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The main task of the course "General Chemistry" is to improve and consolidate a 

complex of knowledge about the substance, its structure, properties, and possible 

applications. This course is aimed at the development of students’ logical chemical 

thinking, giving them modern scientific understanding of the matter as one of its types, the 

mechanism of chemical compounds’ transformation, formation of a certain complex of 

chemical knowledge among the students. After completing the course, the students are to 

know: 

- the main stages of general and inorganic chemistry development, its current state; 

- connection of the compounds’ properties with the position of elements forming them 

in the periodic system of elements; 

- the basis of the theory of inorganic compounds’ structure, the theory of chemical 

bonding; 

- quantum mechanical and electronic structure of atoms; 

- mechanisms of formation and basic characteristics of chemical bond; 

- main regularities of the course of chemical reactions; 

- properties of the basic classes of inorganic compounds; 

- properties of solutions of non-electrolytes and electrolytes; 

- methods of compilation of ion-electronic equations of oxidation-reduction reactions; 

- methods of extraction, structure, physical and chemical properties of the most wide 

spread in nature chemical elements and their compounds; 

- main literary sources and reference literature on general and inorganic chemistry; 

- basic rules of labor safety during work in the chemical laboratory. 

During the study of this course, students have the opportunity to study the specifics of 

different processes, visualize the results of experiments; get acquainted with the 

peculiarities of the course of reactions, give them theoretical justification. Such approach 

to the study of the subject develops logical thinking and makes it possible to make own 

conclusions; apply theoretical knowledge in practice; use the achievements of modern 

chemical science in the process of training in special disciplines and in future professional 

activities. 
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GENERAL CHEMISTRY  

 

Lecture № 1 

 

The theme: “Chemistry is the science which studies the surroundings. The matter and 

the movement. The substances and its properties. Physical and chemical changes” 

Theory topics for target: 

1. The study of chemistry. 

2. The physical object and the matter. 

3. The states of matter. 

4. Physical and chemical changes. 

5. The substances and properties. 

 

Theoretical material 

 

Chemistry is the study of substances, its properties and changes. Physical objects are 

the all object of living and non-living nature. Physical object consists of matter. 

Examples: the list of paper is the physical object which consists of the cellulose 

(matter); piece of chock is the physical object which consist the matter is the chock 

 
 

 

Slates of Matter. One important physical property is the state of matter . Three are 

common in everyday life: solid, liquid, and gas. The fourth, plasma.. is the  observed in 

special conditions such as the ones found in the sun and fluorescent lamps. Substances can 

exist in any of the states. Water is a compound that can be liquid, solid (ice), or gas 

(steam):  
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Composition and structure of 
substances 

Dependence of the 
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structure and composition  

Changes of substances 
substances 
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Interactions between molecules in gas, liquid and solid states 

 
 

The states of matter depend on the bonding between molecules

 
 

Physical and chemical changes. There are two types of change in matter: physical 

change and chemical change. As the names suggest, physical changes affect physical 

properties, and chemical changes affect chemical properties. 

Chemical changes are also known as chemical reactions. The "ingredients" of a 

Agrigate 
states of 
matter 

Solid 

Liquid 

Gas 

Plasma 

Solids have a definite shape and a definite volume 

Liquids have a definite volume, but they do not have a definite shape 

Gases have no definite volume and no definite shape 



8 

 

reaction are the reactants, and the end results are called the "products". The change from 

reactants to products can be signified by an arrow. 

Chemical Reaction: Reactants → Products 

 

Chemical or Physical? Physical changes do not cause a substance to become a 

fundamentally different substance. Chemical changes, on the other hand, cause a substance 

to change into something entirely new. Chemical changes are typically irreversible, but 

that is not always the case. It is easier to understand the difference between physical and 

chemical changes with examples. 

 

 

 

• Phase changes are when you melt, freeze, boil, 
condense, sublimate, or deposit a substance unless 
a chemical change occurs along with the physical 
change 

Changes are physical 

• These may be irreversible, but the result is still 
composed of the same molecules. When you cut 
your hair, that is a physical change, even though you 
can’t put the hair back on your head again.  

Cutting, tearing, 
shattering, and grinding 

are physical. 

• For example, you could mix salt and pepper, dissolve 
salt in water, or mix molten metals together to 
produce an alloy. 

Mixing together 
substances is physical. 

• Not to be confused with bubbles from boiling, which 
would be‘physical (a phase change). Gas bubbles 
indicate that a chemical reaction has occurred 

Gas bubbles forming is 
chemical 

• When dissolved substances are mixed, and a eloudjr 
precipitate appears, there has been a chemical 
change 

Precipitates forming is 
chemical 

• The resulting substances are entirely new chemical 
compounds. For instance, wood becomes ash and 
heat; iron becomes rust; sugar ferments into alcohol 

Rotting, burning, 
cooking, and rusting (for 
example) are chemical 
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So, chemical changes are the changes when from one or more compounds can 

obtain one or more another compounds (whith different compositions); physical 

changes are changes of the form or aggregate states of the same matter (substance). 

 

Control questions 

1. What does the chemistry study? 

2. How many aggregate states of matter do you know? 

3. Give the definitions of physical and chemical changes. Give the examples. 

4. What's the difference between physical object and the matter? 

 

 

Lecture № 2 

 

The theme: “Atomic structure. The molecule, the atom. Chemical element. Atomic 

structure. Atomic and molecular mass. Chemical formulas. Index. Chemical equations. 

Coefficients. The Law of Conservation of Mass” 

Theory topics for target:  

1. Atomic structure. 
2.     The definition of molecule and atom. Chemical element. 

3.     Chemical formulas and index. 

4.     Chemical equations. Coefficients. 

5.     The Law of Conservation of Mass. 

 

Theoretical material 

 

The atomic-molecular study was founded in 1741 by Russian s cientist       

Lomonosov M.V. 

• As an example, the element chromium shows 
different colors when it is different 
compounds, but a single chromium 
compound will not change color on its own 
without some sort of reaction 

Changes of color or 
release of odors (i.e. 

release of a gas) might 
be chemical.  

• Hot\cold picks involve dissolving a salt in 
water to change its temperature (more on 
that in later chapters); popping popcorn is 
mostly (but not completly) physical change; a 
glowstick has a chemical change in it 

Release\absorption of 
energy (heat, light, 

sound) is generally not 
easily categorized 



 

 

 

The atomic-molecular doctrine 

 
 

The molecules of simple substances consist of the same atoms (e.g. O2, H2, N2) and 

the molecules of complex compounds consist of the different atoms (e.g. H2O, HC1). The 

fundamental building block of matter is the atom. The nucleus is made up of protons and 

neutrons which are colled the nuclons. Any atom is composed of a little nucleus 

surrounded by a "cloud" of electrons. In the nucleus there are protons and neutrons. 

However, the term "atom" just refers to a building block of matter; it doesn't specify the 

identity of  the atom. It could be an atom of carbon, or an atom of hydrogen, or any other 

kind of atom. This is where the term "element" comes into play. When an atom is defined 

by the number of protons contained in its nucleus, chemists refer to it as an element. All 

elements have a very specific identity that makes them unique from other elements. For 

example, an atom with 6 protons in its nucleus is known as the element carbon. When 

speaking of the element fluorine, chemists mean an atom that contains 9 protons in its 

nucleus. 

 Atom: A fundamental building block of matter composed of protons, neutrons, and 

electrons. 

Element: A uniquely identifiable atom recognized by the number of protons in the 

nucleus. 

It is important to note that if the number of protons in the nucleus of an atom 

changes, so does the identity of that element. If we could remove a proton from nitrogen (7 

protons), it is no longer nitrogen. We would, in fact, have to identify the atom as carbon (6 

protons). Remember, elements are unique and are always defined by the number of 

protons in the nucleus. The Periodic Table of the Elements shows all known elements 

organized by the number of protons they have. An element is composed of the same type 

of atom; elemental carbon contains any number of atoms, all having 6 protons in their 

nuclei. In contrast, compounds are composed of different type of atoms. More precisely, a 

compound is a chemical substance that consists of two or more elements. A carbon 

compound contains some carbon atoms (with 6 protons each) and some other atoms with 

All substances consist of the molecules 

The molecules consist of the atoms 

The molecules and the atoms move always 



 

different numbers of protons. Compounds have properties different from the elements that 

created them. Water, for example, is composed of hydrogen and oxygen. Hydrogen is an 

explosive gas and oxygen is a gas that fuels fire. Water has completely different 

properties, being a liquid that is used to extinguish fires. 

The smallest representative for a compound (which means it remains characteristics 

of the compound) is called a molecule. Molecules are composed of atoms that have 

"bonded" together. As an example, the formula of a water molecule is "H2O": two 

hydrogen atoms and one oxygen atom. In conclussion, it should be say that: 

 
Chemical Formulas. Lewis structures are helpful for keeping track of electron 

transfers in bonding and for making sure that the octet rule is obeyed. As well, Lewis 

structures can be used to help determine the ratio of the atoms in a compound. To 

communicate this ratio, chemists use a special kind of shorthand called a chemical 

formula. A chemical formula provides two important pieces of information: 

1. The elements that make up the compound 

2. The number of atoms of each element that are present in a compound. 

The order in which the elements are written also communicates important 

information. The less electronegative element or ion is usually listed first in ite formula, 

and the more electronegativity element or ion comes second. For example, the ionic 

compound that is formed from calcium and bromine is written CaBr2 . Calcium, a metal 

with low electronegativity , is written first. The subscript 2 after the bromine indicates that 

there are two bromine atoms for every calcium atom. 

 

[𝐶𝑎]2+ + 2[𝐵𝑟]− = 𝐶𝑎𝐵𝑟2 
 

This Lewis structure shows the formation al calcium bromide. 𝐶𝑎𝐵𝑟2 is the chemical 

formula of the compound formed by calcium and bromine. 

The molecule is a smallest particle of compound which has their 
properties; the atom is a smallest particle of chemical element 
which doesn’t divide; the chemical element is a group of atoms 
which have the same structure. 



 

 
 

Example: 

𝐶𝑎𝑆𝑂4 + 𝐵𝑎𝐶𝑙2 = 𝐶𝑎𝐶𝑙 + 𝐵𝑎𝑆𝑂4 

                                                      reactants                        products             

                    

Chemists use chemical equations to communicate what is occurring in a chemical 

reaction. Chemical equations comes in several forms. All of these fprms condens a great 

deal of chemical information into a short statement. 

Word Equations. A word equation identifies the reactants and products of a 

chemical reaction by name. You know that chlorine and sodium combine to form the ionic 

compound sodium chloride. This reaction can be represented by the following word 

equation: 

 

sodium + chlorine = sodium chlorine 

 

 In this equation, "+" means "reacts with" and "→" means "to form" 

Atomic Mass. The mass of an atom is measured in atomic mass units (amu). An 

atom's mass pan be found by summing the number of protons and nentaam By definition, 

12 amu equals the atomic electrons have a negligible mass. There is a difference between 

an atom's mass number and an element's atomic mass. The mass number measures the 

number of protons and neutrons in the nucleus of a particular atom. The atomic mass 

measures the average mass of all atoms for an element. For example, a carbon atom might 

have a mass number of 12 or 14 (or something else), but carbon in general has mass of 

12.011 aum. Usually a pure element is made up of a number of isotopes in specific ratios. 

Because of this, the measured atomic mass of carbon is not exactly 12. It is an average of 

all the massesof all the isotopes, with the more common ones contributing more to the 

measured atomic mass. By convention atomic masses are given no units. 

Moles. Avogadro`s number equals 6.022 ×10
23

 (NA). It is also known as a mole. 

Aragadro's number is the number of particles found in one mole of a particular element. 

Moles are not very confusing: if you have a dozen atoms, you would have 12. If you have 

a mole of atoms, you would have 6.022 ×10
23

. Why is this ridiculously large number 

The index shows the number of atoms of element in 
molecule. The coefficient show the number of molecules of 
this substance 

The reactants (reagents) of the chemical reaction 
are on the left part , the products are on the right 
part 



 

important? It can be used to convert between atomic mass units and grams. 0ne mole of 

carbon-12 is exactly 12 grams, by definition. Simularly, one mole of any element is the 

atomic mass of that element expressed as a weight in grams. The atomic mass is equal to 

the number of grams per mole of that element. So one mole (1 mol) of a substance 

contains         6.022141 99×10
23

 particles of the substance. This value is called the 

Avogadro constant. Its symbol is NA. 

Example 1: 
There are 128.2 g of rubidium (atomic mass Ar = 85.47 amu). How many atoms are 

there? 

Answer: 

n (or ν) = (128.2 g) / (85.47 g/mol) =1.5  mol; 

(1.5 mol) × (6.022 × 10
23

) = 9.03 × 10
23

 atoms of rubidium. 

 

These one-liter containers each hold 0.045 moles of nitrogen-based gas. (1 L) / (22.4 

L/mol) = 0.045 mol. 

Moles are also important because every 22.4 liters of gas contain 1 mole of gas 

molecules at standard temperature and pressure (STP, 0 °C and 1 atmosphere of pressure). 

Avogadro discovered this. (That's why it's his number.) A container filled with fluorine 

gas would have to be 22.4 L large to hold one mole of F2 molecules. Knowing this fact 

allows you to determine the mass of a gas molecule if you know the volume of the 

container. This holds true for every gas. 

Why every single gas? Atoms and molecules are tiny. The volume of a gas is mostly 

empty space, so the molecules have an insignificantly small volume. As you will 

eventually learn, this ensures that there is always one mole of gas atoms for every 22.4 

liters at STP (standart temperature and pressure). 

Example 2: 

The molecular mass of the shock can be find as: Mr (CaCO3 ) = Ar(Ca) + Ar(C) + 3 

Ar(0) = 40 + 12 + 3×16= 100  

 
The Law of Conservation of Mass. All atoms must be accounted for, according to 

an important law. The law of conservation of mass states that in any chemical reaction, the 

mass of the products is always equal to the mass of the reactants. In other words, according to 

this law, matter can be neither created nor destroyed. Chemical reactions proceed 

according to the law of conservation of mass, which is based on experimental evidence. 

 

Balanced Chemical Equations. A balanced chemical equation reflects the law of 

The molar mass is the ratio of mass to the number of moles 
of substance:  M = m/n 



 

conservation of mass. This type of equation shows that there is the same number of each 

kind of atom on both sides of the equation. Some skeleton equations are, by coincidence, 

already balanced. For example, examine the reaction of carbon with oxygen to form 

carbon dioxide, shown in below. In the skeleton equation, one carbon atom and two 

oxygen atoms are on the left side of the equation, and one carbon atom and two oxygen 

atoms are on the right side of the equation. 

 

 
C + O2 = CO2 

 

Control questions: 

1. Give the definitions of “atom”, “molecule”, “chemical element”. 

2. What are the simple and complex compounds? 

3. What are the reactants and products of chemical reaction? 

4. What’s mean atomic mass and molecular mass? 

5. What’s mean the molar mass? How it can be calculate? 

6. Give the definition of The Law of Conservation of Mass? 

 

Lecture № 3 

 

The theme: "The Law of Definite Proportions. Percentage composition" 

Theory topics for target: 

1. The Law of Definite Proportions. 

2. Percentage composition. 

 

Theoretical material 

 

When you calculate and use the molar mass of a compound, such as water, you are 

making an important assumption. You are assuming that every sample of water contains 

hydrogen and oxygen in the ratio of two hydrogen atoms to one oxygen atom. Thus you 

are also assuming that the masses of hydrogen and oxygen in pure water always exist in a 

ratio of 2g : 16 g. This may seem obvious to you, because you know that the molecular 

formula of water is always H2O, regardless of whether it comes from any of the sources. 

When scientists first discovered that compounds contained elements in fixed mass 

proportions, they did not have die periodic table. In fact, the discovery of fixed mass 

proportions was an important step toward the development of atomic theory. 

 



 

 

The Law of Definite Proportions. In the late eighteenth century, Joseph Louis 

Proust, a French chemist, analyzed many samples of copper(II) carbonate, CuCO3 . He 

found that the samples contained the same proportion of copper, carbon, and oxygen, 

regardless of the source of the copper(II) carbonate. This discovery led Proust to propose 

the law of definite proportions: 

 
Percentage Composition. Carbon dioxide and carbon monoxide contain the same 

elements but have different proportions of these elements. In other words, they are 

composed differently. Chemists express the composition of compounds it various ways. 

One way is to describe how many moles of each element make up a mole of a compound. 

For example, one mole of carbon dioxide contains one mole of carbon and two moles of 

oxygen. Another way is to describe the percent mass of each element in a compound. The 

percentage composition of a compound refers to the relative mass of each element in the 

compound. In other words, percentage composition is a statement of the values for mass 

percent of every element in the compound. For example, the compound vanillin, C8H8O3, 

has a percentage composition of 63.1% carbon, 5.3% hydrogen, and 31.6% oxygen. A 

compound’s percentage composition is an important piece of information. For example, 

percentage composition can be determined experimentally, and then used to help identify 

the compound. Examine the following Sample Problem to learn how to calculate the 

percentage composition of a compound from the mass of the compound and the mass of 

the elements that make up the compound. Then do the Practice Problems to try expressing 

the composition of substances as mass percents. 

Example: 

We have a compound is ZnS, And we can find the percentage composition each of 

these elements. 

Answer: 

Mass percent (ω) of Zn = (Mass of Zn / Mass of compound) × 100% = (32.69 g / 

48.72 g ) ×100% = 67.10% 

Mass percent (ω) of S = (Mass of S / Mass of compound) × 100% = (16.03 g / 48.72 

g)    ×100% = 32.90%. 

The percentage composition of the compound is 67.10% zinc and 32.90% sulfur. 

Let's make a solution: The mass of zinc is about 32 g per 50 g of the compound. 

This is roughly 65%, which is close to the calculated value. 

 

 

The elements in a chemical compound are always present in 
the same proportions by mass. 



 

Control questions: 

1. The number of molecules in chemical reaction are changing, aren't its? 

2. Give the definition of The Law of Definite Proportions, 

3. What’s mean the percentage composition? 

 

Lecture № 4 

 

The theme: “The mole and the Molar mass” 

Theory topics for target: 

1. The Mole. Definition and calculations. 

2. The Molar mass. 

 

Theoretical material 

 

The Mole. Avogadro`s number equals 6.022 ×10
23

 (NA). It is also known as a mole. 

Avagadro's number is the number of particles found in one mole of a particular element. 

Moles are not very confusing: if you have a dozen atoms, you would have 12. If you have 

a mole of atoms, you would have 6.022 ×10
23

. Why is this ridiculously large number 

important? It can be used to convert between atomic mass units and grams. 0ne mole of 

carbon-12 is exactly 12 grams, by definition. Simularly, one mole of any element is the 

atomic mass of that element expressed as a weight in grams. The atomic mass is equal to 

the number of grams per mole of that element. So one mole (1 mol) of a substance 

contains         6.022141 99×10
23

 particles of the substance. This value is called the 

Avogadro constant. Its symbol is NA.The unit of measure of NA. is mole
-1

. 

 
Example:  

There are 46 g of sodium (atomic mass Ar = 23 amu). How many atoms are there?  

Answer: 

 

n (number of moles) = (46 g) / (23 g/mol) = 2 mol 

number of atoms = (2 mol) × (6.022 × 10
23

) = 12.044 × 10
23

 atoms of sodium. 

 

 

 

 

 

So mole is the amount of matter which contains 6.022 ×1023 

particles (atoms, molecules, ions) 



 

 

 

The Molar mass: 

 
where M – molar mass, g/mole;  

m – substance mass, g;  

n – number of moles, mole. 

The Molar mass equals the atomic mass or molecular mass of this substance. 

Example: Molar mass of hydrochloric acid equals: 

 

M (HC1) = 1 + 35.5 = 36,5 (g/mole) 

 

The molecular mass of HC1 Mr(HCl) = 36,5. 

 
where M – molar mass,g/mole; 

NA – Avogadro’ s number. 

Example:  the mass of one molecule of HC1: 

 

1=36,5 g/mole / 6,022×10
23

mole
-1

 = 6,061×10 
23

 g. 

 

Control questions: 

1. Give the definition of mole. 

2. What’s mean the Avogadro’s number? 

3. The Avogadro ’ s number unit? 

4. What do you know about the Molar mass? 

5. The calculations for determine of one molecule mass. 

 

The molar mass is the ratio of mass to the number of 
moles of substance: 

M = m/n 

The mass of one molecule of substance: 

m = M/NA, 
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Lecture № 5 

 

The theme: “The Avogadro’s Law. The Molar volume of gas. The relative density of 

gases. The Law of combining volumes. ” 

Theory topics for target: 

1. The relative density of gases. 

2. The Law of combining volumes. 

3. The Avogadro’s Law. 

4. The Molar volume of gas. 

 

Theoretical material 

 

Gases have a number of special characteristics that differentiate them from other 

states of matter. Here is a list of characteristics of gases: 

• Gases have neither definite shape or definite volume. They expand to the size of 

their container. 

• Gases are fluid, and flow easily 

• Gases have low density, unless compressed. Being made of tiny particles in a large, 

open space, gases are very compressible. 

• Gases diffuse (mix and spread out) and effuse (travel through small holes). 

Standard Temperature and Pressure, or STP, is 0°C and 1 atmosphere of pressure. 

Expressed in other units, STP is 273 K and 760 torr. The Kelvin and torr are usefiil units 

of temperature and pressure respectively that we will discuss later in the following 

sections. 

The relative density of gases. The masses of gases relate to each other as its molar 

masses at the same volume: 

 
𝑚1

𝑚2
=

𝑀1

𝑀2
 

 

The ratio mass of one gas to mass of another gas (at the same volume) is called relative 

density of first gas to second gas: 

 

𝐷 =
𝑚1

𝑚2
=

𝑀1

𝑀2
 

 

The Law of combining volumes. Gay-Lussac measured the volumes of gases before 

and after a reaction. His research led him to devise the law of combining volumes: When 

gases react, the volumes of the reactants and the products, measured at equal temperatures 

and pressures, are always in whole number ratios. For example, 2 volumes of hydrogen 

gas react with 1 volume of oxygen gas to produce 2 volumes of water vapour. 

The Avogadro’s Law. John Dalton examined the masses of compounds before and 

after a reaction. Dalton’s research led him to propos the law of multiple proportions: The 

masses of the elements that combine can be expressed in smoll whole number ratios. By 
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combining these ideas, Avogadro related the volume of a gas to the amount that is present 

(calculated from the mass). Avogadro divided Dalton’s mass ratios by the molar masses of 

ifar dements to obtain the mole ratios. He realized that these mole ratios were the same as 

the volume ratios that Gay-Lussac had obtained. For example, 1 L of hydrogen gas reacts 

with t L of chlorine gas. Avogadro decided that there must be the same number of 

molecules in each litre of gas. Thus, Avogadro’s hypothesis was formulated: Equal 

volumes of all ideal gases at the same temperature and pressure contain the same number 

of molecules. Figures show the three reactions. You can see that the mole ratios are the w 

as the volume ratios. We know that gases are made of molecules that may contain more 

than one atom. 

 

 
 

Amedeo Avogadro, the Italian chemist. Avogadro's Law is named after him and his 

discoveries about the behavior of gases. 

Avogadro's Law states same number of molecules. So both one mole of Xenon at 

STP (131.3 grams) and one mole of helium at STP (4.00 grams) take up 22,4 liters. Even   

1 mole of air, which is a mixture of several gases, takes up 22,4 liters of volume. 22,4 L is 

the standard molar volume of a gas. 

Avogadro's law gives us a mathematical relationship between the volume of a gas 

(V) and the number of moles of gas present (n). 

 

𝑛1𝑉1 = 𝑛2𝑉2, 

 

that equal volumes of gases at the same temperature and pressure contain the Avogadro 

established also the predictable: the molecules of simple gases consist of the two same 

atoms ( H2, O2, Cl2). 

Avogadro's hypothesis can be written as a mathematical law, shown here. Based on 

Avogadro’s law, one mole of a gas occupies the same volume as one mole of another gas 

at the same temperature and pressure. The molar volume of a gas is the space that is 

occupied by one mole of the gas.  

The molar volume of gas. Molar volume is measured in units of L/mol. You can 

find the molar volume of a gas by dividing its volume by the number of moles that are 

present (Vn). 

 

𝑉𝑛  =  𝑉/𝑛, 
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where Vn – molar volume of gas, L/mol; 

V – volume of gas, L; 

n – number of moles, mol. 

Moles are also important because every 22,4 liters of gas contain 1 mole of gas 

molecules at standard temperature and pressure (STP, 0 °C and 1 atmosphere of pressure). 

Avogadro discovered this. (That's why it's his number.) A container filled with fluorine 

gas would have to be 22,4 L large to hold one mole of F2 molecules. Knowing this fact 

allows you to determine the mass of a gas molecule if you know the volume of the 

container. This holds true for every gas. 

Why every single gas? Atoms and molecules are tiny. The volume of a gas is mostly 

empty space, so the molecules have an insignificantly small volume. This ensures that 

there is always one mole of gas atoms for every 22,4 liters at STP. 

 

Control questions 

1. Give the definition of the relative density of gases. 

2. What’s meaning the molar volume? 

3. List the physical parameters of gases. 

4. Give the characteristic of the Avogadro’s Law and the Law of combining volumes. 

 

Lecture № 6 

 

The theme: “The chemical equivalent. The Law of equivalents. Calculations 

according to chemical formulas and equations”. 

Theory topics for target: 

1. The chemical equivalent. 

2. The Law of equivalents. 

3. Calculations. 

Theoretical material 

 

The chemical equivalent. 

 
Calculation of chemical equivalent for bases: 

 

𝐸 =
𝑀𝑏𝑎𝑠𝑒

𝑛(𝑂𝐻−)
 

 

Chemical equivalent is a particle which can add, 
gives or interacts with one hydrogen ion or hydroxide 
- ion in chemical reactions or with one electron in 
redox reactions. 
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where 𝑀𝑏𝑎𝑠𝑒 – molar mass of base, g/mol; 

𝑛(𝑂𝐻−) – number of OH− 
groups. 

Calculation of chemical equivalent for acids: 

 

𝐸 =
𝑀𝑎𝑐𝑖𝑑

𝑛(𝐻+)
 

where 𝑀𝑎𝑐𝑖𝑑 – molar mass of acid, g/mol; 

𝑛(𝐻+) – number of H+ - ions in this acid. 

Calculation of chemical equivalent for salts: 

 

𝐸 =
𝑀𝑠𝑎𝑙𝑡

𝑣𝑎𝑙𝑒𝑛𝑐𝑒 (𝑀𝑒) × 𝑛(𝑀𝑒𝑛+)
 

 

where 𝑀𝑠𝑎𝑙𝑡 – molar mass of salt, g/mol; 

𝑛(𝑀𝑒𝑛+) – number of Me - ions in this salt. 

The unit of measure ofchemical equivalent is g-eqv/mol. 

 

Calculations according to chemical formulas. 

Example: Determine the mass of phosphorous which is necessary for receipt of 

phosphoric acid H3PO4 with mass 29.4 g. 

Solution:  

1. Calculate the molar mass of acid. Molar mass – is the mass of one mole of a 

substance. The value of it is equal to the relative molecular mass: Mr(H3PO4) =3×Ar(H) + 

Ar(P) + 4×Ar(0) = 3×1 + 31 + 4×16 = 98. M ((H3PO4)) =98 (g/mol), this means that 

98grams acid containing 6,022×10
23

 molecules. 

2. Mass of phosphorous of this acid amount equate the it atomic mass  Ar(P)= 31 g/mol. 

3. Solve the proportion relatively m(P): 

 

98 g of acid contain 31 g P 

29,4 g of acid contain x g P 

x g= (29,4g ×31g)/98g=9.3(g) 

so, m(P)=9,3g 

Calculations according to chemical equations. The Law of conservation of mass 

very important for calculations according to equations. 

Example: Determine the mass of sulfuric acid H2SO4 which is necessary for full 

interaction with 10 grams of sodium hydroxide NaOH: 

Solution: 

1. Write the masses and the number of moles for each substance in equation: 

 

H2SO4 + 2NaOH = Na2SO4 + H2O 

1 mole       2mole 

xg             10g 
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As we can see 1 mole of H2SO4 is interacted with 2 moles of NaOH Calculate the molar 

mass of sodium hydroxide and the number of moles in 10 g of this substance:  

 

M (NaOH) =40 (g/mol) 

n(NaOH)=m(NaOH)/M(NaOH)=10g / 40g/mol= 0,25 (moles) 

 

2. Determine the number of moles of H2SO4 which is interacted with 0.25 moles of NaOH: 

1 mole H2SO4 – 2 mole NaOH 

n moles H2SO4 – 0,25 moles NaOH 

n (H2SO4) = 0,25 moles ×1 mole / 2mole = 0,125 (moles) 

 

3. Find the molar mass of H2SO4: 

 

m(H2SO4)=n(H2SO4) ×M (H2SO4)=0,125×98=12,25(g) 

 

So, the m(H2SO4)= 12,25g. 

 

Control questions 

1. Give the definition of chemical equivalent. 

2. How we can calculate it for acids, bases and salts? 

3. Explain the Low of equivalents. 

 

Lecture № 7 

 

The theme: “The atomic structure. Isotopes” 

Theory topics for target: 

1. The atomic structure. 

2. Electrons, protons, neutrons. 

3. Isotopes. 

 

Theoretical material 

 

An atom is the smallest particle of an element that still retains the identity and 

properties of the element. For example, the smallest particle of the writing material in your 

pencil is a carbon atom. (Pencil "lead" is actually a substance called graphite. Graphite is a 

form of the element carbon.). An average atom is about 10-10
 m in diameter. Such a tiny 

size is difficult to visualize. If an average atom, were the size of a grain of sand, a strand of 

your hair would be about 60 m in diameter! Atoms themselves are made up of am smaller 

particles. These subatomic particles are protons, neutrons, and electrons. Protons and 

neutrons cluster together to form the central core, or nucleus, of an atom. Fast-moving 

electrons occupy the space that surrounds the nucleus of the atom. As their names imply, 

subatomic particles are associated with satirical charges. 
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This number determines the element type of the atom. For instance, all neon atoms 

have exactly ten protons, then it must be neon. If an atom is neon, then it must have ten 

protons. 

The atomic number is sometimes denoted Z. Continuing with the example of neon, 

Z=10/ 

 

 
 

The Neutron number (N) is the number of neutrons in the nucleus of an atom. 

Remember that neutrons have no electric charge, so they do not affect the chemistry of an 

element. However, they do affect the nuclear properties of the element. For instance, 

Carbon-12 has six neutrons, and it is stable. Carbon-14 has eight neutrons, and it happens 

to be radioactive. Despite these differences, both forms of carbon behave the same way 

when forming chemical compounds. 

The neutron number is sometimes denoted N. 

 

 
The number of neutrons can vary among different atoms of the same element, there 

can be idHecent mass numbers of a given element. Look back to the example of carbon. 

Carbon-14 has a mass number of 14, and Carbon-12 has a mass number of 12. Every 

carbon atom must have six protons, so C-14 has eight neutrons and Carbon-12 has six 

neutrons. 

 For example, consider the element fluorine: 𝐹9
19 . The mass number (the superscript 

The Atomic number (Z) is the number of protons in 
the nucleus of an atom. 

The Neutron number (N) is the number of neutrons 
in the nucleus of an atom. 

The Mass number (A) is the sum of protons and 
neutrons in anatom: A =Z + N. 
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19) indicate that fluorine has a total of 19 protons and neutrons. The atomic number 

(subscript 9) indicates that fluorine has 9 protons. Neither the mass number nor the atomic 

number tells you how many neutrons fluorine has. You can caulate this value, however, by 

subtracting the atomic number from the mass number. 

 

 
Thus, for fluorine, Number of neutrons = A – Z= 19 – 9=10  

Isotopes and Atomic Mass. All neutral atoms of the same element contain the same 

number of protons and, therefore, the same number of electrons. The number of neutrons 

can vary, however. For example, most of the oxygen atoms in nature have eight neutrons 

in their atomic nuclei. In other words, most oxygen atoms have a mass number of 16        

(8 protons + 8 neutrons). As you can see in Figure, there are also two other naturally 

occurring forms of oxygen. One of these has nine neutrons, so A = 17. The other has ten 

neutrons, so A = 18. These three forms of oxygen are called isotopes. 

 

 

 

Number of neutrons = Mass number – Atomic 
number = A –  Z 

 

Isotopes are atoms of an element that have the 
same number of protons but different numbers of 
neutrons. 
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The isotopes of an element have very similar chemical properties because they have 

the same number of protons and electrons. They differ in mass, however, because they 

have different numbers of neutrons. Some isotopes are more unstable than others. Their 

nuclei (plural of nucleus) are more likely to decay, releasing energy and subatomic 

particles. This process, called radioactivity, happens spontaneously. All uranium isotopes, 

for example, have unstable nuclei. They are called radioactive isotopes, or radioisotopes 

for short. Many isotopes are not radioisotopes. Oxygen’s three naturally occurring 

isotopes, for example, are stable. In contrast, chemists have successfully synthesized ten 

other isotopes of oxygen, all of which are unstable radioisotopes. 

Control questions 

1. What particles are in atom nucleus? 

2. What’s meaning the mass number? 

3. Give the definition of isotopes and some examples. 

 

Lecture № 8  

 

The theme: "Quantum numbers. The Pauli’s Law” 

Topics for target: 

1. The quantum numbers. 

2. The Pauli’s law. 

 

Theoretical material 

 

The Quatum Numbers. These four numbers are used to describe the location of an 

electron In an atom. 

 

Number Symbol Possible values 

Principal Quantum Number n 1,2,3,4…∞ 

Angular Momentum 

QuantutnNumber 
l 0, 1,2,3,…, (n-1) 

Magnetic Quantum Number ml -l,...,-1,0,+1,…,+l 

Spin Quantum Number ms +1/2 , – 1/2 

 

Principal Quantum Number (n). Determines the shell the election is in. 
 

 

 

 

The shell is the main component that determines 
the energy of the electron (higher n corresponds to 
higher energy), as well as nuclear distance (higher n 
means further from the nucleus). 



 

 

 

The row that an element is placed on the periodic table tells how many shells there will be. 

Helium (n= 1), neon (n = 2), argon (n = 3), etc. 

The maximum number of electrons on energy level equals: 

 

𝑵𝒆 = 𝟐𝒏𝟐. 

 

Angular Momentum Quantum Number (l). Also known as azimuthal quantum 

number. Determines the subshell the electron is in. Each subshell has a shape and a letter 

name. The s orbital is shaped like a sphere and occurs when l=0. The p orbitals (there are 

three) are shaped like teardrops and occur when  l=1. The d orbitals (there are five) occur 

when l=2. The f orbitals (there are seven) occur when l 3. (By the way, when l=4, the 

orbitals are "g orbitals", but they (and the l=5 "h orbitals") can safely be ignored in general 

chemistry.) 

Here are pictures of the orbitals. Keep in mind that they do not show the actual path 

of the electrons, due to the Heisenberg Uncertainty Principle. Instead, they show the area 

where the electron is most likely to occur (say, 90% of the probability). The two colors 

represent the two different spin numbers (the choice is arbitrary). 

 

 
 

Magnetic Quantum Number (ml ). Determines the orbital in which the electron 

lies. For example, there are three p orbitals in shell n = 2: the magnetic quantum number 

determines which one of these orbitals the electrons reside in. The different orbitals are 

oriented at different angles around the nucleus. See how each p orbital has the same 

general shape, but they point in different directions around the nucleus. 

Spin Quantum Number (ms). Determines the spin on the electron. Spin quantum 

number has only two values +1/2 and -1/2 (two electrons rotate opposite). 
 



 

 

 
 

Examples. Let's examine the quantum numbers of electrons from a 
magnesium atom. Remember that each list of numbers corresponds to (n, l, ml, ms). 

Two s electrons: (1, 0, 0, +1/2) (1, 0, 0, –1/2) 

Two s electrons: (2, 0, 0, +1/2) (2, 0, 0, –1/2) 

Six p electrons: (2, 1, –1, +1/2) (2, 1, –1, –1/2) (2, 1, 0, +1/2) (2, 1, 0, –1/2) (2, 1, 1, 

+1/2) (2, 1, 1, –1/2) 

Two s electrons: (3, 0, 0, +1/2) (3, 0, 0, –1/2) 

 

The Pauli’s Principle. 

 

 
 

Two electrons are called electron pair. 

Chemists describe each orbital like the cell and electron with it spin are the arrows. 

 

                  Cell without electrons 

 

            Electron (s = +1/2). Orbital with one electron 

 

There aren’t two electrons with the same four 
quantum numbers in atom. There are only two 
electrons in one orbital. 



 

 

  

            Orbital with electron pair (full orbital) 

 

Control questions 

1. What does the principle quantum number show? 

2. What's meaning the angular momentum quantum number? 

3. Give the definition of magnetic and spin quantum number.  

4. Explain the Pauli’s law.  

 

 

Lecture № 9  

 

The theme: "Electron shells. s-, p-, d-, f-sublevels. Hund`s law” 

Theory topics for target:  

1. The electron shells. 

2.  s-, p-, d-, f-sublevels. 

3. Hund`s law 

 

Theoretical material 

 

Electron shells. Each shell is subdivided into subshells, which are made up of 

orbitals, each of which has electrons with different angular momentum. Each orbital in a 

shell has a eharacteristic shape, and i named by a letter, They are: s, p, d, f. In a one-

electron atom (e.g. H, He
+

, L i
+

,  etc.) the energy of each orbital within a particular shell 

is identical. However, when there is more than one electron they interact with one  another 

and split the orbitals into slightly different energies. Within any particular shell, the energy 

of the orbitals depends on the angular momentum, with the s orbital having the lowest 

energy,  then p, then d, then f.  

 

 

 

 

 

 

 



 

 

 
 

`This image shows the orbitals (along with hybrid orbitals for bonding and a sample 

ectron configuration, explained later). 

 

The s-orbital. The simplest orbital in the atom is the 1s orbital. It has no radial or 

angular nodes: the 1s orbital is simply a sphere of electron density. A node is a point 

where the electron probability is zero. As with all orbitals the number of radial nodes 

increases with the principle quantum number (i.e. the 2s orbital has one radial node, the 3s 

has two etc.). Because the angular momentum quantum number is 0, there is only one 

choice for the magnetic quantum number – there is only one s orbital per shell. The s 

orbital can hold two electrons, as long as they have different spin quantum 

 

n=1,2,3,…; 

l=0; 

ml=0; 

ms=+½, – ½. 

 

The p-orbitals. Starting from the 2nd shell, there is a set of p orbitals. The angular 

momentum quantum number of the electrons confined to p orbitals is 1, so each orbital has 

one angular node. There are 3 choices for the Magnetic quantum number, which indicates 

3 differently oriented p orbitals. Finally, each orbital can accomodate two electrons (with 

opposite spins), giving the p orbitals a total capacity of 6 electrons. 

 

n=2,3,4…; 

l=1; 

ml=-1, 0, +1; 

ms=+½, – ½. 



 

 

 

The p orbitals all have two lobes of electron density pointing along each of the axes. 

Each one is symmetrical along its axis. The notation for the p orbitals indicate which axis 

it points down, i.e. px points along the x axis, py on the y axis and pz up and down the z 

axis. The p orbitals are degenerate – they all fare the same energy. P orbitals are very often 

involved in bonding. 

 

 

 

The d-orbitals. The  first set of d orbitals is the 3d set. The angular momentum 

quantum number is 2, so each orbital has two angular nodes. There are 5 choices for the 

magnetic quantum number, which gives rise to 5 different d orbitals. Each orbital can hold 

two electrons (with opposite spins), giving the d orbitals a total capacity of 10 electrons. 

 

n=3, 4, 5…; 

l=2; 

ml=-2, -1, 0, +1,+2; 

ms=+½, – ½. 

 

The f-orbitals. The first set of f orbitals is the 4f subshell. There are 7 possible 

magnetic quantum numbers, so there are 7 f-orbitals. Their shapes are fairly complicated, 

and they rarely come up when studying chemistry. There are 14f electrons because each 

orbital can hold two electrons (with opposite spins). 

 

n=4, 5, 6…; 

l=3; 

ml=-3, -2, -1, 0, +1,+2,+3; 

ms=+½, – ½. 

 

Hund`s Rule. According to Hund`s Rule 

 



 

 

 

 

This rule is sometimes called the "bus seating rule". As people load onto a bus, each 

person takes his own seat, sitting alone. Only after all the seats have been filled will people 

start doubling up.  

Orbital Order. 1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 4f, 5d, 6p, 7s, 5f, 6d, 7p, 

8s. Although this looks confusing, there is an easy way to remember.  

 

 

 

Understanding the above rules and diagrams will allow you to determine the 

electron configuration of almost any atom or ion. 

How to Write the Electron Configuration of an Atom. Electron-configuration 

notation is relatively straightforward. Calcium, for example, would be 1s
2 

2s
2
 2p

6
 

3s
2
3p

6
4s

2
. This could be abbreviated by using the preceding noble gas (the elements found 

all the way on the right of the periodic table) as [Ar]4s
2
 , where Ar is argon. Noble gasses 

have very stable configurations, and are extremely reluctant to lose electrons. 

 

Control questions 

1. Describe the Hund’s rule. 

2. Describe the s-, p-, d- and f-orbitals. 

3. Explain the orbital order.  

 

Orbitals of the same energy are each filled with 
one electron before filling any with a second. 
Also, these first electrons have the same spin. 



 

 

 

Lecture № 10  

 

The theme: “Periodic Law and Mendeleev’s Periodic Table ” 

Theory topics for target: 

1. Periodic law. 

2. The periodic system and its relationship with Structure of the Atom. 

3. The different types of the elements. 

 

Theoretical material 

By the mid 1800’s, there were 65 known elements. Chemists studied these elements 

intensively and recorded detailed information about their reactivity and the masses of their 

atoms. Some chemists began to recognize patterns in the properties and behavior of many 

of these elements. Other sets of elements display similar trends in their properties and 

behavior. For example, oxygen (O), sulfur (S), selenium (Se), and tellurium (Te) share 

similar properties. The same is true of fluorine (F), chlorine (Cl), bromine (Br), and iodine 

(I). These similarities prompted chemists to search for a fundamental property that could 

be used to organize all the elements. One chemist, Dmitri Mendeleev (1834-1907), 

sequenced the known elements in order of increasing atomic mass.  The result was a table 

of the elements, organized so that elements with similar  properties were arranged in the 

same column. Because Mendeleev’s arrangement highlightic periodic (repeating) patterns 

of properties, it was called a periodic table. The modem periodic table is a modification of 

the arrangement first proposed by Mendeleev. Instead of organizing elements according to 

atomic mass, the modern periodic table organizes elements according to atomic number.  

The periodic  law is formulated as follows: 

 

 
The periodic system and its relationship with Structure of the Atom. Mendeleev's 

periodic system of elements – a graphic image of the Periodic Law. 

 

1. The ordinal number 

  In the table all the elements are arranged in ascending order of their the serial 

number. The sequence number of the element in the periodic table corresponds to the 

charge nucleus and the total of electrons in the atom. 

 

Properties of the elements of simple substances 
and compounds of the elements are in periodic 
dependence of the charge of the nuclei of their 
atoms. 



 

 

 
 

2. The period 

In the periodic table is 7 periods, which are located on horizontally. The periods are 

divided into small and large. Short periods are a number (1-3 times). Long periods have 

two rows (4-6 times). Seventh period is incomplete, it contains one row. Period number 

and indicate the number in Arabic numerals. 

 

 
 

3. Group 

In the periodic table of element are arranged vertically in groups. Eight of these 

groups. Roman numerals denote the group (I - VIII). Groups are divided into major (A) 

and side (B) subgroups. 

Externally, the atoms cannot be more than eight electrons. The group number corresponds 

to the number electrons of in the outer level (For the main group elements).  For example: 

Oxygen ( O )  i n  V I  ( s i x t h )  group (main groups), and therefore, i t  h a s  6  electrons 

in outer energy level. It confirms the electronic formula of oxygen: 1s
2
2s

2
2p

4
 in the second 

(Extemal) energy level, there are 6 electrons. 

 

Control questions: 

1 .  Give the definition if Periodic Law. 

2 .  What does the ordinal number determine? 

3. What do the numbers of group and period describe? 

 

 

Serial number – an important characteristic of the 
element. If we know serial number of the 
element, we can write the formula and its 
electronic to characterize the structure of its 
atoms. 

 

Period number represents the number of energy 
levels in an atom, are filled with electrons. 



 

 

Lecture № 11  

The theme: “The types of items and their position in the Periodic Table.Changing 

properties in the exponent and groups. ” 

Theory topics for target:  

1. Metals and nonmetals. 
2. Metallic and nonmetallic properties. 

3. Changing properties in the exponent and groups. 

 

Theoretical material 

The types of items and their position in the Periodic Table 

All the elements are devided into metals and nonmetals 

 

 

 

If the Mendeleyev Periodic System of Elements to diagonal of beryllium (Be) to 

astatine (At), then in the upper right comer will be elements, non-metals (exception – the 

elements of adverse subgroups). In the lower left corner will be the elements-metals. 

Elements which are located on the diagonal (for example, Be, AL Ti, Ge, Nb, Sb) and have 

properties of metals and nonmetals (amphoteric properties). 

In nature, metals considerably more than non-metals. Nonmetals are 22 items. 

In accordance with what sublevel (s-, p-, d-, f-) filled the latter, all the elements are 

divided into 4 types: s-, p-. d-. f-elements. 

 Changing properties in the periods  and groups. In the periods from left to 

right, the following changes: 

1. the radius of the atom decreases; 

2. the nuclear charge increases; 

3. electronic shell compressed; 

4. metal properties reduced. 

 
 

 

Metals are elements that have high metallic properties. 

Metallic properties - the ability of an atom to give their the electons  

Nonmetals are elements that have low metal the property. 

Non-metalic properties - the ability to make an atom electrons from 
other atoms 

 

Reducing the radius of the atoms in the period due to 
the fact that increasing nuclear charge, and, 
consequently, increases the attraction electron shell of 
the nucleus. 



 

 

 

In groups, from top to bottom, the following changes:  

1. the radius of the atom increases; 

2. the number of electronic shells increasing;  

3. the metallic properties enhanced. 

 

Control questions: 

1. What is serial number of the element in the table Mendeleev? 

2. What number corresponds to the period? 

3. What number corresponds to the group? 

4. What is the metallic properties? 

5.       Can be p-metal elements? Give some examples. 

6. How does the atomic radius (increase or decrease) in period (from left to 

right)? 

7. How does the nuclear charge in the period (from left to right)? 

8. Increase or decrease in non-metallic properties of the period (from left to 

right)? 

9. How are iae properties offhe metal element in the group (top down)? 

 

Lecture № 12 

 

The theme: 
"
Chemical bond, lthe types of chemical bonds. Covalent bond: polar and 

non-polar covalent bonds. Electronegativity. ” 

Theory topics for target: 

1. Chemical bond. 

2. Classification of chemical bond. 

3. Covalent polar and non-polar bonds. 

 

Theoretical material 

 

Introduction to Bonding  

Put simply, chemical bonds join atoms together to form more complex structures 

(like molecules or crystals). 

Bonds can form between atoms of the same element, or between atoms of different 

elements. There are several types of chemical bonds which have different properties and 

give rise to different structures. 

In general, atoms try to react to form valence shells containing eight electrons. The octet 

rule described this. 



 

 

 
In an ionic solid, the ions arrange themselves into a rigid crystal lattice. NaCl 

(common salt) is ai example of an ionic substance. When ionic bonds form, there is an 

attractive force established between the positive cation and the negative anion. This 

attraction between oppositely-charged ions) is the ionic bond. 

 
There are two types of structures to which this can give rise: molecules and covalent 

network solids. Methane (CH4) and water (H2O) are examples of covalently bonded 

molecules, and glass is a covalent network solid. 

 
In a metallically bonded substance, the atoms' outer electrons are able to freely move 

around – they are delocalised to form an 'electron pool'. Iron is a metallically bonded 

substance. 

Chemical bonding is one of the most cmcial concepts in the study of chemistry. In 

fact, the properties of materials are basically defined by the type and number of atoms they 

contain and how they are bonded together.  

 

So far, you have seen examples of intramolecular bonds. These bonds connect 

atoms into molecules. There are also intermolecular bonds that connect molecules into 

large substances. Sometimes, there is no difference between intramolecular and 

intermolecular bonds. In the case of ionic crystals (like salt) or covalent networks (like 

diamond), the same bonding forces connect all of the atoms together. In the case of 

metallic bonding, the atoms are all interconnected into one large piece of metal. 

On the other hand, there may be intermolecular bonds different from those that join 

atoms into molecules. Intermolecular bonds hold individual molecules of water into a 

 

Ionic bonds form between positive ions (cations) and 
negative ions (anions). 

 

Covalent bonds are formed when the orbitals of two non-
metal atoms physically overlap and share electrons with each 
other. 

 

Metallic bonds occur between metal atoms. 



 

 

puddle, and they are broken when the water boils into a gas. 

Electronegativity: Attracting Electrons 

When two atoms form a bond, each atom attracts the other atom’s electrons in addition to 

its own. 

 

 
 

EN –  is used to symbolize electronegativity. There is a specific electronegativity 

associated with each clement. Electronegativity is a periodic property, just as atomic size, 

ionization energy, and electron affinity are. Atomic size, ionization energy, and electron 

affinity, however, are properties of single atoms. In contrast, electronegativity is a property 

of atoms that are involved in chemical bonding. 

Bonds 

 
 

This should make sense because covalent bonds are the sharing of electrons between 

two atoms. Molecules sach as Cl2, H2 and F2 are good examples. Typically, a difference in 

electronegativity between 0.0 and 0.4 indicates a non-polar covalent bond. 

 
Molecules such as NH3 and H2O are examples of this. The typical rule is that bonds 

with an electronegativity difference between 0.5 and 1.7 are considered polar. The 

electrons are still being shared between two atoms, but one atom attracts the electrons 

more than the other. 

The electronegativity (EN) of an atom is a measure of an atom`s 
ability to attract electrons in a chemical bond  

Non-polar covalent bonds occur when there is equal or near-equal 
sharing of electrons between the two bonded atoms. 

Polar covalent bonds occur when there is unequal sharing of the 
electrons between the atoms. 



 

 

 
This bond does not contain atoms at all, but rather consists of two ions. Substances such as 

NaCl and MgCl2 are examples. Generally, electronegativity differences of 1.8 or greater create 

ionic bonds. The electronegativity difference is so great that one atom can attract the electrons 

enough to "take" them from other atom. 

When drawing diagrams of  bonds, we indicate covalent bonds with a line. We may write 

the electronegativity using the symbols δ+ and δ – .  

Look at this example. 

 
The plus goes over the less electronegative atom. From the above diagram, we can see that 

the fluorine the electrons in the covalent bond more than the hydrogen does. Fluorine will have a 

slight negative charge because of this, and hydrogen will have a slight positive charge. Overall, 

hydrogen fluoride is neutral. 

Multiple Covalent Bonds  
Atoms sometimes transfer more than one electron in ionic bonding. Similarly, in covalent 

bonding, atom sometimes need to share two or three pairs of electrons, according to the octet rule. 

For example, consider the familiar diatomic element oxygen. Each oxygen atom has six electrons 

in its outer energy level. Therefore, each atom requires two additional electrons to achieve a 

stable octet. When two oxygen atoms form a bond, they share two pairs of electrons. This kind of 

covalent bond is called a double bond. Doubl bonds can form between different elements, as 

well. For example, consider what happens when carbon bonds to oxygen in carbon dioxide. To 

achieve a stable octet, carbon requires four electrons, and oxygen requires two electrons. Hence, 

two atoms of oxygen bond to one atom of carbon. Each oxygen forms, double bond with the 

carbon. When atoms share three pairs of electrons, they form a triple bond. 

 

Control questions: 

1. Give the definition of chemical bond. 

2. Describe the classification of all chemical bonds. 

3. What’s meaning the covalent polar and non-polar bonds? Tell about the difference 

between two thes bonds.

Ionic bonds occur when there is complete transfer of the 
electrons in the bond. 



 

 

Lecture № 13 

The theme: "The characteristics of covalent bonds. Hybridization, types of 

hybridization” 

Theory topics for target: 

1. The characteristics of covalent bonds. 

2. Hybridization. 

3. Sigma and pi-bonds. 

4. Tipes of hybridization. 

Theoretical material 

Formation of covalent bonds. The characteristics of covalent bonds. 

Covalent bonds create molecules, which can be represented by a molecular formula. 

For chemicals such as a basic sugar (C6H12O6), the ratios of atoms have a common 

multiple, and thus the empirical formula is CH2O. Note that a molecule with a certain 

empirical formula is not necessarily the same as one: molecular formula. 

Cavalent bonds form between two atoms which have incomplete octets – that is, their 

outermost shells have fewer than eight electrons. They can share their electrons in a 

covalent bond. The simplest example is water (H2O). Oxygen has six valence electrons 

(and needs eight) and the hydrogens have one electrone each (and need two). The oxygen 

shares two of its electrons with the hydrogens, and the share their electrons with the 

oxygen. The result is a covalent bond between the oxygen and each hydrogen. The oxygen 

has a complete octet and the hydrogens have the two electrons they each need. 

One usefull model of covalent bonding is called the Valence Bond model. It states that 

covalent bonds form whenatoms share electrons with each other in order to complete their 

valence (outer) electron shells. They are mainly formed between non-metals. 

An example of a covalently bonded substance is hydrogen gas (H2). A hydrogen atom 

on its own has one electrone – it needs two to complete its valence shell. When two 

hydrogen atoms bond, each one shares its electron with the other so that the electrons 

move about both atoms instead of just one. Both atoms now have access to two electrons: 

they become a stable H2 molecule joined by a single covalent bond. 

 

 
Double and Triple Bonds 

Covalent bonds can also form between other non-metals, for example chlorine. A 

chlorine atom has 7 electrons in its valence shell – it needs 8 to complete it. Two chlorine 

atoms can share 1 electron each to form a single covalent bond. They become a CI2 

molecule. 

Oxigen can also form covalent bonds, however, it needs a further 2 electrons to 



 

 

complete its valence shell (it has 6). Two oxygen atoms must share 2 electrons each to 

complete each other's shells, making a total of 4 shared electrons. Because twice as many 

electrons are shared, this is called a double covalent bond. Double bonds are much 

stronger than single bonds, so the bond length is shorter and the bond energy is higher. 

Furthermore, nitrogen has 5 valence electrons (it needs a further 3). Two nitrogen 

atoms can share 3 electrons each to make a N2 molecule joined by a triple covalent bond. 

Triple bonds are stronger than double bonds. They have the shortest bond lengths and 

highest bond energies. 

 

Electron Sharing and Orbitals 

Carbon, contrary to the trend, does not share four electrons to make a quadruple 

bond. The reason fol this is that the fourth pair of electrons in carbon cannot physically 

move close enough to be shared. The valence bond model explains this by considering the 

orbitals involved. 

Recall that electrons orbit the nucleus within a cloud of electron density (orbitals). 

The valence boni model works on the principle that orbitals on different atoms must 

overlap to form a bond. There are several different ways that the orbitals can overlap, 

forming several distinct kinds of covalent bonds. 

The σ- Bond 

 
Sigma bonds (σ - bonds) can also form between two p orbitals that lie pointing 

towards each other. Whenever you see a single covalent bond, it exists as a σ bond. When 

two atoms are joined by a σ bond, they are held close to each other, but they are free to 

rotate like beads on a string. 

 
The electron density is in between the two atoms in an σ  bond. 

 

 

 

 

 

 

 

 

The first and simplest kind of overlap is when two s orbitals 
come together. It is called a sigma bond (sigma, or δ, is the 
Greek equivalent of's'). 



 

 

 

The π-Bond 

 
Due to the side-by-side overlap of a π bond, there is no way the atoms can twist 

around each other as in a sigma bond. π bonds give the molecule a rigid shape. 

π-bonds are weaker than σ- bonds since there is less overlap. Thus, two single bonds 

are stronger than a double bond, and more energy is needed to break two single bonds than 

a single double bond. 

 

 
 

The electron density lies above and below the atoms in a π bond.  

 

Hibridization 

Consider a molecule of methane: a carbon atom attached to four hydrogen atoms. 

Each atom is satisfying the octet rule, and each bond is a single covalent bond. 

Now look at the electron configuration of carbon: ls
2
2s

2
2p

2
. In its valence shell, it has 

two s-electrons and two p-electrons. It would not be possible for the four electrons to make 

equal bonds with the four hydrogen atoms (each of which has one s electron). We know, 

by measuring bond length and bond energy, that the four bonds in methane are equal, yet 

carbon has electrons in two different orbitals, which should overlap with the hydrogen 1s 

orbital in different ways. 

To solve the problem, hybridization occurs. 

 

The second, and equally important kind of overlap is 
between two parallel p orbitals. Instead of overlapping head-
to-head (as in the sigma bond), they join side-to-side, 
forming two areas of electron density above and below the 
molecule. This type of overlap is referred to as a pi (π, from 
the Greek equivalent of p) bond. 



 

 

 
Types of hybridizations: sp, sp

2
, sp

3
. 

 

sp: 1s + 1p → 2 q – orbitals (hybrid orbitals) 

sp
2
: ls + 2p→ 3q  –orbitals  

sp
3
: ls + 3p→4q – orbitals 

 

Instead of a s-orbital and three p-orbital, the orbitals mix, to form four orbitals, each 

with 25% s-character 75% p-character. These hybrid orbitals are called sp
3
 orbitals, and 

they are identical. Observe: 

 
Now these orbitals can overlap with hydrogen 1s orbitals to form four equal bonds. 

Hybridization may involv d-orbitals in the atoms that have them, allowing up to a sp
3
d

2
 

hybridization. 

 

Example: 

Predict the hybridized electron configuration of carbon in ethene. How many σ-sigma 

bonds are there? How π -bonds? 

 

Hybridization is a process when orbitals have the same by 
forms and energy. 



 

 

 
Hybridized electrons form only sigma bonds. Pi bonds form only between p electrons. 

 

Control questions: 

1. Describe the main characteristics of covalent bond. 

2. Give the definition of hybridization. 

3. Explain the mechanism of formation of different types hybridization.  

 

 

Lecture № 14 

 

The theme: "Ionic bond. The valence and the oxidation state" 

Theory topics far target: 

 

1. Ionic bonds 

2. Ions 

3. Formation of ionic bond 

4. Characteristics of ionic bond 

5. The valence 

6. The oxidation state 

 

 

Theoretical material 

Ionic bond 

 

 

Ionic bonds form between positive ions (cations) and negative 
ions (anions). 



 

 

In an ionic solid, the ions arrange themselves into a rigid crystal lattice. NaCl 

(common salt) is an exan of an ionic substance. When ionie bonds form, there is an 

attractive force established between the positive cation and the negative anion. This 

attraction between oppotely-charged ions is the ionic bond. 

What are ions? 

 
Ions form when atoms gain or lose electrons. Since electrons are negatively charget, 

an atom that loses one or more electrons will become positively charged; an atom that 

gains one or more electrons becomes negatively chafed. 

 

Description of Ionic Bonds 

Ionic bonding is the attraction between positively- and negatively-charged ions. 

These oppositely charged ions attract each other to form ionic networks (or lattices). 

Electrostatics explains why this happens:  opposite charges attract and like charges repel. 

When many ions attract each other, they form large, ordered, crystal lattices in which each 

ion is surrounded by ions of the opposite charge. Generally when metals react with non-

metals, electrons are transferred from the metals to the non-metals. The metals form 

positively-charged ions and the non-metits form negative-charged ions.  

The smallest unit of an ionic compound is the formula unit 

The ions arrange thaiaselves into a lattice where each ion is surrounded by ions of the 

opposite type  

Characteristics  

Example ionic compounds – Sodium chloride (NaCl), Potassium nitrate (K2NO3). 

Ionically bonded substances typically have the following characteristics. 

 High melting point (solid at room temperature)  

 Hard but brittle (can shatter) 

 Many dissolve in water 

 Conductors of electricity when dissolved or melted 

Formation 

 

 

Ions are atoms or molecules which are electrically charged. 
Cations are positively charged and anions carry a negative 
charge. 



 

 

Lewis structure of the ionic bond between sodium and chlorine. 

Ionic bonds form when metals and non-metals chemically react. By definition, a 

metal is relatively stable if it loses electrons to form a complete valence shell and becomes 

positively charged. Likewise, a non-metal becomes stable by gaining electrons to complete 

its valence shell and become negatively charged. When metals and non-metals react, the 

metals lose electrons by transferring them to the non-metals, which gain them. 

Consequently, ions are formed, which instantly attract each other – ionic bonding. 

For instance, in the reaction of Na (sodium) and Cl (chlorine), each Cl atom takes one 

electron from a Na Therefore each Na becomes a Na
+
 cation and each Cl atom becomes a 

Cl
-
 anion. Due to their opposite charges, they attract each other to form an ionic lattice. 

The formula (ratio of positive to negative i) in the lattice is NaCl. 

The charges must balance because the overall compound is neutral. In the case of 

magnesium chloride, the magnesium atom gives up two electrons to become stable. Note 

that it is in the second group, so it has two valence electrons. The chlorine atom can only 

accept one electron, so there must be two chlorine ions for each magnesium ion. 

Therefore, the formula for magnesium chloride is MgCl2. If magnesium oxide were 

forming, the formula would be MgO because oxygen can accept both of magnesium's 

electrons. 

Common Ions 

Ionic bonding occurs almost exclusively between a metal and non-metal. There are 

also certain molecules called polyatomic ions that undergo ionic bonding. Within the 

polyatomic ions, there is covalent bonding, but as a unit it undergoes ionic bonding. There 

are countless polyatomic ions, but you should be familiar with the most common ones. 

You would be well advised to memorize these ions. 

Name Formula Name Formula 

Ammonium 𝑁𝐻4
+ Hydronium 𝐻3𝑂+ 

Peroxide 𝑂2
2− Hydroxide 𝑂𝐻−  

Nitrite 𝑁𝑂2
− Nitrate 𝑁𝑂3

− 

Sulfite 𝑆𝑂3
2− Sulfate 𝑆𝑂4

2− 

Hydrogen sulfite  𝐻𝑆𝑂3
− Phosphate 𝑃𝑂4

3− 
Hypochlorite 𝐶𝑙𝑂−  Chlorite 𝐶𝑙𝑂2

− 

Chlorate 𝐶𝑙𝑂3
− Perchlorate 𝐶𝑙𝑂4

− 

Carbonate 𝐶𝑂3
2− Hydrogen carbonate 𝐻𝐶𝑂3

− 

 

 

The valence 
The atoms of elements can give, accept or formatted the electron pairs. 



 

 

 
 

The number of group where is this element shows the max valence. The valence can 

be various. 

Example: SVIO3
II, NIIIH3

I  

 

The valence of element  
 

Element Valence Element Valence 

H I Fe II,III 

P III,V Cu I,II 

F I Zn II 

Na I Br I,III,V,VII 

K I Mg II 

Al III Ba II 

Ag I Si IV 

Hg I,II B III 

S II,IV,VI C II,IV 

Cl I,III,V,VII N I,II,III,IV,V 

Ca II O II 

 
Molecule has a charge which equals zero that`s why algebraic sum oxidation tates is 

always equal zero. 

 

Example: for H
+1

2S
+6O-2

4 = (+l) ×2 + (+6) + (-2)×4 = 0 

 

The oxidation state ean has the one value bit sometimes has the various numbers. 

 

 

 

Valence is a number of chemical bonds with the atoms of 
another elements. The valence doesn’t havea sign and 
cannot to be equal zero. 

 

The oxidation state is a charge of atoms in molecule if this 
molecule consists of the ions. The oxidation state always has 
a sign "+" or "-". 



 

 

Control questions: 

1. Give the definition of valence. 

2. What's meaning “the oxidation state“? 

3. Tell about the signs and values for oxidation states and for valences. 

4. Calculate the oxidation states for each element in compound Na2SO4. 

 

 

Lecture № 15 

 

The theme: “Metallic bond. Intermolecular bond Hydrogen bond.The solid 

substances. Crystal and amorphous states. ” 

Theory topics for target: 

1. Metallic bond. 

2. Intermolecular bond. Hydrogen bond. 

3. The solid substances. 

4. Crystal and amorphous states. 

Theoretical material 

Metallic bond 

Non-metals tend to form covalent bonds with other non-metals and with themselves. 

How do metals bond to each other? 

We know that elements that tend to form ionic bonds have very different 

electronegativities. Metals bonding to themselves or to other metals do not have 

electronegativity differences that are greater than 1.7. Therefore, metals probably do not 

form ionic bonds with each other. Evidence bears this out. A pure metal, such sodium, is 

soft enough to be cut with a butter knife. Other pure metals, such as copper or gold, can be 

drawn into wires or hammered into sheets. Ionic compounds, by contrast, are hard and 

brittle. Do metals atoms have covalent bonds with each other? No. They do not have 

enough valence electrons to achieve stable octets by sharing electrons. Although metals do 

not form covalent bonds, however, they do share their electrons. In metallic bonding, 

atoms release their electrons to a shared pool of electrons. You can think of metal as a non 

rigid arrangement of metal ions in a sea of free electrons. 

 
Unlike ionic or covalent bonding, metallic bonding does not have a particular 

orientation in space. Because the electrons are free to move, the metal ions are not rigidly 

held in a lattice formation. Therefore, when a hammer pounds metal, the atoms can slide 

past one another. This explains why metals can be easily hammered into sheets. Pure 

metals contain metallic bonds, as do alloys. 

 

The force that holds metal atoms together is called a metallic 
bond. 



 

 

 
Different alloys can have different amounts of elements. Each alloy, however, has a 

uniform composition throughout. One example of an alloy is bronze. Bronze contains 

copper, tin, and lead, joined together with metallic bonds. 

Metallic bonds occur among metal atoms. Whereas ionic bonds join metals to non-

metals, metallic bonding joins a bulk of metal atoms. A sheet of aluminum foil and a 

copper wire are both places where you can see metallic bonding in action. 

 

 
The "sea of electrons" is free to flow about the crystal of positive metal ions.  

When metallic bonds form, the s- and p-electrons delocalize. Instead of orbiting their 

atoms, they form "sea of electrons" surrounding the positive metal ions. The electrons are 

free to move throughout resulting network. The delocalized nature of the electrons 

explains a number of unique characteristics metals: 

 

 

 

An alloy is a homogeneous mixture of two or more metals. 

•The sea of electrons is free to flow, allowmg electrical 
currents. 

Metals are good conductors of 
electricity 

•As the metal is deformed, local bonds are broken but quickly reform in a 
new position. 

Metals are ductile (able to draw
 into wires) malleable 

(able to be hammered into 
thin sheets)  

•Photons (particles of light) cannot penetrate the metal, so they boun off the sea 
of electrons. Metals are gray and shiny 



 

 

  
Metallic bonds can occur between different elements. A mixture of two or more 

metals is called an alloy. Depending on the size of the atoms being mixed, there are two 

different kinds of alloys that can form: 

 
Intermolecular bond  

Dipoles  
The polar bonds are symmetric, but they don't point in opposite directions. The result 

is a dipole (positiv pointing down). 

 

 
Covalent bonds can be polar or non-polar, and so the overall compound depending, 

on it shape. When a bond is polar, it creates a dipole, a pair of charges (one positive and 

one negative). If they are arranged in symmetrical shape, so that they point in opposite 

•There is actually an upper limit to the frequency that is 
reflected. It too high to be visible in most metals, but not 
gold and copper. 

Gold is yellow and copper is reddish-
brown 

•Metallic bonding is very strong, so the atoms'are reluctant 
to break apart into a liquid or gas. 

Metals have very high melting and 
boiling points 



 

 

directions, they will cancel each other. For example, since the four hydrogen atoms in 

methane (CH4) are facing away from each other, there is no overall dipole and the 

molecule is non-polar. In ammonia (NH3), however, there is a negative dipole at the 

nitrogen, due to the caused by the non-bonding electron pair, The polarity of a compound 

determines its intermolecular bonding abilities. 

Polar and Non-Polar Shapes 

When a molecule has a linear, trigonal planar, tetrahedral, trigonal bipyramidal, or 

octahedral shape, it will be non-polar. These are the shapes that do not have non-bonding 

lone pairs, (e.g. Methane, CH4) But if some bonds are polar while others are not, there will 

be an overall dipole, and the molecule will be polar (e.g. Chloroform,CHCl3). 

The other stapes (with non-bonding pairs) will be polar (e.g. Water, H2O). Unless, of 

course, all the covalent bonds are non-polar, in which case there would be no dipoles to 

begin with. 

Dipole-Dipole Bonds 

When two polar molecules are near each other, they will arrange themselves so that 

the negative and positive sides line up. There will be an attractive force holding the two 

molecules together, but it is not nearly as strong a force as the intramolecular bonds. This 

is how many types of molecules bond together to form large solids or liquids. 

 
Dipole-Dipole forces hold these two HCl molecules together. 

 

Hydrogen Bonding 

Certain chemicals with hydrogen in their chemical formula have a special type of 

intermolecular bond, colled hydrogen bonds. Hydrogen bonds will occur when hydrogen 

atom is attached to an oxygen, nitrogen or fluorine atom. This is because there is a large 

electronegativity difference between hydrogen and fluorine, oxygen, and nitrogen. Thus, 

molecules such as HF, H2O, NH3 are extremely polar molecules with very strong dipole-

dipole forces. As a result of the high electronegativity of fluorine, oxygen, and nitrogen, 

these elements will pull the electrons almost completely away from the hydrogen. The 

hydrogen becomes s bare proton sticking out from the molecule, and it will be strongly 

attracted to the negative side of any other polar molecules. Hydrogen bonding is an 

extreme type of dipole-dipole bonding. These forces are weaker then intermolecular 

bonds, but are much stronger than other intermolecular forces, causing these compounds to 

have high boiling points. 



 

 

 
 

The dotted line represents a hydrogen bond  

 

The solid substances 

The solid substances have two types of state: crystal and amorphous. 

For amorphous state the particles (molecules, ions, atoms) are in chaotic state. 

Most of the solid substances have the crystal structure. in this state the particles are in 

order and they formatted the crystal grate. In the corner of crystal grates are the ions, 

molecules or atoms. 

 
 

In the corner of this grate are the ions. This crystal grate is called ionic. 

 
In the corner of this grate are the atoms (C - graphite).This crystal grate is called 

atomic. 

 



 

 

 
In the corner of this grate are the molecules.This crystal grate is called molecular. 

 

Control question 

 

1. Give the definition of intermolecular bond 

2. Explane the mechanism of formation of the hydrogen bond 

3. Tell about the classification of different states for the solid substance. 

 

 

Lecture № 16 

 

The theme: "The Lab safety. Chemical apparatus and chemical plates and dishes" 

Theory topics for target: 

1. The Lab safety. 

2. Chemical apparatus. 

3. Chemical glassware. 

Theoretical material 

The Chemistry lab safety 

Same rules are NOT made to be broken. That is true of the rules used in a chemistry 

lab. They are really, |ш safety and not your humiliation. 

Do Not Pipette By Mouth – Ever 

You say, "Bat it's only water." Even if it is, how clean do you think that glassware 

really is? Using disposable pipettes? Lots of people who rinse them and put them back! 

Learn to use the pipette bulb or automated pipettes. Don’t pipette by mouth at home either. 

Gasoline and kerosene should be obvious, but people get hospitalized or die every year, 

right? Someone who used his mouth to start the suction on a waterbed to drain it. Do you 

know what they put in some waterbed additives? Carbon-14. Mmmmm…radiation. He 

couldn't retch fast enough! The lesson is that even seemingly harmless substances 

Read the Chemical Safety Information 

A Material Safety Data Sheet (MSDS) should be available for every chemical you use in 

lab. Read these and follow the recommendations for safe use and disposal of the material. 



 

 

Dress Appropriately (for chemistry lab, not fashion or the weather) 

No sandals, no clothes you love more than life, no contact lenses, and long pants are 

preferable to shorts or short skirt. Tie long hair back. Wear safety goggles and a lab coat. 

Even if you aren't clumsy, someone else in the lab probably is. If you take even a few 

chemistry courses you will probably see people set themselves on fire, spill acid on 

themselves, others, or notes, splash themselves in the eye, etc. Don't be the bed example to 

others, remembered for all time for something stupid! 

Identify Safety Equipment 

And know how to use it! Given that some people (possibly you) will need them, 

know the locations of the fire blanket, extinguishers, eyewash, and shower. Ask for 

demonstrations! If the eyewash hasn't been used in a while the discoloration of the water is 

usually sufficient to inspire use of safety glasses. 

Don`t Sniff Chemicals 

For many chemicals, if you can smell them then you are exposing yourself to a dose 

that can harm you! If the safety information says that a chemical should only be used 

inside a fume hood, then don't use it anywhere else. This isn't cooking class – don't taste 

your experiments!  

Don’t Casually Dispose of Chemicals Down the Drain  

Some chemicals can be washed down the drain, while others require a different 

method of disposal. If a chemical can go in the sink, be sure to wash it away rather than 

risk an unexpected reaction between chemical 'leftovers' later. 

Don't Eat or Drink in Lab 

It's tempting, but oh so dangerous... just don't do it! 

Don't Play Mad Scientist 

Don't haphazardly mix chemicals! Pay attention to the order in which chemicals are 

to be added to each other and do not deviate from the instructions. Even chemicals that 

mix to produce seemingly safe products should be handled carefully. For example, 

hydrochloric acid and sodium hydroxide will give you salt water, but the reaction could 

break your glassware or splash the reactants onto you if you aren't careful!  

Take Data During Lab 

Not after lab, on the assumption that it will be neater. Put data directly in your lab book 

rather than transcribing from another source (e.g., notebook or lab partner). There are lots 

of reasons for this, but the practical one is that it is much harder for the data to get lost in 

your lab book. For some experiments, it may be helpful to take data before lab. Being able 

to project likely data will help you catch bad lab procedure before you are three hours or 

so into a project. Know what to expect. You should always read n experiment in advance. 

How to prepare the working place? 

 Chemistry lab is a required component of most chemistry courses. Learning about 

lab procedures and performing experiments helps you to learn techniques and reinforces 

textbook concepts. Make the most of your time in the lab by coming to lab prepared. 

Review these pre-lab tips before starting an experiment.  

 Complete any pre-lab assignments or homework The information and calculation 

are intended to make the lab exercise quicker and easier. 

 Know the location of the lab safety equipment and understand how to use it. In 

particular, know the location of the emergency exit, fire extinguisher, eye wash station and 



 

 

safety shower. 

 Read through the experiment before going to lab. Make sure you understand the 

steps of the experiment. Jot down any questions you have so that you can ask them before 

starting lab. 

 Start filling out your lab book with information about the experiment. It`s a good 

idea to draw out your data table in advance so all you need to do in lab is fill it in with 

numbers. 

 Review the Material Safety Data Sheets (MSDSs) of the chemicals you will be 

using during lab. 

 Make certain you have all of glassware, materials and chemicals needed to complete the 

lab before starting any part of the procedure. 

 Understand disposal procedures for the chemicals and other items used in your 

experiment. If you are unclear about what to do with your experiment after it has been 

completed, ask your instructor about it. Don’t throw items in the trash or dump liquids 

down the drain or in waste disposal containers until you are certain it is acceptable to do 

so. 

 Be prepared to take data in the lab. Bring your notebook. a pan and calculator. 

 Have personal safety gear, such as a lab coat and goggles, clean and ready to use before 

lab. 

 

Chemistry laboratory glassware gallery 

Glassware used in a chemistry laboratory is special. It needs to resist chemical attack. 

Some glassware has to withstand sterilization. Other glassware is used to measure specific 

volumes, so it can not change its size appreciable over room temperature. Chemicals may 

heated and cooled so the glass needs to resist shattering from thermal shock. For these 

reasons, most glassware is made from a borosilicate glass, such as or Kimax. Some 

glassware isn't glass at all, but inert plastic such as Teflon. 

Each piece of glassware has a name and purpose. Use this photo gallery to learn the names 

and uses of different types of chemistry laboratory glassware. 



 

 

Control questions: 
1. Tell about the Laboratory safety.  

2. List the chemical apparatus. 

3. List the chemical glassware. 

 
  



 

 

Lecture № 17 

 

The theme: "Classification of inorganic compounds" 

Theory topics for target: 
1. Classification of inorganic compounds. 

2. Acids. 

3. Bases. 

4. Oxides, 

5. Salts. 

Theoretical material 

Classification of inorganic compounds 

 

Simple matter Metals. Signs of chemical reactions 

 

1.  Reaction with water: 

2K + 2H2O = KOH + H2↑ 

Ca+2H2O = Ca(OH)2 + H2↑ 

Zn + H2O = ZnO + H2↑ 

 

Reactions are accompanied by gas emission. 

Low-active metals, which are the right of the hydrogen in the electrochemical series, 

with no water to respond. 

Inorganic compounds Classification  

Elements metal, nonmetals, metalloids  

Compounds Acids, Bases, Oxides, Salts, Others  

 

Metals – are simple substances, which have a hardness, gloss, 
high thermal conductivity and electri conductivity. In chemical 

reactions metals donate their valence electrons. 



 

 

2. Reactions with nonmetals 

Ca + H2 = CaH2 

2Fe + O2 = 2FeO 

4Fe + 3O2 = 2Fe2O3 

Metals react with all nonmetals, addition of inert gases. 

 

Nonmetals 

 

 
 

Chemical properties of non-metals: 

 

1.  +H2O: 

F2+ H2O = 2HF + O↑ 

Cl2+ H2O = HCl + HClO↑ 

 

2. + metal: 

Mg + H2 = MgH2 

2Cu + O2 = 2CuO 

 

3.  nonmetal: 

N2 + 3H2 = 2NH3 

2P + 5S = P2S5 

 

4.  + compounds 

2O2 + CH4 = CO2 ↑+2H2O 

Br2+2KJ = 2KBr + J2 

 

Control questions: 

1. Which groups all share a simple matter? 

2. What substances are called metals? 

3. Does mercury (Hg) interact with a water? Answer justification.  

4. Write the reaction between calcium and water. 

5. List the signs of the passage of a chemical reaction. 

6. What substances are called non-metals? 

7. Does sulfur interact with a water? 

8. Write the chemical reaction between magnesium and sulfur.  

 

Nonmetals - are simple substances that have a low heat and 
conductivity, low plasticity. In chemical reactions take 
nonmetals electrons formatted outer energy level up to 8 
electrons 



 

 

9. Write the reaction between hydrogen and carbon. 

10. Write the reaction between chlorine and sodium bromide (NaBr).  

 

 

Lecture № 18 

 

The theme: “The oxides: chemical and physical properties, formulas, names, 

classification ” 

Theory topics for target: 
1. The definition of oxides. 

2. The classification of oxides, names. 

3. Physical properties. 

4. Chemical properties. 

Theoretical material 

 

The oxide’s name consists of the element’s name and the valence of this element (if 

it’s various).  

Examples: 
FeO – iron oxide (II); 

Fe203 –  iron oxide(III); 

SO2 – sulfur oxide (IV); 

SO3 – sulfur oxide(VI); 

Na2O – sodium oxide (without valence because it’s always I). 

 

All oxides divide by salifiable and non salifiable. The salifible oxides are which can 

formatted the salts, non salifiable are which cannot formatted it. 

 

 

 

 

 

 

Oxides are the compounds that contains at least one oxygen 
atom and one other element in its chemical formula.  



 

 

The classification of oxides 

 
Chemical properties: 

 

Basic oxides 

1. + water: 

BaO + H2O = Ba(OH)2 barium hydroxide  

K2O + H2O = 2KOH potassium hydroxide 

 

2. + acid:  

CuO + 2HCl = CuCl2 + H2O (salt and water) 

CaO + H3PO4 = CaHPO4 + H2O 

 

3. acidic oxide: 

CaO + SO3 = CaSO4 (salt) 

 

Acidic oxide: 

1.  + water  

SO3 + H2O = H2SO4 sulfuric acid 

Mn2O7 + H2O = 2НМnО4 

2.  + base: 

CO2 + 2NaOH = Na2CO3 + H2O  

SO3 + 2KOH = K2SO4 + H2O  

3.  + basic oxide: 

N2O5 + Na2O = 2NaNO3 (salt) 

 

Oxides 

Neutral  

CO, NO 

 

 Basic  

Na2O →NaOH 

CaO→Ca(OH)2 

CuO  → Cu 
(OH)2 

Acidic 

SO3→H2SO4 

Amphoteric  

ZnO → Zn 
(OH)2 



 

 

 

Amphoteric oxide: 

1.  + oxides: 

ZnO + CaO = CaZnO2 (salt) 

Al2O3 + 3SO3 = A12(SO4)3 (salt) 

2.  + bases: 

ZnO + Ca(OH)2 = CaZnO2 + H2O (salt and water) 

3.  + acid: 

Al2О3 + 6HNO3= 2Al(NO3)3 + H2O (salt and water) 

 

The methods for obtaining of oxides: 

 

1. Metal/nonmetal + oxygen: 

2Cu + O2= 2CuO  

4P + 5O2 = 2P2O5  

4Al + 3O2 =2AlО3 

2. Expansion of hydroxides: 

Ca(OH)2 → CaO + H2O 

3. Expansion of salts: 

BaCO3 → BaO + CO2 

Control questions: 

1. What substances are called oxides? 

2. Which three types of oxides are divided?  

3. What are the oxides react with acids? 

4. What are the oxides react with bases?  

5. Write the reaction between potassium oxide and water. 

6. Write the reaction between sulfur oxide {TV) and water. 

7. Write the reaction between calcium oxide and oxide carbon (IV). 

 

 



 

 

Lecture № 19 

The theme: The bases and acids: chemical and physical properties, formulas, 

names, classification. ’’ 

Theory topics for target: 

1. The definition of base and acid. 

2. The classification of bases and acids, names. 

3. Physical properties. 

4. Chemical properties. 

5. The methods for obtaining. 

 

Theoretical material 

 

The base`s name consists of the metal’s name and the word “hydroxide” 

Examples: 

 

NaOH – sodium hydroxide; 

Fe(OH)2 – iron hydroxide (II);  

Fe(OH)3 – iron hydroxide (III);  

Zn(OH)2 – zinc hydroxide. 

According to their solubility in water all bases divided by: 

 soluble – (LiOH, NaOH, KOH, Ba(OH)2);  

 poorly soluble (Ca(OH)2); 

 insoluble (Cu(OH)2, Mn(OH)2). 

 

Soluble bases are called “alkali”. 

Amphoteric oxides match amphoteric bases (Zn(OH)2, Al(OH)3, Fe(OH)3). 

Chemical properties of bases: 

a.  + acid: 

NaOH + HC1 = NaCl + H2O  

Cu(OH)2 + HNO3 =Cu(NO3)2+H2O 

Zn(OH)2 + KOH (solid) = K2ZnO2 + H2O 

 

 

Bases are the compounds which consist of the metal atoms 
and hydroxyl groups (-OH ). 



 

 

All these reactions are called reactions neutralization. 

2. + acidic oxide: 

2NaOH + CO2 = Na2CO3 + H2O 

NaOH + CO2 = NaHCO3 

 

3.  + salt: 

2KOH + CuSO4 = Cu(OH)2 ↓ + K2SO4  

 

Termal expansion: 

Ca(OH)2 →(t)CaO + H2O 

 

The methods for obtaining of bases: 

1. Active metal + water: 

2Na + 2H2O = 2NaOH + H2↑ 

2. Oxide of active metal + water:  

K2O + H2O = 2KOH 

3. Soluble salt + base: 

CuSO4 + 2NaOH = Cu(OH)2↓ +Na2SO4  

FeCl3 + 3KOH = Fe(OH)3↓ + 3KC1 

 

 
 

The valence of acidic rest equals the number of hydrogen ions.  

 

Classification of acids 

 

Acids are the compound, which consist of the hydrogen 
atoms and the acidic rest. 



 

 

 

Cl
-1

, NO3
-1

, SO4
2-

, CO3
2-

, PO4
3-

, Br
-
, F

-
, S 

-2
 – acidic rests. 

Remember the names of most important acids: 

H2SO4 – sulfuric acid 

HCl – hydrochloric acid 

H2SO3 – sulphuruos acid 

HI – iodine acid 

HNO3 – nitric acid 

HF – hydrofluoric acid 

H3PO4 – orthophosphoric acid 

HBr – hydrobromic acid 

H2CO3 – carbonic acid 

H2S – hydrogen sulfide 

Chemical properties of acids 

1. +base: 

H2SO4 + 2LiOH = Li2SO4 + 2H2O (neutralization reaction) 

2. + basic oxide: 

2HNO3 + CaO = Ca(NO3)2 +H2O 

3. + salt:    

H2SO3 + BaCl2 = BaSO3 ↓+ 2HCl 

4.  + metal: 

Mg + H2SO4 = MgSO4 + H2↑ 

The methods for obtaining of acids: 

1. Acidic oxide + water: 

SO3 + H2O = H2SO4 

2.Hydrogen + nonmetal: 

H2 + Cl2 = 2HCl 

 

Acids 

Oxigen acids 

Monobasic (HCl, 
HNO3one hydrogen 

atom)  

Dibasic (H2SO4, 
H2CO3  - two atoms 

of hydrogen) 

Polybasic (H3PO4 - 
more than two 

atoms of hydrogen 

Anoxic acids 
(without oxigen) 
HCl, HF, HBr, H2S 



 

 

Control questions: 

1. What substances are called acids? 

2. Determinate the valence balance of phosphoric acid. 

3. Give samples of oxygen and anoxic acids. What are these acids?  

4. What are the metals interact with acid? Will it go reaction between 

hydrochloric acid and silver? Answer justification . 

5. Which oxides does acid interact? Give an example. 

6. Will keep the reaction between sulfuric acid and carbon monoxide (II)? 

Answer justification. 

 

 

Lecture 20 

 

The theme: “The salts. Classification, names. The graphic formulas. ”  

Theory topics for target: 
1. The definition of salts. 

2. The classification of salts. 

3. Physical properties. 

4. Chemical properties. 

5. The methods for obtaining. 

Theoretical material 

 
 

The salt’s name consists of the Latin name of acidic rest and the metal’s name (in 

brackets the valence is). 

 

Examples: 
CaCl2 – calcium chloride  

K2S – potassium sulphide  

FeSO4 – iron sulphite (II) 

Cu(NO3)2 – cupper nitrite (II) 

Fe2(SO4)3 – iron sulphite (III) 

Na3PO4 – sodium phosphate  

MgSO3 – magnesium sulpfite  

CaCO3 – calcium carbonate 

 

 

 

 

Salts are the substances which consist of the metal ions and 
acidic rests. 



 

 

Classification of salts according to solubility 

 

 

Chemical properties of salts: 

1. + active metal: 

Zn + FeSO4 = ZnSO4 + Fe 

2. + acid: 

Na2CO3 + 2HCl = 2NaCl + H2O + CO2↑ 

 

3. + basic 

Na2SO4 + Ba(OH)2= BaSO4 ↓+ 2NaOH 

 

4. + salt 

Na2CO3 + CaCl2= CaCO3 ↓+ 2NaCl 

 

5. Termal expansion: 

CaCO3→ CaO +CO2↑ 

Ba(NO3)2 →Ba(NO2)2+O2↑ 

 

The methods for obtaining of salts: 

b. Metal + nonmetal:  

2Al + 3Cl2 = 2AlCl3 

 

c. Metal + acid: 

2K+H2SO4=K2SO4+H2 ↑ 



 

 

 

d. Metal + salt:  

Mg + CuSO4 = MgSO4 + Cu 

 

e. Basic oxide + acidic oxide:  

CaO + SO3=CaSO4 

 

f. Basic oxide + acid:  

CaO + 2HNO3=Ca(NO3)2+H2O 

 

g. Acidic oxide + base:  

CO2 + 2NaOH=Na2CO3+H2O 

 

h. Acid + base:  

HNO3 + KOH= KNO3+H2O 

 

i. Salt + acid:  

BaCl2 + H2SO4= BaSO4 ↓+2HCl 

 

j. Salt + base:  

MgCl2 + 2NaOH= Mg(OH)2 ↓+2NaCl 

 

k. Salt + salt:  

AgNO3 + NaCl= AgCl ↓+2NaNO3 

 

Control questions: 

1. Give the definition of sait. Write few examples. 

2. Which classes of salts do you know according their classification? 
3. Write the reaction between magnesium sulfide and potassium hydroxide. Write 

the correct coefficient 

 



 

 

Lecture № 21 

 

The theme: "Genetic relationship between the main classes of inorganic substances” 

Theory topics for target: 

1. The definition of salts,  

2. The definition of oxides. 

3. The definition of of acids,  

4. The definition of bases. 

5. The chemical properties and the methods for obtaining of all classes of 

inorganic compounds. 

Theoretical material 

Genetic relationship is present between main classes of inorganic substances. 

It’s meaning that from one substance we can obtain another substance.  

 

 

Genetic relationship between different classes of compounds 

 

  

 

 

 

 

 

 

 

 

 

 

 

 

 

SIMPLE 

SUBSTANCES 

Nonmetals Amphoteric 

elements 

Metals 

+O2 

 

+O2 

 

+O2 

Basic oxide Amphteric oxide Acidic oxide 

+ H2O + Acid or base + H2O 

 

Base Acid 

+ acid Salt +base 

 



 

 

Example: 

CuSO4 → Cu(OH)2 → CuO →Cu 

1) CuSO4 + 2NaOH = Cu(OH)2 ↓+ Na2SO4 

2) Cu(OH)2→(t) CuO + CO2↑ 

3) CuO + H2→Cu + H2O 

Control questions: 

1. Tell about genetic bond between different classes of inorganic compounds/ 

2. Write the equation of reaction: Mg → MgO → MgCl2 →MgCO3  

 

Lecture № 22 

 

The theme: “The solutions. The crystal hydrates. The solubility. ” 

Theory topics for target: 

1. The definition of solution. 

2. The definition of solvent and solute. 

3. The classification of solutions. 

4. The definition of solubility 

5. The classification of substances according to solubility. 

Theoretical material 

 

Homogeneous mixtures are also called solutions. 

There are different types of solutions: solid in solid (“solid solution”), liquid in 

liquid, gas in gas, solid in gas and others. 

Solutions consist of solvent and solute. Solvent is another substance without 

solute. Solute is a substance which is present in the largest amount. 

Classification of solutions 

1. Saturated – when much solute of this solution will dissolve at that 

temperature. 

2. Unsaturated – when solution contains less solute. 

3. Concentrated – when large amount of a solute is dissolved in this solution. 

4. Dilute – small amount of the solute is dissolved. 

 

Mixtures consist of two or more different compounds. There 
are homogeneous and heterogeneous mixtures. All parts of 
homogeneous mixtures are the same and have same 
properties. Heterogeneous mixtures have the difference 
between each of its parts and have different properties. 



 

 

 

The most wide-spread solvent is a water. According to solubility in water all 

substances divided by soluble (> 10 g of substance in 1 l of water); poorly soluble 

(0,01 - 10 g of substance in 1 l of water); insoluble ( <0,1 g of substance in 1 l of 

water). 

 

Factors That Affect Solubility 

You have taken a close look at the attractive forces between solute and solvent 

particles. Now that you  understand why solutes dissolve, it is time to examine the 

three factors that affect solubility: molecule size, temperature, and pressure. Notice 

that these three factors are similar to the factors that affect the rate dissolving. Be 

careful not to confuse them.  

Molecule Size and Solubility  

 

Small molecules are often more soluble than larger molecules. Methanol, 

CH3OH, and ethanol CH3CH2OH, are both completely miscible with water. These 

compounds have OH-groups that form hydrogen bonds with water. Larger molecules 

with the same OH- group but more carbon atoms, such as CH3CH2CH2CH2CH2OH, 

are far less soluble. All three compounds form hydrogen bonds with water, but the 

larger pentanol is less polar overall, making it less soluble.  

 

Temperature and Solubility 

At the beginning of this section, you learned that temperature affects the rate of 

dissolving. Temperature  also affects solubility. You may have noticed that solubility data 

always include temperature. The solubility in water, for example, is usually given as the 

number of grams of solute that dissolve in 100 mL of water at a specific temperature. 

Specifying temperature is essential, since the solubility of a substance is very different at 

different temperatures. When a solid dissolves in a liquid, energy is needed to break the 

strong bonds between particles in the solid. At higher temperatures, more energy is present. 

Thus, the solubility of most solids increases with temperature. For example, caffeine’s 

solubility in water is only 2.2 g/100mL at 25°C. At 100°C, however, caffeine’s solubility 

increases to 40 g/100 mL.  

The bonds between particles in a liquid are not as strong as the bonds between 

particles in a solid. When a liquid dissolves in a liquid, additional energy is not needed. 

Thus, the solubility of most liquids is not greatly affected by temperature. 

Gas particles move quickly and have a great deal of kinetic energy. When a gas 

Solubility is an ability of substance to form with another 
substances the homogeneous systems solutions in which the 
substance is like the atoms, molecules, ions or particles. 



 

 

dissolves in a liquid, it loses some of this energy. At higher temperatures, the dissolved gas 

gains energy again. As a result, the gas comes out of solution and is less soluble. Thus, the 

solubility of gases decreases with higher temperatures. In the next investigation, you will 

observe and graph the effect of temperature on the of a solid dissolved in a liquid solvent, 

water. As you have learned, most solid solutes become more soluble at higher temperatures. 

By determining the solubility of a solute at various temperatures, you can make a graph of 

solubility against temperature. The curve of best fit, drawn through the points, is called 

solubility curve. You can use a solubility curve to determine the solubility of a solute at any 

in the range shown on the graph. 

Pressure and Solubility 

The final factor that affects solubility is pressure. Changes in pressure have hardly 

any effect on solid and liquid solution.  Such changes do affect the solubility of a gas in a 

liquid solvent, however. The solubility of the gas is directly proportional to the pressure of 

the gas above the liquid. For example, the solubility of oxygen lake water depends on the air 

pressure above the lake. When you open a carbonated drink, you can observe the effect of 

pressure on solubility. The solubility of the carbon dioxide in the liquid soft drink decreases 

greatly. Bubbles begin to rise in the liquid as gas comes out of solution and escapes. It takes a 

while for all the gas to leave the solution, so you have time to enjoy, the taste of the soft 

drink before it goes "flat". 

Control questions: 

1. Give the definition of solution. 

2. Give the definition of solute and solvent, solubility. 

3. Tell about the classification of solutions and substances 

according to solubility. 

4. Define the factors from which depends the solubility of 

substances. 

 

Lecture № 23 

The theme: “The concentration of solute in solution. The different types of 

concentration. 

Theory topics for target: 

1. The definition of concentration of solute. 

2. The molar concentration (molarity) and its calculations. 

3. The normal concentration (normality) and its calculations. 

4. The definition of molality. 

5. The mass percent concentration. 

 

Theoretical material  

Concentration as a Mass/Volume Percent 

Recall that the solubility of a compound at a certain temperature is often 



 

 

expressed as the mass of solute per 100 mL of solvent. For example, you know that 

the solubility of sodium chloride is 36 g/l00mL of water at room temperature. The 

final volume of the sodium chloride solution may or may not be 100mL. It is the 

volume of the solvent that is important. 

Chemists often express the concentration of an unsaturated solution as the 

mass of solute dissolved volume of the solution. This is different from solubility. It 

is usually expressed as a percent relationship. A mass/volume percent gives the 

mass of solute dissolved in a volume of solution, expressed as a percent. The 

mass/volume percent is also referred to as the percent (m/v). 

 

Suppose that a hospital patient requires an intravenous drip to replace lost body 

fluids. The intravenous fluid may be a saline solution that contains 0.9 g of sodium 

chloride dissolved in 100 mL of solution, or 9% (m/v). Notice that the number of 

grams of solute per 100 mL of solution is numerically equal to mass/volume percent. 

Explore this idea further in the following problems. 

 

Concentration as a Mass/Mass Percent 

The concentration of a solution that contains a solid solute dissolved in a liquid 

solvent can also expressed as a mass of solute dissolved in a mass of solution. This 

is usually expressed as a percent relationship. A mass/mass percent gives the mass 

of a solute divided by the mass of solution, expressed as a percent. The mass/mass 

percent is also referred to as the percent (m/m), or the mass percent. It is often 

inaccurately referred to as a weight (w/w) percent, as well. Look at your tube of 

toothpaste, at home, percent of sodium fluoride in the toothpaste is usually given as 

a w/w percent. This can be confusing, since weight (w) is not the same as mass (m).  

In fact, this concentration should be expressed as a mass/mass percent. 

 

For example, 100 g of seawater contains 0.129 g of magnesium ion (along with 

many other substances. The concentration of Mg
2+

 in seawater is 0.129 (m/m). 

Notice that the number of grams of solute per 100g of solution is numerically 

Mass/volume percent = (Mass of solute (in g) / Volume of solution (in mL) ) ×100% 

Mass/mass percent = (Mass of solute (in g) / Mass of solution (in g))×100% 



 

 

equal to the mass/mass percent. The concentration of a solid solution, such as an 

alloy, is usually expressed as a mass/mass percent. Often the concentration of a 

particular alloy may vary. 

Concentration as a Volume/Volume Percent 

When mixing two liquids to form a solution, it is easier to measure their 

volumes than their masses. A volume/volume percent gives the volume of solute 

divided by the volume of solution, expressed a percent. The volume/volume percent 

is also referred to as the volume percent concentration, volume percent, percent 

(v/v), or the percent by volume. 

 

 

Concentration in Parts per Million and Parts per Billion 

The concentration of a very small quantity of a substance in the human body, 

or in the environment, can be expressed in parts per million (ppm) and per billion 

(ppb). Both parts per million and parts per billion usually mass/mass relationships. 

They describe the amount of solute that is present in a solution. Notice that parts 

per million does not refer to the number of particles, but to the mass of the solute 

compared with the mass of the solution. 

 
Molar concentration 

The most useful unit of concentration in chemistry is molar concentration. 

Molar concentration is the number of moles of solute in 1L of solution. Notice 

that the volume of the solution in liters is used, rather then the volume of the 

solvent in milliliters. Molar concentration is also known as molarity. 

 

Volume/volume percent = (Volume of solute (in mL) / Volume of solution (in 
mL))×100% 

ppm = (Mass of solute / Mass of solution)×106 

ppb = (Mass of solute / Mass of solution)×109 

Molar concentration (in mol/L) = (Amount of solute (in mol) / Volume of 
solution (in L) 



 

 

These formula can be shortened to give   

 

 

Molar concentration is particularly useful to chemists beacause it is related to 

number of particles in a solution. None of the other measures of concentration are 

related to the number of particles. if you are given the molar concentration and the 

volume of a solution, you can calculate the amount of dissolved solute in moles. 

Dilution  

Dilution is adding solvent to a solution to obtain a less concentrated solution. 

Perhaps, you have used dilution when running a lemonade stand. To cut cost, you 

could take a half-full jug of rich, concentrated lemonade and full it up with water. 

The resulting solution would have the same total amount of sugar and lemon juice, 

but double the total volume. Its flavor would be weaker due to the added water. 

Chemist often keep highly concentration solutions of useful chemicals. They can 

quickly obtain more dilute solutions of known concentration by this method. 

The key concept is that the amount of solute is constant before and after the dilution 

process. The concentration is decreased (and volume increased) only by adding solvent. 

 

No determine the amount of solvent (usually water) that must be added, you 

must know the initial volume and concentration , and the desired concentration. 

Solving for V2 in the above equation will give you the total volume of the diluted 

solution. Subtracting the initial volume from the total volume will determine the 

amount of pure solvent that must be added. 

 

C=n/V 

• Thus, the number of moles of solute 
before and after dilution are equal 

moles1 =moles2  

• By definition of molarity, you can find 
the moles of solvent M×V=moles 

• Substituting the second equation into 
the first gives the dilution equation 

M1×V1 = M2×V2 



 

 

 

Normality 

Normality shows how many moles-equivalents are in volume of solution: 

 

 

Control questions 

1. Give the definition of concentration of solution. 

2. Describe the classification of concentration 

3. What’s meaning molarity, normality, mass concentrations?  

4. Explain what’s it “dilution“ 

 

:

Lecture № 24 

The theme: “The calculations of concentration” 

Theory topics for target: 

1. The definition of concentration of solute. 

2. The molar concentration (molarity) and its calculations. 

3. The normal  concentration (normality) and its calculations. 

4. The definition of molality. 

5. The mass percent concentration. 

 

Theoretical material 

 

We will discuss some examples about the calculation of different types of different 

type of concentration. 

Example 1: 

A pharmacist adds 2.00 mL of distilled water to 4.00 g of a powdered drug. 

The final volume of the solution  is  3.00 mL. What is the concentration of the drug 

in g/100 mL of solution? What is the percent (m/v) of the solution? 

What is Required? 

You need calculate the concentration of the solution, in grams of solute 

dissolved in 100mL of solution. Then you need to express this concentration as a 

mass/volume percent. 

What is Given? 

The mass of the dissolved solute is 4.00 g. The volume of the solution is 

3.00mL.  

 

СN=νE/V 



 

 

Plan Your Strategy 

There is one method for solving this problem. 

Method 

Use the formula 
Mass/volume percent = (Mass of solute (in g)/Volume of solution (in mL))×100% 

Act on Your strategy 

Percent (m/v)=(4.00g /3mL)×100%=133% 

Check Your Solution 

The units are correct. The numerical answer is large, but this is reasonable for 

an extremely soluble solute. 

 

Example 2. 

Problem  

A saline solution contains 0.90 g of sodium chloride, NaCl,  dissolved in 100mL of 

solution. What is the molar concentration of the solution?  

What is Required? 

You need to find the molar concentration of the solution in mol/L. 

What is Given? 

You know that  0.90 g of sodium chloride is dissolved in 100 mL of solution. 

Plan Your Strategy 

Step 1. To find the amount (in mol) of sodium chloride, first determine its molar 

mass. Then divide the amount of sodium chloride (in g) by its molar mass (in g/mol). 

Step 2. Convert the volume of solution from mL to L using this formula:  

Volume (in L) = Volume (in mL) ×10
-3

 = Volume (in L) 

Step 3.Use the following formula to calculate the molar concentration: 

Molar concentration (in mol/L)=Amount of solute (in mol) / Volume of solution 

(in L) 

Act on Your Strategy 

Step 1. Molar mass of NaCl = 22.99 +35.45 = 58.44 g/mol 

Amount of  NaCl = 0.90 g / 58.44 g/mol =1.54 10
-2

mol 

Step2. Convert the volume from mL to L 

Volume = (100 mL x 1.000 L) / 1000 mL = 0.100 L  

Step 3 Calculate the molar concentration. 

Molar concentration = 1.54 x 10
-2

 mol / 0.100 L =1.54 x 10’
1
 mol/L  

The molar concentration of the saline solution is 0.15 mol/L. 

Check Your Solution 

The answer has the correct units for molar concentration. 
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Lecture № 25 

The theme: "The electrolytes and  nonelectrolytes. The electrolytic dissociation 

theory. The mechanism of electrolytic dissociation" 

Theory topics for target: 

1. The definition of  electrolytes and nonelectrolytes. 

2. The electrolytic dissociation theory. 

3. The mechanism of electrolytic dissociation. 

Theoretical material 

Electrolytes  

 

 
All ionic compounds are electrolytes. Nonelectrolytes, on the other hand, do not 

conduct electricity when dissolved. Electrolytes are the reason that tap water conducts 

electricity. Tap water contains salts and other ions. If you have purified water, you will 

find that it does not conduct electricity at all. Upon dissolving some salt, it conducts 

electricity very well. The presence of tons allows electrons to move through the 

solution, and electricity will be conducted. 

The basic tenets of  the theory of electrolytic dissociation developed S. 

Arrhenius (1883):  

A. The molecules of dissolved substances in solution in the fall charged 

particles – ions. 

B. The properties of ions differ from the properties of the atoms, because of 

the structure of their electron shells. 

Electrolytes are  almost all the salts, acids and bases, to nonelectrolyte is the 

majority of organic compounds. 

 

 

Some substance break up into ions and conduct 
electricity when dissolved. These are called 

electrolytes. 

 

The process of disintegration of the solute into ions 
is called dissociation. 



 

 

For example, in water, NaCl dissociates into Na
+ 

 and Cl
-
 : 

NaCl ↔ Na
+ 

 + Cl
-
 

This notation is colled the dissociation of the solute ionic equation. 

Dissociation – a reversible process, which, along with the collapse of the ion is the 

process of their connecting (association). Therefore, in the equations of 

dissociation instead of the equal sign (=) sign placed reversibility: (↔) 

Control question 

1. Give the definition of electrolyte and nonelectrolyte. 

2. Tell about the electrolytic dissociation theory. 

3. Explain the mechanism of electrolytic dissociation. 

 

Lecture № 26 

 

The theme: “The electrolyte dissociation degree. Strong and weak elegtrolytes.  
The dissociation of strong electrolytes (solt, bases, acids) 

Theory topics for target: 

1. The definition of strong and weak electrolytes. 

2. The electrolyte dissociation degree 

3. The electrolytic dissociation of strong 

electrolytes. 

Theoretical material 

All electrolytes are divided into the strong and weak 

 

  

Strong – when dissolved in water is almost completely 
dissociated into ions: 

Almost all of the salt: NaCl, K2SO4; 
Mineral acids: HCl, HNO3, H2SO4 

Base (alkali) LiOH, NaOH, KOH, Ba(OH)2, Ca (OH)2 



 

 

 

To characterize the state of the solute is introduced the notion of the degree of 

dissociation. 

The degree of electrolytic dissociation (α) – the retio the number of molecules 

decomposed into ions, the total number of dissolved molecules:  

 
 

α - degree of electrolytic dissociation 

N – number of dissociated (broken) molecules (g-mole) 

n – the total number of solute molecules (g-mole) 

For electrolytes, which are completely broken up into ions (N=n) , α =1, for 

nonelectrolytes (N=0), α =0 

Hence, 0≤ α ≤ 1. 

The degree of electrolytic dissociation  depends on the nature solute and solvent on 

concentration and temperature solution; α is determined experimentally. Electrolytic 

dissociation equilibrium constant is that is called the dissociation constant. 

We write the dissociation process in the form of the equation: 

AnBm ↔nA
m+

 + mB
n- 

Then, the dissociation constant is: 

𝐾 =
[𝐴𝑚+]𝑛 ∙ [𝐵𝑛−]𝑚

[𝐴𝑛𝐵𝑚]
  

K - dissociation constant; 

[𝐴𝑚+] , [𝐵𝑛−] , [𝐴𝑛𝐵𝑚] – equilibrium concentration of dissolved substance, 

(mol/L). 

Weak electrolytes with polyvalent ions dissociate steps. 

Stage 1:  H3PO4↔H
+
 + 𝐻2𝑃𝑂4

− 

Stage 2:  𝐻2𝑃𝑂4
−↔H

+
 + 𝐻𝑃𝑂4

2− 

Stage 3:  𝐻𝑃𝑂4
2−↔H

+
 + 𝑃𝑂4

3− 

 

 

α =N/n 

on of polybasic (boric 

acid): ItflO, «-» H + JÎ2BO3 
HiPCb «-*■ H 

+
 + HBO3” 

BBO
2
 <-► H 

+
 + BOy* 

 

 
Weak – when dissolved in water partially dissociate 
into ions: 
Organic acids: CH3COOH; 
Mineral acids: H2CO3, HNO2, H2S 
Base: Mg(OH)2, Al (OH)3, Water H2O 

   



 

 

 
For the weak electrolytic dissociation were calculated experimentally. 

 

Electrolytic dissociation of acids, bases and salts. 

The theory of electrolytic dissociation defines and describes the properties of 

acids, bases and salts. 

Acid dissociation 

 

Example 

HCl ↔ H
+
 + Cl

- 

H
+
 - cation of hydrogen,  

Cl
-
 - anion of an acid residue, 

If the acid molecule has two or more hydrogen cations, the dissociation 

occurs stepwise (gradually). 

Dissociation of bases 

 

 
Example 

NaOH ↔ Na
+
 + OH

- 

Na
+
 - metal cation,  

OH
-
 - hydroxyl anion, 

Bases, that have multiple hydroxyl groups, as well dissociate in steps. Amphoteric 

bases dissociate to form cations hydrogen and hydroxyl anions. 

 

The dissociation of strong electrolytes – iversible 
reaction, so the concept of " dissociation constant " for 
them does not exist.   

 

Acid – is electrolytes, which are formed in the 
dissociation of the cation hydrogen and the anion of 
acid residue.  

 

Bases – is electrolytes, which are formed in the 
dissociation of the anions hydroxyl and metal cation. 



 

 

 

Dissociation of salts 

 
Example 

MgCl2 ↔ Mg
2+

 + 2Cl
- 

Control question 

1. What`s meaning "electrolytic dissociation" 

2. Give the definition of electrolytic dissociation degree 

3. Describe the mechanism of dissociation of salts, acids, bases 

4. Classification of strong and weak electrolytes 

 

Lecture № 27 

 

The theme: “The dissociation of weak electrolytes. The dissociation constant. The 

dissociation of water, pH. The indicators. ” 

Theory topics for target: 
1. The mechanism of dissociation of weak electrolytes. 

2. The definition and calculations of dissociation constant. 

3. The ionic product of water. pH. 

4. The indicators. 

 

Theoretical material 

Water is a weak electrolyte, it dissociates to a small degrees: H2O ↔H
+
 + OH

- 

In 1 liter of water at a temperature of 22°C undergoes dissociation only 10
-7

 

("Ten to the minus seventh power") moles of water and thus forms a the same amount 

of H
+
 and OH

-
. In pure (distilled) water the concentration of hydrogen cations and 

anions are hydroxyl: [H
+
] = [OH

-
 ] = 10

-7
 mol. The product of [H

+
]×[OH

-
 ] is constant 

and is called ionic product of water (Kw): 

Kw = [H
+
]×[OH

-
 ] = 10

-7
 ×10

-7
 = 10

-14
 

If you add water to pure acid, the concentration of hydrogen ions increase, and if 

the alkali – will diminish. If you know the concentration of one of the ions, we can 

calculate the concentration of other ions. 

 

For example: In aqueous solution, [H
+
] = 0.003 mol/L. Determine the 

 

Salt – is electrolytes, which are formed in the 
dissociation of the cations metal (or ) and anions 
residues. 



 

 

concentration of hydroxyl ions. [OH
-
 ] = Kw / [H

+
] = 10

-14
 / 10

-3
 = 10

-11
'(mol /L). 

Acidity and alkalinity of the solution expressed can be expressed through the 

concentration of H
+
 or OH

- 
ions. In practice, use the first manner. For a neutral 

solution [H
+
] = 10

-7
, for the acid [H

+
] > 10

-7
, for alkaline [H

+
] <10

-7
 (mol /L). For 

convenience,  the concentration of hydrogen ions expressed in terms of pH, 

which is denoted by pH ("pH"). pH value (pH) called the logarithm 

concentration of hydrogen ions, taken with opposite sign: 

pH = -lg[H
+
] 

With the pH of the solution is characterized as follows: 

a) neutral: pH = 7; 

b) acidic: pH <7 (0<pH<3 - strongly acidic medium, 4 <pH <7 - weakly 

acid medium);  

c) an alkaline: pH> 7 (7 <pH<10 alkaline medium, 11 <pH <14 - a strongly 

alkaline medium). 

 

pH fo same solution 

 stomach acid pH = 1.7 (strongly acidic medium) 

 tap water pH=7,5 (slightly alkaline medium) 

 blood pH=7.4 (slightly alkaline medium) 

 saliva pH=6,9 (slightly acidic medium) 

 tears pH=7(neutral) 

 

Determine the acidity of the medium by using indicators  

 

 

Indicators are substances that change their color 
depending on the pH of the solution 



 

 

The most frequently used indicators, the names and properties which are 

given in the table below. 

 

Control question 

1. What substances are called electrolytes? 

2. What is the degree of electrolytic dissociation of α for the strong electrolytes? 

3. Define acids, bases and salts from the point of view electrolytic dissociation 

4. What is the ionic product of water?  

4 Determinene the concentration of hydrogen cations in solution at dissociation of 

0,001 mol of sulfuric acid?  

5 pH of the solution is 3. What is the medium of this solution (neutral, acidic, 

basic)? A solution of litmus is blue in color. What is the medium of the solution 

(acidic, neutral, basic)?



 

 

Lecture № 28 

The theme: “The reactions in the solutions of electrolytes. The ionic 

equations ”. 

Theory topics for target: 
1. The definition of ionic equation. 

2. The ionic equations. 

3. The rules for ionic equations. 

 

Theoretical material 

 

 

Types of ionic equations 

The process of electrolytic dissociation is written in the form of ionic equations: 

HCl↔H
+
 + Cl

-
 

NaOH↔Na
+
 + OH

- 

H2O↔H
+
 + OH

-
 

Chemical reactions can also be written in the form of ionic equations. Ionic 

equations are of two types: complete ionic equation, and reduced ionic equation. 

Reduced ionic equation is obtained from the total ion equation for reducing the same 

terms on the right and left sides. 

 

Example: 

molecular AgNO3 + NaCl = AgCl↓ + NaN O3 

total (complete, full) ionic Ag 
+
 +NO

-
3 +Na 

+
 + Cl

-
 = AgCl↓+ Na 

+
 

+ NO
-
3 reduced (concise) ionic Ag 

+
 + Cl

-
 = AgCl↓ 

 

Terms of drawing ionic equations 
1. Strong electrolytes are written as ions: 

H2SO4 ↔2H 
+
 + SO4

2-
 

2. Weak electrolytes are written in the form of molecules: H2O, H2S 

3. Insoluble material written in the form of molecules with the sign↓,: 

BaSO4↓, Cu(OH)2↓ 

4. Volatile compounds, leaving the scope of the reaction is written as 

molecules with a sign ↑: CO2↑,  SO2 ↑ 

Ag 
+
 + NO3" + Na 

+
 + Cl' = AgCl J, + Na 

+
 + N03‘ 

 

Ionic equations are a conditional record the 
reaction between the electrolyte which shows ttai 
interaction between the individual ions 



 

 

Ag
+
 + Cr=AgCl| 

Ion exchange reaction, which does not form insoluble substances, gas or 

water, is practically not feasible (not real). 

 

Example: 

 

Required to determine which of the two reactions is feasible: 

a) 2Na3PO4 + 3CaCl2 → Ca3 (PO4)2 +6 NaCl 

b) CaCl2 + 2NaNO3 → Ca (NO3)2 + 2NaCl 

Define what is the solubility of salts that were formed in during the 

reaction. We write the ionic equal for the reaction: 

a) 6Na 
+
 + PO4

3-
 + 3Са

+2
 + 6Cl

-
 →Ca3 (PO4)2↓+ 6Na 

+
 + 6Cl

-
 

b) Ca
+2

 + 2Cl 
-
 + 2Na

+
 + 2NO3

- 
→ Ca

+2
 + 

2NO3
-
 + 2Na 

+
 + 2Cl

-
Equation a) can be written in a 

concise form of the ion: 

a) 3Ca
+2

 + PO4
3
→Ca3 (PO4)2↓ 

The equation b) in the form of a brief record of the ion is not possible, 

because all members of his on the left and the right side of cut: 0 = 0. Is 

feasible as the reaction a) which is formed in the process insoluble salt 

Ca3(PO4)2. From the standpoint of the theory of electrolytic dissociation 

reaction b) does not can go, and the solution is only a set of ions. 

 

Control questions: 

1. Write the molecular, complete ionic and concise ionic equation for reaction 

between BaCl2 and H2SO4  

 

 

Lecture № 29 

The theme: "The hydrolyses of salts" 

Theory topics for target: 
1.  The definition of salt, different types of salts. 

2.  The definition of hydrolyses. 

3.  The hydrolyses of salts 

 

Theoretical material 

 

 

Solts are complex substances which consist of metal 
ions and acidic rests. 



 

 

The types of salts: 

1. The salts which were formed from strong base and strong acid.  

2. The salts which were formed from strong base and weak acid. 

3. The salts which were formed from weak base and strong acid. 

4. The salts which were formed from weak base and weak acid.  

Hydrolysis  

 

A solts of weak acid and strong base dissociates and reacts in water to form OH
-
. A 

salt of a strong acid and weak base dissociates and reacts in water to form H
+
. This 

process is called hydrolysis. 

In this first example, aluminum nitrate is dissolved in water. 

Al(NO3)3 + H2O→Al
3+

+3NO3
-
 + H2O 

First, the salt dissociates in the water.  

It isn`t necessary to write H2O in this reaction 

Al
3+

+H2O→Al(OH)
2+

+H
+ 

Now, at least one of the ions will react with 

water. You know that nitric acid is strong, so 

the nitrite ion will not take an H
+
ion from 

water. Instead, the aluminum ion will react with 

water, releasing a hydrogen ion. 

Al(NO3)3 + H2O→ Al(OH)
2+

+ H
+
 + 

3NO3
-
 

This is the net ionic equation. The resulting 

solution is acidic 

The solution is acidic not because nitric acid is strong, but because aluminum is a 

weak base. 

Here is an easier example.  

 

 

 

 

 

 

 

 

 

Hydrolysis  is a chemical interaction between salts 
and water which can give the weak electrolyte like a 
product 



 

 

 

NaNO2 + H2O→Na
+
+NO2

-
 + 

H2O 

First, the solt dissociates. Again, the H2O  must be 

written 

NO2
-
+H2O→HNO2+OH

- 

Sodium ions will not react with water. Even if they did, 

they would form NaOH,  which is a strong  base, so it 

would immediately dissociate. Instead, the NO2 reacts 

with water. Being the conjuagate of a weak acid, nitrite 

ions will accept a proton from water to form nitrous 

acid (weak) and hydroxide ions (basic) 

NaNO2 + H2O→ HNO2  + 

OH
- 
+ Na

+ 
 

This is the net ionic equation for the hydrolysis of 

sodium nitrite. The resulting solution is basic 

 

There is no hydrolysis reaction for neutral salts. Salts like NaCl and K2SO4 (and 

any other composed of the conjuagate of both a strong acid and strong base) will not 

react with water. They create neutral solutions when dissolved. 

 

Control question 

1. Give the definition of salt 

2. Describe the different types of salt 

3. The definition of hydrolyses 

4. Explain the mechanism of hydrolyses between water and different types of 

salts. 

  

Lecture № 30 

 

The theme: “Thermodynamics. The exo- and endothermie reactions. The 

thermochemical equations". 

Theory topics for target: 

1. The main positions of thermodynamics: types of systems, the definition of 

thermodynamics. 

2. The exo- and endothermie reactions,  

3. The thermochemical equations.  

4. Hess's Law. 

Theoretical material 

Thermodynamics is the study of the changes in energy that occur in reactions. 

System  



 

 

 

If, for example, reactions are occurring in ajar, everything inside the jar is the 

system, and everything outside the jar is the surroundings. 

 

The system and the surroundings together are called the "universe". 

One important issue is what kind of interactions exists between the system and its 

surroundings. Some system may exchange matter and heat with the surroundings (like a 

system of boiling liquid losing matter and heat with the vapor). This is called an open 

system. If there is just heat exchange occurring between the system and its surroundings 

it is called a closed system. No matter can enter or leave a closed system. And, finally, if 

there is no exchange of heat and no exchange of matter, the system is completely 

isolated. 

Temperature vs. Heat 

If you put a hot iron pot under cold water, it cools down very quickly. This is 

because iron has a low specific heat, which is the amount of energy required to 

increase the temperature of one gram of a substance by one degree Celsius (or 

Kelvin). Solid iron only requires 0.45 J/(g·K), while liquid water holds about 

nine times as much energy (heat) per degree (temperature). So when water 

receives energy from the pot, it only warms up by a few degrees, while the pot 

cools down substantially. 

 

 

A system is the set of substances and energy that is 
being studied. 

 

The surroundings are everything not in the system, 
which means the rest of the universe. 

 

Temperature is the measure of the kinetic energy of 
a particle. Heat is energy, measured in joules (J). 



 

 

Y 

There is a vary big difference between the two. 

 

Exothermic and Endothermic Reactions 

The release of energy in the chemical reactions occurs when the reactants have higher 

chemical energy then the products. The chemical energy in a substance is a type of 

potential energy stored within the substance. This stored chemical potential energy is the 

heat content or enthalpy of the substance. 

The collection of substances that is involved in a chemical reaction is referred to as 

a system and anything else around it is called the surroundings. 

If the enthalpy decreases during a chemical reaction, a corresponding amount of 

energy must be released to the surroundings. Conversely, if the enthalpy increases during 

a reaction, a corresponding amount of energy must be absorbed from the surroundings. 

This is simply the Law of Conservation of Energy. 

Endothermic reactions increase their enthalpy by absorbing heat. They feel cold to 

the touch after they have occurred. Exothermic reactions decrease their enthalpy by 

releasing heat. They will get warm, may even burn or explode if they release enough 

heat. 

You are already familiar with enthalpy: melting ice is exothermic and freezing water 

is endothermic. 

Examples 

When methane bums in air the heat 

given off equals the decrease in 

enthalpy that occurs as reactants are 

converted to products 

When ammonium nitrate is 

dissolved in water, the energy is 

absorbed and the water cools. This 

concept is used in "cold packs". 

CH4(g)+2O2(g)→CO2(g)+2H2O(g)+energy NH4NO3+ H2O+ energy→NH4
+
+NO3

- 

The enthalpy difference between the 

reactants and the products is equal to 

the amount of energy released to the 

surroundings. A reaction in which 

energy is released to the 

surroundings is called an exothermic 

reaction. In this type of reaction the 

enthalpy, or stored chemical energy, 

is lower for the products than the 

reactants.  

The enthalpy difference between the 

reactants and the products is equal to 

the amount of energy absorbed from 

the surroundings. A reaction in 

which energy is absorbed from the 

surroundings is called an 

endothermic reaction. In 

endothermic reactions the enthalpy 

of the products is greater than the 

enthalpy of the reactants. 

Because reactions release or absorb energy, they affect the temperature of 

their surroundings. Exothermic reactions heat up their surroundings while 

endothermic reactions cool them down. 

Thermochemical Equations 



 

 

Equations don't just show chemicals; they also show how much energy is 

required or released. This energy is called enthalpy. There are two ways to 

write a thermochemical reaction, for example: 

2H2 + O2→2H2O + 571,6 kJ 

2H2 + O2→2H2O (𝛥H= – 285,8 kJ) 

Note that the number is negative in the second format. Also, notice how the first 

equation has double the energy because there are two moles of water. The second 

equation shows the amount of heat per mole, so the number of moles does not affect it. 

From a thermochemical reaction, one can tell the molar heat of formation of a 

compound. Usually, this is measured at 25°C, and is written as 𝛥Hf
º
. It is the amount of 

heat required to make one mole of the substance. The small 
0
 symbol means "standard", 

as in Standard Temperature and Pressure. 

Molar heat of combustion is the opposite of the molar heat of formation. It 

measures the amount of energy released when a mole of the compound is burned. It is 

written as 𝛥Hc
º
. 

 

Enthalpy 

 

All reactions have some amount of enthalpy. It is simply the amount of heat absorbed or 

released by the reaction. Combustion reactions obviously release large amounts of heat. 

They have negative enthalpy. A negative enthalpy represents an exothermic reaction, 

releasing heat. A reaction that absorbs heat is endothermic. Its enthalpy will be positive, 

and it will cool down its surroundings. 

Consider these two reactions:  

 

The enthalpy of a chemical system is the "heat 
content" of the system – the energy it contains. 
Enthalpy is represented by the symbol H. 



 

 

 

3C+4H2→ C3H8 (𝛥H= – 104,67 kJ/mol) 

This reaction is exothermic (negative 

enthalpy, release of heat). When the 

reaction occurs, the surroundings will 

increase in temperature due to the gain 

of heat the system releases. For every 

mole of propane (C3H8) formed, 104,67 

kilojoules of energy are released. 

N2 +O2→ 2NO (𝛥H= + 756,05 kJ/mol) This reaction is endothermic (positive 

enthalpy, absorption of heat). When 

the reaction occurs, the surroundings 

will decrease in temperature due to the 

 loss of heat the system absorbed. 

For every mole of NO formed, 378 

kilojoules of heat are absorbed. (Note 

that the reaction shows two moles 

being formed, so the enthalpy is 

double that of one mole being formed.) 

Although energy reaction has a change in enthalpy, the amount depends on the 

temperature. The same reaction could be endothermic at one temperature and 

exothermic at another. Enthalpies must be given at a specific temperature. The 

reactions above show the enthalpies at 25 °C. 

Control questions: 

1. Describe the thermodynamics like a study. 

2. Tell about the different types of systems. 

3. Give the definition of enthalpy. 

4. Explain the Hess’s Law. 

5. What's meaning exo- and endothermic reactions? 

 

 



 

 

Lecture № 31 

The theme: “The calculations according 1m thermochemical reactions. The chemical 

kinetics" 

Theory topics for target: 

1. The calculations of enthalpy and entropy. 

2. The chemical kinetics. 

Theoretical material 

Example 

Make a thermochemical equation for reaction of combustion of aluminum. If it produces 

aluminum oxide and generates heat. At formation of one mole of aluminum oxide 

released 1582 kJ. 

4. We write the equation for the reaction: 

4A1 + 3O2 = 2Al2O3 

As can be seen from the equation, formed by the reaction of 2 moles of Al2O3, so we need 

to recalculate the amount of heat for 2 mol Al2O3. Set up the proportion;  

1mol Al2O3 - - - - - - 1582 kJ 

2 mol Al2O3 - - - - - - - - X kJ x 

Hence X = 2 ×1582 = 3164 (kJ) 

This reaction is exothermic ,  so that 𝛥H = - 3164 kJ 

Answer: 4A1 + 3O2 = 2Al2O3, 𝛥H = - 3164 kJ 

The chemical kinetics and equilibrium  

The rate of chemical reaction 

All chemical reactions proceed with a certain speed. We right reaction equation: 

KOH + HNO3 = KNO3 + H2O 

We denote the initial concentration any 0f the reagents (KOH)the letter c ("tse"). In the 

course of the reaction KOH concentration varies from maximum value to zero. Time is 

denoted by the letter t. The average reaction rate is determined by the formula: 

𝑽 = ±
𝜟𝑪

𝜟𝒕
 

where V – average speed of reaction, mol/ (L s) 

𝛥C – concentration change over a period of time t, mol /L 



 

 

𝛥t – the time period for which the concentration of  the substance changes from C1 to C2 

(the chemical reaction is measured in seconds) 

 

Factors affecting the rate of chemical reaction  

1. The nature of reagents. 

Example: 

Magnesium (Mg)  reacts with hydrochloric acid (HCl) rapidly iron (Fe) and copper 

(Cu) does not interact at all: 

Mg + 2HC1 = MgCl2 + H2  

Fe + 2HC1 = FeCl2 + H2  

Cu + HCl ≠ (reaction does not occur) 

5. The concentration of reagents (for reactions in liquid and gaseous phase). With 

increasing  concentration of the reactants molecules often face, this leads to an 

increase in reaction rate. 

Chemical reaction  can be written in general form: 

aA + bB = cC+dD 

then the reaction rate is: v = k·CA
a
·CB

b 

 

CA·and CB – concentration of the reactants (starting materials, mol /L); 

k – coefficient of proportionality, which is called rate constant of chemical reaction. 

The Law of mass action: 

 

The rate of chemical reaction is the change in 
concentration of the initial substance per unit 
time. The volume of the reacting system remains 
constant. 



 

 

 

 

6. Temperature. 

If temperature increases so the rate of reaction increases. 

 

Van`t Hoff`s Rule: 

 

According to this rule: 

𝑽𝑻𝟐

𝑽𝑻𝟏
= 𝜸

𝑻𝟐−𝑻𝟏
𝟏𝟎  

where 𝑽𝑻𝟐 and 𝑽𝑻𝟏 – rates of reaction before and after increasing temperature; 

𝜸 – temperature coefficient (or Van’t Hoff’s coefficient); 

𝑻𝟐 − 𝑻𝟏 – temperature changes 

Same reactions occur only at high temperatures. 

7. The contact area of reagents 

The greater contact area of reactants, the faster the chemical reaction. Increase 

the contact area can be crushing (for solids) or stirring (for liquids and gases). 

2. Catalysts 

Increase the reaction rate by using catalysts. 

 

The rate of any chemical reaction is proportional 
to the product of the masses of the reacting 
substances, with each mass raised to a power 
equal to the coefficient that occurs in the 
chemical equation.  

 

With increasing reaction temperatry for every 10º 
C , the rate of most reactions is increased by 2 - 4 
times. 



 

 

 

Same reactions occur only in the presence of catalysts. 

Example 

The synthesis of ammonia is only in the presence of platinum (Pt): 

N2 + 3H2 + Pt(kat) = 2NH3 

Reduce speed (= slow) adverse reactions (eg, Corrosion of metals) by using 

inhibitors ("negative " catalysis) 

Control questions: 

1. What is the chemical reaction rate? 

2. What units measure the rate of chemical reaction? 

3. How does the concentration of the reactants on the rate of chemical reaction? State 

the law of action. 

4. What factors influence the rate of chemical reaction? 

5. How does the temperature increase at the rate of chemical reaction? Formulate a 

Van’t Hoff’s Rule. 

6. What are the catalysts? 

 

Lecture №32 

 The theme: "The rate of chemical reactions" 

Theory topics for target: 

1. The definition of rate of chemical reactions. 

2. The calculations. 

Theoretical material 

Reaction Rate  

aA + bB = cC +dD Consider this generic chemical reaction. 

(Lower case letters represent the molar 

 

Catalysts are substances that increase the rate of 
chemical reaction. 



 

 

coefficients.) 

𝑟 = −
1

𝑎

𝑑[𝐴]

𝑑𝑡
= −

1

𝑏

𝑑[𝐵]

𝑑𝑡
=

1

𝑐

𝑑[𝐶]

𝑑𝑡
=

1

𝑑

𝑑[𝐷]

𝑑𝑡
 

The reaction rate r is defined as the rate of 

change of the concentration of the 

substances. Remember that a substance 

written inside brackets is its 

concentration, and it is always raised to 

the power of its coefficient in the reaction 

(just like equilibrium expressions). The 

reaction rate involves Calculus, but in 

non- mathematical terms it is simply the 

rate of change of the concentrations. 

𝑟 = 𝑘[𝐴]𝑎[𝐵]𝑏 Actually measuring the rate of change of 

the reactants and products is difficult. 

Instead, the reaction rate can be 

accurately modeled by a rate equation. 

This is an example of a rate equation that 

might model the above reaction, where k 

is a constant  

 

 

In summary, the reaction rate can be determined using a rate equation, which depends 

on (among other things) the concentration of the reactants. The reaction rate essentially 

measures the speed at which a proceeds. 

 

Factors Affecting Rate 

The rate of a reaction is affected by many factors. These effects can be measured 

empirically or explained by collision theory. 

Concentration  

This is the most obvious factor affecting rate. Increasing the concentration of the 

reactants will increase the rate they react. This is the main purpose of writing a rate 

equation; the concentrations can be plugged in like variables and the rate can be solved 

mathematically. In a rate equation in the form = 𝑘[𝐴]𝑎[𝐵]𝑏 , the concentrations are the 

variables (raised to the powers of their coefficients in the reaction). All other factors that 

can affect rate are lumped into k, which is considered a constant. 



 

 

Collision theory explains this. Higher concentrations means more molecules packed 

into a given space. Therefore, there will be more collisions and thus a faster reaction.   

Pressure 

In a reaction of gaseous reactants, the partial pressure of the gases has the same 

function as concentration. 

Adding an inert gas like argon will not affect the rate because the partial pressures 

reacting remain the same. 

However, increasing the overall pressure (or decreasing the volume if you 

remember the gas laws) will result in a greater reaction rate. The increased pressure 

causes the molecules to collide with more force. More collisions be effective and 

therefore products will form faster. 

Temperature 

As you should already know, a molecule's kinetic energy is directly proportional 

to its temperature By increasing the temperature, collide more vigorously,  and more 

collisions will be effective. 

Stirring 

In a heterogeneous reaction there are two or more phases of matter interacting, 

such as a solid dissolving into liquid. Stirring or shaking the mixture  will speed up the 

reaction rate. This is common sense. When you add sugar to a drink, you stir it because 

you know it will dissolve faster. Collision  theory would predict this because the 

stirring would increase the number of collisions between reactant molecules. 

In a similar manner, increasing the  surface area of a solid reactant will increase the 

reaction rate. 

Catalysts/Enzyme 

 



 

 

 

 

The activation energy Ea  is decreased by a catalyst , but the overall reaction does not 

change. 

A catalyst is a substance that helps a reaction proceeds without being consumed. 

Catalysts have already been explored in this book. One way or another, they reduce the 

activation energy needed for a reaction to occur, making it occur faster. 

In biochemistry, an enzyme is a protein that serves  as a catalyst. 

Control question: 

1. Give the definition of rate of chemical reaction. 

2. Describes the factors affecting the rate 

3. What’s meaning catalyst and enzyme? 

 

Lecture № 33 

The theme: “The reversible and irreversible reactions. The chemical equilibrium. 

The equilibrium constant. Le Chatelier’s principle. ” 

Theory topics for target: 

1. The classification of chemical reactions; backward and forward directions. 

2. Riversible and irreversible reactions. 

3. The chemical equilibrium, rate equilibrium constant.  

4. Le Chatelier’s principle. 

Theoretical material 

Chemical equilibrium occurs when a reversible reaction is occurring backwards and 

forwards at the same time by the same amount. It is the balancing point of a chemical 

reaction, when it seems to stop happening. Although some reactions (like the combustion 



 

 

of propane) occur to completion (no backwards reaction), most reactions occur in both the 

forward and backward direction. One reaction will occur at faster rate than the other, 

causing a net result. As the reaction progresses, the forward reaction slows down and the 

backward reaction speeds up. When the rates are equal, equilibrium has occurred. The 

reaction appears to have stopped, and the total amount of products and reactants remains 

stable. 

Chemical reactions never really stop, but they no longer make any progress once 

the forwards and backwards reactions are occurring at the same rate. This is 

equilibrium. 

The Equilibrium Constant 

The ratio of products to reactants, or Keq is known as the equilibrium constant. For the 

generic reaction mA + nB→xC+yD, the equilibrium constant is 

𝑲𝒆𝒒 =
[𝑪]𝒙[𝑫]𝒚

[𝑨]𝒎[𝑩]𝒏
 

where [𝑿] detonates the activity of X. The activity of X is: 

 its concentration if X is a gas or in a solution 

 1 if X is a pure solid or pure liquid 

In the other words, pure solids and liquids don't affect the equilibrium constant, as 

long as there is enough for to proceed. Their activity is 1, so they don't need to be written 

in the equilibrium constant. 

KP and KC 

There are two types of Keq. One is KC, and the activities are concentrations. You are 

already familiar with this expression; it is the normally-used Keq. For gaseous reactions, 

you may use the concentration equilibrium. You may also use partial pressures instead of 

concentrations. This expression is denoted KP. The activities are partial pressures instead 

of concentrations. This can only be used when all products and reactants are in the 

gaseous phase. 

To convert between KP and KC , there is an equation: 

𝑲𝒑 =  𝑲𝒄(𝑹𝑻)𝜟𝒏 

R is the Universal Gas Constant and T is the temperature at which the reaction is 

occurring. 𝛥n is the change (in moles) of gas molecules between products and reactants. 

It may be zero (in which case 𝑲𝒑 =  𝑲𝒄). 



 

 

Calculations With K 

The exact value of K doesn't really matter. What is important is its magnitude. 

K > 1 Reactions favors products  

K < 1 Reaction favors reactants 

If the reaction favors products, it will occur in the forward (left-to-right) direction. If 

K is very large, the reaction will occur mostly to completion, using up almost all the 

reactants. 

If the reaction favors reactants, it will occur in the reverse (right-to-left) direction. If 

K is very small, the reaction will use up almost all the products and make them into 

reactants. The reverse reaction is favored. 

Le Chatelier's Principle 

 

 

There are several changes that can effect the equilibrium position of a system: 

• Concentration 

• Pressure | Volume 

• Temperature 

•  

Concentration 

If the concentrations in a system are changed, Le Chatelier's Principle predicts that 

the equilibrium position will shift to minimize the change. 

CO(g) + H2O(g) ↔ CO2(g) + H2(g) 

 

When any system at equilibrium is subjected to 
change in concentration, temperature, volume, 
or pressure, then the system readjusts itself to 
(partially) counteract the effect of the applied 
change and a new equilibrium is established.  
In other words, whenever a system in 
equilibrium is disturbed the system will adjust 
itself in such a way that the effect of the change 
will be nullified. 



 

 

For example, let us say that the reaction above is at equilibrium. Adding more 

reactants (CO(g) and H2O(g)) will disturb the equilibrium system because it raises the 

reactant concentration. The system will then produce more products (CO2(g) and 

H2O(g)) and will decrease the reactant concentration in order to obtain equilibrium again. 

The system is now at a new equilibrium position, and the change created has been 

minimized. 

The above example shows that increasing the reactants in an equilibrium system 

favors the products because the system produces more products and reduces the amount 

of reactants. The table below shows the response of an equilibrium system to changes in 

concentration: 

Change in Concentration System response 

Increase reactant    Favors products 

Decrease reactant    Favors reactants 

Increase product    Favors reactants   

Decrease product    Favors products 

 

Pressure / Volume 

If some the substances in a system are gas, changing their partial pressure is the 

same as changing their ions. 

If the volume increased, the overall pressure decreases (and vice versa). Consider 

the reaction A + B →3. There are three moles of products for every two moles of 

reactants. The product side has higher pressure then the reactant side. So, if pressure is 

increased (or volume decreased), equilibrium will shift towards the lower pressure side. 

Products will be consumed (by the reverse reaction) and reactants will form. 

If pressure decreased (or volume increased), equilibrium will shift towards the 

higher pressure side. 

If an inert gas (such as neon) is added to a system, it will raise the overall pressure. 

However, the partial pressure of all products and reactants are unchanged, so no shift in 

equilibrium occurs. 

 

Temperature 



 

 

Changes in concentration, pressure, and volume affect the equilibrium position, 

but the equilibrium Keq, is unchanged. These changes can be calculated using the 

equilibrium expression and known values of Keq and concentrations. 

Temperature, however, does change the value of Keq. When given a value of K, 

you will also be given a temperature because K is dependent on the temperature. 

An increase in temperature will favor the endothermic (heat-absorbing) side of a 

reaction. A decrease in temperature will favor the exothermic (heat-releasing) side of a 

reaction. 

For example, the following reaction is very exothermic: 

2H2 + O2 →2H2O 

Beacous it is exothermic, you can think of it like this: 

2H2 – O2 →2H2O + heat 

At room temperature, Keq for this reaction is 3,2 × 10
81

. If this reaction happens at 

a very high temperature, what will happen? Less product will form (or may be the 

reverse reaction will occur if the temperature is high enough) and Keq will be smaller. 

What will happen if this reaction occurs at a very low temperature? More product will 

form and Keq will be larger. 

Control questions: 

1. Explain the chemical equilibrium. 

2. Tell about reversible and irreversible reactions. 

3. Give the definition and calculations for equilibrium constant. 

4. Describe Le Chatelier’s principle. 

 



 

 

Lecture № 34 

The theme: “Redox reaction. Oxidation state. ” 

Theory topics for target:  

1. Redox reaction. 

2. Oxidation state. 

3. Calculations. 

Theoretical material 

Oxidation states are used to determine the degree of oxidation or reduction that an 

element has undergone when bonding. 

 

 

Gaining electrons is reduction 

Losing electrons is oxidation. 

The oxidation state of an atom within a molecule is the charge it would have if 

the bonding were completely ionic, even though covalent bonds do not actually 

result in charged ions. 

Method of notation 

Oxidation states are written above the element or group of elements that they 

belong to (when drawing the molecule), or written with roman numerals in 

parenthesis when naming the elements. 

Examples 

Al
0
 aluminum 

Al
3+

 aluminum(III), an ion 

Determining oxidation state  

For single atoms or ions 

Because oxidation numbers are just the sum of the electrons gained or lost, 

calculating them for single elements is easy. 

 

The oxidation state of a compound is the sum of 
the oxidation states of all atoms within the 
compound, which equals zero unless the 
compound is ionic 



 

 

The oxidation state of a single element is the same as its charge. Pure elements 

always have an oxidation states of zero. 

 

Examples 

K
+1

, Br
0
, Na

+1
, Cl

-1
 

Notice that the oxidation states of ionic compounds are simple to determine. 

 

For larger molecules 

Although covalent bonds do not result in charges, oxidation states are still 

useful. They label the hypothetical transfer of electrons if the substance were ionic. 

Determining the oxidation states of atoms in a covalent molecule is very important 

when analyzing "redox" reactions. When substances react, they may transfer 

electrons when they form the products, so comparing the oxidation states of the 

products and reactants allows us to keep track of the electrons. 

Examples 

𝐻+1𝐶𝑙−1 for hydrogen chloride 

𝐻2
2(+1)

𝑂−2for water 

𝐶𝑙+3𝑂2
2(−2)

for the chlorite ion  

Oxidation states do not necessarily represent the actual charges on an atom in 

a molecule. They are simply numbers that indicate what the charges would be if 

that atom had gained or lost the electrons involved in the bonding. For example, 

CH4  is a covalent molecule – the C has no charge nor does the H, however the 

molecule can be assigned a -4 oxidation state for the C and a +1 oxidation state for 

the H`s. 

Guidelines 

Determining oxidation states is not always easy, but there are many guidelines 

that can help. This guidelines is this table are listed in order of importance. The 

highest oxidation state that any element can reach is +8in XeO4. 

Element Usual Oxidation State 

 

Fluorine Fluorine, , being the most electronegative element, will 

always have an oxidation of -1 (except wben it is bonded to 

itself in F2, when its oxidation state is 0) 



 

 

Hydrogen Hydrogen always has an oxidation of + 1, -1, or 0. It is +1 when 
it is bonded to a non-metal (e.g. HCl, hydrochloric acid). It is -1 

when it is bonded to metal (e.g. NaH, sodium hydride). It is 0 

when it is bonded to itself in H2. 

Oxygen Oxygen is usually given an oxidation number of -2 in its 

compounds, such as H2O. The exception is m peroxides (O2
-2

) 

where it is given an oxidation of -1. Also, in F2O oxygen is given 

an oxidation of +2 (because fluorine must have -1), and in O2, 

where it is bonded only to itself, the oxidation is 0 

Alkalyi 

metals 

The Group 1A metals always have an oxidation of +1, as in 

NaCl. The Group 2A metals always have an oxidation of +2, as 

in CaF2, There are some rare exceptions that don't need 

consideration. 

Halogens The other halogens (Cl, Br, J, At) usually have an oxidation of -

1. When bonded to another halogen, its oxidation will be 0. 

However, they can also have +l,+3, +5 or +7. Looking at the 

family of chlorides, you can see each oxidation state (Cl2 (0), Cl
-
 

(-1), CIO
-
 (+1),         ClO2

-
 (+3), ClO3

-
 (+5), ClO4

-
 (+7)). 

Nitrogen Nitrogen (and the other Group 5A elements, such as phosphorus, 

P) often have -3 (as in ammonia, NH3), but may have +3 (as in 

NI3) or +5 (as in phosphate, PO4
3-

 ) 

Carbon Carbon can literally have any oxidation state (from -4, as in CH4, 

to +4, as in CF4). It is best to find the oxidation of other elements 

first 

In general, the more electronegative element has the negative number. Using a chart of 

electronegativity,  you can determine the oxidation state of any atom within a 

compound. 

Control questions: 

1. Give the definition of reductant and oxidant. 

2. Describe the mechanism of redox reactions. 

3. Explain the definition of oxidation state. 

4. Determine the oxidation state of each elements for H2SO4. 

 

 

 



 

 

Lecture № 35 

The theme: “Electronic method for write a redox reactions”. 

Theory topics for target: 

1. Redox reaction. 

2. Oxidation state. 

3. Calculations – electronic method for write a redox reaction. 

Theoretical material 

Redox (shorthand for reduction/oxidation reaction) describes all chemical 

reactions in which atoms have their oxidation number (oxidation state) changed. 

This can be either a simple redox process such as the oxidation of carbon to 

yield carbon dioxide, or the reduction of  carbon by hydrogen to yield methane 

(CH4), or it can be a complex process such as the oxidation of sugar in the human 

body through a series of very complex electron transfer processes. 

The term redox comes from the two concepts of reduction and oxidation. It can 

be explained in simple terms: 

Non-redox reactions, which do not involve changes in formal charge, are known 

as metathesis reactions. 

 

However, descriptions (though sufficient for many purposes) are not truly 

correct. Oxidation and reduction properly refer to a change in oxidation number – the 

actual transfer of electrons may never occur. Thus, oxidation is better defined as an 

increase in oxidation number, and reduction as a decrease in oxidation number. In 

practice, the transfer of electrons will always cause a change in oxidation number, 

but there are many reactions which are classed as "redox" even though no electron 

transfer occurs (such as those involving  covalent bonds). 

 

Oxidation describes the loss of electrons by a 
molecule, atom, or ion  
Reduction describes the gain of electrons by a 
molecule, atom, or ion 



 

 

Т 

 

The oxidation state – it is a conditional charge of the atom in the molecule. 

Atoms, molecules or ions  donate electrons , oxidized, and are called reducing 

agents, and the process of recoil electrons is called oxidation: 

Example: 

Cu
0
 – 2e

-
→ Cu 

+2
  

Fe 
+2

 – 1e
-
→ Fe

+3
 

The oxidation of the degree of oxidation is increased (0 → +2; +2 → +3). 

Atoms, molecules or ions that attach electrons restored and are called oxidants, 

and the accession process electron is called reduction 

A1
+3

 + 3e
-
→ Al° 

S0 + 2e
-
→ S-2  

 

Control questions: 

1. What's meaning reduction and oxidation reactions? 

2. Give the definition of reductant and oxidant.  

 

 

Lecture № 36 

The theme: “Electronic method and iono-electronic methods for write redox 

reactions. “ 

Theory topics  for target: 

1. Redox reaction. 

2. Oxidation state. 

3. Calculations – electronic method for write a redox reaction. 

 

The oxidation-reduction reaction (OVR) is a 
reaction in which a change in the oxidation state 
of elements 



 

 

 

Theoretical material 

Example: 

Consider the change in redox properties the third period from Na to Cl: 

Na (atom): ls
2
2s

2
2p

6
3s

1
 – e

-
 → Na (ion) ): ls

2
2s

2
2p

6
3s

0
 

Sodium is easily donates an electron and a reducing agent (oxidized) 

 

Cl (atom): ls
2
2s

2
2p

6
3s

2
3p

5
 + e

-
 → Cl

-1 
(ion): ls

2
2s

2
2p

6
3s

2
3p

6 
chlorine takes an 

electron and oxidant (reduced). 

 

Within a single main group (top to bottom) oxidation properties are reduced and 

the reduction increases.  

 

Example:  

О and S are in the VI group, but oxygen is the oxidizer, and sulfur may be a 

reducing agent: 

S
0
 + O2 = S

+4
O

-2
2 

S
0
 – 4e

-
 → S

+4 
 (reductant)  

2O + 4e
-
 → 2O 

-
2 (oxidant) 

When interacting with iron-sulfur oxidizing agent is: 

Fe
0
 + S

0
 =Fe

+2
S

-2 

Fe – 2e
-
 → Fe

+2
 (reductant) 

S
0
 + 2e

-
 → S

-2
 (oxidant) 

The most important reducing agents: metals, hydrogen, carbon (C), CO, H2S, 

H2SO3, HJ, HBr, HCl. 

The most important oxidizing agents: halogens, КМnО4, O2, О3, H2O2, 

concentrated H2SO4, HNO3. 

Writing equations 



 

 

According to the law of conservation of matter, electrons do not disappear  or 

appear in the cours of chemical reactions. They move from one atom to others. To 

set up the equations WRA are most commonly used method electronic balance. 

Example:  

Arrange the coefficients in the reaction, using the method electronic balance:  

Al + O2 = Al2O3 

 

1) Spreading the degree of oxidation of the elements involved in  WRA: 

Al
0
 + O2 = Al

3+
2O

2-
3 

2) We write the transfer of electrons from the reduction to 

the oxidant. In this reaction, the reducing agent Al
0
 , oxidant O2: 

Al – 3e
-
 → Al

+3
 

2O2 + 4e
-
 → 2O

-2 

 

Al – 3e
-
 → Al

+3
     |

 
×4 

2O2 + 4e
-
 → 2O

-2
  |×3 

 

The total number of electrons = n.o.k. = 3.4 = 12 

To give 12 electrons an atom needs 4 Al, Al in front of so reaction rate equation 

рut 4. To accept the 12 electrons 3 oxygen molecules needed (O2), so О2 to put a 

factor of 3:  

4Al
0
 + 3O2 = 2Al

3+
2O

2-
3 

Control questions: 

1. Describe the process reduction and oxidation. 

2. Give the definition of reductant and oxidant. 

3. Describe  the procedures for write redox reaction with the chemical 

coefficients. 
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