSO4·5H2O is 250 g/mol, thus 250 g of CuSO4·5H2O brings 1 mol 
of the salt in solution. If quantity of CuSO4 in solution is 0.02 mol, the 
required quantity of CuSO4·5H2O is 0.02 mol too. The mass of CuSO4·5H2O 
equals 

0.02×250 = 5.0 g. 

So, for preparation of solution we need weigh 5.0 g of CuSO4·5H2O and 
transfer it into a 100 mL volumetric flask, dissolve it in some amount of 
distilled water, then dilute to the mark of the flask.  

Problem 2. In a titration experiment, it was found that 24 mL of NaOH 
solution is needed to neutralize hydrochloric acid in 3 mL of its solution. 
What is the molar concentration of the analyzed HCl solution if molarity of 
the titrant solution (NaOH) is 0.1 mol/L? 

Solution. Using the molarity of the titrant solution, determine the number 
of moles of NaOH 

n(NaOH) = c(NaOH)·V(NaOH) = 0.1×24·10–3 = 2.4·10–3 mol. 

In equivalence point of titration the number of moles of NaOH is equal to the 
number of moles of HCl in analyzed solution 

n(HCl) = n(NaOH) = 2.4·10–3 mol. 

The dividing the number of HCl moles by volume (in liters) of HCl solution 
gets molarity 

c(HCl) = n(HCl)/V(HCl) = 2.4·10–3/3·10–3 = 0.8 mol/L. 
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Problem 3. Commercial concentrated sulfuric acid is labeled as having a 
density of 1.84 g/mL and being 96 % of H2SO4 by weight. Calculate the 
molarity of this solution. 

Solution. This is a typical conversion problem in which we want to go 
from mass fraction and grams of solution per liter to moles of solute per liter. 
For the calculation let us take a 100 g of the solution. Here, the mass of the 
solute is 96 g and the volume of solution is  

V(solution) = 100/1.84 = 54.35 mL = 0.05435 L. 

The number of moles of H2SO4 equals 

n(H2SO4) = 96/98 = 0.98 mol. 

The molarity of the solution is 

c(H2SO4) = n(H2SO4)/V(solution) = 0.98/0.05435 = 18.02 mol/L. 

Problem 4. Calculate the dissociation degree of 0.01 mol/L acetic acid 
solution. Dissociation constant of CH3COOH is 1.75·10–5 mol/L.  

Solution. Acetic acid in aqueous solution ionizes as a weak monoprotic 
acid. According to Ostwald’s dilution law the initial concentration of the 
acid, its dissociation constant and dissociation degree are interconnected by 
equation (4.8). Knowing that the acid is a weak, we may neglect the α value 
in comparison with the 1 in denominator. Thus, we have  

2K c≈ α  and /K cα =  ,  

5 31.75 10 / 0.01 1.75 10− −α = ⋅ = ⋅ = 0.042. 

Now we can check our neglection: the value of (1 – 0.042) is really 
approximately equal to 1. In other case we need to solve the square equation 
of Ostwald’s dilution law for more precise solution. 

 

Problems for self-solving 
1. Sodium carbonate, which is known as washing soda, commonly 

occurs in form of decahydrate Na2CO3·10H2O. Calculate the mass of solid 
hydrate that is required for the preparation of 500 mL of 0.1 mol/L solution 
of Na2CO3. Answer:14.3 g. 
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2. Iron (II) sulfate is known since ancient times as «green vitriol», the 
blue-green heptahydrate with the formula FeSO4·7H2O is the most common 
form of this material. Calculate the mass percent of FeSO4 in solution, which 
is made by dissolution of 2.78 g of solid heptahydrate in 200 mL of water. 
Answer: 0.75 %. 

3. What volume of 18 mol/L H2SO4 solution is needed for the 
preparation of 2 liters of diluted H2SO4 solution with the molarity of 0.01 
mol/L? Answer:V = 11.1 mL. 

4. A solution of H2SO4 was prepared by diluting of concentrated acid 
solution. For the determination of the concentration of diluted solution an 
aliquot of 10 mL was taken and the titration procedure with NaOH solution 
as a titrant was perfomed. The concentration of NaOH was 0.1 mol/L, the 
equivalence point was found to be 5.1 mL. Calculate the molarity of the 
prepared H2SO4 solution. Answer: c = 2.55·10–5 mol/L. 

5. Calculate the percentage of HNO3 by mass in 21.2 mol/L solution of 
nitric acid if the density of the solution is 1.48 g/mL. Answer: 90.24 %. 

6. Calculate the molarity of HCl in solution, if for the neutralization of 
10 mL of the solution during titration, 15 mL of 0.1 mol/L NaOH solution 
was used. Answer: c = 0.15 mol/L. 

7. Calculate the dissociation degree of benzoic acid (C6H5COOH) for 
3·10–2 mol/L water solution. The acid is monoprotic. Dissociation constant of 
the acid is 6.3·10–5 mol/L. Answer: α = 4.6 %. 

8. Calculate the dissociation degree of formic acid (HCOOH) for 0.05 
mol/L water solution. The acid is monoprotic. Dissociation constant of the 
acid is 2.1·10–4 mol/L. Answer: α = 6.5 %.  

9. Calculate the percentage of an ionized HF molecules in 0.10 mol/L 
solution of hydrogen fluoride. Dissociation constant of HF equals 6.8⋅10–4 
mol/L. Answer: 7.9%. 

10. A solution is made by adding of 0.4 g of NaOH to 50 mL of 
0.1 mol/L H2SO4 solution. Write a balanced equation for the reaction that 
proceeds in the solution. Determine whether the resultant solution is acidic, 
neutral or basic. Answer: neutral. 
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THEME 5 
ACID-BASE EQUILIBRIA 

Acids and bases 
Acids and bases have been defined in a number of different ways. In the 
simplest form an acid can be described as a substance that yields hydrogen 
ions (H+) when dissolved in water and a base can be described as a substance 
that yields hydroxide ions (OH–) when dissolved in water. 

Acids commonly used in the laboratory practice are: hydrochloric acid (HCl), 
nitric acid (HNO3), acetic acid (CH3COOH), sulfuric acid (H2SO4), and 
phosphoric acid (H3PO4). The first three acids are monoprotic. This means 
each molecule of the acid yields one hydrogen ion upon ionization. Sulfuric 
acid is a diprotic acid because each molecule of the acid gives two hydrogen 
ions. Phosphoric acid is triprotic acid, it yields three H+ ions upon 
dissociation. HCl and HNO3 are strong acids. H2SO4 is a strong electrolyte by 
the first step of dissociation 

H2SO4 →  H+ + HSO 4
− , 

but HSO 4
−  is not so strong electrolyte, and we need a double arrow to 

represent its incomplete ionization 

HSO 4
−   H+ + SO 2

4
− . 

Phosphoric acid is a medium electrolyte by the first step of dissociation and a 
weak acid by the second and third steps 

H3PO4  H+ + H2PO 4
− , 

H2PO 4
−   H+ + HPO 2

4
− , 

HPO 2
4
−   H+ + PO3

4
− . 

The most commonly used strong bases in the laboratory are: sodium 
hydroxide (NaOH), potassium hydroxide (KOH) and barium hydroxide 
(Ba(OH)2). This means that they are completely ionized in solution 

NaOH →  Na+ + OH–,  

KOH →  K+ + OH–,  
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Ba(OH)2 →  Ba2+ + 2OH–.  

NaOH and KOH are monobasic, Ba(OH)2 is dibasic. The most commonly 
used weak base is aqueous ammonia solution, which is sometimes 
erroneously called ammonium hydroxide, because here is no evidence that 
the molecule NH4OH exists in solution. Ammonia is a weak electrolyte and 
only a small fraction of dissolved NH3 molecules react with water to form 

NH 4
+   and OH–  ions  

NH3 + H2O  NH 4
+   + OH–. 

The «strength» of an acid is a measure of its tendency to lose a proton, and 
the «strength» of a base is similarly a measure of its tendency to take up a 
proton. 

A point of view on acids and bases that has proved useful in several aspects 
of physical chemistry is that associated with the names of J. N. Brønsted and 
T. M. Lowry. According to the Brønsted–Lowry theory of acids and bases, an 
acid is a proton donor and a base is a proton acceptor. The proton in this 
context means a solvated hydrogen ion that presents in solution. Acids and 
bases in solution are always in equilibrium with their deprotonated and 
protonated counterparts and hydrogen ion or hydronium (hydroxonium) ions 
(H3O+). According to the foregoing definitions there must be a relationship 
between an acid and a base; when an acid loses a proton the residue will have 
some tendency to regain the proton, and hence it will be a base. It is thus 
possible to write the general expression 

+ A        H    +    B
acid          proton     base

−
 

In its widest sense, a base has been defined as a substance capable to be 
donor of electron pair, while an acid is a substance capable to accept an 
electron pair – according to G. N. Lewis’s definition. 

 
Acidity of solutions. Buffer solutions 

Quantitative representation of the acidity of solutions, i.e. the content of 
hydrogen ions in solution, is the рН value that equals to the negative decimal 
logarithm of hydrogen ions activity 



 35

+ +H HpH log log( )a c ±= − = − ⋅ γ .                        (5.1) 

In a diluted solution activities are close to concentrations ( ±γ ≈1), so it is 
possible to set the рН value of solution equals to analytical concentration of 
hydrogen ion 

+HpH = logc−  or pH = log[H ]+− .                           (5.2) 

In aqueous solution the autoionization of water molecules takes place 

+
2H O H + OH− .                                       (5.3) 

This process is characterized by equilibrium constant  

2

H OH

H O

a a
K

a
+ −⋅

= .                                         (5.4) 

The degree of water dissociation is very small, so the 
2H Oa  value is constant 

and equation (5.4) can be represented as follows 

2H OH OH wa a K a K−⋅ = ⋅ =+ .                             (5.5) 

Constant wK  is known as ionic product of water. At 25 °C the wK  value is 
equal to 1.008⋅10–14. Usually this constant is represented as the negative 
decimal logarithm 

p logw wK K= − ; p 14wK =  at 25 °C. 

In a dilute solutions the activities of the ions are close to concentrations, in 
these conditions  

+[H ][OH ]wK −=                                      (5.6) 

and  

p pH + pOH 14wK = = ,                                (5.7) 

where 

OHpOH = log c −−  or pOH = log[OH ]−− .                      (5.8) 

The value of ionic product of water gives concentrations of ions in pure water 
at 25 °C 
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 [H+] = [OH–] = 10–7 mol/L. 

In other words, only very small amounts of H+ and OH– ions present in pure 
water. The concentrations of H+ and OH– are interconnected. If an acid is 
added to the water, the equilibrium of water dissociation shifts to the left and 
the OH– ion concentration decreases. If a base is added to water, the 
equilibrium shifts to the left too, but in this case the H+ concentration 
decreases. 

If the contents of hydrogen and hydroxyl ions in a solution are equal, than  

[H ] [OH ]+ −=  and рН = pOH = 7, 

such media is called neutral. In acidic solutions  

[H ] [OH ]+ −> , 

in alkaline media  

[H ] [OH ]+ −< . 

The pH and pOH values of diluted solutions are in range 0–14. But 
concentrated solutions of a strong acids may have zero or even negative pH 
values, and concentrated solutions of a strong bases may have pH values 
more than 14. 

The рН value is the theoretical quantitative characteristic of a solution 
because it is experimentally impossible to determine activity of a single ion. 
The pH value of a solution, that is determined experimentally, is called as 
«instrumental» рН value. In the most practical cases we can use pH values 
calculated according to equation (5.2). 

Buffer solutions are solutions with ability to keep constant the рН value at 
dilution or addition of small amounts of a strong acid or a strong base. 
Usually buffer solution consists of a weak acid (weak base) and salt of this 
acid (base) which is strong electrolyte, for example, CH3COOH and 
CH3COONa, NH4OH and NH4Cl, etc. In general form it is possible to say, 
that the buffer solution consists from conjugated acid and base. The pH value 
of a buffer solution may be calculated using quantities of its components, for 
example, for acid buffer  
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o
HA
o
MeA

pH p log cK
c

= − ,                                     (5.9) 

where pK  – negative decimal logarithm of the dissociation constant of the 

acid; o
HAc , o

MeAc  – initial concentrations of the acid and its salt in the 
solution. Equation (5.9) is known as Henderson–Hasselbalch equation. 
Ability of buffer solutions to keep the рН value at addition of a strong acid or 
base is called buffer action. As a measure of buffer action the buffer capacity, 
β , is used. Buffer capacity is an added amount of a strong acid or a strong 
base, which addition to one liter of a buffer solution changes the рН value to 
unity. The buffer capacity can be determined as a derivative  

d
dpH

b
β = ,                                             (5.10) 

where db  is an infinitesimal amount of added base and dpH  is the resulting 
infinitesimal change in pH caused by base addition. Note that addition of db  
moles of an acid will change the pH of the solution by exactly the same 
value, but in opposite direction. 

 
Acid-base indicators 

An acid-base or hydrogen ion indicator is a substance which, within certain 
limits, varies its color according to the concentration (or activity) of hydrogen 
ions in solution. It is thus possible to determine the pH value of a solution by 
observing the color of a suitable indicator when placed in that solution. An 
acid-base indicator is a substance which can exist in two tautomeric forms in 
equilibrium with one another, the two forms having different structures and 
different colors. Color of the indicator solution is determined by the ratio of 
the concentrations of two forms. It is possible to approximate the actual 
condition of equilibrium of indicator dissociation 

HIn  H+ + In–,  

[H ][In ]
[HIn]

K
+ −

= ,                                        (5.11) 
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where K is the constant of indicator dissociation; the negative logarithm of 
this constant, i.e., log K− , is represented by pK. For the pH value of solution 
equation (5.11) gives 

[In ]pH p log
[HIn]

K
−

= + .                                     (5.12) 

It should be noted that in this equation the pH value refers to the hydrogen 
ion concentration of the solution containing the indicator, irrespective of 
whether it is due to the indicator alone or to other substances that may be 
present in solution. Since two forms of indicator have different colors, for 
example, A and B for acidic and alkaline media, the actual color exhibited by 
the indicator will depend on the hydrogen ion concentration of the medium. 
In an acidic solution, that is, one containing excess of Н3О+ ions, the 
equilibrium of indicator dissociation will be displaced to the left; the 
indicator will thus consist predominantly of the form with color A, and it will 
exhibit the color A. On the other hand, if the solution is alkaline, containing 
predominantly OH– ions, the equilibrium will lie to the right, and the 
indicator will be largely in the dissociated form; in alkaline, i.e., basic 
solution, the indicator will consequently have the color B. The 
equation (5.12) allows to determine the pH value of a solution. If the pK  
value of indicator is known, and the ratio of concentrations of two forms of 
the indicator in the given solution is measured, the pH value of the latter can 
be evaluated. In theory, the ratio of the intensities of color B to color A may 
have any value, but in practice it is possible to detect the proportions of the 
two colors in a mixture within certain limits only. For example, if 1 per cent 
of a blue color is mixed with 99 per cent of red, the eye cannot notice any 
difference from pure red. In general, it is necessary that there should be a 
minimum of about 10 per cent of a particular color before it can be exactly 
detected in the presence of another color. It leads to that indicators might be 
utilized for determination of the pH value of the solution in the definite range 
of the pH values. This range is 

pH p 1K= ± .                                         (5.13) 

This interval of the pH values is called the transition or useful range of the 
indicator. For example, the pK value of indicator methyl orange equals 3.46. 
In acidic solutions it has a red color, in alkaline solutions – yellow, in the 



 39

range of 3.1 to 4.4 an orange color is observed. The pK values and useful 
ranges of some often used indicators are given in Table 5.1. 
Due to the ability of indicators to change a color with pH of solution they are 
employed for determination of the acidity of solutions. Universal indicator is 
a mixture of several indicators displaying a variety of colors over a wide pH 
range. Usually it is used as a test paper that changes color in accordance with 
the pH value of the solution. Test papers of universal indicator are used only 
for an approximate determination of the pH value of solution. Because of the 
subjective determination of color, acid-base indicators are susceptible to 
imprecise readings of pH. For precise determination of the pH value, 
colorimetric and potentiometric methods are used. 

 

Hydrolysis of salts 
Generally, hydrolysis is a process of chemical interaction between water and 
a substance. In a hydrolysis reaction, bonds of the substance are broken by 
their reaction with water or the H+ and OH– ions formed after dissociation of 
water. There are several types of the substances capable for hydrolysis: 
esters, salts, halogen derivatives, etc. 

A particular case of hydrolysis occurs when a salt of a weak acid or weak 
base (or both) is dissolved in water. Water spontaneously ionizes into 
hydroxyl anions and hydrogen cations. The salt dissociates too into its 
constituent anions and cations, and oppositely charged ions interact with one 
another. Salt hydrolysis usually affects the pH value of a solution. It is true 
that salts consisting an alkali metal or alkaline earth metal ion and the anion 
of a strong acid (for example, Cl–, Br–, SO4

2–) do not undergo hydrolysis to an 
appreciable extent, and their solutions are assumed to be neutral. 

The solution of a salt formed by a strong base and a weak acid is basic. For 
example, sodium acetate dissociates in water giving sodium and acetate ions. 
The acetate ions combine with hydrogen ions to produce molecules of acetic 
acid, but sodium cations and hydroxyl anions do not react, because NaOH is 
a strong electrolyte and exists in solution in dissociated form. In this case, the 
net result is a relative excess of hydroxyl ions, giving a basic solution. The 
hydrolysis reaction is given by the equation 

CH3COONa + H2O  CH3COOH + Na+ + OH–. 
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When a salt is formed by a strong acid and a weak base, the solution becomes 
acidic. For example, consider the process of dissolution of ammonium 
chloride, in this case the hydrolysis of the NH4

+ ion proceeds 

NH4Cl + H2O  NH3·H2O + H+ + Cl–. 

Because H+ ions are produced in the reaction, the pH value of the solution 
decreases. 

For salts derived from a weak acid and a weak base, both the cation and the 
anion hydrolyze. However, whether a solution containing such a salt is 
acidic, basic, or neutral depends on the relative strengths of the weak acid and 
the weak base. 

 

Table 5.1. Dissociation constants, useful ranges  
and solution colors for some indicators at 25°С 

Indicator Chemical structure of indicator pK  

Useful 
range and 
solution 

color  

Methyl  
red N N(CH3)2N

HOOC

 

5.00 4.2–6.2 
red – yellow 

Methyl 
orange N N SO3Na(CH3)2N

 
3.46 

3.1–4.4 
red – orange 

– yellow 

Phenol 
red 

C

SO3H

OHO

 

8.00 6.8–8.4 
yellow – red 
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Table 5.1.Continued 

Indicator Chemical structure of indicator pK  

Useful 
range and 
solution 

color  

Bromo-
thymol  

blue 
C

O

Br Br

CH(CH3)2

SO3H

CH3
HO

(CH3)2HC

H3C

7.30 
6.0 – 7.6 
yellow – 

blue 

Bromo-
phenol 

blue 
C

O

Br Br

BrBr

SO3H

HO

 

4.10 
3.0 – 4.6 
yellow – 

blue 

Phenol-
phthalein 

C

COOH

OHO

 

9.40 
8.2 – 10.0 
colorless – 

crimson 

Litmus 

Litmus is a mixture of several 
different dyes. It turns to red color 
in acidic solutions and red 
to blue in alkaline solution, the useful 
range of the indicator is 4.5–8.3 at 25 
°C. Acid-base indicators on litmus owe 
their properties to a 7-
hydroxyphenoxazone chromophore.  

– 
5.0 – 8.0 
red – blue 
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Colorimetric method of determination of the pH value  
The pH value of a solution is first determined approximately by means of an 
universal indicator. This permits the best indicator with appropriate useful 
range to be chosen from reference data. A definite quantity of this indicator is 
then added to a certain volume of the test solution. The color produced is 
compared with those obtained with the same concentration of indicator, in a 
series of buffer solutions of known pH value. In visual colorimetric method 
by matching the colors of the given and standard buffer solutions, the pH of 
the unknown solution may be estimated within 0.05 pH units. When the 
measurement of the pH value demands high precision it is carrying out by 
using spectrophotometer or colorimeter for the determination of the ratio of 
the concentrations of two colored forms of the indicator. If this ratio is known 
the pH value of solution may be calculated using equation (5.9). Another way 
for precise determination of the pH is potentiometric method. 

Problems 

Examples 
Example 1. Calculate the pH value of 0.04 mol/L NaOH solution. 

Assume the base is fully dissociated. 

Solution. Because NaOH is considered to be completely ionized, [OH− ] 
= 0.04 mol/L. The simplest of various alternatives for calculation is to first 
find pOH value, and then subtract that value from 14 to obtain pH. 

pOH = log[OH ] log 0.04−− = −  = 1.4, 

pH = 14 – pOH = 14 – 1.4 = 12.6. 

Example 2. Calculate the pH value for the solution that is resulting if 25 
mL of 0.16 mol/L NaOH solution is added to 50 mL of 0.10 mol/L HC1 
solution. 

Solution. The pH value of the solution is determined by whether an 
excess of acid or base is used, or whether they are used in exactly equivalent 
amounts. The first step is to determine this. 

Moles of NaOH = NaOH NaOHc V⋅  = 0.025 × 0.16 = 0.004 mol, 

moles of HC1 = HCl HClc V⋅  = 0.05 × 0.10 = 0.005 mol. 
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Consequently the resulting solution is acidic because there is more acid than 
base. According to the equation  

NaOH + HC1 →  NaC1 + H2O 

resulting solution contains salt NaC1 and water. The salt has no effect on the 
pH value of solution. The excess of the acid is  

0.005 – 0.004 = 0.001 mol. 

The total volume of the resulting solution is 0.025 + 0.05 = 0.075 liter. The 
0.001 mol of HC1 is completely dissociated and concentration of H+ ions is: 
[H+] = 0.001/0.075 = 0.0133 mol/L,  

pH = –log[H+] = –log0.0133 = 1.88. 

 

Problems for self-solving 
1. Calculate the pH value of a solution with an HCl molar concentration 

of a) 10−5 mol/L and b) 1 mol/L. Assume the acid is fully dissociated. 
Answer: a) pH = 5, b) pH = 0. 

2. Calculate the pH value after adding of 1 mL of 0.01 mol/L HCl 
solution to 1 liter of distilled water that is initially at pH = 7. Answer: pH = 5. 

3. What is the pH value of solution that is formed after 100 mL of 
0.1 mol/L NaOH solution is added to 900 mL of a solution containing 
0.03 mol/L of acetic acid (CH3COOH, pK = 4.75)? Use Henderson-
Hasselbalch equation for calculations. Answer: pH = 4.52. 

4. «Acetate buffer» solution is made of sodium acetate and acetic acid. 
Consider such solution contains equal quantities of acid and salt. Calculate 
the pH value of this solution using Henderson–Hasselbalch equation. 
Dissociation constant of acetic acid is 1.75·10–5 mol/L. Answer: pH = 4.76. 

5. Calculate the pH value of «benzoate buffer» using Henderson–
Hasselbalch equation. The solution was prepared by mixing of equal volumes 
of sodium acetate and benzoic acid solution. The concentration of each 
solution is 0.1 mol/L. Consider dissociation constant of benzoic acid is 
6.3·10–5 mol/L. Answer: pH = 4.20. 

6. The ionic product of water at 40 °C is equal to 3.80⋅10–14. Calculate 
the values of molarities of hydrogen and hydroxide ions in distilled water, 
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and its pH value at 40 °C. Answer: [H+] =[OH–] = 1.95⋅10–7 mol/L; pH = 
6.71. 

7. Determine and write whether aqueous solutions at  25 °C with each of 
the following ion concentrations are neutral, acidic, or basic: (a) [H+] = 1⋅10–9 
mol/L; (b) [OH–] = 1⋅10–7 mol/L; (c) [OH–] = 1⋅10–14 mol/L. Answer: (a) 
basic; (b) neutral; (c) acidic. 

8. Calculate the concentrations of a dissolved substances in the 
following aqueous solutions at 25 °C: (a) KOH for which the pH is 12.0, (b) 
Ca(OH)2 for which the pH is 11.3. Answer: (a) 0.01 mol/L; (b) 0.001 mol/L. 

9. The pH value of the 0.10 mol/L formic acid (HCOOH) solution is 
found to be 2.38. Calculate dissociation constant of formic acid at a given 
temperature. Answer: 1.8⋅10–4 mol/L. 

10. Determine whether the pH value of aqueous solutions of the 
following salts is equal to, greater than, or less than 7: (a) NH4Cl, (b) 
Na2CO3, (c) KF, (d) KBr. In the cases where the medium is not neutral, write 
a hydrolysis equation for explanation of your answer. 
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THEME 6 
COLLIGATIVE PROPERTIES OF SOLUTIONS 

Colligative properties of solutions are several important properties that for a 
given solvent depend on the number of solute particles in solution and not on 
the nature of the solute particles. These particles may be atoms, ions or 
molecules. It is important to keep in the mind that we are talking about 
relatively dilute solutions, that is, solutions whose concentrations are less 
than 0.1 mol/L. The term «colligative properties» denotes «properties that 
depend on the collection», this means that values of colligative properties 
depend on the collective effect of the number of solute particles in solution 
and do not depend on the nature of the particles. 

The colligative properties are: 

• vapor pressure lowering;  
• boiling-point elevation;  
• freezing-point depression;  
• osmotic pressure.  

 

Vapor pressure lowering 
Vapor pressure of a liquid substance is the pressure due to molecules of this 
substance that would be generated if the gas and the liquid phases of the 
substance were allowed to reach equilibrium in a closed system. 

If a solute is nonvolatile (this means, it has a very low, unmeasurable vapor 
pressure), vapor pressure of the solution is always less than that of the pure 
solvent and depends on the concentration of the solute. The relationship 
between solution vapor pressure and solvent vapor pressure was obtained by 
French chemist F. Raoult and is known as Raoult’s law. This law states that 
the vapor pressure of a solvent over a solution (p1) equals the product of 
vapor pressure of the pure solvent (p1°) and the mole fraction of the solvent 
in the solution (x1) 

p1 = x1p1°.                                           (6.1) 
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In a solution containing only one solute, than x1 = 1 – x2, where x2 is the mole 
fraction of the solute. Equation of the Raoult’s law can therefore be rewritten 
as 

 (p1° – p1)/p1° = x2.                                    (6.2) 

One can see that the relative decrease in vapor pressure of the solvent is 
directly proportional to the mole fraction of the solute in solution. 
If both components of a solution are volatile and characterized by measurable 
vapor pressure, the vapor pressure of the solution is the sum of the individual 
partial pressures. In this case Raoult’s law holds equally for all components 

pi = xipi°.                                            (6.3) 

 

Elevation of boiling point 
Because the presence of a solute lowers the vapor pressure of a solvent over 
the solution, it must also affect the boiling point of the solution. The boiling 
of a pure liquid or a solution occurs at that temperature at which its vapor 
pressure becomes equal the external atmospheric pressure. It is known that at 
any temperature the vapor pressure of the solution is lower than that of the 
pure solvent, so the vapor pressure of solution reaches atmospheric pressure 
at a higher temperature than the normal boiling point of the pure solvent. 
This leads to elevation of boiling point of solution in comparison with pure 
solvent. The boiling-point elevation is defined as 

, 0b b b oT T TΔ = − > ,                                   (6.4) 

where Tb is the boiling point of the solution and Tb,o – the boiling point of the 
pure solvent. Because ΔTb is proportional to the lowering of the vapor 
pressure, it must be also proportional to the concentration of the solution. It 
has been found experimentally that 

b bT K mΔ = ,                                         (6.5) 

where m is the molality of the solution and Kb is the molal boiling-point 
elevation constant. The units of Kb are  K·kg·mol–1. 
It has been shown experimentally and proved theoretically that Kb is 
determined only by properties of the solvent 
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2
, 1

1000
b o

b o
vap

RT M
K

H

⋅
=

⋅Δ
,                                        (6.6) 

here ,b oT  – boiling temperature of pure solvent, R – universal gas constant, 

M1 – molar mass of the solvent, o
vapHΔ  – enthalpy change of vaporization of 

the pure solvent. 
The value of boiling-point elevation constant for water is 0.52 K·kg·mol–1, 
one can see that if the molality of an aqueous solution is 1 mol/kg, the boiling 
point will be 100.52 °C. 

 

Depression of freezing point  
The phenomenon of the depression of the freezing point of a solution is 
caused by the lowering the vapor pressure of the solution like elevation of 
boiling point. The pure solvent freezes if its vapor pressures in liquid and 
solid states are equal. The vapor pressure of a solid solvent depends on 
temperature only and decreases with the decrease in temperature. This leads 
the temperature of the freezing of solution is lower than the freezing point of 
the solvent. The depression of freezing point is defined as 

, 0f o f fT T TΔ = − > ,                                    (6.7) 

in which To,f  is the freezing point of pure solvent, and Tf  – the freezing point 
of the solution. The ΔTf  value is proportional to the molal concentration of 
the solute 

f fT K mΔ = ,                                           (6.8) 

in which m is the solute molality, and Kf is the molal freezing-point 
depression constant. Like Kb, the Kf has the units of K·kg·mol–1 and depends 
only on properties of the solvent 

2
, 1

1000
f o

f o
fus

RT M
K

H

⋅
=

⋅Δ
,                                   (6.9) 

where ,f oT  – freezing temperature of pure solvent, o
fusHΔ  is enthalpy change 

of fusion of the solvent. 
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The value of freezing-point depression constant for water is 1.86 K·kg·mol–1, 
one can see that if the molality of an aqueous solution is 1 mol/kg, the 
freezing point will be –1.86 °C. 

Osmosis 
The phenomenon of osmosis is the spontaneous movement of a pure solvent 
into a solution separated from it by a semipermeable membrane.  

The membrane is permeable only by the solvent molecules but not by the 
solute and allows the solvent to pass through. The word osmosis originates 
from the Greek word meaning «push». 

The osmotic pressure is the pressure that must be applied to the solution to 
prevent the osmotic solvent transfer.  

For dilute solutions the osmotic pressure is given by the van't Hoff's equation 

cRTπ = ,                                             (6.10) 

where T – absolute temperature, c – molar concentration of the solute. If 
universal gas constant is used as 8.314 J/(mol·K), and molar concentration is 
expressed in units of mol/m3, then osmotic pressure is expressed in Pascals. 
In chemistry as well as in medicine, if two solutions are of equal 
concentration and, hence, of the same osmotic pressure, they are said to be 
isotonic. If two solutions are of unequal osmotic pressures, the more 
concentrated solution is said to be hypertonic and the more dilute solution is 
described as hypotonic. 

 

Colligative properties of electrolyte solutions 
Colligative properties of electrolytes is characterized by slightly different 
approach than the one used for the colligative properties of nonelectrolytes. 
The reason is that electrolytes dissociate into ions in solution, and so one unit 
of an electrolyte compound separates into two or more particles when it 
dissolves.  

Thus, the colligative properties of binary electrolyte solution should be twice 
as great as those of an electrolyte solution containing a nonelectrolyte in the 
same concentration. Similarly, we would expect a ternary electrolyte solution 
to depress the freezing point by three times as much as a nonelectrolyte 
solution with the concentration. To account for these effects we must modify 
the equations for colligative properties as follows 
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(p1° – p1)/p1° = ix2,                                   (6.11) 

ΔTb = iKbm,                                         (6.12) 

ΔTf = iKfm,                                         (6.13) 

icRTπ = .                                          (6.14) 

The variable i is the van’t Hoff’s isotonic factor, which is defined as the ratio 
of actual number of particles in solution after dissociation and number of 
molecules (structural units) of initially dissolved substance. 

Thus, i should be 1 for nonelectrolytes. For strong binary electrolytes such as 
NaCl and KNO3, it should be 2, and for strong ternary electrolytes such as 
Na2SO4 and MgCl2, i should be 3. In reality, the colligative properties of 
electrolyte solutions are usually smaller than anticipated, because at higher 
concentrations, electrostatic forces come into play, drawing cations and 
anions together. A cation and an anion held together by electrostatic forces 
are called an ion pair. The formation of an ion pair reduces the number of 
particles in solution by one, causing a reduction in the colligative property. 

 

Problems 

Examples 
Problem 1. The average osmotic pressure of blood is 7.7 atm at 25 oC. 

Calculate the molarity and mass percent of sodium chloride solution that will 
be isotonic with the blood. This kind of solution is known as a physiological 
saline solution. 

Solution. Sodium chloride is strong electrolyte and gives two ions 
during dissociation, so its van’t Hoff’s isotonic factor equals 2. Because we 
are given the osmotic pressure and temperature, we can solve the equation  

icRTπ =  

for the concentration: / ( )c iRT= π , where we need to use the pressure 
transferred to SI units: p =  7.7×1.013·105 = 7.8·105 Pa. Hence, 

c = 7.8·105/(2·8.314·298) = 157.41 mol/m3 = 0.157 mol/L. 

Assuming the dencity of the solution as 1 g/cm3, we have for mass percent 

ω = m(NaCl)/m(solution) = 0.157·58.5/1000 = 0.0092 or 0.92 %. 
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Problem 2. Ethylene glycol, HO–CH2–CH2–OH, is a nonvolatile 
nonelectrolyte. It is used as a main part of automotive antifreeze. Typical 
antifreeze is an aqueous solution of ethylene glycol containing 25 % by mass 
of the glycol. Calculate the boiling and freezing points of the antifreeze.  

Solution. To calculate the boiling-point elevation and the freezing-point 
depression we must know the molality of the solution. If the 100 g of the 
antifreeze is taken, the masses of ethylene glycol and water in the solution are 
25 and 75 g, respectively. Using these quantities, we can calculate the 
molality of the solution 

molality = n(glycol)/m(water), n(glycol) = 25/62 = 0.40 mol, 
molality = 0.40/0.075 = 5.33 mol/kg. 

Using this value and the molal boiling-point elevation and freezing-point 
depression constants we have 

f fT K mΔ =  = 1.86×5.33 = 9.9 oC, 

b bT K mΔ =  = 0.52×5.33 = 2.8 oC. 
Finally, the boiling and freezing points of the antifreeze are 

freezing point =  0 oC – fTΔ  = –9.9 oC. 

boiling point = 100 oC + bTΔ  = 102.8 oC. 

Problem 3. Arrange the following aqueous solutions in order of their 
expected freezing points: 0.15 mol/kg KCl, 0.10 mol/kg BaCl2, 0.10 mol/kg 
HCl, 0.10 mol/kg CH3COOH, 0.10 mol/kg C12H22O11. 

Solution.We must order these solutions according to expected freezing 
points, which may be estimated on the total molalities of the dissolved 
particles in solutions. These values are depended on the initial concentration 
of the solute, number of ions to be produced during dissociation of the solute 
and the ability of solute to dissociate. By the first we must determine whether 
the substance is a nonelectrolyte or an electrolyte and the electrolyte power. 
BaCl2, KCl, and HCl are strong electrolytes, CH3COOH is a weak 
electrolyte, and C12H22O11 is a nonelectrolyte. These facts give possibility to 
say, the molality of solute particles in sucrose is 0.10 mol/kg and that of 
acetic acid is rather more than 0.10 mol/kg. Potassium chloride and 
hydrochloric acid after dissociation produce 2 ions, in these cases the total 
concentration of the ions in solution will be 0.3 mol/kg and 0.2 mol/kg, 
respectively. The number of ions, formed when barium chloride ionizes, 
equals 3, this gives the total ion concentration of 0.3 mol/kg. Because the 
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freezing points depend on the total molality of particles in solution, the 
required order of solutions is: 0.10 mol/kg C12H22O11(highest freezing point), 
0.10 mol/kg CH3COOH, 0.10 mol/kg HCl, the lowest freezing point 
corresponds the solutions 0.15 mol/kg KCl and 0.10 mol/kg BaCl2. 

 

Problems for self-solving 
1. Which of the following solutes will produce the largest and the lowest 

increase in boiling point after dissolution in 1 kg of water: 0.05 mol of 
barium nitrate (Ba(NO3)2, strong electrolyte), 0.08 mol of sodiun chloride 
(NaCl, strong electrolyte), 0.1 mol of acetic acid (CH3COOH, weak acid) or 
0.1 mol of glycerol (C3H8O3, nonelectrolyte)? 

2. List the following aqueous solutions in order of decreasing of freezing 
points: 0.01 mol/kg Na2SO4, 0.01 mol/kg KBr, 0.01 mol/kg glycerol 
(C3H8O3, nonelectrolyte), 0.01 mol/kg phenol (C6H5OH, weak acid). 

3. The average osmotic pressure of blood is 7.7 atm at 25 °C. Calculate 
the molarity of glucose (C6H12O6) in solution which will be isotonic with the 
blood. Answer: c = 0.315 mol/L. 

4. Calculate the osmotic pressure of 0.002 mol/L sucrose (C12H22O11) 
solution at 25 °C. Answer: p = 4955 Pa. 

5. The osmotic pressure of a solution containing 1.35 g of a protein per 
100 mL of solution is found to be 9.12 Torr at 25.0 °C (Torr is a traditional 
unit of pressure, 1 Torr = 133.3 Pa). Estimate the molar mass of the protein. 
Answer: M = 4.9·105 g/mol. 

6. The solution is made by dissolving 25 mg of insulin in 5.0 mL of 
water. The osmotic pressure of this solution equals 2066 Pa at 25°C. 
Assuming that insulin is nonelectrolyte, and there is no change in volume 
occurred during its dissolution, calculate the molar mass of the hormone. 
Answer: M =  6000 g/mol. 

7. There are two aqueous solutions, namely 0.35 mol/kg of CaCl2 and 
0.90 mol/kg of (NH2)2CO (urea). Compare the following properties of these 
solutions: (a) boiling points; (b) freezing points; (c) vapor pressures.  

8. A 0.9 percent by mass solution of NaCl is referred to as 
«physiological saline» or «isotonic saline» because its osmotic pressure is 
equal to that of the human blood. Calculate the osmotic pressure of this 
solution at normal body temperature (36.6 °C). The density of the saline 
solution equals 1.005 g/mL, assume complete dissociation of the solute. 
Answer: π = 796 kPa. 



 52

9. Calculate the expected freezing point of a 0.20 mol/kg aqueous 
solution of CaCl2. Assume complete dissociation of the substance at 
dissolution. Answer: t = 1.12 oC. 

10. Ethylene glycol, C2H6O2, is used for preparation of different 
antifreeze mixtures. It gives protection against freezing up to –25 °С. How 
many moles of solute are needed per kilogram of water to ensure such 
protection? Answer: n(C2H6O2) = 13.44 mol. 
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