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Q.1 Physical quantities and units. 

 

1. Physical Quantities 

Physical quantities are properties or characteristics of objects or phenomena that can be 
measured or calculated. They are categorized into two main types: 

 Base Quantities: These are fundamental quantities that are defined independently and 
serve as the foundation for other measurements. The International System of Units (SI) 
recognizes seven base quantities: 

o Length (meter, m): The distance between two points. 

o Mass (kilogram, kg): The amount of matter in an object. 

o Time (second, s): The duration of events. 

o Electric Current (ampere, A): The flow of electric charge. 

o Temperature (kelvin, K): The measure of thermal energy. 

o Amount of Substance (mole, mol): The quantity of entities (e.g., atoms, 
molecules). 

o Luminous Intensity (candela, cd): The perceived power of light. 

 Derived Quantities: These are quantities that can be expressed as combinations of 
base quantities. Examples include: 

o Velocity (m/s): The rate of change of position. 

o Acceleration (m/s²): The rate of change of velocity. 

o Force (newton, N): The interaction that causes a change in motion. 

o Energy (joule, J): The capacity to do work. 

o Pressure (pascal, Pa): The force applied per unit area. 

2. Units of Measurement 

Units are standardized quantities used to express physical measurements. The SI system 
provides a coherent set of units for base and derived quantities, ensuring consistency in 
scientific communication. 

3. Dimensional Analysis 



Dimensional analysis involves examining the dimensions (i.e., the powers of base quantities) of 
physical quantities. It is a powerful tool for: 

 Checking the consistency of equations. 

 Deriving relationships between physical quantities. 

 Converting units. 

 

Q.2 Interconversion of units MKS (SI) to CGS and vice versa. 

 

1. MKS and CGS Systems 

 MKS System: Also known as the SI (International System of Units), it uses the meter (m) 
for length, kilogram (kg) for mass, and second (s) for time. 

 CGS System: An older metric system that uses centimeter (cm) for length, gram (g) for 
mass, and second (s) for time. 

2. Conversion Factors 

To convert between MKS and CGS units, use the following factors: 

 Length: 

o 1 meter = 100 centimeters 

o 1 centimeter = 0.01 meters 

 Mass: 

o 1 kilogram = 1000 grams 

o 1 gram = 0.001 kilograms 

 Force: 

o 1 newton (N) = 10^5 dynes 

o 1 dyne = 10^-5 newtons 

 Energy: 

o 1 joule (J) = 10^7 ergs 

o 1 erg = 10^-7 joules 

3. Conversion Examples 

 Force Conversion: 

o To convert 5 newtons to dynes: 

 5 N × 10^5 = 5 × 10^5 dynes 

 Energy Conversion: 



o To convert 2 joules to ergs: 

 2 J × 10^7 = 2 × 10^7 ergs 

 4. Interconversion Examples 
 

 Let’s consider a few examples to illustrate the interconversion process: 
 Example 1: Converting Length from MKS to CGS 
 If the length is 5 meters (m), we can convert it to centimeters (cm) as follows: 
 Length in cm=5 m×100=500 cm 
 Example 2: Converting Mass from CGS to MKS 
 If the mass is 200 grams (g), we can convert it to kilograms (kg) as follows: 
 Mass in kg=200 g÷1000=0.2 kg 

 

Errors and Measurement of Errors 

1. Errors in Measurement 

An error in measurement refers to the difference between the true value and the measured 
value of a quantity. Errors arise due to imperfections in instruments, human limitations, and 
external conditions. 

2. Types of Errors 

a. Systematic Errors 

These errors have a definite cause and occur consistently in one direction. Systematic errors 
can be classified into: 

 Instrumental Errors: Caused by imperfections in measuring instruments. 

 Personal Errors: Due to human mistakes in observation. 

 Environmental Errors: Caused by external factors such as temperature, humidity, and 
pressure. 

b. Random Errors 

These errors occur unpredictably due to unknown factors. They are minimized by taking 
multiple measurements and averaging them. 

c. Gross Errors 

These are large errors caused by human mistakes, such as reading an instrument incorrectly. 

 

3. Estimation of Error 

To estimate errors, we analyze the difference between measured values and the true value. The 
error is often calculated by statistical methods. 

Example: 



A student measures the length of a rod three times: 5.21 cm, 5.25 cm, and 5.22 cm. The true 
length of the rod is 5.23 cm. 

 Absolute Error for each measurement: 

o ∣5.21−5.23∣=0.02 

o ∣5.25−5.23∣=0.02 

o ∣5.22−5.23∣=0.01 

 Mean Absolute Error: Eˉ=(0.02+0.02+0.01)/3=0.0167 cm 

 

4. Relative Error and Percentage Error 

Relative Error 

It is the ratio of absolute error to the true value: 

Relative Error=Absolute Error/True Value 

Percentage Error 

It is the relative error expressed as a percentage: 

Percentage Error=(Absolute Error/True Value)×100% 

Example: 

A student measures the mass of an object as 49.2 g, but the actual mass is 50.0 g. 

 Absolute Error: ∣50.0−49.2∣=0.8 g 

 Relative Error: 0.850.0=0.016 

 Percentage Error: 0.016×100=1.6% 

 

5. Propagation of Errors 

When errors occur in multiple measured quantities, they propagate through calculations. 

Addition and Subtraction Rule 

When adding or subtracting quantities with errors: 

ΔZ=ΔA+ΔB 

Example: 

If the measured values are: 

 A = 10.5 ± 0.2 cm 

 B = 5.3 ± 0.1 cm 
Then, 

 Sum: (10.5+5.3)=15.8 cm 



 Total Error: 0.2+0.1=0.3 cm 

 Final Value: 15.8±0.3 cm 

Multiplication and Division Rule 

For multiplication and division, relative errors are added: 

ΔZ/Z=ΔA/A+ΔB/B 

Example: 

If a voltage is measured as V=12.0±0.2V and current as I=2.0±0.1A, then: 

 Relative Error in Voltage: 0.212.0=0.0167 

 Relative Error in Current: 0.12.0=0.05 

 Total Relative Error: 0.0167+0.05=0.0667 

 Percentage Error: 6.67% 

 

 

Units and Measurement: Vernier Caliper & Micrometer Screw Gauge 

Vernier Caliper 

A Vernier caliper is a precision instrument used to measure internal and external dimensions, 
as well as depths, with higher accuracy than a standard ruler. 

Parts of a Vernier Caliper: 

1. Main Scale: A fixed scale, usually marked in millimeters or inches. 

2. Vernier Scale: A sliding scale that improves measurement precision. 

3. Fixed and Movable Jaws: Used to grip the object being measured. 

4. Depth Rod: Extends from the back for depth measurement. 

5. Locking Screw: Secures the sliding scale for consistent readings. 

Least Count of Vernier Caliper: 

The least count is the smallest measurement a Vernier caliper can detect. It is given by: 

Least Count=Smallest Division on Main Scale/Total Number of Divisions on Vernier Scale 

For a typical caliper: 

 Main scale division = 1 mm 

 10 divisions on the Vernier scale = 9 mm 

Least Count=1/10=0.1 mm 

How to Take a Measurement: 



1. Place the object between the jaws. 

2. Read the main scale value just before the zero of the Vernier scale. 

3. Find the Vernier scale reading where it aligns with the main scale. 

4. Final Reading = Main Scale Reading + (Vernier Scale Reading × Least Count) 

 

Micrometer Screw Gauge 

A micrometer screw gauge is used for even finer measurements than a Vernier caliper, often in 
micrometers (μm). 

Parts of a Micrometer Screw Gauge: 

1. Frame: Holds the anvil and spindle. 

2. Anvil: A stationary surface against which objects are placed. 

3. Spindle: A movable measuring surface. 

4. Sleeve: The stationary part with a scale. 

5. Thimble: A rotating part that moves the spindle. 

6. Ratchet Stop: Prevents overtightening. 

Least Count of Micrometer Screw Gauge: 

Least Count=Pitch of the Screw / Number of Divisions on Thimble 

For a common micrometer: 

 Pitch of the screw = 0.5 mm 

 Number of thimble divisions = 50 

Least Count=0.5/50=0.01 mm 

How to Take a Measurement: 

1. Place the object between the anvil and spindle. 

2. Turn the thimble until the object is gently held. 

3. Read the sleeve scale (main scale). 

4. Read the thimble scale where it aligns with the main scale. 

5. Final Reading = Main Scale Reading + (Thimble Scale Reading × Least Count) 

 

 

 CLASSICAL MECHANICS 

 



1. Linear Motion 

Linear motion (or rectilinear motion) refers to the motion of an object along a straight line. It is 
categorized into two types: 

 Uniform Motion: Motion in which an object moves with constant velocity (zero 
acceleration). 

 Non-Uniform Motion: Motion in which an object's velocity changes with time (nonzero 
acceleration). 

Equations of Motion (Kinematic Equations) (Valid for constant acceleration, a): 

1. v=u + at  

2. s=ut+1/2at^2  

3. v^2=u^2+2as  
 

Where: 

 u = Initial velocity 

 v= Final velocity 

 a = Acceleration 

 s= Displacement 

 t = Time 

 

2. Velocity and Acceleration 

 Velocity (v): The rate of change of displacement with respect to time. It is a vector 
quantity and given by: 

 v= displacement/time  

 Acceleration (a): The rate of change of velocity with respect to time. 
a=change in velocity time  

a = change in velocity/time 

Types of Acceleration: 

 Uniform Acceleration: Acceleration remains constant (e.g., free-fall motion). 

 Non-Uniform Acceleration: Acceleration changes over time. 

 

3. Force & Newton’s Laws of Motion 

Force (F): A push or pull on an object that causes it to accelerate. The SI unit of force is the 
Newton (N). 



Newton’s Laws of Motion: 

First Law (Law of Inertia): 

 An object at rest stays at rest, and an object in motion stays in motion unless acted 
upon by an external force. 

 This explains why seat belts are necessary in a moving car. 

Second Law (F = ma): 

 The acceleration of an object is directly proportional to the net force applied and 
inversely proportional to its mass. F=ma  

 If the same force is applied to a light and a heavy object, the lighter one accelerates 
more. 

Third Law (Action-Reaction Law): 

 For every action, there is an equal and opposite reaction. 

 Example: When you push against a wall, the wall pushes back with equal force. 

 

4. Linear Momentum and Impulse of Force 

Linear Momentum (p) 

Momentum is the product of mass and velocity: 

p=mv 

It is a vector quantity, meaning it has direction. 

Impulse of Force 

Impulse is the change in momentum due to an applied force over a time interval: 

Impulse=F⋅t = Δp 

Impulse explains why airbags reduce injuries by increasing the time of impact and reducing 
force. 

1. Circular Motion 

An object is in circular motion if it moves in a circular path. Circular motion can be categorized 
into: 

1. Uniform Circular Motion (UCM): The object moves with a constant speed along a 
circular path. However, the velocity keeps changing due to direction changes. 

2. Non-Uniform Circular Motion: The object's speed and velocity change due to angular 
acceleration. 

Basic Parameters in Circular Motion 

 Radius (r): The distance between the object and the center of the circular path. 



 Period (T): The time taken for one complete revolution. 

 Frequency (f): The number of revolutions per second (f=1/T). 

 

2. Angular Velocity (ω\omega) 

Angular velocity is the rate of change of angular displacement: 

ω=θ/t 

Where: 

 θ = Angular displacement in radians 

 t = Time 

Relation Between Angular and Linear Velocity 

v=rω 

Where: 

 v = Linear velocity 

 r= Radius of the circular path 

 ω= Angular velocity 

 

3. Angular Acceleration (α\alpha) 

Angular acceleration is the rate of change of angular velocity: 

α=dω/dt 

Where: 

 α = Angular acceleration 

 dω = Change in angular velocity 

 dt = Change in time 

Equations of Rotational Motion (Similar to Linear Motion Equations) 

1. ω=ω0+αt 

2. θ=ω0t+1/2αt^2 

3. ω^2=ω0^2+2αθ 

 

Where: 

 ω0= Initial angular velocity 

 ω = Final angular velocity 



 α = Angular acceleration 

 θ = Angular displacement 

 

4. Centripetal and Centrifugal Force 

Centripetal Force 

A force that keeps an object moving in a circular path and is directed toward the center of 
rotation. It is given by: 

Fc=mv^2/r=mrω^2    

Where: 

 m = Mass of the object 

 v = Linear velocity 

 r = Radius of the circle 

 ω = Angular velocity 

Centrifugal Force (Fictitious Force) 

 It is an apparent force that acts outward on a body moving in a circular path. 

 It arises due to the inertia of the object. 

 Example: When taking a turn in a car, you feel pushed outward. 

Centrifugal Force = −-− Centripetal Force (Equal in magnitude, opposite in direction). 

 

1. Work (W) 

Definition 

Work is done when a force is applied to an object, and the object moves in the direction of the 
applied force. Mathematically, 

W=Fdcosθ 

Where: 

 W = Work done (Joules) 

 F = Applied force (Newton) 

 d = Displacement of the object (meters) 

 θ = Angle between the force and displacement 

Key Conditions for Work Done 

 A force must be applied. 

 The object must be displaced. 



 There must be a component of force along the direction of displacement. 

Types of Work 

1. Positive Work: Force and displacement are in the same direction (θ=0∘), e.g., lifting an 
object upward. 

2. Negative Work: Force and displacement are in opposite directions (θ=180∘), e.g., 
friction slowing down a moving object. 

3. Zero Work: No displacement or force is perpendicular to displacement (θ=90∘), e.g., 
carrying an object horizontally. 

 

2. Energy (E) 

Definition 

Energy is the capacity to do work. It exists in various forms, but in mechanics, we focus on 
kinetic energy and potential energy. 

 

3. Kinetic Energy (KE) 

Definition 

Kinetic energy is the energy of a moving object and is given by: 

KE=1/2mv^2 

Where: 

 m = Mass of the object (kg) 

 v = Velocity of the object (m/s) 

Important Points 

 If velocity doubles, kinetic energy increases four times. 

 A moving car has kinetic energy, which converts into heat and sound when brakes are 
applied. 

 

4. Potential Energy (PE) 

Definition 

Potential energy is the stored energy in an object due to its position or configuration. 

Gravitational Potential Energy 

PE=mgh 

Where: 

 m = Mass of the object (kg) 



 g = Acceleration due to gravity (9.8 m/s²) 

 h = Height above the reference point (m) 

Elastic Potential Energy (in stretched/compressed springs) 

PE=1/2kx^2 

Where: 

 k = Spring constant 

 x = Extension/compression in the spring 

 

5. Work-Energy Theorem 

The work done on an object equals its change in kinetic energy: 

W=ΔKE=Kef − KEi 

 

6. Power (PPP) 

Definition 

Power is the rate at which work is done: 

P=t/W 

Where: 

 P = Power (Watts, W) 

 W = Work done (Joules) 

 t = Time taken (seconds) 

Alternate Formula 

If force and velocity are involved: 

P=Fvcosθ 

Units of Power 

 SI Unit: Watt (W) 

 1 Watt: 1 Joule per second 

 Bigger Units: Kilowatt (kW), Megawatt (MW) 

Horsepower Conversion 

1 HP=746 W 

 

 ELECTRIC CURRENT 



 

1. Electric Current 

Definition 

Electric current (III) is the flow of electric charge through a conductor. Mathematically, 

I=Q/t 

Where: 

 I = Electric current (Amperes, A) 

 Q = Charge (Coulombs, C) 

 t = Time (seconds, s) 

Types of Current 

1. Direct Current (DC): Flows in one direction (e.g., batteries). 

2. Alternating Current (AC): Periodically reverses direction (e.g., household electricity). 

 

2. Ohm’s Law 

Statement 

Ohm’s Law states that the current flowing through a conductor is directly proportional to the 
voltage across it and inversely proportional to its resistance. Mathematically, 

V=IR 

Where: 

 V = Voltage (Volts, V) 

 I = Current (Amperes, A) 

 R = Resistance (Ohms, Ω) 

Graphical Representation of Ohm’s Law 

 A V vs. I graph is a straight line passing through the origin, indicating a linear 
relationship. 

 The slope of the line represents resistance. 

 

3. Applications of Ohm’s Law 

1. Resistor as a Circuit Component 

 Resistors control current in electrical circuits. 

 Example: In LED circuits, resistors prevent excessive current flow. 

2. Calculation of Electrical Power 



Using Ohm’s Law, power (PPP) can be determined as: 

P=VI=I^2R=V^2R 

Where: 

 P = Power (Watts, W) 

 V = Voltage (Volts) 

 I = Current (Amperes) 

 R = Resistance (Ohms) 

3. Voltage Divider 

Used in electronic circuits to obtain desired voltages. If two resistors R1 and R2 are connected 
in series across a voltage source V, the voltage across R2 is: 

V2=V×R2/R1+R2 

4. Heating Effect of Current (Joule’s Law) 

H=I^2Rt 

Where: 

 H = Heat energy (Joules) 

 I = Current (A) 

 R = Resistance (Ω) 

 t = Time (s) 

 Example: Electric heaters, filament bulbs. 

 

1. Electric Charge 

Definition 

Electric charge (Q) is a fundamental property of matter that causes it to experience a force in an 
electric field. It is measured in Coulombs (C). 

Types of Charges 

 Positive charge (+): Possessed by protons. 

 Negative charge (−): Possessed by electrons. 

 Neutral objects: Contain equal numbers of protons and electrons. 

Properties of Electric Charge 

1. Like charges repel, opposite charges attract. 

2. Charge is quantized: The smallest unit of charge is the charge of an electron 
(e=1.6×10−19C). 



3. Charge is conserved: It cannot be created or destroyed, only transferred. 

Quantization of Charge 

Q=ne 

Where: 

 Q = Total charge (Coulombs) 

 n = Number of excess or deficit electrons 

 e = Charge of one electron (1.6×10^−19C) 

 

2. Interaction of Charges 

Electrostatic Force 

 If two charged objects are placed near each other, they experience a force. 

 If charges are like, they repel. 

 If charges are opposite, they attract. 

Charging Methods 

1. Friction – Transfer of charge by rubbing (e.g., rubbing a balloon on hair). 

2. Conduction – Transfer of charge through direct contact. 

3. Induction – Rearrangement of charge in an object without direct contact. 

 

3. Coulomb’s Law 

Statement 

Coulomb’s Law gives the force between two point charges: 

F=k q1q2/r^2 

Where: 

 F = Electrostatic force (Newton, N) 

 q1,q2 = Charges (Coulombs, C) 

 r = Distance between charges (meters, m) 

 k = Coulomb’s constant (9×10^9 N·m²/C²) 

Key Points 

 The force is attractive if charges are opposite and repulsive if charges are the same. 

 The force is inversely proportional to the square of the distance between charges. 

 



 

 

 

1. Electric Field 

Definition 

An electric field (E) is the region around a charged object where other charges experience a 
force. It is defined as the force per unit charge. 

E=F/q 

Where: 

 E = Electric field (N/C or V/m) 

 F = Force on the charge (N) 

 q = Test charge (C) 

Properties of Electric Fields 

1. Direction: Away from positive charges, toward negative charges. 

2. Uniform Electric Field: Between two parallel plates, it is constant in magnitude and 
direction. 

3. Radial Electric Field: Around a point charge, it decreases as distance increases. 

Electric Field Due to a Point Charge 

E=kq/r2 

Where: 

 k=9×10^9N·m²/C² 

 q = Source charge (C) 

 r = Distance from the charge (m) 

 

2. Electric Potential 

Definition 

Electric potential (V) at a point is the work done in bringing a unit positive charge from infinity to 
that point. 

V=W/q 

Where: 

 V = Electric potential (Volts, V) 

 W = Work done (Joules, J) 



 q = Charge (Coulombs, C) 

Electric Potential Due to a Point Charge 

V=kq/r 

 Unlike the electric field, electric potential is a scalar quantity. 

Potential Difference (Voltage) 

 The difference in electric potential between two points. 

 It causes charges to move, leading to an electric current. 

V=IR 

 

3. Electric Flux 

Definition 

Electric flux (ΦE\Phi) measures the number of electric field lines passing through a surface. 

ΦE=E⋅A=EAcosθ 

Where: 

 ΦE\Phi = Electric flux (N·m²/C) 

 E = Electric field (N/C) 

 A = Surface area (m²) 

 θ = Angle between E and normal to the surface 

Gauss’s Law 

The total electric flux through a closed surface is equal to 1/ε0 times the total charge enclosed. 

ΦE=Qenclosed/ε0 

Where ε0=8.85×10−12 C²/N·m². 

 

4. Electric Current 

Definition 

Electric current (I) is the rate of flow of electric charge. 

I=Q/t 

Where: 

 I = Current (Amperes, A) 

 Q = Charge (Coulombs, C) 

 t = Time (seconds, s) 



Types of Current 

1. Direct Current (DC): Flows in one direction (e.g., batteries). 

2. Alternating Current (AC): Changes direction periodically (e.g., household electricity). 

Ohm’s Law for Current 

V=IR 

Where: 

 V = Voltage (V) 

 I = Current (A) 

 R = Resistance (Ω) 

 

1. Resistance (RRR) 

Definition 

Resistance is the property of a material that opposes the flow of electric current. It is measured 
in ohms (Ω). 

R=V/I 

Where: 

 R = Resistance (Ω) 

 V = Voltage (V) 

 I = Current (A) 

Factors Affecting Resistance 

1. Length of the Conductor (L) – Longer wires have more resistance. 

2. Cross-sectional Area (A) – Thicker wires have less resistance. 

3. Material – Different materials have different resistances. 

4. Temperature – Resistance generally increases with temperature in conductors. 

 

2. Conductance (G) 

Definition 

Conductance is the reciprocal of resistance and measures how easily current flows through a 
material. It is measured in siemens (S). 

G=1/R 

Where: 

 G = Conductance (S) 



 R = Resistance (Ω) 

High vs. Low Conductance 

 High conductance → Good conductors (copper, silver). 

 Low conductance → Insulators (rubber, glass). 

 

3. Resistivity (ρ\rho) 

Definition 

Resistivity is a material property that determines how much a material resists current flow. It is 
given by: 

R=Ρ l/A 

Where: 

 R = Resistance (Ω) 

 ρ\rho = Resistivity (Ω⋅m) 

 L = Length of the conductor (m) 

 A = Cross-sectional area (m^2) 

Resistivity and Temperature 

 Metals: Resistivity increases with temperature. 

 Semiconductors: Resistivity decreases with temperature. 

 

4. Conductivity (σ\sigma) 

Definition 

Conductivity is the reciprocal of resistivity and measures how well a material conducts 
electricity. 

σ=1/ρ 

Where: 

 σ = Conductivity (S/m) 

 ρ = Resistivity (Ω⋅m) 

Metals (e.g., silver, copper) have high conductivity, while insulators (e.g., rubber, plastic) have 
low conductivity. 

 

5. Series and Parallel Combination of Resistors 

Resistors in Series 



 Total resistance increases. 

 Same current flows through each resistor. 

 Voltage divides across resistors. 

Req=R1+R2+R3+… 

Resistors in Parallel 

 Total resistance decreases. 

 Voltage remains the same across each resistor. 

 Current divides among the resistors. 

1/Req=1/R1+1/R2+1/R3+… 

 

1. Capacitance (C) 

Definition 

Capacitance is the ability of a system to store electric charge. It is defined as the ratio of charge 
stored (Q) to the potential difference (V) across the conductors. 

C=Q/V 

Where: 

 C = Capacitance (Farad, F) 

 Q = Charge (Coulombs, C) 

 V = Voltage (Volts, V) 

Unit of Capacitance 

The SI unit of capacitance is the farad (F), which is a very large unit. Common practical units 
include: 

 Microfarad (μF=10−6 F\mu ) 

 Nanofarad (nF=10−9 F ) 

 Picofarad (pF=10−12 F) 

Factors Affecting Capacitance 

1. Plate Area (A) – Larger plates store more charge → higher capacitance. 

2. Separation Distance (d) – Larger distance reduces capacitance. 

3. Dielectric Material – Different materials affect capacitance. The dielectric constant 
(εr\varepsilon) determines the ability to store charge. 

 

2. Parallel Plate Capacitor 



Definition 

A parallel plate capacitor consists of two parallel conducting plates separated by a dielectric 
(insulating material). The capacitance of a parallel plate capacitor is given by: 

C=ε0εrA/d 

Where: 

 C = Capacitance (F) 

 ε0 = Permittivity of free space (8.85×10−12F/m) 

 εr = Relative permittivity (dielectric constant) 

 A = Plate area (m2m^2m2) 

 d = Distance between plates (m) 

Effect of Dielectric 

 When a dielectric is inserted, capacitance increases. 

 The dielectric reduces the effective electric field and allows the capacitor to store more 
charge. 

 

3. Series and Parallel Combination of Capacitors 

Capacitors in Series 

 The total capacitance decreases. 

 The same charge is stored in each capacitor. 

 The total voltage is the sum of individual voltages. 

1/Ceq=1/C1+1/C2+1/C3+… 

Capacitors in Parallel 

 The total capacitance increases. 

 The voltage across each capacitor is the same. 

 The total charge is the sum of individual charges. 

Ceq=C1+C2+C3+… 

 

 HEAT AND THERMOMETRY 

  

1. Introduction to Heat and Temperature 

 Heat: A form of energy that is transferred due to a temperature difference. It flows from a 
hotter object to a cooler one until thermal equilibrium is reached. 



 Temperature: A measure of the average kinetic energy of particles in a substance. It 
determines the direction of heat transfer. 

 SI Unit: 

o Heat is measured in Joules (J). 

o Temperature is measured in Kelvin (K), Celsius (°C), or Fahrenheit (°F). 

 

2. Modes of Heat Transfer 

Heat can be transferred by three different processes: 

A. Conduction 

Definition: Conduction is the transfer of heat through direct contact between particles without 
actual movement of the particles from one place to another. It occurs mainly in solids. 

Mechanism 

 When a substance is heated, its particles vibrate faster and transfer energy to 
neighboring particles. 

 Metals are good conductors due to the presence of free electrons. 

Fourier’s Law of Conduction 

Q=kAΔT/d ⋅t 

Where: 

 Q = Heat transferred (Joules) 

 k = Thermal conductivity (W/mK) 

 AAA = Cross-sectional area (m^2) 

 ΔT\Delta  = Temperature difference (°C or K) 

 d = Thickness of material (m) 

 t = Time (s) 

Examples 

 A metal spoon getting hot when placed in a hot cup of tea. 

 Heat transfer through walls of a building. 

Good and Poor Conductors 

 Good conductors: Copper, silver, aluminum. 

 Poor conductors (insulators): Wood, rubber, plastic, glass. 

 

B. Convection 



Definition: Convection is the transfer of heat in fluids (liquids and gases) due to the movement 
of heated particles. It occurs due to density differences in fluids. 

Types of Convection 

1. Natural Convection – Heat transfer occurs due to natural fluid movement. 

o Example: Warm air rises, and cold air sinks, forming wind patterns. 

2. Forced Convection – Heat transfer occurs due to an external force such as a fan or 
pump. 

o Example: Air conditioning systems use forced convection to cool a room. 

Examples 

 Boiling water: Hot water rises while cooler water moves down. 

 Sea breeze: Warm air rises over land during the day, and cooler air from the sea moves 
in. 

 

C. Radiation 

Definition: Radiation is the transfer of heat in the form of electromagnetic waves without 
needing a medium. 

Stefan-Boltzmann Law of Radiation 

E=σT^4 

Where: 

 E = Radiant energy per unit area (W/m²) 

 σ = Stefan-Boltzmann constant (5.67×10^−8W/m^2K^4) 

 T = Absolute temperature (K) 

Properties of Radiation 

 Absorbers and Emitters: Dark and rough surfaces absorb and emit more radiation than 
shiny and smooth surfaces. 

 Greenhouse Effect: The atmosphere traps heat from the Sun. 

Examples 

 Sun heating the Earth. 

 Feeling warmth from a fire without touching it. 

 

1. Introduction to Temperature and Its Measurement 

 Temperature: A measure of the average kinetic energy of molecules in a substance. It 
determines the thermal state of an object (hot or cold). 



 Thermometry: The branch of physics that deals with the measurement of temperature. 

 Thermometers: Instruments used to measure temperature, based on the expansion of 
liquids, electrical resistance, or radiation. 

 

2. Various Temperature Scales 

A. Celsius Scale (°C) 

 Also called the Centigrade scale. 

 Freezing point of water: 0°C 

 Boiling point of water: 100°C 

 Commonly used in weather forecasts and scientific studies. 

B. Kelvin Scale (K) 

 The absolute temperature scale used in thermodynamics. 

 Freezing point of water: 273.15 K 

 Boiling point of water: 373.15 K 

 Absolute zero (0 K): The lowest possible temperature where molecular motion stops. 

C. Fahrenheit Scale (°F) 

 Used primarily in the United States for weather and cooking. 

 Freezing point of water: 32°F 

 Boiling point of water: 212°F 

 Developed by Daniel Gabriel Fahrenheit. 

D. Rankine Scale (°R) 

 Used mainly in engineering applications. 

 It is the Fahrenheit equivalent of the Kelvin scale:  

0°R=0K=−273.15°C 

 

3. Temperature Conversions 

A. Celsius to Kelvin (°C → K) 

K=°C+273.15 

Example: Convert 25°C to Kelvin. 

K=25+273.15=298.15K 

B. Kelvin to Celsius (K → °C) 



°C=K−273.15 

Example: Convert 310 K to Celsius. 

°C=310−273.15=36.85°C 

C. Celsius to Fahrenheit (°C → °F) 

°F=(9/5×°C)+32 

Example: Convert 20°C to Fahrenheit. 

°F=(9/5×20)+32=68°F 

D. Fahrenheit to Celsius (°F → °C) 

°C=(5/9×(°F−32)) 

Example: Convert 98.6°F to Celsius. 

°C=(5/9×(98.6−32))=37°C 

E. Kelvin to Fahrenheit (K → °F) 

°F=(9/5×(K−273.15))+32 

Example: Convert 300 K to Fahrenheit. 

°F=(9/5×(300−273.15))+32=80.33°F 

F. Fahrenheit to Kelvin (°F → K) 

K=(5/9×(°F−32))+273.15 

Example: Convert 212°F to Kelvin. 

K=(5/9×(212−32))+273.15=373.15K 

 

1. Introduction to Heat and Temperature 

 Heat (Q): A form of energy that is transferred between bodies due to a difference in 
temperature. 

 Temperature (T): A measure of the average kinetic energy of molecules in a substance. 

 Unit of Heat: Joule (J) in SI system, Calorie (cal) in CGS system (1 cal = 4.186 J). 

 

2. Heat Capacity and Specific Heat 

A. Heat Capacity (C) 

 Definition: The amount of heat energy required to change the temperature of an object 
by 1°C or 1 K. 

 Formula: 

C=Q/ΔT 



Where: 

o Q = Heat energy absorbed or released (Joules) 

o ΔT = Change in temperature (°C or K) 

o C = Heat capacity (J/K) 

 Key Features: 

o Depends on mass and material of the object. 

o A larger object has a higher heat capacity than a smaller one. 

Example: 

If 500 J of heat raises the temperature of a metal block by 5°C, the heat capacity is: 

C=500/5=100 J/K 

 

B. Specific Heat Capacity (c) 

 Definition: The amount of heat energy required to raise the temperature of 1 kg of a 
substance by 1°C or 1 K. 

 Formula: 

Q=mcΔT 

Where: 

o Q = Heat energy absorbed or released (J) 

o m = Mass of the substance (kg) 

o c = Specific heat capacity (J/kg·K) 

o ΔT = Change in temperature (°C or K) 

 Key Features: 

o Different substances have different specific heat capacities. 

o Water has the highest specific heat capacity among common substances: 
4186 J/kg⋅K 

Example: 

Find the heat required to raise the temperature of 2 kg of water from 25°C to 75°C. 

Q=mcΔT=(2)(4186)(75−25) 

Q=2×4186×50=418600J=418.6kJ 

 

3. Factors Affecting Heat Capacity and Specific Heat 

1. Mass of the object → More mass = Higher heat capacity. 



2. Material of the object → DiƯerent materials have diƯerent specific heats. 

3. Phase of the substance → Solids, liquids, and gases have diƯerent heat capacities. 

 

1. Thermal Conductivity (k) 

Definition 

Thermal conductivity is a measure of a material's ability to conduct heat. It determines how 
quickly heat is transferred through a substance when there is a temperature difference. 

Formula (Fourier’s Law of Heat Conduction) 

Q=kAΔT/d ⋅t 

Where: 

 Q = Heat energy transferred (Joules, J) 

 k = Thermal conductivity (W/mK) 

 A = Cross-sectional area (m^2) 

 ΔT = Temperature difference (°C or K) 

 d = Thickness of the material (m) 

 t = Time (s) 

Unit of Thermal Conductivity 

 SI unit: Watt per meter per Kelvin (W/mK) 

 Higher k means better heat conduction (e.g., metals), while lower k means better 
insulation (e.g., wood, rubber). 

Examples of Thermal Conductivity 

1. Good Conductors: Copper (k=385 W/mK), Silver (k=406 W/mK). 

2. Poor Conductors (Insulators): Wood, rubber, air (k≈0.03 W/mK). 

Applications 

 Metal cookware for fast heat transfer. 

 Insulation materials in refrigerators and buildings to reduce heat loss. 

 

2. Coefficient of Thermal Conductivity 

The coefficient of thermal conductivity (k) quantifies a material’s ability to conduct heat. It 
depends on: 

 Material type (metals have higher values than non-metals). 



 Temperature (conductivity decreases with temperature for metals but increases for 
gases). 

Variation of Thermal Conductivity with Temperature 

 Solids: Decreases with temperature due to increased atomic vibrations. 

 Liquids: Varies, but generally decreases with temperature. 

 Gases: Increases with temperature as molecular motion enhances energy transfer. 

 

3. Linear Thermal Expansion 

Definition 

When a solid is heated, it expands in length, area, or volume. Linear thermal expansion refers 
to the increase in the length of a material due to temperature rise. 

Formula for Linear Expansion 

ΔL=αL0ΔT 

Where: 

 ΔL = Change in length (m) 

 L0 = Original length (m) 

 α = Coefficient of linear expansion (1/K) 

 ΔT = Change in temperature (°C or K) 

Unit of Coefficient of Linear Expansion 

 SI unit: per Kelvin (1/K) 

Example: 

A 2 m long iron rod (α=11×10−6 K−1) is heated from 30°C to 80°C. Find the expansion in length. 

ΔL=(11×10−6)×2×(80−30) 

ΔL=0.0011×2×50=0.11 cm 

Applications of Thermal Expansion 

 Expansion joints in bridges to prevent cracking due to temperature changes. 

 Bimetallic strips in thermostats. 

 Railway tracks have gaps to allow expansion in summer. 

 

 WAVE MOTION, OPTICS AND ACOUSTICS 

 



Introduction to Waves 

A wave is a disturbance that travels through a medium or space, carrying energy from one point 
to another without the physical transfer of matter. 

Types of Waves 

1. Progressive Waves (Travelling Waves) 

A progressive wave is a wave that moves forward in a medium, transferring energy from one 
point to another. It continuously advances through the medium. 

Characteristics of Progressive Waves 

 Particles of the medium oscillate about their mean positions. 

 The wave moves forward with a definite velocity. 

 Energy is transferred from one particle to another. 

Examples: 

 Water waves moving on the surface of a pond. 

 Sound waves traveling through the air. 

 Light waves traveling in space. 

2. Stationary (Standing) Waves 

A stationary wave is a wave that does not transfer energy through the medium; instead, it forms 
nodes and antinodes due to the interference of two identical waves traveling in opposite 
directions. 

Characteristics of Stationary Waves 

 It is formed by the superposition of two waves of the same frequency and amplitude 
traveling in opposite directions. 

 Nodes (points of zero displacement) and antinodes (points of maximum displacement) 
are formed. 

 Energy is not transmitted; it remains confined between nodes. 

Examples: 

 Vibrations of a stretched string in a musical instrument. 

 Sound waves in a closed pipe. 

 Microwave standing waves in an oven. 

3. Mechanical Waves 

Mechanical waves require a medium (solid, liquid, or gas) to propagate. They cannot travel in a 
vacuum. 

Types of Mechanical Waves 



 Transverse waves 

 Longitudinal waves 

Examples: 

 Sound waves (air, water, solids). 

 Water waves. 

 Seismic waves (earthquakes). 

4. Non-Mechanical (Electromagnetic) Waves 

Non-mechanical waves do not require a medium and can travel through a vacuum. They 
include electromagnetic waves that propagate due to oscillating electric and magnetic fields. 

Examples: 

 Light waves. 

 Radio waves. 

 X-rays. 

5. Transverse Waves 

A transverse wave is a wave where the particles of the medium vibrate perpendicular to the 
direction of wave propagation. 

Characteristics of Transverse Waves 

 Particles move up and down while the wave moves forward. 

 Crests (high points) and troughs (low points) are formed. 

Examples: 

 Water waves. 

 Light waves (electromagnetic waves). 

 Seismic S-waves. 

6. Longitudinal Waves 

A longitudinal wave is a wave where the particles of the medium vibrate parallel to the 
direction of wave propagation. 

Characteristics of Longitudinal Waves 

 Consists of compressions (high-pressure regions) and rarefactions (low-pressure 
regions). 

 Particles oscillate back and forth in the same direction as the wave. 

Examples: 

 Sound waves. 



 Seismic P-waves. 

 Ultrasound waves. 

 

 

Frequency, Wavelength, Periodic Time, and Their Relations 

1. Frequency (f) 

 Frequency is the number of complete wave cycles that pass a given point in one second. 

 It is measured in Hertz (Hz), where 1 Hz = 1 cycle per second. 

Formula: 

f=1/T 

Where: 

 f = frequency (Hz) 

 T = time period (s) 

Example: 

If a wave has a time period of 0.01 seconds, its frequency is: 

f=1/0.01=100 Hz 

 

2. Wavelength (λ) 

 Wavelength is the distance between two consecutive crests or troughs in a transverse 
wave, or two compressions or rarefactions in a longitudinal wave. 

 It is measured in meters (m). 

Relation with Speed and Frequency: 

v=fλ 

Where: 

 v = speed of the wave (m/s) 

 f = frequency (Hz) 

 λ = wavelength (m) 

Example: 

If a wave has a frequency of 50 Hz and a speed of 300 m/s, its wavelength is: 

λ=v/f=300/50=6 m 

 



3. Periodic Time (T) or Time Period 

 The time period is the time taken for one complete oscillation of the wave. 

 It is measured in seconds (s). 

 The time period is inversely proportional to frequency. 

Formula: 

T=1/f 

Example: 

If a wave has a frequency of 500 Hz, its time period is: 

T=1/500=0.002 s 

 

4. Relation Between Frequency, Wavelength, and Periodic Time 

The fundamental wave equation: 

v=fλv 

Also, 

f=1/T 

So, 

v=λ/T 

Key Observations: 

 If frequency increases, wavelength decreases (for a constant wave speed). 

 If time period decreases, frequency increases. 

 The wave speed depends on the medium in which it travels. 

 

Properties and Applications of Electromagnetic Waves and Sound Waves 

 

1. Electromagnetic Waves 

Electromagnetic (EM) waves are waves that do not require a medium to propagate and can 
travel through a vacuum. They consist of oscillating electric and magnetic fields that are 
perpendicular to each other and to the direction of wave propagation. 

Properties of Electromagnetic Waves: 

1. Transverse in nature: The electric and magnetic fields oscillate perpendicular to the 
direction of wave travel. 

2. Can travel in a vacuum: Unlike sound waves, EM waves do not require a medium. 



3. Travel at the speed of light: The speed of EM waves in a vacuum is c=3×10^8 m/s. 

4. Show wave properties: Reflection, refraction, diffraction, interference, and 
polarization. 

5. Different frequencies give different types of EM waves. 

Applications of Electromagnetic Waves 

Ordinary Light (Visible Light) 

 A small part of the electromagnetic spectrum that is visible to the human eye 
(wavelength: 400-700 nm). 

 Used in vision, photography, optical fibers, and solar energy systems. 

LASER (Light Amplification by Stimulated Emission of Radiation) 

 A highly coherent, monochromatic, and directional beam of light. 

 Properties: 

o High intensity and focusability. 

o Can travel long distances without divergence. 

o Used in communication, medical surgery, industrial cutting, and barcode 
scanning. 

 

2. Sound Waves 

Sound waves are mechanical longitudinal waves that require a medium to propagate. They 
travel by compressions and rarefactions in the medium. 

Types of Sound Waves 

1. Audible Waves: 

o Frequency range: 20 Hz – 20,000 Hz 

o Detectable by the human ear. 

o Used in speech, music, and hearing aids. 

2. Ultrasonic Waves: 

o Frequency above 20,000 Hz, inaudible to humans. 

o Used in sonar, medical imaging (ultrasound), industrial cleaning, and flaw 
detection in metals. 

Amplitude, Intensity, Phase, and Wave Equations 

 

1. Amplitude (A) 



The amplitude of a wave is the maximum displacement of a particle from its mean 
(equilibrium) position. It represents the strength or loudness of a wave. 

 In a sound wave, amplitude determines loudness. 

 In a light wave, amplitude determines brightness. 

 In a mechanical wave, amplitude is the height of the wave crest or depth of the trough. 

Example: 

If the amplitude of a sound wave increases, the sound becomes louder. If the amplitude of a 
light wave increases, the light appears brighter. 

 

2. Intensity (I) 

The intensity of a wave is the amount of energy transported per unit area per unit time. It is 
related to the amplitude as: 

I∝(propto) A^2 

 If the amplitude is doubled, the intensity increases by four times. 

 Measured in Watt per square meter (W/m²). 

 Example: The intensity of a sound wave determines how loud it is. 

 

3. Phase (ϕ) and Phase Difference 

The phase of a wave describes the position of a particle in the wave cycle at a given instant. 

 Phase difference (Δϕ): The difference in phase between two waves at a given point. 

 If two waves have the same phase, they interfere constructively (amplitudes add up). 

 If two waves have opposite phases, they interfere destructively (cancel each other). 

Example: 

 If two speakers produce sound waves in phase, they will create louder sound due to 
constructive interference. 

 If they produce waves out of phase, they can create silence due to destructive 
interference. 

 

4. Wave Equations 

A wave equation describes how a wave propagates through space and time. 

General Form of a Wave Equation: 

y(x,t)=Asin(kx−ωt+ϕ) 

where: 



 y(x,t) = Displacement of the wave 

 A= Amplitude 

 k=2π/λ (Wave number, related to wavelength) 

 ω=2πf (Angular frequency, related to time period) 

 λ = Wavelength 

 f = Frequency 

 t = Time 

 ϕ = Initial phase 

Example: 

For a wave with A = 2 cm, λ = 5 m, f = 50 Hz, and no initial phase shift, the equation is: 

y(x,t)=2sin(2/5π x−100πt) 

 

Reflection, Refraction, Snell’s Law, Absolute and Relative Refractive Index, Total Internal 
Reflection, Critical Angle, and Optical Fiber 

 

1. Reflection of Light 

Reflection is the phenomenon where light bounces back when it strikes a smooth surface, like a 
mirror. 

Laws of Reflection: 

1. The angle of incidence (i) is equal to the angle of reflection (r): 

i=r 

2. The incident ray, the reflected ray, and the normal at the point of incidence all lie in the 
same plane. 

Types of Reflection: 

 Regular Reflection: Occurs on smooth surfaces (mirrors), producing a clear image. 

 Diffuse Reflection: Occurs on rough surfaces, scattering light in different directions. 

Example: 

When you see yourself in a mirror, it is due to regular reflection. 

 

2. Refraction of Light 

Refraction is the bending of light when it passes from one medium to another due to a change 
in its speed. 



Laws of Refraction: 

1. The incident ray, refracted ray, and normal lie in the same plane. 

2. Snell’s Law: sini/sinr=n2/n1 where: 

o i = Angle of incidence 

o r = Angle of refraction 

o n1 = Refractive index of medium 1 

o n2 = Refractive index of medium 2 

 

3. Snell’s Law 

Snell’s law describes how light changes direction when entering a new medium. 

n1sini=n2sinr 

 If light enters a denser medium (n2>n1), it bends toward the normal. 

 If light enters a rarer medium (n2<n1), it bends away from the normal. 

Example: 

A straw in a glass of water appears bent because of refraction. 

 

4. Absolute and Relative Refractive Index 

The refractive index (n) of a medium is the ratio of the speed of light in vacuum (c) to the speed 
of light in that medium (v). 

n=c/v 

 Absolute refractive index: The refractive index of a medium relative to vacuum. 
Example: Water has n=1.33 

 Relative refractive index: The refractive index of one medium relative to another. 

Example: 

 The refractive index of water is 1.33. 

 The refractive index of glass is 1.5. 

 

5. Total Internal Reflection (TIR) and Critical Angle 

Total Internal Reflection (TIR) 

TIR occurs when light travels from a denser to a rarer medium and is completely reflected 
back instead of refracting. 

Conditions for TIR: 



1. Light must travel from denser to rarer medium. 

2. The angle of incidence must be greater than the critical angle (C). 

Critical Angle (C) 

The critical angle is the angle of incidence at which light just grazes along the boundary. 

sinC=1/n 

where n is the refractive index of the denser medium. 

Example: 

 Diamonds sparkle due to TIR. 

 Optical fibers work using TIR. 

 

6. Optical Fiber (Construction, Properties, and Applications) 

Construction of Optical Fiber 

Optical fibers are thin, flexible glass or plastic strands used to transmit light signals. 

 Core: Central part where light travels. 

 Cladding: Outer layer with a lower refractive index to maintain TIR. 

 Buffer Coating: Protective outer layer. 

Properties of Optical Fiber: 

1. Uses Total Internal Reflection (TIR) for data transmission. 

2. Minimal signal loss. 

3. High speed and efficiency. 

Applications of Optical Fiber: 

1. Telecommunications – Used in internet cables for fast data transfer. 

2. Medical field – Endoscopes use optical fibers for internal imaging. 

3. Military and defense – Used in secure communication networks. 

 

Reverberation, Reverberation Time, Sabine’s Formula, Echo, and Absorption Coefficient 

 

1. Reverberation 

Reverberation is the persistence of sound in an enclosed space due to multiple reflections 
from walls, ceilings, and floors before gradually fading away. 

Explanation: 



 When a sound is produced in a hall or auditorium, it reflects off surfaces and mixes 
with the original sound. 

 If the reflections last long enough, the sound becomes unclear or distorted, making it 
difficult to hear properly. 

 Excessive reverberation can make speech or music hard to understand. 

Examples: 

 A concert hall with poor acoustics may cause a singer’s voice to sound unclear due to 
long reverberation. 

 A classroom with bare walls may have echoing sounds, making speech unclear. 

 

2. Reverberation Time 

Reverberation time (TR) is the time taken for sound intensity to reduce to one-millionth (or 60 
dB less) of its original value after the source stops. 

Formula for Reverberation Time: 

TR=0.161×V/A 

where: 

 TR = Reverberation time (in seconds) 

 V = Volume of the room (in cubic meters) 

 A = Total absorption in the room (in square meters) 

Ideal Reverberation Times: 

 Concert Halls → 1.5 to 2.0 seconds 

 Speech Auditoriums → 0.5 to 1.0 seconds 

 Recording Studios → Below 0.5 seconds 

 

3. Sabine’s Formula 

Sabine’s formula is used to calculate the reverberation time of a hall or auditorium. 

TR=0.161V/∑(S×α) 

where: 

 S = Surface area of a material (in square meters) 

 α = Absorption coefficient of the material 

 ∑(S×α) = Total sound absorption in the hall 

Example Calculation: 



 A room of volume 500 m³ with an absorption of 100 m² has a reverberation time: 
TR=0.161×500/100=0.81 sec 

 

4. Echo 

An echo is a distinct repetition of sound due to reflection from a distant surface. 

Conditions for an Echo: 

1. The reflected sound must reach after 0.1 seconds for the human ear to distinguish it. 

2. The minimum distance of the reflecting surface should be at least 17.2 meters. 

Example: 

 Shouting near a tall building or mountain and hearing the sound return. 

 Clapping in a large empty hall produces an echo. 

 

5. Absorption Coefficient 

The absorption coefficient (α\alphaα) is a measure of how much sound a material absorbs 
rather than reflecting it. 

α=Absorbed sound energy/Incident sound energy 

 A material with α=1 absorbs all sound (e.g., open window). 

 A material with α=0 reflects all sound (e.g., concrete wall). 

Absorption Coefficient of Common Materials: 

Material Absorption Coefficient (α\alphaα) 

Wood Paneling 0.15 

Carpet 0.40 

Heavy Curtains 0.60 

Foam Panels 0.90 

 

 CHEMICAL REACTIONS AND EQUATIONS 

 

1. Chemical Equations 

A chemical equation is a symbolic representation of a chemical reaction, where reactants are 
written on the left and products on the right, separated by an arrow (→). 

Example: 



Hydrogen + Oxygen →Water 

2H2+O2→2H2O 

 

2. Writing a Chemical Equation 

When writing a chemical equation, follow these steps: 

1. Identify reactants and products. 

o Example: Magnesium reacts with oxygen to form magnesium oxide. 

2. Write the word equation. 

o Magnesium + Oxygen → Magnesium oxide 

3. Convert into symbols. 

o Mg+O2→MgO 

4. Balance the equation if needed. 

o 2Mg+O2→2MgO (Balanced) 

 

3. Balanced Chemical Equations 

A balanced chemical equation follows the Law of Conservation of Mass, meaning the 
number of atoms of each element on both sides must be equal. 

Steps to Balance a Chemical Equation: 

1. List atoms for each element on both sides. 

2. Use coefficients to balance atoms. 

3. Ensure the total number of atoms is equal. 

Example: 

Unbalanced Equation: 

H2+O2→H2O 

Step 1: Count atoms 

 Reactants: 2H, 2O 

 Products: 2H, 1O 

Step 2: Adjust Oxygen 

2H2+O2→2H2O 

Now, reactants and products have equal atoms, making the equation balanced. 

 



Types of Chemical Reactions 

A chemical reaction is a process in which one or more substances (reactants) are converted 
into one or more new substances (products) with different physical and chemical properties. 

There are several types of chemical reactions, including: 

1. Combination Reaction 

2. Decomposition Reaction 

3. Displacement Reaction 

4. Double Displacement Reaction 

 

1. Combination Reaction 

A combination reaction (or synthesis reaction) occurs when two or more reactants combine 
to form a single product. 

General Form: 

A+B→AB 

Example 1: Formation of water 

2H2+O2→2H2O 

Example 2: Formation of calcium hydroxide 

CaO+H2O→Ca(OH)2 

Characteristics of Combination Reactions: 

 Releases energy (exothermic reaction) 

 Common in combustion reactions 

 

2. Decomposition Reaction 

A decomposition reaction occurs when a single compound breaks down into two or more 
simpler substances. 

General Form: 

AB→A+B 

Example 1: Decomposition of water 

2H2O→2H2+O2 

Example 2: Decomposition of calcium carbonate 

CaCO3→CaO+CO2 

Types of Decomposition Reactions: 



 Thermal decomposition (heat causes breakdown) 

 Electrolytic decomposition (electricity causes breakdown) 

 Photolytic decomposition (light causes breakdown) 

 

3. Displacement Reaction 

A displacement reaction occurs when a more reactive element replaces a less reactive 
element from its compound. 

General Form: 

A+BC→AC+B 

Example 1: Displacement of copper by zinc 

Zn+CuSO4→ZnSO4+Cu 

Example 2: Displacement of hydrogen by iron 

Fe+2HCl→FeCl2+H2 

Characteristics of Displacement Reactions: 

 Occurs in metals and non-metals 

 Depends on the reactivity series 

 

4. Double Displacement Reaction 

A double displacement reaction occurs when two compounds exchange their ions to form 
two new compounds. 

General Form: 

AB+CD→AD+CB 

Example 1: Precipitation reaction 

AgNO3+NaCl→AgCl↓+NaNO3 

Example 2: Neutralization reaction 

HCl+NaOH→NaCl+H2O 

Characteristics of Double Displacement Reactions: 

 Forms a precipitate, gas, or water 

 Common in acid-base reactions 

 

 ACIDS, BASES AND SALTS 



Understanding the Chemical Properties of Acids and Bases 

Acids and bases are important chemical substances with distinct chemical properties. Their 
behavior is influenced by their interaction with different substances, including metals, 
carbonates, and indicators. 

 

1. Chemical Properties of Acids 

1.1 Acids React with Metals 

 Acids react with reactive metals like zinc, magnesium, and iron to produce salt and 
hydrogen gas. 

Example: 

Zn+2HCl→ZnCl2+H2↑ 

(Here, zinc chloride is formed, and hydrogen gas is released.) 

 

1.2 Acids React with Metal Carbonates and Metal Bicarbonates 

 Acids react with carbonates (CO₃²⁻) and bicarbonates (HCO₃⁻) to form salt, water, 
and carbon dioxide gas. 

Example: 

CaCO3+2HCl→CaCl2+H2O+CO2↑ 

(Here, calcium carbonate reacts with hydrochloric acid to form calcium chloride, water, and 
carbon dioxide gas.) 

 

1.3 Acids Turn Blue Litmus Red 

 Acids change the color of blue litmus paper to red, indicating their acidic nature. 

Example: 

If blue litmus paper is dipped in HCl solution, it turns red. 

 

1.4 Acids React with Bases (Neutralization Reaction) 

 Acids react with bases to form salt and water. This is known as neutralization. 

Example: 

NaOH+HCl→NaCl+H2O 

(Sodium hydroxide reacts with hydrochloric acid to form sodium chloride and water.) 

 

2. Chemical Properties of Bases 



2.1 Bases React with Acids (Neutralization Reaction) 

 Just like acids, bases react with acids to form salt and water. 

Example: 

KOH+HNO3→KNO3+H2O 

(Potassium hydroxide reacts with nitric acid to form potassium nitrate and water.) 

 

2.2 Bases Turn Red Litmus Blue 

 Bases turn red litmus paper blue, indicating their basic nature. 

Example: 

If red litmus paper is dipped in NaOH solution, it turns blue. 

 

2.3 Bases React with Metals (Only Certain Bases) 

 Some strong bases (like NaOH and KOH) react with certain metals to produce 
hydrogen gas. 

Example: 

2NaOH+Zn→Na2ZnO2+H2↑ 

(Sodium hydroxide reacts with zinc to form sodium zincate and hydrogen gas.) 

 

2.4 Bases Feel Slippery and Have a Bitter Taste 

 Bases have a soapy texture and a bitter taste (though tasting chemicals is not safe). 

 

Reaction of Metallic Oxides with Acids 

1. Introduction to Metallic Oxides 

 Metallic oxides are basic in nature. 

 They are formed when metals react with oxygen. 

 Examples of metallic oxides: 

o Magnesium oxide (MgO) 

o Sodium oxide (Na₂O) 

o Calcium oxide (CaO) 

o Copper(II) oxide (CuO) 

2. Reaction of Metallic Oxides with Acids 



 Since metallic oxides are basic, they neutralize acids to form salt and water. 

 This reaction is a type of neutralization reaction. 

General Equation: 

Metal Oxide +Acid→ Salt +Water 

 

3. Examples of Reactions 

3.1 Magnesium Oxide + Hydrochloric Acid 

MgO+2HCl→MgCl2+H2O 

 Magnesium oxide (MgO) reacts with hydrochloric acid (HCl) to form magnesium 
chloride (MgCl₂) and water (H₂O). 

3.2 Copper(II) Oxide + Sulfuric Acid 

CuO+H2SO4→CuSO4+H2O 

 Copper(II) oxide (CuO) reacts with sulfuric acid (H₂SO₄) to form copper sulfate 
(CuSO₄) and water (H₂O). 

3.3 Calcium Oxide + Nitric Acid 

CaO+2HNO3→Ca(NO3)2+H2O 

 Calcium oxide (CaO) reacts with nitric acid (HNO₃) to form calcium nitrate (Ca(NO₃)₂) 
and water (H₂O). 

 

4. Observations in These Reactions 

1. Metallic oxide dissolves in acid and disappears. 

2. The solution formed is clear and colorless (except for colored salts like CuSO₄). 

3. No gas is evolved in the reaction. 

4. The reaction is exothermic (releases heat). 

 

5. Importance of This Reaction 

 Helps in neutralizing acidic waste from industries. 

 Used in soil treatment to reduce acidity. 

 Helps in removing acidic pollutants from the environment. 

 

Reactions of an Acid or a Base in Water Solutions 

1. Introduction 



 Acids and bases behave differently when dissolved in water. 

 Their behavior in aqueous solutions determines their strength, conductivity, and 
chemical reactivity. 

 These reactions help explain pH, neutralization, and various industrial applications. 

 

2. Reaction of Acids in Water 

 Acids dissociate (ionize) in water to produce hydrogen ions (H⁺) or hydronium ions 
(H₃O⁺). 

 General reaction: HA+H2O→H3O++A− (where HA represents an acid and A⁻ is the 
conjugate base). 

Example Reactions 

1. Hydrochloric Acid (HCl) in Water 

HCl+H2O→H3O++Cl− 

o HCl dissociates completely, making it a strong acid. 

2. Sulfuric Acid (H₂SO₄) in Water 

H2SO4+H2O→H3O++HSO4− 

o The first H⁺ is lost easily, making it a strong acid, but the second H⁺ 
dissociates partially, so H₂SO₄ is a diprotic acid. 

3. Acetic Acid (CH₃COOH) in Water 

CH3COOH+H2O⇌CH3COO−+H3O+ 

o Acetic acid partially ionizes, making it a weak acid. 

Key Points about Acids in Water 

 Strong acids fully dissociate in water (HCl, HNO₃, H₂SO₄). 

 Weak acids partially dissociate (CH₃COOH, HF). 

 More H₃O⁺ lowers the pH and makes the solution more acidic. 

 

3. Reaction of Bases in Water 

 Bases release hydroxide ions (OH⁻) in water. 

 General reaction: BOH→B++OH− 

 

Example Reactions 

1. Sodium Hydroxide (NaOH) in Water 



NaOH→Na++OH− 

o NaOH completely dissociates, making it a strong base. 

2. Potassium Hydroxide (KOH) in Water 

KOH→K++OH− 

o KOH is also a strong base. 

3. Ammonia (NH₃) in Water 

NH3+H2O⇌NH4++OH− 

o Ammonia partially ionizes, making it a weak base. 

Key Points about Bases in Water 

 Strong bases fully dissociate in water (NaOH, KOH). 

 Weak bases partially dissociate (NH₃). 

 More OH⁻ raises the pH and makes the solution more basic. 

 

4. Importance of Acid and Base Dissociation 

 Determines electrical conductivity of solutions. 

 Helps in neutralization reactions. 

 Important in industrial processes like soap making, battery production, and fertilizers. 

 

Importance of pH in Everyday Life 

1. Introduction to pH 

 pH is a measure of how acidic or basic a substance is, ranging from 0 to 14. 

 Acidic substances have a pH less than 7 (e.g., lemon juice). 

 Basic substances have a pH greater than 7 (e.g., baking soda). 

 Neutral substances have a pH of 7 (e.g., pure water). 

 

2. Importance of pH in Everyday Life 

A. pH in the Human Body 

1. pH of Blood 

o The normal pH of blood is around 7.4. 

o If the blood pH falls below 7.35 (acidosis) or rises above 7.45 (alkalosis), it can 
lead to serious health problems. 



2. pH in the Digestive System 

o Stomach acid (HCl) has a pH of 1-2 to help digest food. 

o If excess acid is produced, it causes acid reflux or indigestion. 

o Antacids (like magnesium hydroxide) help by neutralizing stomach acid. 

3. pH of Saliva 

o Healthy saliva has a pH of 6.5 to 7.5. 

o A low pH (<5.5) can cause tooth decay by dissolving enamel. 

 

B. pH in Agriculture and Soil 

1. Soil pH and Plant Growth 

o Different plants require different pH levels: 

 Acidic soil (pH < 6) → Tea, coƯee, pineapples. 

 Neutral soil (pH ~7) → Most crops like wheat, rice, and maize. 

 Basic soil (pH > 7) → Sugar beets. 

o Lime (CaCO₃) is used to reduce soil acidity. 

o Gypsum (CaSO₄) is used to reduce soil alkalinity. 

 

C. pH in Industries 

1. pH in Food Preservation 

o Acids like vinegar (acetic acid) and citric acid are used to preserve food by 
inhibiting bacterial growth. 

2. pH in Cosmetics and Skin Care 

o Soaps and shampoos are designed to match the skin’s natural pH (~5.5) to 
prevent irritation. 

3. pH in Cleaning Products 

o Toilet cleaners are acidic (pH 1-3) to remove stains and rust. 

o Household cleaners are basic (pH 10-12) to dissolve grease and dirt. 

 

D. pH in Water and Environment 

1. pH of Drinking Water 

o Safe drinking water has a pH of 6.5 to 8.5. 

o If the water is too acidic, it can cause corrosion of pipes. 



2. pH and Acid Rain 

o Normal rainwater has a pH of 5.6 due to dissolved CO₂. 

o Acid rain has a pH below 5, caused by pollutants like SO₂ and NO₂. 

o Acid rain damages buildings, soil, and aquatic life. 

 

Salts: Family of Salts, pH of Salts 

1. What Are Salts? 

 A salt is a compound formed when the hydrogen ion (H⁺) of an acid is replaced by a 
metal or an ammonium ion (NH₄⁺). 

 It is formed by the reaction of an acid with a base (neutralization reaction). 

General Neutralization Reaction 

Acid +Base →Salt +Water 

Example: 

HCl+ NaOH →NaCl +H₂O 

(Hydrochloric acid + Sodium hydroxide → Sodium chloride + Water) 

 

2. Family of Salts 

Salts are classified based on the acids and bases that form them. 

A. Types of Salts Based on Acids Used 

1. Salts of Hydrochloric Acid (HCl) → Chlorides 

o Example: Sodium chloride (NaCl), Potassium chloride (KCl) 

2. Salts of Sulfuric Acid (H₂SO₄) → Sulfates 

o Example: Copper sulfate (CuSO₄), Zinc sulfate (ZnSO₄) 

3. Salts of Nitric Acid (HNO₃) → Nitrates 

o Example: Potassium nitrate (KNO₃), Silver nitrate (AgNO₃) 

4. Salts of Carbonic Acid (H₂CO₃) → Carbonates 

o Example: Calcium carbonate (CaCO₃), Sodium carbonate (Na₂CO₃) 

5. Salts of Acetic Acid (CH₃COOH) → Acetates 

o Example: Sodium acetate (CH₃COONa) 

B. Types of Salts Based on Their Properties 

1. Normal Salts – Formed when a strong acid reacts with a strong base. 



o Example: NaCl, KNO₃, Na₂SO₄ 

2. Acidic Salts – Formed when a strong acid reacts with a weak base. 

o Example: NH₄Cl (Ammonium chloride) 

3. Basic Salts – Formed when a weak acid reacts with a strong base. 

o Example: NaHCO₃ (Sodium bicarbonate or Baking soda) 

4. Double Salts – Formed by the combination of two simple salts in the same solution. 

o Example: Potash alum (K₂SO₄·Al₂(SO₄)₃·24H₂O) 

5. Complex Salts – Formed when a metal ion is bonded to multiple ligands. 

o Example: K₄[Fe(CN)₆] (Potassium ferrocyanide) 

 

3. pH of Salts 

 The pH of a salt solution depends on the strength of the acid and base that formed it. 

Type of Salt pH Example 

Neutral Salt ~7 NaCl, KNO₃ 

Acidic Salt <7 NH₄Cl, CuSO₄ 

Basic Salt >7 Na₂CO₃, NaHCO₃ 

Determining pH of Salts 

1. Strong Acid + Strong Base → Neutral Salt (pH ~7) 

o Example: NaCl (Sodium chloride) 

o HCl (strong acid) + NaOH (strong base) → NaCl + H₂O 

2. Strong Acid + Weak Base → Acidic Salt (pH < 7) 

o Example: NH₄Cl (Ammonium chloride) 

o HCl (strong acid) + NH₄OH (weak base) → NH₄Cl + H₂O 

3. Weak Acid + Strong Base → Basic Salt (pH > 7) 

o Example: Na₂CO₃ (Sodium carbonate) 

o H₂CO₃ (weak acid) + NaOH (strong base) → Na₂CO₃ + H₂O 

 

 METALS AND NON-METAL 

 

1. Physical Properties of Metals 



Metals are generally lustrous, malleable, ductile, and good conductors of heat and 
electricity. 

Property Explanation Examples 

Lustre Metals have a shiny surface. 
Gold, Silver, 
Aluminum 

Malleability 
Metals can be hammered into thin sheets without 
breaking. 

Gold, Silver, 
Copper 

Ductility Metals can be stretched into thin wires. 
Copper, 
Aluminum 

Conductivity 
Metals are good conductors of heat and electricity 
due to free-moving electrons. 

Copper, Silver 

High Density & 
Strength 

Metals are strong and have high density. Iron, Lead 

High Melting & Boiling 
Points 

Most metals have high melting and boiling points. Tungsten, Iron 

Sonorous Metals produce a ringing sound when struck. 
Copper, Iron, 
Bronze 

Solid at Room 
Temperature 

Except for mercury (Hg), metals exist in solid form at 
room temperature. 

Iron, Gold 

Exceptions in Metals 

1. Mercury (Hg) – The only metal that is liquid at room temperature. 

2. Sodium (Na) & Potassium (K) – They are soft metals that can be cut with a knife. 

3. Lead (Pb) & Mercury (Hg) – They are poor conductors of electricity compared to other 
metals. 

 

2. Physical Properties of Non-Metals 

Non-metals have properties opposite to metals. 

Property Explanation Examples 

Non-lustrous 
Non-metals do not have a shiny surface 
(except iodine). 

Carbon, Sulfur 

Non-malleable Non-metals break when hammered. Sulfur, Phosphorus 

Non-ductile 
Non-metals cannot be stretched into 
wires. 

Carbon, Oxygen 



Property Explanation Examples 

Poor Conductors 
Non-metals are poor conductors of heat 
and electricity (except graphite). 

Sulfur, Phosphorus 

Low Density Non-metals usually have low density. Oxygen, Neon 

Low Melting & 
Boiling Points 

Most non-metals have low melting and 
boiling points (except carbon). 

Oxygen, Nitrogen 

Not Sonorous 
Non-metals do not produce a ringing 
sound. 

Sulfur, Carbon 

Exist in Different 
States 

Non-metals can be solids, liquids, or 
gases. 

Oxygen (gas), Bromine 
(liquid), Sulfur (solid) 

Exceptions in Non-Metals 

1. Iodine (I) – The only non-metal that is lustrous. 

2. Carbon (C, as Diamond) – It has a very high melting point. 

3. Graphite (Allotrope of Carbon) – It is a good conductor of electricity. 

 

Chemical Properties of Metals 

Metals exhibit unique chemical properties that differentiate them from non-metals. These 
properties determine how metals react with substances like oxygen, water, acids, and bases. 

 

1. Reaction of Metals with Oxygen 

Most metals react with oxygen (O₂) to form metal oxides. 

General Equation: 

Metal +Oxygen →Metal Oxide 

Examples: 

1. Magnesium (Mg) burns in oxygen to form magnesium oxide. 

2Mg+O2→2MgO 

Magnesium oxide is a basic oxide and reacts with water to form magnesium hydroxide (a base). 

2. Rusting of iron (Fe) (Slow reaction with oxygen in the presence of water): 

4Fe+3O2+6H2O→4Fe(OH)3 

The hydrated iron oxide (Fe₂O₃·xH₂O) causes rust formation. 

Observations: 



 Highly reactive metals (K, Na) react quickly with oxygen and form oxides without 
heating. 

 Less reactive metals (Fe, Cu) react slowly with oxygen. 

 Some metals (Gold, Platinum) do not react with oxygen. 

 

2. Reaction of Metals with Water 

Metals react with water (H₂O) to form metal hydroxides (if soluble) or oxides and release 
hydrogen gas (H₂). 

General Equation: 

Metal +Water→ Metal Hydroxide+H2 

Examples: 

1. Sodium (Na) reacts vigorously with water: 

2Na+2H2O→2NaOH+H2 

The reaction is highly exothermic and produces hydrogen gas. 

2. Iron (Fe) reacts very slowly with water: 

Fe+H2O→No reaction (Cold water), Fe+Steam→Fe3O4+H2 

Reactivity Order with Water: 

Sodium (Na) > Calcium (Ca) > Magnesium (Mg) > Zinc (Zn) > Iron (Fe) > Copper (Cu) 

 Highly reactive metals (K, Na, Ca) react violently with cold water. 

 Moderately reactive metals (Mg, Zn, Fe) react only with steam. 

 Copper (Cu) and Gold (Au) do not react with water. 

 

3. Reaction of Metals with Acids 

Most metals react with dilute acids (HCl, H₂SO₄) to produce metal salts and hydrogen gas. 

General Equation: 

Metal +Acid→ Metal Salt+H2 

Examples: 

1. Reaction of Zinc with Hydrochloric Acid: 

Zn+2HCl→ZnCl₂ + H₂ 

2. Reaction of Magnesium with Sulfuric Acid: 

Mg + H₂SO₄ →MgSO₄ + H₂ 

Reactivity Order with Acids: 



Mg > Zn > Fe > Pb > Cu > Ag 

 Highly reactive metals (Mg, Zn, Fe) react with acids and release hydrogen gas. 

 Copper (Cu), Silver (Ag), Gold (Au) do not react with acids. 

 

4. Reaction of Metals with Bases 

Some metals react with strong bases (NaOH, KOH) to form complex salts and hydrogen gas. 

General Equation: 

Metal+Base→Salt+H2 

Examples: 

1. Reaction of Aluminum with Sodium Hydroxide: 

2Al+2NaOH+6H2O→2Na[Al(OH)4]+3H2 

2. Zinc reacts with NaOH: 

Zn+2NaOH→Na2ZnO2+H2 

 Not all metals react with bases. Only amphoteric metals like Aluminum (Al), Zinc 
(Zn), Lead (Pb) react with bases. 

 

How Do Metals and Non-Metals React? 

Metals and non-metals react to form ionic compounds through ionic bonding. This happens 
because: 

 Metals tend to lose electrons and form positive ions (cations). 

 Non-metals tend to gain electrons and form negative ions (anions). 

 These oppositely charged ions attract each other due to electrostatic forces, forming 
ionic bonds. 

Example: Formation of Sodium Chloride (NaCl) 

1. Sodium (Na) (a metal) loses one electron to become Na⁺. Na→Na++e− 

2. Chlorine (Cl) (a non-metal) gains one electron to become Cl⁻. Cl+e−→Cl− 

3. Na⁺ and Cl⁻ attract each other to form NaCl (sodium chloride). Na++Cl−→NaCl 

This process is called ionic bonding, and the resulting compound is an ionic compound. 

 

Properties of Ionic Compounds 

Ionic compounds exhibit distinct physical and chemical properties due to the strong 
electrostatic forces of attraction between the ions. 



1. High Melting and Boiling Points 

 Ionic compounds have high melting and boiling points because the strong 
electrostatic forces require a large amount of energy to break. 

 Example: NaCl has a high melting point of 801°C. 

2. Hard and Brittle 

 Ionic compounds are generally hard and brittle. 

 Example: Salt (NaCl) shatters when struck with a hammer. 

3. Solubility in Water 

 Most ionic compounds dissolve in water because water molecules can separate the 
ions. 

 Example: NaCl dissolves in water but does not dissolve in kerosene or alcohol. 

4. Electrical Conductivity 

 In solid form, ionic compounds do not conduct electricity because ions are fixed in 
place. 

 In molten (liquid) or aqueous (dissolved) form, they conduct electricity because the 
ions are free to move. 

 Example: NaCl solution in water conducts electricity. 

5. Formation of Crystals 

 Ionic compounds form crystalline structures due to the regular arrangement of ions 
in a lattice. 

 Example: Table salt (NaCl) forms cubic crystals 

 

What is Corrosion? 

Corrosion is the gradual deterioration of metals due to a chemical reaction with their 
environment. This process weakens the metal and leads to loss of strength, appearance, and 
functionality. 

 Corrosion occurs when metals react with oxygen, moisture, or other chemicals in 
their surroundings. 

 Example: The rusting of iron when exposed to air and water. 

 

Examples of Corrosion 

1. Rusting of Iron (Fe) 

 The most common example of corrosion is rusting of iron. 



 It occurs when iron reacts with oxygen and water vapor to form hydrated iron oxide 
(rust). 

 The chemical equation for rust formation:  

4Fe+3O2+6H2O→4Fe(OH)3 

2Fe(OH)3→Fe2O3⋅xH2O (rust) 

2. Tarnishing of Silver (Ag) 

 Silver reacts with hydrogen sulfide (H₂S) in the air to form black silver sulfide (Ag₂S). 
2Ag+H2S→Ag2S+H2 

 This is why silver objects turn black over time. 

3. Greenish Coating on Copper (Cu) 

 Copper reacts with oxygen, carbon dioxide, and moisture to form a green layer of 
copper carbonate (CuCO₃. Cu(OH)₂). 2Cu+O2+CO2+H2O→CuCO3⋅Cu(OH)2 

 This is often seen on old copper utensils and statues. 

4. Corrosion of Aluminum (Al) 

 Aluminum reacts with oxygen to form a thin protective layer of aluminum oxide 
(Al₂O₃). 4Al+3O2→2Al2O3 

 This layer prevents further corrosion, which is why aluminum is more resistant to 
damage. 

5. Corrosion of Bronze and Brass 

 Bronze and brass develop a dull green coating due to reactions with moist air. 

 

Factors Affecting Corrosion 

1. Presence of Moisture: More humidity leads to faster corrosion. 

2. Presence of Oxygen: Oxidation reactions speed up corrosion. 

3. Presence of Salts and Acids: Salt water and acidic environments accelerate corrosion. 

4. Temperature: Higher temperatures increase corrosion rates. 

5. Impurities in Metal: Impurities can form electrochemical cells, increasing corrosion. 

 

Methods to Prevent Corrosion 

1. Galvanization 

 Iron is coated with a layer of zinc to prevent rusting. 

 Example: Galvanized iron pipes and sheets. 

2. Painting and Oiling 



 Paint, oil, or grease prevents direct contact with oxygen and moisture. 

 Example: Painted bridges, machinery, and iron fences. 

3. Alloying 

 Mixing metals to make corrosion-resistant alloys. 

 Example: Stainless steel (iron + chromium + nickel) is resistant to rusting. 

4. Electroplating 

 Coating metals with a thin layer of another metal to prevent corrosion. 

 Example: Gold or silver plating on jewelry. 

5. Cathodic Protection 

 A more reactive metal (like magnesium) is connected to iron to sacrifice itself and 
prevent rusting. 

 Example: Used in underground pipes and ship hulls. 

 

 COMPUTER PRACTICE 

Introduction to Computer System 

A computer is an electronic device that processes data and performs calculations according to 
a set of instructions (programs). It is used in various fields such as education, healthcare, 
business, and scientific research. 

 

Components of a Computer System 

A computer system consists of hardware and software. 

1. Hardware 

Hardware refers to the physical components of a computer that you can touch. 

 Input Devices: Devices used to enter data into the computer. 

o Example: Keyboard, Mouse, Scanner, Microphone. 

 Processing Unit: The Central Processing Unit (CPU), also known as the brain of the 
computer. 

o CPU consists of: 

 Arithmetic Logic Unit (ALU): Performs calculations and logical 
operations. 

 Control Unit (CU): Manages the execution of instructions. 

 Registers: Small storage areas within the CPU for quick access. 

 Memory: Used to store data and instructions. 



o RAM (Random Access Memory): Temporary memory that stores data currently 
in use. 

o ROM (Read-Only Memory): Permanent memory that stores system instructions. 

 Storage Devices: Used to store data permanently. 

o Example: Hard Disk, SSD, USB Drive, CD/DVD. 

 Output Devices: Devices that display the result of processing. 

o Example: Monitor, Printer, Speakers. 

 

2. Software 

Software refers to programs and instructions that tell the computer what to do. 

 System Software: Controls hardware and provides a platform for running applications. 

o Example: Operating System (Windows, Linux, macOS). 

 Application Software: Designed for specific tasks like word processing or gaming. 

o Example: MS Word, Adobe Photoshop, Google Chrome. 

 Programming Software: Used by developers to create applications. 

o Example: C++, Java, Python compilers. 

 

Types of Computers 

Computers come in various forms based on their size and functionality. 

1. Supercomputers: Extremely powerful computers used for complex calculations (e.g., 
weather forecasting). 

2. Mainframe Computers: Used in large organizations for bulk data processing. 

3. Minicomputers: Mid-sized computers used in small businesses. 

4. Microcomputers (Personal Computers - PC): Commonly used for personal and office 
work. 

5. Embedded Systems: Computers integrated into other devices (e.g., washing machines, 
smart TVs). 

 

Working of a Computer 

A computer works based on the IPO (Input-Process-Output) cycle: 

1. Input: User provides data through input devices (keyboard, mouse). 

2. Processing: The CPU processes the data. 



3. Storage: The data is temporarily stored in RAM and permanently stored in a hard drive. 

4. Output: The processed data is displayed through output devices like a monitor or 
printer. 

 

Number System in Computers 

Computers use binary numbers (0 and 1) for processing data. Other number systems used in 
computing include: 

1. Binary (Base 2) – 0, 1 

2. Octal (Base 8) – 0 to 7 

3. Decimal (Base 10) – 0 to 9 (used by humans) 

4. Hexadecimal (Base 16) – 0 to 9 and A to F (used in memory addressing) 

 

Advantages of Computers 

1. Speed: Can perform millions of calculations per second. 

2. Accuracy: Reduces human errors. 

3. Automation: Can execute instructions without human intervention. 

4. Storage: Can store large amounts of data. 

5. Connectivity: Allows communication over the internet. 

 

Disadvantages of Computers 

1. Cybersecurity Risks: Prone to hacking and viruses. 

2. Health Issues: Prolonged use can lead to eye strain and posture problems. 

3. Dependency: Over-reliance on computers reduces manual skills. 

 

Introduction to Internet 

The Internet is a global network of computers that enables communication, data sharing, and 
access to information. It connects billions of devices worldwide, allowing users to browse 
websites, send emails, and engage in online activities. 

Key Features of the Internet: 

 Global Connectivity: Connects users across the world. 

 Information Sharing: Provides access to vast amounts of data. 

 Communication: Enables emails, messaging, and video calls. 



 E-Commerce: Allows online shopping and banking. 

 Cloud Computing: Stores data remotely for easy access. 

Basic Components of the Internet: 

1. Web Browser: Software used to access websites (e.g., Google Chrome, Mozilla Firefox). 

2. Website: A collection of web pages with information. 

3. URL (Uniform Resource Locator): The address of a webpage (e.g., www.google.com). 

4. HTTP/HTTPS: Protocols used for secure communication on the web. 

5. Search Engine: A tool to find information online (e.g., Google, Bing). 

6. IP Address: A unique numerical address assigned to each device on the internet. 

 

Introduction to HTML (HyperText Markup Language) 

HTML is the standard language used to create and design web pages. It defines the structure of 
a webpage using tags. 

Basic Structure of an HTML Document 

html 

CopyEdit 

<!DOCTYPE html> 

<html> 

<head> 

    <title>My First Webpage</title> 

</head> 

<body> 

    <h1>Welcome to My Website</h1> 

    <p>This is a simple HTML page.</p> 

</body> 

</html> 

Important HTML Tags and Their Functions 

Tag Description Example 

<html> Defines the HTML document <html>...</html> 

<head> 
Contains metadata like title and 
styles 

<head>...</head> 



Tag Description Example 

<title> Sets the title of the page <title>My Page</title> 

<body> 
Defines the main content of the 
page 

<body>...</body> 

<h1> to 
<h6> 

Defines headings (largest to 
smallest) 

<h1>Heading</h1> 

<p> Defines a paragraph <p>This is a paragraph.</p> 

<a> Creates a hyperlink 
<a href="https://www.google.com">Click 
here</a> 

<img> Displays an image <img src="image.jpg" alt="Description"> 

<ul> Defines an unordered list <ul><li>Item 1</li></ul> 

<ol> Defines an ordered list <ol><li>Item 1</li></ol> 

<table> Creates a table <table>...</table> 

<tr> Defines a table row <tr>...</tr> 

<td> Defines table data <td>Data</td> 

<form> Creates an input form <form>...</form> 

<input> Defines an input field <input type="text"> 

 

Computer Practice: Using MS Word, MS Excel, and MS PowerPoint 

Microsoft Office Suite is a collection of applications used for various productivity tasks, 
including word processing, spreadsheets, and presentations. The three most commonly used 
applications are MS Word, MS Excel, and MS PowerPoint. 

 

1. Microsoft Word (MS Word) 

MS Word is a word-processing software used to create, edit, and format text documents. It is 
widely used for creating reports, letters, resumes, and academic papers. 

Features of MS Word: 

 Text Formatting: Change font, size, color, bold, italic, underline, etc. 

 Paragraph Formatting: Adjust alignment, indentation, spacing, and bullet points. 

 Tables and Charts: Insert and format tables, charts, and graphs. 

 Spell Check & Grammar: Built-in tools for error detection and correction. 



 Find and Replace: Quickly locate and modify text in a document. 

 Headers and Footers: Insert page numbers, document titles, and footnotes. 

 Mail Merge: Automates the process of sending bulk letters/emails. 

 Templates: Pre-designed layouts for letters, resumes, and reports. 

Example of MS Word Usage: 

 Writing a project report 

 Creating an official letter 

 Designing a resume 

 

2. Microsoft Excel (MS Excel) 

MS Excel is a spreadsheet software used for data organization, calculations, data analysis, and 
visualization. 

Features of MS Excel: 

 Cells, Rows, and Columns: Organizes data in a tabular format. 

 Formulas and Functions: Perform calculations like SUM, AVERAGE, IF, and VLOOKUP. 

 Charts and Graphs: Visual representation of data. 

 Sorting and Filtering: Helps in managing large datasets efficiently. 

 Conditional Formatting: Highlights data based on specific conditions. 

 Pivot Tables: Summarizes large amounts of data. 

 Data Validation: Restricts input values in a cell. 

Common Excel Formulas: 

Function Purpose Example 

=SUM(A1:A10) Adds values in the range A1 to A10 45 

=AVERAGE(B1:B5) Calculates average of values in B1 to B5 30 

=IF(A1>50, "Pass", "Fail") Conditional logic Pass/Fail 

=VLOOKUP(101, A2:C10, 2, FALSE) Finds a value in a table Data retrieved 

=LEFT(A1,3) Extracts first three characters from A1 "Com" 

Example of MS Excel Usage: 

 Creating a sales report 

 Budget planning 



 Employee attendance records 

 

3. Microsoft PowerPoint (MS PowerPoint) 

MS PowerPoint is a presentation software used to create slideshows for business, education, 
and training purposes. 

Features of MS PowerPoint: 

 Slide Layouts: Predefined formats for slide design. 

 Text and Multimedia: Insert images, videos, and audio. 

 Animations and Transitions: Adds movement effects to slides. 

 Slide Master: Standardizes the design across slides. 

 Charts and SmartArt: Visualizes data effectively. 

 Speaker Notes: Helps presenters add notes for guidance. 

 Templates and Themes: Ready-to-use design layouts. 

Example of MS PowerPoint Usage: 

 Creating a business proposal presentation 

 Preparing a lecture or seminar slides 

 Making a project report presentation 

 

 ENVIRONMENTAL SCIENCES 

 

Introduction to Ecosystems 

An ecosystem is a biological community of interacting organisms and their physical 
environment. It includes both biotic components (living organisms) and abiotic components 
(non-living elements such as air, water, and soil). Ecosystems can be small (a pond) or large (a 
rainforest or an ocean). 

 

Components of an Ecosystem 

1. Biotic Components (Living Organisms) 

These include all living organisms in an ecosystem, categorized into three main groups: 

 Producers (Autotrophs): Organisms that produce their own food using sunlight 
(photosynthesis) or chemical energy. 

o Example: Plants, algae, cyanobacteria 

 Consumers (Heterotrophs): Organisms that depend on other organisms for food. 



o Primary Consumers (Herbivores): Eat plants (e.g., deer, rabbits) 

o Secondary Consumers (Carnivores): Eat herbivores (e.g., frogs, snakes) 

o Tertiary Consumers (Top predators): Eat other carnivores (e.g., lions, eagles) 

o Omnivores: Eat both plants and animals (e.g., humans, bears) 

 Decomposers (Saprotrophs): Break down dead organisms and recycle nutrients into 
the environment. 

o Example: Bacteria, fungi 

2. Abiotic Components (Non-living Elements) 

 Sunlight: The primary energy source for most ecosystems. 

 Water: Essential for all living organisms. 

 Air (Oxygen & Carbon Dioxide): Required for respiration and photosynthesis. 

 Soil & Minerals: Provide nutrients for plants. 

 Temperature & Climate: Influence the survival and distribution of organisms. 

 

Types of Ecosystems 

Ecosystems are broadly classified into natural and artificial ecosystems. 

1. Natural Ecosystems 

 Terrestrial Ecosystems: Found on land. Examples include: 

o Forest Ecosystem: Includes trees, animals (e.g., tigers, elephants), and 
decomposers. 

o Grassland Ecosystem: Open landscapes with few trees, supporting herbivores 
like zebras and bison. 

o Desert Ecosystem: Characterized by low rainfall, extreme temperatures, and 
organisms like cacti, snakes, and camels. 

 Aquatic Ecosystems: Found in water. Examples include: 

o Freshwater Ecosystem: Includes rivers, lakes, and ponds with organisms like 
fish and algae. 

o Marine Ecosystem: Includes oceans, coral reefs, and estuaries with whales, 
sharks, and plankton. 

2. Artificial Ecosystems 

These are human-made ecosystems, such as: 

 Agricultural Ecosystem: Farmlands growing crops like wheat and rice. 

 Urban Ecosystem: Cities with buildings, roads, and managed parks. 



 Aquaculture Ecosystem: Artificial fish farms and reservoirs. 

 

Ecosystem Functions & Importance 

1. Energy Flow in an Ecosystem 

 Sun → Producers → Consumers → Decomposers 

 Energy flows through food chains and food webs in an ecosystem. 

2. Nutrient Cycling 

 Nutrients like carbon, nitrogen, and phosphorus cycle between organisms and the 
environment. 

3. Ecological Balance 

 Predators control prey populations. 

 Decomposers recycle dead matter. 

4. Biodiversity Conservation 

 Ecosystems provide habitat and food for diverse species. 

5. Human Benefits (Ecosystem Services) 

 Provisioning Services: Food, water, fuel, medicines. 

 Regulating Services: Climate control, air purification. 

 Cultural Services: Tourism, spiritual significance. 

 

Introduction to Pollution 

Pollution refers to the introduction of harmful substances into the environment, causing 
negative effects on living organisms and ecosystems. These harmful substances are known as 
pollutants, which can be natural (e.g., volcanic ash) or human-made (e.g., plastic waste, 
industrial chemicals). 

Pollution can affect air, water, soil, and living organisms, leading to serious environmental and 
health issues. 

 

Types of Pollution 

1. Air Pollution 

Definition: The contamination of the atmosphere by harmful gases, dust, or smoke, making it 
unhealthy for living organisms. 

Sources: 

 Natural: Volcanic eruptions, wildfires, pollen. 



 Human-made: Industrial emissions, vehicle exhaust, burning fossil fuels, 
deforestation. 

Major Pollutants: 

 Carbon monoxide (CO) – from vehicle exhaust. 

 Sulfur dioxide (SO₂) – from coal-burning industries. 

 Nitrogen oxides (NOₓ) – from car engines and power plants. 

 Particulate matter (PM) – dust, soot, and smoke. 

Effects: 

 Causes respiratory diseases (asthma, bronchitis). 

 Contributes to acid rain, damaging plants and water bodies. 

 Leads to global warming and climate change. 

 

2. Water Pollution 

Definition: The contamination of water bodies (rivers, lakes, oceans) with harmful substances. 

Sources: 

 Industrial waste: Factories release chemicals into rivers and seas. 

 Agricultural runoff: Pesticides, fertilizers enter water bodies. 

 Domestic sewage: Wastewater from homes containing detergents, plastics. 

 Oil spills: Leakage from ships and oil rigs. 

Major Pollutants: 

 Heavy metals (lead, mercury). 

 Plastic waste. 

 Nitrates and phosphates (from fertilizers). 

 Pathogens (bacteria, viruses). 

Effects: 

 Causes diseases like cholera and dysentery. 

 Kills aquatic life by reducing oxygen levels (eutrophication). 

 Contaminates drinking water sources. 

 

3. Soil Pollution 

Definition: The contamination of soil due to the presence of toxic chemicals and waste 
materials. 



Sources: 

 Industrial waste disposal: Dumping of non-biodegradable waste. 

 Agricultural chemicals: Excessive use of pesticides and fertilizers. 

 Mining activities: Release of heavy metals and toxins. 

 Improper waste disposal: Plastic, electronic waste (e-waste). 

Effects: 

 Reduces soil fertility, affecting agriculture. 

 Contaminates groundwater. 

 Harms soil organisms and plants. 

 

4. Noise Pollution 

Definition: Excessive, disturbing sound that disrupts human and animal life. 

Sources: 

 Traffic and transportation: Cars, trains, airplanes. 

 Industrial activities: Factories, construction sites. 

 Loudspeakers and music systems: Weddings, public events. 

Effects: 

 Causes stress, hearing loss, sleep disturbances. 

 Affects wildlife by interfering with communication and hunting. 

 

5. Thermal Pollution 

Definition: The rise in temperature of water bodies due to human activities. 

Sources: 

 Discharge of hot water from power plants and industries. 

 Deforestation reduces cooling effects from trees. 

Effects: 

 Reduces oxygen levels, harming aquatic life. 

 Causes ecological imbalance in rivers and lakes. 

 

6. Radioactive Pollution 

Definition: Pollution caused by the release of radioactive substances. 



Sources: 

 Nuclear power plants. 

 Mining of radioactive materials (uranium). 

 Nuclear weapon testing. 

Effects: 

 Causes cancer, genetic mutations. 

 Contaminates land and water for thousands of years. 

 

Control Measures for Pollution 

 Air pollution: Use of cleaner fuels, planting trees, reducing industrial emissions. 

 Water pollution: Proper waste treatment, reducing plastic use, strict pollution laws. 

 Soil pollution: Sustainable farming, waste recycling, proper disposal of hazardous 
waste. 

 Noise pollution: Using noise barriers, controlling vehicle honking, proper urban 
planning. 

 

Introduction to Climate Change 

Climate Change refers to long-term shifts in global or regional climate patterns, particularly a 
significant rise in the Earth’s average temperature due to human activities and natural 
processes. Climate change affects weather patterns, sea levels, ecosystems, and biodiversity. 

Causes of Climate Change 

Climate change can be caused by both natural and human-induced factors. 

1. Natural Causes 

 Volcanic Eruptions: Release gases and particles that can temporarily cool the Earth. 

 Solar Radiation Changes: Variation in solar energy affects global temperatures. 

 Ocean Currents: Changes in ocean circulation patterns influence climate (e.g., El Niño 
and La Niña). 

2. Human-Induced Causes 

 Burning Fossil Fuels: Coal, oil, and gas release greenhouse gases (GHGs) like CO₂. 

 Deforestation: Reduces carbon absorption, increasing atmospheric CO₂ levels. 

 Agriculture: Methane (CH₄) from livestock and nitrogen oxides (NOₓ) from fertilizers 
contribute to warming. 

 Industrial Activities: Factories release GHGs and pollutants. 



 

Greenhouse Effect and Global Warming 

The greenhouse effect is the natural process that keeps the Earth warm by trapping heat in the 
atmosphere. However, excessive greenhouse gases lead to global warming, which is the rapid 
increase in Earth's temperature. 

Major Greenhouse Gases (GHGs) 

 Carbon Dioxide (CO₂): From burning fossil fuels and deforestation. 

 Methane (CH₄): From cattle, landfills, and wetlands. 

 Nitrous Oxide (N₂O): From agricultural fertilizers and burning fossil fuels. 

 Chlorofluorocarbons (CFCs): From air conditioners and refrigerators (now banned in 
many countries). 

Impacts of Global Warming 

 Melting Ice Caps and Glaciers: Leads to rising sea levels. 

 Extreme Weather Events: Increase in hurricanes, droughts, heatwaves. 

 Loss of Biodiversity: Species struggle to survive in changing climates. 

 Ocean Acidification: CO₂ absorption by oceans harms marine life. 

 Impact on Agriculture: Reduced crop yields and food insecurity. 

 

Effects of Climate Change 

1. Rising Temperatures 

 Earth’s average temperature has increased by 1.1°C since pre-industrial times. 

 Heatwaves are more frequent and intense. 

2. Rising Sea Levels 

 Thermal Expansion: Water expands as it warms. 

 Glacial Melt: Ice caps in Greenland and Antarctica are melting. 

 Low-lying cities and islands are at risk of flooding (e.g., Maldives, Venice). 

3. Extreme Weather Events 

 Increase in cyclones, floods, droughts, and wildfires due to temperature changes. 

 Example: Australian wildfires (2019-2020), Heatwave in Europe (2022). 

4. Impact on Biodiversity 

 Species like polar bears are losing habitat due to ice melting. 



 Coral reefs are dying due to ocean acidification and warming (e.g., Great Barrier 
Reef). 

 

Mitigation and Adaptation Strategies 

1. Mitigation (Reducing Causes of Climate Change) 

 Switch to Renewable Energy: Solar, wind, hydro, and geothermal energy reduce 
reliance on fossil fuels. 

 Afforestation and Reforestation: Planting more trees absorbs CO₂. 

 Reducing Carbon Footprint: Using energy-efficient appliances, public transport, and 
reducing waste. 

 International Agreements: Paris Agreement (2015) aims to limit global warming to 
below 2°C. 

2. Adaptation (Adjusting to Climate Change Effects) 

 Building Flood Barriers: Protects cities from rising sea levels. 

 Drought-resistant Crops: Helps farmers in dry regions. 

 Water Conservation: Reducing wastage and improving irrigation. 

 

Introduction to Renewable Energy 

Renewable energy sources are naturally replenished and do not deplete over time. They help 
in reducing dependence on fossil fuels and lowering environmental pollution. 

Types of Renewable Energy Sources: 

1. Hydro Energy (Hydropower) 

Availability: 

 Derived from moving water, such as rivers and dams. 

 Countries with large rivers and rainfall (e.g., India, China, Brazil) have high hydropower 
potential. 

Advantages: 
脥� Clean and renewable energy source. 
脥� Low operating costs after construction. 
脥� Provides irrigation and flood control. 

Limitations: 
 Requires large dams, leading to displacement of people and ecological damage. 
 Expensive initial construction. 
 Affected by droughts and seasonal water flow variations. 

 



2. Solar Energy 

Availability: 

 Solar power is available everywhere but is most effective in tropical and desert 
regions (e.g., Rajasthan, Gujarat). 

Advantages: 
脥� No greenhouse gas emissions. 
脥� Abundant and available worldwide. 
脥� Low maintenance costs for solar panels. 

Limitations: 
 Energy production depends on sunlight, ineffective at night or on cloudy days. 
 High initial installation cost. 
 Requires large areas for solar farms. 

 

3. Wind Energy 

Availability: 

 Strong winds are available in coastal regions, open plains, and hilly areas (e.g., 
Gujarat, Tamil Nadu, Germany). 

Advantages: 
脥� No air pollution or greenhouse gas emissions. 
脥� Sustainable and cost-effective in the long run. 
脥� Efficient in areas with strong and steady winds. 

Limitations: 
 Unreliable – wind speed varies. 
 Noisy and can impact birds. 
 High land requirements for wind farms. 

 

4. Biomass Energy 

Availability: 

 Derived from plant and animal waste, including wood, crops, and dung. 

 Common in rural areas and agricultural regions (e.g., India, Brazil, Sweden). 

Advantages: 
脥� Reduces agricultural waste. 
脥� Can be converted into biogas or biofuels. 
脥� Provides employment in rural areas. 

Limitations: 
 Produces some pollution (smoke from burning biomass). 



 Requires large amounts of land for crops. 
 Inefficient compared to fossil fuels. 

 

5. Tidal Energy 

Availability: 

 Uses the gravitational pull of the moon and sun on Earth's oceans. 

 Found in coastal areas with high tides (e.g., France, Canada, India). 

Advantages: 
脥� Predictable and reliable energy source. 
脥� Long lifespan of tidal power plants. 
脥� No greenhouse gas emissions. 

Limitations: 
 High construction costs. 
 Limited suitable locations. 
 Impact on marine life and ecosystems. 

 

6. Geothermal Energy 

Availability: 

 Found in volcanic regions with underground heat (e.g., Iceland, USA, Japan). 

Advantages: 
脥� Reliable and available 24/7. 
脥� No fuel required, reducing costs. 
脥� Low greenhouse gas emissions. 

Limitations: 
 Only available in specific locations. 
 High initial drilling costs. 
 Risk of triggering minor earthquakes. 

 


