
CHEMISTRY- I PUC 

 UNIT 1 : Some Basic concepts of Chemistry 

Matter and its classification: 

❖ Matter: Anything that occupies space, has mass. The three states of matter are 

Solids, liquids and gases. 

❖ Chemical classification of matter: Two types of classification- 

a) Pure substances: a material with only one type of substance. i.e., elements and 

compounds. 

b) Mixtures: materials with two or more substances.. 

❖ Elements: It is a pure substance that contains only one kind of atoms. Eg: oxygen, 

gold etc. 

❖ Compounds: It is a pure substance containing two or more elements in a fixed ratio 

by weight. It is always homogeneous.eg: water, CO2, hydrochloric acid etc. 

❖ Mixture: It is a material containing two or more substances (elements or 

compounds) in any proportion. It may be homogeneous or heterogeneous.  

❖ Homogeneous mixture : a mixture having uniform composition throughout and 

consists of only one phase is called homogeneous mixture. 

Eg: salt solution, sugar solution, alcohol and water. 

❖ Heterogeneous mixture:  If the composition is not uniform throughout and 

consists of a number of phases, it is called heterogeneous mixture. 

Eg: sand in water, water and oil etc. 

 

Properties of matter and their measurements in chemistry:  

➢ Every substance has unique or characteristic properties. These properties can be 

classified in to two categories- Physical properties and Chemical properties.  

➢ Physical properties: properties which can be measured or observed without 

changing the identity or composition of the compound.  

Example: Colour, Odour, Boiling point, Melting point, Density etc.  

➢ Chemical properties: properties which can be measured by changing the 

rcomposition of the compound. 

Example: Acidity, Basicity, Combustibility, etc.  

 

International System of Units (SI): The value of physical quantity is expressed as 

its mathematical value and a unit. SI system has seven base SI units, they are 

Physical Quantity Abbreviation Name of the unit Symbol 

Length l meter m 

Mass m kilogram kg 

Time t second s 

Electric current I ampere A 

Temperature T kelvin K 

Amount of Substance n mole mol 

Luminous intensity Iv candela cd 

 



➢ Derived units: The units of different physical quantities can be derived from the 

basic seven SI units. These are called as derived units. 

Physical 

quantity 
Definition of quantity unit 

Expression in terms of SI 

basic units 

Area Length squared m2 

Volume Length cubed m3 

Density Mass per unit volume kg m-3 

Speed Distance travelled per unit time ms-1 

Acceleration Speed change per unit time ms-2 

Force Mass times acceleration kg ms-2 

Pressure Force per unit area kg m-1s-2 or Nm-2 

 

➢ Difference between Mass and Weight: Mass of a substance is the amount of 

matter present in it. Weight is the force exerted by gravity on a body. The mass of a 

substance is constant which can be measured accurately in the laboratory by using 

an analytical balance. Weight of a substance may vary from one place to another due 

to change in gravity.  

➢ Temperature: There are three common scales to measure temperature – degree 

Celsius (oC), degree Fahrenheit (oF) and Kelvin (K). Relationship between the SI and 

non-SI units of temperature are:                  K = 273.15 + oC   
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➢ Scientific Notation: In order to express very large numbers and small numbers in 

an easy manner, we need to follow scientific notation. Scientific notation the 

expression of a number in the form N x 10n. 

Where N = number with a single non-zero digit to the left of the decimal point. 

      n = some Integer. (0, ±1, ±2, ±3…) 

➢ Addition and subtraction of scientific notation numbers: For these two 

operations, first the numbers are written in such a way that, they have same 

exponent. Add or subtract N values as the case may be and multiply by 10, the 

exponent numbers are added or subtracted as the case is.  

Example: Add the following scientific notation numbers, 2.77 X 104 and 2.89 X 103. 

2.77x 104 + 0.289 x 104 = (2.77 + 0.289) x 104= (3.059) x 104  = 3.059x 104 

 

➢ Multiplication and division of scientific notation numbers: These two 

operations follow the same rule. Multiply N numbers and write number 10, add the 

exponent n value for multiplication and subtract n value of denominator from n value 

of numerator.  

Example: 

❖ (5.6 x 105) x (6.9 x 108). 

(5.6 x 105) x (6.9 x 108) = (5.6 x 6.9) x 105+8   = (5.6 x 6.9) x 1013 

      = 38.64 x 1013 =3.864 x 1014  
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➢ Accuracy and Precision:  Accuracy is the agreement of a particular value to the 

true value of a result. Precision refers to the closeness of various measurements for 

the same physical quantity. 

➢ Significant figures: The uncertainty in the experimental or the calculated values is 

indicated by mentioning number of significant figures.  

Significant figures are meaningful digits which are known with certainty. The 

uncertainty is indicated by writing the certain digits and the last uncertain digit. 

➢ Rules for determining significant figures: 

1. All non-zero digits are significant; example: 235cm has three significant figures; 

0.25 mL has two significant numbers. 

2. Zeros to the left of the first non-zero digit in the number are not significant.  

Example: 0.004 has only one significant figure; it can be written as 4 x 10-3. 

0.03, 0.000025, 0.154 has one, two and three significant figures respectively. 

3. Zeros between non-zero digits are significant; example: 8.02 cm has three 

significant figures. Similarly 2.001, 0.020005 and 0.100005 has four, five and six 

significant figures respectively.  

4. Zeros to the right of the decimal point are significant. Example: 70 have only one 

significant figure but 70., 70.0, 70.00, 70.000 and 70.0000 has two, three, four, 

five and six significant figures respectively. These numbers can be represented as 

7.0 x 101, 7.00 x 101, 7.000 x 101, 7.0000 x 101 and 7.00000 x 101 respectively.  

5. Counting the number of objects, for example, 2 balls or 20 eggs have infinite 

significant figures.  

6. If the numbers are written in scientific notation, all digits of ‘N’ value are 

significant. Example: 2.0 x 10-2, 6.023 x 1024, 6.63 x 10-34 has two, four and 

three significant figures respectively.  

➢ Addition and subtraction of significant figures: While adding or subtracting the 

significant figure, the answer cannot have more digits to the right of the decimal 

point than either of the original numbers.  

Example: Add 12.11 and 18.0. 

12.11

18.0

30.11

 

Here 18.0 have only one digit after the decimal point and the result should be 

reported only up to one digit after the decimal, i.e. 30.1 should be the answer. 

 

➢ Multiplication and division of significant figures: After multiplication and 

division of significant figures, the result must be reported with no more than 

significant figures than the multiplied numbers which has least significant figures. 

Example: Multiply the significant figures 2.5 x 1.25. 

2.5 x 1.25 = 3.125. 

The multiplied numbers are 2.5 and 1.25. Here 2.5 have 2 significant figures and 

1.25 has 3 significant figures.   

The least number of significant figures present in the multiplied numbers is two, i.e. 

2.5. Therefore the answer should be expressed with two significant figures, i.e. 3.1.  

➢ Rules for rounding off the numbers: 

1. If the right most digit to be removed is more than 5, the digit preceding to that 

digit is increased by one. Example: 31.56 is expressed as 31.6. 

2. If the right most digit to be removed is less than 5, the digit preceding to that 

digit is retained as such. 



Example: 22.23 is expressed as 22.2. 

3. If the right most digit to be removed is 5, then 

i. If the preceding number is an even number, then it is retained as such. 

Example: 15.25 is expressed as 15.2. 

ii. If the preceding number is an odd number, then it is increased by one. 

Example: 15.35 is expressed as 15.4. 

➢ Laws of chemical combinations: The combination of elements to form compounds 

is governed by the following basic laws. 

1. Law of conservation of Mass: It was stated by Antoine Lavoisier in 1789  

“Matter can neither be created nor destroyed” 

2. Law of definite proportions(compositions) : stated by Joseph Proust in 1799.  

“A given compound always contains exactly the same proportions of 

elements by weight”. 

3.  Law of multiple proportions: It was stated by John Dalton in 1803.  

“If two elements can combine to form more than one compound, the 

masses of one element that combines with a fixed mass of the other 

element, are in the ratio of small whole numbers”. 

4. Law of Reciprocal proportions/ law of chemical Equivalents: stated by Richter. 
 “The ratio of weights of two elements A and B which combines with a 

fixed weight of the third element C is either the same or a simple 

multiple of the ratio of the weights of A and B which directly combine 

with each other.  

5. Gay Lussac’s Law of gaseous volumes: stated by Gay Lussac in 1808.  

 “When gases combines or are produced in a chemical reaction they do so 

in a simple ratio by volume provided all gases are at same temperature 

and pressure”. 

6. Avogadro Law: stated by Amedeo Cario Avogadro in 1811.  

“Equal volumes of gases at same temperature and pressure should 

contain equal number of molecules”. 

7. Dalton’s atomic theory: John Dalton proposed atomic theory of matter in 1808 

which is called as ‘A New System of Chemical Philosophy’.  

Postulates:  

1. Matter consists of extremely small indivisible particle called as atoms. 

2. All the atoms of given element have identical properties including identical 

mass. Atoms of different elements differ in mass.  

3. Compounds are formed when atoms of different elements combine in a fixed 

ratio.  

4. Chemical reactions involve reorganization of atoms. Atoms can neither be 

created nor destroyed.  

➢ Atomic mass: Atomic mass is defined as the ratio of Average mass of an atom of 

the element to 
th

1

 12
 the mass of an atom of C-12 isotope. 

➢ Atomic mass unit (amu)/ unified mass (u).  

One atomic mass unit is defined as a mass exactly equal to 
th

1

 12
the mass of one 

carbon -12 atom. 1amu = 1.66056 x 10-24g. 

 



➢ The average atomic mass of an element can be calculated by knowing the isotopes 

and  the relative abundance of elements. 

➢ Molecular mass: Molecular mass is the sum of atomic masses of the elements 

present in a molecule. It is obtained by multiplying the number of atoms of each 

element by its atomic mass present in a molecule and adding them together.  

➢ Formula mass: Some substances such as NaCl or KCl (ionic compounds) do not 

contain discrete molecules as their constituent units. In such compounds, positive 

(Na+) and negative (Cl-) entities are arranged in a three dimensional structure.  

➢ Mole concept: amount of substance containing avogadro number of particles is 

called as mole. 

The number of entities in one mole of any substance is the same, i.e. 6.022 x 1023.  

In order to determine this number precisely, the mass of a carbon-12 atom was 

determined by a mass spectrometer and found to be equal to 1.992648 x 10-23g. 

Knowing that one mole of carbon weighs 12g, the number of atoms in it equal to:
12

23

-23 12

12g/ mol C
6.0221367x 10 atom/ mol

1.992648 x 10 g/ C atom
  . 

The mass of one mole of the substance is called as the molar mass of the 

substance. 

➢ Avogadro’s number:NA: 6.022 x 1023 

➢ Percentage composition: In order to determine the percentage composition of 

each element by mass in a molecule, we have the formula   

Mass of that element in the compound
Mass % of an element =  x 100

Molar mass of the compound
 

 

➢ Empirical Formula for Molecular formula:  

Empirical formula represents the simplest relative whole number ratio of various 

atoms present in a compound.. 

Molecular formula shows the exact number of different types of atoms present in a 

molecule of a compound.  

Rules to determine the Empirical formula of the compound: 

1. The percentage composition of each element is expressed in gram by taking 100g 

of the compound as the starting material so that mass percent is expressed in 

grams.  

2. The grams obtained in the above step are divided by its gram atomic masses of 

various elements to convert in to moles. 

3. Each mole values obtained in the above step is divided by least mole obtained in 

the above step. If the ratio is not a whole number, all the numbers obtained in 

the above step are multiplied by a suitable number to get simple whole number.  

4. Write the empirical formula by mentioning the numbers after writing the symbols 

of respective elements. 

➢ Rules to determine the molecular formula of the compound by knowing the 

molar mass: 

1. The empirical formula of the compound is determined. 

2. Empirical mass of the compound is found by adding the masses of atoms. 

3. Molecular mass of the compound is divided by empirical mass and the value 

obtained is noted as ‘n’. 

4. To get molecular formula, multiply empirical formula by n value. 

i.e. Molecular formula = Empirical formula x n 



➢ Stoichiometry: Stoichiometry thus deals with the calculation of masses and 

sometimes volumes also of the reactants and products involved in a chemical 

reaction.  

➢ Limiting reagent: Limiting reagent may be defined as the reactant which is 

completely consumed during the reaction.  Limiting reagent determines the 

amount of product to be formed in the reaction.  

➢ Reactions in solution: Many of the reactions in the chemistry laboratory are carried 

out in solutions. If the reactions are carried out in the liquid state, then concentration 

of dissolve substance (solute) in the solution is important. In order to express the 

concentration of the solute in the given solution, we have the following terms. 

1. Mass percent: It is obtained by using the formula relation:  

Mass of solute
Mass percent  =  x 100

Mass of solution 
 

 

2. Mole fraction: Mole fraction is defined as the ratio of number of moles of a 

particular component to the total number of the solution.  

If a substance ‘A’ is dissolve in substance ‘B’ and if the number of moles of ‘A’ is na 

and the number of moles of ‘B’ is ‘nb’, then 

Mole fraction of A= XA= A

A B

nNo. of moles of A
  = 

No. of moles of the solution n + n  
 

 

Mole fraction of B= XB = B

A B

nNo. of moles of B
  = 

No. of moles of the solution n + n  
 

 

3. Molarity:It is denoted by the ‘M’. It is defined as the number of moles of solute 

in one liter of the solution. Thus Molarity is given by, 

No. of moles of solute
Molarity (M)  = 

Volume of the solution in litres  

Thus the unit of molarity is moles per liter (mol L-1) or moles per decimeter cube 

(mol dm-3). With increase in temperature, molarity decreases. 

4. Molality: It is defined as the number of moles of present in 1kg of solvent. It id 

denoted by ‘m’.molality is temperature independent.  

5. 

Number of moles of  solute
Molality (m)  = 

Mass of solvent in  kg  

 

 

Important questions: 

1. Homogeneous and heterogeneous mixtures with example. 

2. SI units 

3. Difference between mass and weight 

4. Laws of chemical combination 

5. amu and mole concept, their values 

6. different concentration terms 

7. Problems: Empirical and molecular formula, stoichiometry, molarity, molality. 


