
Introduction 
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Chemistry is the study of matter and the changes it undergoes.

Matter is anything that occupies space and has mass.

 Substance is a form of matter that has a definite composition and distinct 

properties.
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Classification of matter according to its composition 
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2-Liquid State 

A liquid has a definite volume but not a definite shape, with particles that 
stick firmly but not rigidly.
Particle mobility gives a liquid fluidity and causes it to take the shape of the 
container in which it is stored. 

3- Gaseous State

 A gas has indefinite volume and no fixed shape, with particles that move 
independently of one another. 
The actual volume of the gas is very small compared with the volume of the 
space occupied by the gas. A gas therefore may be compressed into a very 
small volume or expanded almost indefinitely.
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Physical Changes 

 are changes in physical properties (such as size, shape, and density) or changes in the state 
of matter without an accompanying change in composition. 
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Chemical Changes

new substances are formed that have different properties and compositions 
from the original material. 
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International System of Units (SI)

An international agreement set up a system of units called the International 
System of Units, or the SI system. This system is based on the metric system 
and units derived from the metric system. 
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All other units, called derived units, combine these seven base units.
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Mass and Weight

 Mass is the amount of matter in a definite object.
Weight, is the force that gravity (𝐠 = 9.8 m. s −2 ) exerts on an object.
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Volume 

Volume is the space that a substance or an object takes up.
The SI-derived unit for volume is the cubic meter (𝑚3 ) and (dm3).  

1 cm3 = (1 x 10-2 m)3 = 1 x 10-6 m3

1 cm3 = 1 mL

1 L = 1000 mL = 1000 cm3
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Another common unit of volume is the liter (𝐋).  A liter is the volume occupied by 
one cubic decimeter of water at 4°C. One liter of volume is equal to 1000 
milliliters (mL) or 1000 cm3 : 

17



Density
The density of an object defined as its mass per unit volume:

Density usually decreases with temperature.
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Scientific Notation

Chemists often deal with numbers that are either extremely large or extremely small.

For example, in 1 g of the element hydrogen there are roughly 602,200,000,000,000,000,000,000 
hydrogen atoms. Each hydrogen atom has a mass of only 0.00000000000000000000000166 g.

To avoid mistakes, scientists use power of 10.

Writing a number as the product of a number between 1 and 10 multiplied by 10 raised to some 

power is called scientific notation.

Where 𝟏𝟎 > 𝐍 > 𝟏, and 𝒏 is power positive or negative
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To learn how to write a number in scientific notation, let’s consider the number 2468: 
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Prefixes Used with SI Units
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Temperature

Three temperature scales are currently in use: The Celsius scale, the Kelvin scale, and the 
Fahrenheit scale.
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* Mercury, the only metal that exists as a liquid at room temperature, melts at −38.9°C. 
Convert its melting point to kelvins.

Tk= -39.9oC + 273 K= 234.1 K

We can convert from the Kelvin scale to the Celsius scale using the equation: 

* Convert the boiling point of ethanol at room temperature (351.37 K) in Kelvins to 
degree Celsius:

Tc= 351.37 – 273 = 78.37oC
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The following equation is used to convert degrees Celsius to degrees Fahrenheit:
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The following equation is used to convert degrees Fahrenheit to degrees Celsius:

28



Chapter 2
Atomic Structure
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Atomic Theory 

According to Dalton’s atomic theory, the hypotheses about the nature of matter 
can be summarized as follows:

1-Elements are composed of extremely small particles called atoms. 

2. All atoms of a given element are identical, having the same size, mass, and chemical 

properties. The atoms of one element are different from the atoms of all other elements. 

3. Compounds are composed of atoms of more than one element. For any given compound, the 

atoms present are always in the same ratio.
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4. A chemical reaction involves only the separation, combination, or rearrangement of 

atoms; it does not result in the creation or destruction of atoms.
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Structure of The Atom

Based on Dalton’s model of the atom, we can define an atom as the basic unit of an element that can 
enter chemical combination. The atom consists of nucleus of protons and neutrons surrounded by a 
group of electrons.

3-The Electron (𝒆 −)

is an elementary particle with a negative electrical charge, moves around the nucleus. The size of an electron has 
not been determined exactly, but its diameter is believed to be less than 10−12cm. 

2. The Proton (𝒑 +)

is an elementary particle with a positive electrical charge, located in nucleus. Its relative charge +1 is equal in 
magnitude, but opposite in sign, to the charge on the electron. 

1- The Neutron (𝒏 𝟎 )

The neutron (𝒏 𝟎 ) is an elementary particle, electrically neutral, located in nucleus.
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Homework:
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Isotopes

Most elements have two or more isotopes. The isotopes are atoms of an element, that have the 
same atomic number but different mass numbers, or atoms of an element having the same number 
of protons, but a different number of neutrons.



9



Properties of Waves

➢Wavelength (𝛌): the distance between two consecutive peaks or troughs in a wave.

➢Frequency (𝝂): the number of waves that pass through a particular point in 1 second (Hz 
= 1 cycle/s).

➢Amplitude: the vertical distance from the midline of a wave to the peak or trough.
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Quantum theory enables us to predict and understand the critical role that electrons 
play in chemistry. 



Electromagnetic Radiation           

➢Electromagnetic radiation: is the emission and transmission of energy in the form 
of electromagnetic waves. 

-All electromagnetic radiation travels at the same velocity in a specific medium 
(speed of light)

-Speed of light (c) in vacuum = 3 x 108 m/s

𝐜 = 𝛌 𝐱 𝛎

➢In 1873 James Maxwell proposed that visible light consists of electromagnetic 
waves or it is an electromagnetic radiation.
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Types of  Electromagnetic Radiation
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Example 1

The wavelength of the green light from a traffic  signal is centered at 522nm . What is the 

frequency of this radiation?

Given: 𝜆 = 522 nm; c (known)

∵ 𝑐 = 𝜆 𝑥 𝜈

∴ 𝜈 =
𝑐

𝜆
= 

3 𝑥 108 𝑚/𝑠

522 𝑥 10−9𝑚
= 5. 7 x 1014Hz

What is the 𝝀 in meter (m) of an electromagnetic wave whose frequency is 3.64 x107 Hz? 

Given: 𝜈 = 3.64 x107 Hz; c (known)

∵ 𝑐 = 𝜆 𝑥 𝜈

∴ 𝜆 =
𝑐

𝜈
= 

3 𝑥 108𝑚/𝑠

3.64 𝑥 107/𝑠
= 8.24 m
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Plank’s Quantum Theory

➢Energy (light) is emitted or absorbed in discrete units (quantum).

➢Quantum (energy) is given by:

𝑬 = 𝒉 𝒙 𝝂

𝑬 = 𝒉 𝒙
𝒄

𝝀

where: 
𝐸: is the energy
ℎ: Plank’s constant, ℎ = 6.63 𝑥 10−34 J.s
𝜈: frequency of radiation

➢ According to quantum theory: energy is always emitted in integrals multiples of 𝒉𝝂
e.g. 𝒉𝝂, 𝟐𝒉𝝂, 𝟑𝒉𝝂, …………… 
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Calculate the energy (in J) of a photon with a wavelength of 5.0 x 104 nm.

𝜆 = 5.0 𝑥 104 nm →  5.0 𝑥 104 𝑥 10−9 = 5.0 𝑥 10−5m

𝐸 =
ℎ𝑐

𝜆

= 
6.63 𝑥 10−34 𝐽.𝑠 𝑥 3.0 𝑥 108𝑚/𝑠

5.0𝑥 10−5 𝑚
= 3.98 𝑥 10−21J

Example:
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Bohr’s Theory of the Hydrogen Atom 

(1913)

➢Neil Bohr: study the emission spectrum of the Hydrogen Atom

➢ Electron (e-) can only have specific energy values (quantized)

➢ light is emitted as e- moves from one energy level to a lower energy level

➢ THUS: the emission spectrum of the H atom results from: the excitation of an

electron to a higher energy orbit then drops to a lower-energy orbit and emits a

quantum of energy (light)
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➢Emission Spectra of atoms are bright lines (spectral lines) in the visible spectrum

➢ Emission spectrum of any atom is a fingerprint (lines appeared at specific wavelengths)
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When electron transfers from a higher orbital to a lower emits energy as a wave equals the 
difference between the two levels 



The Uncertainty Principle 

➢Werner Heisenberg assumed: It is difficult to determine the position 
and velocity of the electron at the same time.

➢The best way to explain the motion of the electron is by considering 
the probability of finding the electron at different positions in the 
atom “electron density” or “orbitals” 
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Quantum Numbers (n, ℓ, mℓ, ms)

➢In quantum mechanics, three quantum numbers are required to
describe the distribution of electrons in hydrogen and other atoms (n, ℓ,
mℓ) . These numbers are derived from the mathematical solution of the
Schrödinger equation for hydrogen atom.

➢ The fourth quantum is the spin quantum number (ms) describes the
behavior of a specific electron and completes the description of the
electron in the atoms.

➢ Electrons in multi-electron atoms can be classified into a series of:
shells (n) → subshells (ℓ )→ orbitals (mℓ)
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The Principal Quantum Number (n)

➢ determines the energy of an orbital → determines the distance of the electron 
from the nucleus → Size.

➢Values: n = 1, 2 , 3, 4 ………

➢Bigger n → larger energy → farther from the nucleus → larger size
➢The maximum number of orbitals in (𝒏) = 𝒏𝟐

➢The maximum number of electrons in (𝒏) = 𝟐𝒏𝟐
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The Angular Momentum Quantum Number (ℓ )

➢ determines the shape of the orbital 

➢ Values: ℓ = from 0 to n −1

➢ The value of ℓ is designated by letters:

value of  ℓ 0 1 2 3 4 5

Name of 
orbital

s p d f g h
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Shapes of orbitals 
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The Magnetic Quantum Number (mℓ)

➢depend on the value of ℓ : 
values of mℓ = -ℓ to +ℓ 

➢determines the orientation of the orbital 

▪ The number of orbitals in each subshell ℓ  = number of mℓ =2 ℓ +1

24

If ℓ = 1 (p orbital), mℓ = − 1, 0, +1  
If ℓ = 2 (d orbital), mℓ = -2, -1, 0, +1, +2



For s orbital there is only one subshell

For p orbital there are three subshells

For d orbital there are five subshells

For f orbital there are seven subshells

25

-1    0    +1

-2    -1    0    +1    +2

-3   -2    -1    0    +1   +2  +3

-1    0    +1

-2    -1    0    +1    +2

-3   -2    -1    0    +1   +2  +3



The Electron Spin Quantum Number (ms)

➢Determines the electron spin 

➢The spin quantum number has only two allowed values:  

ms = +½ and −½
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The electron configuration

is how the electrons are distributed among the various atomic orbitals 
in an atom.

➢The four quantum numbers n, ℓ, m ℓ and ms enable us to label completely 

an electron in any orbital in any atom.
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Aufbau Principle (“Fill up” electrons):
The electron configuration 

The electrons are added one by one to the atomic orbitals in lowest 
energy orbitals
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Electron configuration 
Orbital Diagram

• Each box represents one orbital.

• Half-arrows represent the electrons.

• The direction of the arrow represents the spin of the electron.
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Hund’s Rule

The most stable arrangement of electrons in subshells is the one 
with the greatest number of parallel spins
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The Pauli Exclusion Principle

NO two electrons in an atom can have the same set of four quantum numbers

Only two electrons may occupy the same atomic orbital ( same n, l, ml), and 
these two electrons must have opposite spins (ms)

Consider the Helium atom: 

2He: 1s2 

C is acceptable according to Pauli Exclusion Principle
33



Electron configuration Element 

Z= (Sc=21, Ni = 28, As= 33, La=57, Ca =20, Fe =26, O = 8, Cl = 17)

Write the electron configuration for the following elements and ions:
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The Building-Up Principle

Aufbau Principle (“Fill up” electrons): the electrons are added one by one to   
the atomic orbitals in lowest energy orbitals

Alkali metals and alkaline earth metals fill the s orbitals last.

Main group elements fill the p orbitals last. 

Transition metals fill the d orbitals last.

Lanthanides and actinides fill the (4f) and the (5f) orbitals last, respectively.
Elements in same group have same valence shell electron configurations and 
have similar chemical properties
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Short Notation (abbreviation):

Short notation 
(abbreviated)

Electron configuration             Element 

4Be

11Na

41Nb

25Mn

31Ga

In the short notation: the electron configuration of any element except Hydrogen and Helium 

are represented by a noble gas core, which shows in brackets the noble gas element that most 

nearly precedes the element being considered, followed by the symbol for the highest filled 

subshells in the outermost shells. 

Complete the following table:
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Magnetic properties                

Paramagnetic substance: is the substance that contains net unpaired 
electrons in the outermost subshell. Thus it will be attracted by a magnet.

Diamagnetic substance: is the substance that does not contain net 
unpaired electrons (all electrons are paired) in the outermost subshell. 
Thus it will be slightly  repelled by a magnet.

The Li atom contains one unpaired electron and → Li metal is 
paramagnetic.
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Define the magnetic property for the following elements?

13Al, 17Cl, 30Zn 
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Which of the following elements has higher magnetic properties?

7N or 19K
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Example

An atom of a certain element has 15 electrons. Without consulting a periodic table, 
answer the following questions:

(A)What is the ground-state electron configuration of this element?

Electron configuration: 1s2 2s2 2p6 3s2 3p3

Short notation: [Ne] 3s2 3p3

(B) Is the element diamagnetic or paramagnetic?

paramagnetic
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Example: 

Write the ground-state electron configuration for Mg? is it paramagnetic or 
diamagnetic?

Mg atom has 12 electrons (from: Periodic table (Z = atomic number))

Electron Configuration: 1s22s22p6 3s2 

Short notation: [Ne] 3s2; where: [Ne] = 1s22s22p6

Orbital Diagram:

So, it is a diamagnetic 
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Examples:
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Introduction of Chemical Bonding

Chapter 4

1



When atoms interact to form a chemical bond, only their outer regions are in 
contact. For this reason, when we study chemical bonding, we are concerned 
primarily with the valence electrons of the atoms. 

2



A Lewis dot symbol consists of the symbol of an element and one dot for 
each valence electron in an atom of the element. 

Lewis dot symbols for the representative elements and the noble gases.
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 The ability of an atom in a molecule to attract shared electrons is
called electronegativity. When two atoms combine, the difference between
their electronegativities is an indication of the type of bond that will form.

 An ionic bond is the electrostatic force that holds ions together in an ionic 
compound.

The ionic bond 
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For convenience, imagine that this reaction occurs in separate steps—first the ionization of Li:

and then the acceptance of an electron by F:

Next, imagine the two separate ions joining to form a LiF unit:

Many other common reactions lead to the formation of ionic bonds. For instance, sodium 
chloride NaCl:
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The Covalent Bond

The covalent bond is the attraction force that results from the sharing of an electron pair 
between two atoms forming a molecule. Covalent compounds are compounds that contain 
only covalent bonds.

When two atoms have a small difference in electronegativity, we observe electron sharing 
and covalent bonding.  This type of bonding most commonly occurs between nonmetal 
atoms. 
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Polar Covalent Bond (polar bond)

It is bond in which the bonding electrons spend more time near one atom (has 
high electronegativity) than the other (has low electronegativity).

When electron pair spend more time near the atom with high electronegativity, 
it give a partial negative charge δ- and becomes a negative pole.  The other atom 
had a partial positive charge δ+ and becomes a positive pole. 

Examples:
H2O, CO, CO2, HF
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Nonpolar Covalent Bond

It is a covalent bond in which the bonding electrons shared equally between 
two atoms. So, No electronegativity difference between the tow atoms. 

Example; H2

More examples:
O2, F2, Cl2, N2, Br2
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Coordinate Covalent Bond (Dative Covalent Bond)

is a covalent bond (a shared pair of electrons) in which both electrons come
from the same atom. We represent the coordinate bond by an arrow directed
from the donor atom to the acceptor atom

Examples; 

Ammonium Ion                                               Hydronium Ion 
NH4

+                                                                                   H3O+
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Metallic Bond

It is the force of attraction between positive metallic atomic cores (ions) and surrounded 
delocalized valence electrons. Unlike the localized electrons in covalent bonding, electrons 
in metallic bonding are delocalized, moving freely throughout the piece of metal.

The softness and low melting point of sodium can be explained by the relatively low number 
of electrons in the electron sea and the relatively small charge on the sodium cation compared 
to magnesium and aluminum.
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Hydrogen Bond

-It is a special type of intermolecular force of dipole-dipole attraction arises
between molecules that have H atom covalently bonded to a small, highly
electronegative atom with lone electron pairs such as a N, O, S or F atom.

-As a result, the partially positive H of one molecule is attracted to the partially
negative lone pair on the N, O, S or F of another molecule.

-and a hydrogen bond (H bond) form −H O−, −H N−, −H S−and −H F−.
-We represent hydrogen bond by dotted line.
- hydrogen bonding is a weaker form of chemical bonding.
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A property that helps us distinguish between bonds  is electronegativity.
By using electronegativity values of the elements (Pauling scale) we can determine 
the type of bond.  

Predicting Bond Types

14



- Ionic bonds typically form when the difference in electronegativity ∆E is 
between two atoms is greater than 1.6 (∆E≥ 1.6).

- Nonpolar Covalent Bonds: These occur when the electronegativity difference 
is zero (∆E=0)

- Polar Covalent Bonds: These occur when the electronegativity difference is 
between 0 and 1.6.(0 ∆E≤ 1.6).

Ionic bond 3.16 - 0.93 = 2.23Na-Cl

polar covalent bond 2.55 - 2.2= 0.35C-H

Nonpolar covalent bond 3.44 - 3.44 = 0O-O

polar covalent bond 3.04 -2.2 = 0.84N-H

Example:
Predict the type of bonds using Pauling scale of electronegativity  
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Chapter 5

Chemical Calculations
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Important! 

The number of moles formula is as follows: 
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2.Determine how many moles are in 95 g of MnO 

)= (1x 54.94) + (2 x 16)= 86.94 g/mol2Mw(MnO 

 

 
 

We can also determine the number of (atoms, molecules, 

or particles) using the following formula: 

 

 

 

 
Where:  

N = number of atoms or molecules 

n= number of moles 
23= Avogadro’s Number= 6.022 x 10AN 
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Balance the following equations: 

 

 

 

 

 

 

Chemical calculations 
 

Calculate the mass of magnesium oxide (MgO) produced from 

the burning of 20 g of magnesium? Mg= 24 

Answer: 

1-balance the equation: 

 

  

From the equation: 
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Chapter 6

      Solutions
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Chapter 7

Thermochemistry



2

• Heat is the thermal energy transfer between two bodies at different 

temperatures.

Energy Changes in Chemical Reactions

•  Temperature is a measure of the thermal energy.

Temperature = Thermal Energy

All Chemical reactions absorb or produce (release) energy in the form of heat. 

• Thermal Energy is always transferred from a warmer to a 
cooler object!!



Thermochemistry studies the changes in Heat Energy within a Chemical Reaction

• Energy can be gained or lost in the form  of heat during a chemical reaction

• When heat energy is gained (or absorbed), a reaction is called endothermic

• When heat energy is lost (or released), a reaction is called exothermic

• The change in heat is represented by the symbol H

3

Endothermic H= + Exothermic H= -

Energy
Energy



Heat energy is a form of energy transferred between two (or more) 
systems or a system and its surroundings by the effect of temperature 
difference. 

The SI unit of the heat energy transferred is expressed in joule (J), 
another used unit is calorie 

1 cal = 4.186 J 

Calorie: is the energy needed to raise the temperature of 1 g of water 
through 1 °C (now usually defined as 4.1868 joules).

Heat energy



Specific Heat (s)

• The specific heat of a substance is the amount of heat required to raise the 
temperature of 1 g of substance by 1°C.

•  It is measured in J/ g °C.

• Specific heat of water  = 4.2 J/g oC

• Specific heat of aluminum = 0.9 J/g oC



Heat Capacity (C)

• The amount of heat required to raise the temperature of a given quantity 
of the substance by one degree Celsius or kelvin.  (J/ oC  or  J/K)

• This value changes as the mass changes (the greater mass, the greater its 
heat capacity)

• The heat capacity (C) of a pure substance can be expressed  as          

                                        

                                                          C  = S x m   
C= heat capacity

S= specific heat

m= mass of an object
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Specific heats of some common substances

Specific Heat 
(J/g.oC)

Substance

0.900Al

0.129Au

0.720C (graphite)

0.502C (diamond)

0.385Cu

0.444Fe

0.139Hg

4.184H2O

2.46C2H5OH
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Heat of reaction (q)
Is the amount of heat absorbed or released by a system at a certain temperature.

The relationship between q, and temperature change, ∆t, is: 

For a pure substance of mass m, the expression of q can be written as

s



Examples
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Chapter 8

    Gaseous state 



• Noble gases are monoatomic, e.g., He, Ne, Ar. 

• Other gases are diatomic, e.g., H2, N2, O2 

Gases :have indefinite volume and no fixed shape 
 1-Substances that exist as Gases in the periodic table at 25 °C and 1 atm. (blue 
boxes) are:
 

2

• Gases assume the volume and shape of their containers.

• Gases are the most compressible state of matter.

• Gases have much lower densities than liquids and solids.

Physical Characteristics of Gases

Gases



• Gas is in constant motion → gas exert a pressure on the wall of the container.

• Pascal (Pa) is the SI unit of pressure.

•  Other units for pressure are: atmosphere (atm), millimetre of mercury (mmHg), Torr (torr) etc.

2- Pressure of the Gas

The pressure that supports a column of mercury exactly 760 mm high at 0 °C at sea level.

Standard atmospheric pressure (1 atm)

A Barometer: 

A device that can weigh the atmosphere above us!

• 1 torr= 1mmHg

• 1 atm= 760 mmHg

• 1 atm= 1.01x102 kPa

• 1 atm= 1.01x105 Pa

Atmospheric pressure



•  Any gas has a pressure P, Volume V, temperature T, and amount (number of moles) n. 

•  Scientists study the relationship between these factors by using several gas laws

3- The Gas Laws : 

4

Pressure-Volume Relationship: Boyle’s Law

Boyle’s Law states that: the pressure of a fixed amount of gas (n is constant) at a constant temperature 

is inversely proportional to the volume of the gas.
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Boyle’s Law:  

At constant T & n :        P1V1 = P2V2 

Example

A sample of chlorine gas occupies a volume of 946 mL at a pressure of 726 mmHg. What is the 

pressure of the gas (in mmHg) if the volume is reduced at constant temperature to 154 mL?

P1 = 726 mmHg; V1 = 946 mL                                 P2 = ? ; V2 = 154 mL

Boyle’s Law: P1 V1 = P2 V2

P2 =
P

1
V

1

V
2

=
726 mmHg x 946 mL

154 mL
 = 4460 mmHg



Temperature-Volume Relationship: Charles’s and Gay-Lussac’s Law

• Charles’s and Gay-Lussac’s Law states that: the volume of a fixed amount of gas (n is constant) at a 
constant pressure is directly proportional to the absolute temperature of the gas.

6

Charles’s Law: 

At constant P & n :       
𝑽

𝟏

𝑻𝟏

=
𝑽

𝟐

𝑻𝟐

 

=



Example

A sample of carbon monoxide gas occupies 3.20 L at 125 °C.  At what temperature will 

the gas occupy a volume of 1.54 L if the pressure remains constant?

V1 = 3.20 L; T1 = 125 °C → K ; T1 = 125 + 273.15 = 398.15 K

V2 = 1.54 L ; T2 = ?

Charles’s Law:  V1T2 = V2T1

T2 =
V2T1

V1

=
1.54 L x 398.15 K

3.2 L
 = 192 K
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Example

Gas occupies 6 L at 37 °C. What will be its volume when its temperature is decreased 
to half if the pressure remains constant?

V1=6L , T1=37 °C                                            V2=??? , T2=½ T1

V1T2=V2T1

V1½T1=V2T1

V2 = ½V1

V2 =½(6) = 3L
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Amount-Volume relationship: Avogadro’s Law

• Avogadro’s Law states that: at constant pressure and temperature, the volume is directly proportional to the 

number of moles of the gas.

9

Avogadro’s Law: 

At constant T & P :        
𝑽𝟏

𝒏𝟏

=
𝑽𝟐

𝒏𝟐
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2 moles of gas occupy 6 L. what will be the volume of 7 moles at constant temperature 

and at constant pressure ? 

Example



The Ideal Gas Equation

Ideal Gas Equation   PV = n R T

11

• The value of R that you use is based on your units of pressure:

R=0.08206 
𝑳.𝒂𝒕𝒎

𝒎𝒐𝒍.𝑲
    or    R= 62.4 

𝑳.𝒎𝒎𝑯𝒈

𝒎𝒐𝒍.𝑲
    or    R=8.314 

𝑳.𝑲𝑷𝒂

𝒎𝒐𝒍.𝑲

P = pressure atm ,   V = volume in Liters     n = moles    T = temperature in Kelvin     R = gas constant

• STP: Standard pressure and temperature condition

             Standard temperature 0 °C  = 273.15 K     Standard pressure 1 atm

• FACT: One mole of any gas at the STP condition will occupy a volume equal to 22.41 L.



Examples

Calculate the pressure (in atm) exerted by 1.82 
moles of the sulphur hexafluoride in a steel 
vessel of volume 5.43 L at 69.5 oC.

Given: n = 1.82 mol; V = 5.43 L; T =69.5 + 
273.15 = 342.65 K ; 

R = 0.0821 L.atm/mol.K

Find: P ? → PV = nRT (ideal gas equation)

𝐏 =
𝐧𝐑𝐓

𝐕
=

𝟏.𝟖𝟐 𝐦𝐨𝐥 𝐱 𝟎.𝟎𝟖𝟐𝟏
𝐋.𝐚𝐭𝐦

𝐦𝐨𝐥.𝐊
 𝐱 𝟑𝟒𝟐.𝟔𝟓 𝐊

𝟓.𝟒𝟑 𝐋
 = 9.42 

atm
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What is the volume of 2 mol O2 gas at STP?

PV = nRT

V = nRT/P

V = 2 × 0.0821 × 273 / 1

V = 44.85 L

What is the volume of 2 g O2 gas at 4 atm and 
35 °C?

PV = nRT

V = nRT/P

T = 35 +273 = 308 K

V = 2 × 0.0821 × 308 / 32 ×4

V = 0.395 L
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Calculate the volume (in liters) occupied 

by 7.40 g of NH3 at STP .

Given: m = 7.40 g → n; P = 1 atm; T = 273.15 

K;

 R = 0.0821 L.atm/mol.K               

Find: V ? 

Method (1): PV = nRT 

n =
𝐦

𝐌𝐰 
= 

𝟕.𝟒 𝐠

𝟏𝟕 𝐠/𝐦𝐨𝐥
 = 0.435 mol

𝐕 =
𝒏𝑹𝑻

𝑷
=

𝟎.𝟒𝟑𝟓 𝐦𝐨𝐥 𝐱 𝟎.𝟎𝟖𝟐𝟏
𝐋.𝐚𝐭𝐦

𝐦𝐨𝐥.𝐊
 𝐱 𝟐𝟕𝟑.𝟏𝟓 𝐊

𝟏 𝐚𝐭𝒎
 = 

9.74 L

Method (2): 

n =
m

MM 
= 

7.4 g

17 g/mol
 = 0.435 mol

1 mol NH3 → 22.4 L 

0.435 mol NH3 → ? L

V =
0.435 mol x 22.4 L

1 𝑚𝑜𝑙
 = 9.74 L



Combined Gas Law

•  The ideal gas equation is useful if we have only one condition,  i.e., only one P, one V, one T, and one 

n.  Thus, knowing three of them → calculate the fourth

•    The modified ideal gas equation (combined gas law) combines Boyle’s law, Charles’s law, and Gay-

Lussac’s law.
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Example

A small bubble rises from the bottom of a lake, where the temperature and pressure are 8 oC and 6.4 
atm, to the water surface, where the temperature and pressure are 25 °C and 1 atm. Calculate the final 
volume (in mL) of the bubble if its initial volume was 2.1 mL.

Given: T1 = 8 oC = 281 K; P1 = 6.4 atm; V1 = 2.1 mL; P2 = 1 atm; T2 = 25 oC = 298K;  Assume n1 = n2

Find: V2 (in mL)?

P1V1

n1T1

 = 
P2V2

n2T2

       ,     ⸪ n1=n2           ⸫ 
P1V1

T1

 = 
P2V2

T2

  

                       

 V2 = 
P1V1T2

P2T1

 = 
6.4 atm x 2.1 mL x 298 K

1 atm x 281 𝐾
 = 14 mL
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Density of gas Calculations

If we rearrange the ideal gas equation → we can calculate the density of the gas

• PV = nRT

• P = 
𝐧

𝑽
 RT

•
𝐧

𝑽
 = 

𝑷

𝑹𝑻
 

⸪ n =
𝐦

𝐌𝐰

⸫ 
𝐦

𝐕 𝐱 𝐌𝐰
=

𝐏

𝐑 𝐓

𝐦

𝐕 
=

𝐏 𝒙 𝑴𝒘

𝐑 𝐓
     ,  ⸪ d = 

𝒎

𝐕 

 ⸫ d =
𝐏 𝒙 𝑴𝒘

𝐑 𝐓
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Example 

Calculate the density of CO2 in g/L at 0.990 atm and 55 °C.

Given: P = 0.990 atm;                         T = 55 °C + 273 = 328 K

Find: d (in g/L) ??

d =
P 𝑥𝑀𝑤 

R T
 =

0.99 𝑎𝑡𝑚 𝑥 44.01 𝑔/𝑚𝑜𝑙

0.0821
𝐿.𝑎𝑡𝑚

𝑚𝑜𝑙.𝐾
 𝑥 328 𝐾

 = 1.62 g/L
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Chapter 9
Chemical Equilibrium 

Reactants Products



1 
 

Types of chemical reactions: 

Chemical reactions may be completed (irreversible), and all 

reactants are converted to the product. 

and some are not; these reactions are called reversible 

reactions (the reactants are not completely converted to 

products, the products may react with each other and produce 

reactants again). 

 Reactions are reversible and, under suitable conditions, will 

reach a state of equilibrium. 

At equilibrium, the concentrations of products and reactants 

no longer change because the rates of the forward and reverse 

reactions are equal.  
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From the equation: 

[     ]  is the molarity concentration                                       

 

Write the equilibrium constant for the following reactions: 

 

The answers:                                                                        
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A heterogeneous equilibrium involves reactants and/or products in 

different phases. 

 

A pure solid or liquid always has the same concentration (the same 

number of moles) per liter of solid or liquid. Pure solids and liquids are 

omitted from the expression for K. 

So, the equilibrium constant can be written as: 

 

Write the equilibrium constant for the following reaction: 

 

The answer: 
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= 0 and  gasn∆If the amount (mol) of gas does not change in the reaction, 

Kp = Kc. 

   Example 1: 

In the following reactions, the concentrations of [CO]=0.012M, 

]=0.14M. Find the Kc and Kp for this reaction. If 2]=0.054 and [COCl2[Cl

Coyou know R=0.0821, T= 74  

 

The answer: 

 

 

 

Example 2: 

 

n∆Kp= Kc (RT) 

∆n= 2-2=0 

0Kp= 85.0 (0.0821 x 733) 

Kp= 85.0 
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Chapter 10
Ionic Equilibrium 
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