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Chapter 1: Structure ofMatter

Overview

This chapter delves into the fundamental building blocks of the universe: matter and its atomic
constituents. Starting with the atomic structure, we explore the intricate details of protons, neutrons,
and electrons and how they come together to form atoms. The concept of isotopes introduces variations
in atomic mass, leading to a deeper understanding of atomic representation. As we move through
electron shells and their configurations, we lay the groundwork for understanding the periodic table—an
invaluable tool in chemistry that organizes elements based on their properties.

Classifying elements into groups such as alkali metals, alkaline earth metals, transition metals,
metalloids, halogens, and noble gases reveals the periodic trends governing their behavior. These
trends, including electronegativity, electron affinity, ionization energy, and atomic size, are pivotal in
predicting the properties and reactivity of elements. Through this chapter, we aim to provide a
comprehensive overview of the structure of matter, guided by the periodic table, to understand the
principles that underpin chemical reactions and material properties.

Objectives

At the end of this chapter, you should be able to:

● Describe the basic atomic structure, including the roles of protons, neutrons, and electrons.
● Understand and represent isotopes, recognizing how variations in neutron numbers affect

atomic mass.
● Identify and explain the significance of electron shells in determining an element’s chemical

behavior.
● Navigate the periodic table, understanding its organization and the significance of element

groups.
● Classify elements into alkali metals, alkaline earth metals, transition metals, metalloids,

halogens, and noble gases, noting their characteristic properties.
● Explain periodic trends and how they affect element properties such as electronegativity,

electron affinity, ionization energy, and atomic size.
● Apply knowledge of periodic trends to predict element behavior and reactivity in various

chemical contexts.
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A. Atomic Structure

HistoricalModels of theAtom

Starting with Democritus’ idea of indivisible particles, the understanding of atomic structure evolved
through Dalton’s solid sphere model, Thomson’s plum pudding model, Rutherford’s nuclear model, and
Bohr’s planetary model, resulting in the modern quantum model.

An impartial overview of key details in the field:

460

Democritus’ Atomic Theory: Democritus, an ancient Greek
philosopher, proposed that everything is composed of tiny,
indivisible particles called atoms.

1803

John Dalton’s Solid Sphere Model: In Dalton’s solid sphere
model, atoms are envisioned as indivisible and solid
spheres, each with a unique weight. These solid spheres
combine in fixed ratios to create compounds.
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1897

J.J Thomson’s Plum Pudding Model: Joseph John
Thomson, a prominent physicist, proposed the existence of
electrons within a positively charged ‘pudding-like’
substance. He challenged the idea of indivisible atoms and
introduced the concept of the plum pudding model.

1912

Ernest Rutherford’s Nuclear Model: Rutherford’s
groundbreaking nuclear model, derived from his gold foil
experiment, revealed that atoms consist of a tiny, positively
charged nucleus at the center, containing most of the mass.
Electrons were found to orbit around the nucleus, akin to
planets around the sun, dispelling the previous notion of a
uniformly distributed positive charge throughout the atom.
This model laid the foundation for a more nuanced
understanding of atomic structure.

1913

Niels Bohr’s planetary Model: Bohr’s atomic model, a
refinement of earlier models, suggested that electrons orbit
the nucleus in fixed energy levels or shells. Electrons can
jump between these levels by absorbing or emitting
discrete amounts of energy, leading to the observation of
distinct spectral lines. This idea provided a more precise
explanation for the behavior of electrons within the atom
and marked a significant advancement in our understanding
of atomic structure.
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1930

Quantum Atomic Model:The quantum model, developed in
the early 20th century, redefines our understanding of
atomic structure. By introducing electron orbitals as
probability-based regions, it embraces uncertainty and
electrons’ dual wave-particle nature. Departing from
classical fixed orbits, this foundational framework in
modern physics offers a more accurate and nuanced
depiction of the atom.

The historical journey through ancient Greek ideas of indivisible particles, Dalton’s atomic theory,
Thomson’s discovery of the electron, Rutherford’s nuclear model, and Bohr’s 20th-century model
culminates in the transformative quantum model. This progression highlights the dynamic nature of
scientific understanding, each phase refining and expanding our comprehension of the intricate world of
atoms.
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Understanding the Atomic Structure

The structure of an atom involves a central nucleus containing protons and neutrons, surrounded by
electrons in distinct energy levels. This arrangement highlights the essential properties of subatomic
particles, shaping the nature of matter.

● Protons: Positively charged particles in
the nucleus.

● Neutrons: Neutral particles in the
nucleus.

● Electrons: Negatively charged particles in
orbitals around the nucleus.

Key Properties:

● Atomic Number (Z):Number of protons unique to each element.

● Mass number (A): Total number of protons and neutrons.

● Electron Arrangement: Determines chemical behavior and properties.

An atom can be described as the smallest unit of an element that retains its identity or the properties of
that element.

Central Nucleus

The nucleus is the dense central core of an atom, composed of two types of subatomic
particles—protons and neutrons.

● Protons are positively charged particles, and their number determines an element's atomic
number, which in turn defines the element’s identity in the periodic table.

● Neutrons have no electric charge (they are neutral) and contribute to an atom's mass. The
number of neutrons can vary within atoms of the same element, leading to different isotopes of
that element.

Despite being incredibly small, the nucleus contains more than 99.9% of the atom’s mass. This is
because protons and neutrons are significantly heavier than electrons. The strong nuclear force, one of
the four fundamental forces of nature, holds the protons and neutrons together in the nucleus.
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Electrons and Energy Levels

Electrons: Electrons are negatively charged subatomic particles that orbit the nucleus. Their negative
charge balances the positive charge of the protons, making an atom electrically neutral overall.
Electrons are much lighter than protons or neutrons and occupy most of the atom’s volume.

Energy Levels (Orbitals): Electrons reside in distinct energy levels or orbitals around the nucleus. These
levels are not fixed paths like planets around the sun. Still, the quantum mechanical model better
describes them as probability distributions indicating where an electron is likely to be found.

Electron Transitions: Electrons can move between energy levels by absorbing or emitting energy in the
form of photons (energy particles). This movement is quantized, meaning electrons can only occupy
specific energy levels, and the energy change associated with a transition is discrete. These transitions
give rise to each element’s emission or absorption spectra characteristic.

The atomic structure is defined by several key properties that determine an element’s identity,
characteristics, and behavior. The atomic number, mass number, and electron arrangement are
fundamental among these properties. Let’s delve into each of these properties in detail:
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Key Properties

Atomic
Number (Z)

The atomic number, denoted as Z, is the number of protons in the nucleus of an
atom. It uniquely identifies an element in the periodic table. In a neutral atom, the
atomic number also indicates the number of electrons, which balance the positive
charge of protons with their negative charge.

Example: Carbon has an atomic number of 6, meaning every carbon atom has 6
protons and, in a neutral state, 6 electrons.

Mass
Number (A)

The mass number, denoted as A, is the total number of protons and neutrons in an
atom’s nucleus.

Calculation: A = Z + N, where Z is the atomic number and N is the number of
neutrons.

It gives an approximation of an atom’s atomic mass, which is closely related to its
mass in atomic mass units (AMU). The mass number is crucial for distinguishing
between different isotopes of the same element, which have the same number of
protons but a different number of neutrons.

Example: Carbon-12, the most common isotope of carbon, has 6 protons and 6
neutrons, giving it a mass number of 12.

Electron
Arrangement

Electron arrangement, or electron configuration, describes the distribution of an
atom’s electrons among the different energy levels and orbitals around the
nucleus.



B. Atomic Representation

The atomic representation of an element includes its symbol, atomic number, and mass number. This
concise notation provides key information about the element, specifying its identity, the count of
protons, and the total mass of its nucleus.

Notation ExampleFor example, the atomic representation of carbon-12, the most common isotope of

carbon, can be written as , where:
6
12𝐶

● is the mass number (A), indicating 6 pr12

● otons and 6 neutrons in the nucleus.

● is the atomic number (Z), revealing the presence of 6 protons (and, in a neutral atom, 6
6

electrons).

● “C” is the symbol for carbon.

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 7

● Determines Chemical Behavior: The way electrons are arranged
determines how an atom interacts with other atoms, influencing its
chemical properties and behavior. This is because chemical reactions
primarily involve the transfer or sharing of electrons between atoms.

● Quantum Mechanics: The modern understanding of electron
arrangement is based on quantum mechanics, with electrons occupying
orbitals according to specific rules (e.g., the Pauli exclusion principle and
Hund’s rule) that dictate their energy states and spatial distribution.

● Periodic Trends: Electron arrangement underlies the periodic trends
observed in the periodic table, such as atomic size, ionization energy, and
electronegativity. Elements in the same group (column) have similar
electron arrangements in their outermost energy levels, leading to similar
chemical properties.



C. Isotopes

Isotopes are different versions of an element. They share the same atomic number but have different
masses due to varying numbers of neutrons. This diversity gives each isotope unique properties while
keeping the same chemical identity.

Notable

Radioactive isotopes exhibit radioactivity, a phenomenon where their atomic nuclei decay
spontaneously, emitting particles and energy in the form of radiation, which can be alpha (α), beta (β), or
gamma (γ) radiation.

Let’s explore the isotopes of carbon as examples and discuss the broader significance of isotopes,
primarily focusing on radioactive isotopes.

Carbon Isotopes

Carbon-12 : This is the most abundant carbon isotope, with six protons and six neutrons. It is(12𝐶)
stable and makes up about 98.9% of natural carbon. Carbon-12 is used as the standard for atomic mass
units, making it a cornerstone in measuring atomic and molecular masses.

Carbon-13 : This stable isotope has six protons and seven neutrons. It accounts for about 1.1% of(13𝐶)
all natural carbon. Carbon-13 is significant in the study of metabolic processes and Earth’s climate
history through isotopic analysis, as it is not radioactive and thus remains unchanged over time.

Carbon-14 :With six protons and eight neutrons, this is a radioactive isotope of carbon. It is formed(14𝐶)
in the upper atmosphere through the interaction of nitrogen atoms with cosmic rays. Carbon-14 decays
with a half-life of about 5,730 years, making it invaluable in radiocarbon dating for determining the age
of archaeological, geological, and hydrogeological samples.
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D. Electron Shells

Electron shells are a fundamental concept in atomic theory, describing the arrangement of electrons
around an atom's nucleus. The organization and filling of these shells determine the chemical properties
of an element.

How Many Electrons Are in Each Shell

The maximum number of electrons in each shell is given by the formula 2n², where n is the principal
quantum number or shell number.

The shells are filled in order: the 1st shell (n = 1) can hold up to 2 electrons, the 2nd (n = 2) up to 8
electrons, and so on.

Electron Subshells

● Each shell consists of one or more subshells labeled s, p, d, and f.
● The s subshell can hold 2 electrons, p can hold 6, d can hold 10, and f can hold 14.

The following picture shows you the shell number 2 (n = 2); it can hold up to 8 electrons.

Electron Orbitals

Subshells are composed of orbitals, with each orbital able to hold 2 electrons.

The s subshell has 1 orbital, p has 3 orbitals, d has 5 orbitals, and f has 7 orbitals.

● Electron Spin: Electrons have a property called spin, which can be either “up” or “down.” Due to
the Pauli Exclusion Principle, no two electrons in the same atom can have identical quantum
numbers; therefore, an orbital can hold 2 electrons with opposite spins.

● Orbital Energy: Within a shell, subshells, and orbitals have different energy levels, with s being
the lowest, then p, d, and f. The Aufbau principle guides the order in which orbitals are filled
based on their increasing energy levels.
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Electron orbitals are specific regions within an atom where electrons are likely to be found. Within each
electron shell or energy level, these orbitals are grouped into subshells, each characterized by a distinct
shape.

Subshells and Their Shapes

● s-Subshells: These contain a single spherical orbital, which can hold up to two electrons. They
are found in every principal energy level.

● p-Subshells: Starting from the second principal energy level, p-subshells consist of three
dumbbell-shaped orbitals, each oriented along a different axis (x, y, and z). They can
accommodate up to six electrons, with each orbital holding two.

● d-Subshells: Available from the third principal energy level, d-subshells have five more complex
orbitals and can hold up to ten electrons in total.

● f-Subshells: Starting from the fourth principal energy level, f-subshells have seven orbitals with
intricate shapes and can house up to fourteen electrons.

Electron Con�iguration

The electron configuration of an atom describes the distribution of electrons in its orbitals. It’s a
shorthand notation that shows which orbitals are occupied and by how many electrons.

It is typically written using the principal quantum number (n), the letter designation of the subshell (s, p,
d, f), and a superscript number indicating the count of electrons in those subshells (e.g., 1s22s22p6).

Examples of Electron Configurations:

Carbon (C): With six electrons, the electron configuration is 1s22s2sp2, signifying two electrons in the
innermost s-orbital, two in the second-level s-orbital, and two electrons distributed among the three
p-orbitals of the second level.

Neon (Ne): Neon has ten electrons. Its electron configuration is 1s22s22p6. This means that beyond the
fully occupied 1s and 2s orbitals, all three 2p orbitals are filled with six electrons, accounting for the
atom’s inertness.

These configurations illustrate how the lower energy orbitals are filled first following the Aufbau
Principle. They also reflect Hund’s Rule, where electrons fill the degenerate p-orbitals singly before
pairing up.
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Aufbau Principle Pauli Exclusion Principle Hund’s Rule

This principle states that
electrons fill atomic orbitals
starting with the lowest
available energy levels before
filling higher levels (aufbau is
German for “building up”).

According to this principle, no
two electrons in the same
atom can have the same set
of four quantum numbers (n,
l, ml, m_s), which effectively
means an orbital can hold only
two electrons and must have
opposite spins.

This rule states that electrons
will fill degenerate orbitals
(orbitals at the same energy
level) singly as far as possible
before pairing up. This
minimizes electron-electron
repulsion and is more
energetically favorable.

Orbital Diagrams

An orbital diagram is a visual representation of how electrons are distributed among an atom’s orbitals
within its electron shells. It employs boxes or lines to signify orbitals, with arrows indicating the
electrons.
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Periodic Table with Electron Shells

The periodic table is arranged so that elements with similar electron shell configurations are grouped
together, resulting in similar chemical properties.

The table’s rows (periods) correspond to the number of electron shells, and the columns (groups) often
share the same number of electrons in their outer shell.

S-block:
● Elements in groups 1 and 2.
● Outermost electrons occupy the s orbital.
● Alkali metals and alkaline earth metals

belong to this block.
● Found in the leftmost columns of the

periodic table.

P-block:
● Elements in groups 13 to 18.
● Outermost electrons occupy the p orbital.
● Includes nonmetals, metalloids, and

some metals.
● Extends across the right side of the

periodic table.

D-block:
● Elements in groups 3 to 12.
● Outermost electrons occupy the d orbital.
● Transition metals belong to this block.
● Found between the s and p blocks in the

periodic table.

F-block:
● Lanthanides and actinides.
● Outermost electrons occupy the f orbital.
● Located at the bottom of the periodic

table, separate from the main body.
● Lanthanides start from period 6, and

actinides start from period 7.
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Valence Shell and Valence Electrons

Valence Shell: The outermost electron shell of an atom is known as the valence shell. It is crucial in
determining an atom’s chemical properties and reactivity, as it contains the valence electrons that
participate in chemical bonding.

Valence Electrons: These are electrons located in the valence shell.

How does the valence shell influence an atom’s chemical identity and bonding behavior, particularly
in the context of elements with varying numbers of valence electrons and carbon's unique bonding
capabilities?

An atom can be likened to a building with multiple floors, where the topmost floor—the valence
shell—plays a crucial role in determining the atom’s chemical behavior. This outermost shell contains
valence electrons, which are pivotal in chemical bonding processes. These electrons are akin to social
butterflies, seeking connections with other atoms to achieve stability.

Valence Electrons: The Social Butterflies

Valence electrons dictate an element’s approach to bonding and its resulting chemical properties:

Elements with 1-3 valence electrons (e.g.,
sodium [Na], magnesium [Mg])

Elements with 4-8 valence electrons (e.g.,
oxygen [O], carbon [C])

These elements tend to donate electrons,
forming ionic bonds and becoming positively
charged ions. They strive for stability by
emptying their valence shell.

These elements prefer to fill their outer shell by
sharing electrons through covalent bonding,
creating stable molecular structures.

Carbon: The Master of Disguise

Carbon, with its 4 valence electrons, exemplifies the versatility of bonding:

● Single bonds: Carbon can share one electron with other atoms, forming stable compounds like
methane (CH₄).
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● Double bonds: It can share two electrons with another atom, as seen in carbon dioxide (CO₂).

● Triple bonds: Carbon can also form triple bonds by sharing three electrons, evident in molecules
like acetylene (C₂H₂).

This flexibility in bonding allows carbon to be a fundamental component of life, contributing to the
complexity of organic molecules such as proteins, carbohydrates, and DNA.

Notable

● Quantum Numbers: Each electron in an atom is described by a set of four quantum numbers
(principal, azimuthal, magnetic, and spin), which detail its location and spin orientation within an
orbital. This set of numbers ensures that no two electrons in an atom have the same set of
quantum numbers, as stated by the Pauli exclusion principle.

● Chemical Bonds: The arrangement of electrons in valence shells is key to the formation of
chemical bonds. Atoms tend to achieve a stable electronic configuration through the transfer or
sharing of valence electrons, leading to the formation of ionic or covalent bonds, respectively.

● Periodic Trends: The structure of electron shells and the distribution of valence electrons
underlie periodic trends observed across the elements in the periodic table, such as atomic size,
ionization energy, electron affinity, and electronegativity.

Understanding electron shells, atomic orbitals, and the significance of valence electrons provides a
comprehensive view of how atoms interact to form the vast array of substances found in the universe,
from simple molecules to complex biological systems and materials.

The electron configuration is not just a way to track electrons; it’s a tool for understanding the very
nature of atoms and the complex interactions that lead to the wide variety of chemical compounds in the
universe.

E. Periodic Table

The periodic table is a systematic arrangement of elements based on their atomic number and recurring
chemical properties. Elements are organized into periods and groups, reflecting similarities in electron
configuration and chemical behavior.

By arranging elements based on their properties and atomic structure, the periodic table provides a
systematic framework that allows scientists to identify trends, predict unknown elements, and
understand the relationships between different elements, fostering advancements in the field of
chemistry.
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F. Element’s Classi�ication in the Periodic Table

An element is a fundamental substance consisting of atoms with the same number of protons in their
atomic nuclei. Elements are the building blocks of matter and cannot be broken down into simpler
substances by chemical means.

Helium constitutes an element, defined by its fundamental
nature with atoms maintaining a consistent number of
protons in their atomic nuclei.

● Groups (columns): Groups in the periodic table are vertical columns of elements with similar
chemical properties, distinguished by shared electron configurations and comparable valence
electron numbers.

● Period (rows): Periods are horizontal rows that signify the successive energy levels or shells
occupied by an element’s electrons, providing a structured arrangement based on increasing
atomic numbers.
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Notable

● Metals: Metals are elements found on the left side of the periodic table, in groups 1 to 12 and
most of group 13. They typically exhibit a tendency to lose electrons, resulting in the formation
of positively charged ions, known as cations.

● Nonmetals: Nonmetals are elements primarily located on the right side of the periodic table,
including groups 14 to 18. They generally have a tendency to gain electrons, leading to the
formation of negatively charged ions, known as anions.

G. Alkali Metals

Alkali metals, found in Group 1 of the periodic
table, are a unique and highly reactive group of
elements that include lithium (Li), sodium (Na),
potassium (K), rubidium (Rb), cesium (Cs), and
francium (Fr).

Some key aspects of alkali metals:

Single Valence Electron: The presence of just
one electron in the outermost shell makes
alkali metals highly reactive. They readily lose
this electron in chemical reactions to achieve a
stable electronic configuration similar to that of
the nearest noble gas. This loss forms positively charged ions (cations) with a charge of +1 (e.g., Na⁺, K⁺).

Reactivity: Alkali metals are known for their high reactivity, which increases down the group. Francium
(Fr), the heaviest alkali metal, is the most reactive, although its reactivity is difficult to observe due to its
rarity and radioactivity. Their reactivity is attributed to the low ionization energy required to remove the
single valence electron.

Softness and Low Density: Physically, alkali metals are softer and have lower densities than other
metals. They can often be cut with a knife. Their softness increases and their melting points decrease
down the group, with lithium being the hardest and francium the softest.

Color and Flame Test: Alkali metals produce characteristic colors when heated in a flame, a property
utilized in flame tests to identify them. For example, sodium emits a bright yellow color, while potassium
yields a lilac flame.

Uses: Despite their reactivity, alkali metals have various applications. Sodium and potassium are
essential for biological processes; sodium is used in street lighting and as a coolant in some nuclear
reactors, and lithium is used in batteries and mood-stabilizing drugs.
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H. Alkaline Earth Metals

Alkaline earth metals, positioned in Group 2 of the periodic table, comprise beryllium (Be), magnesium
(Mg), calcium (Ca), strontium (Sr), barium (Ba), and radium (Ra).

Some key characteristics and behaviors of
alkaline earth metals:

Two Valence Electrons: The presence of two
electrons in their valence shell means that
alkaline earth metals tend to lose both
electrons in chemical reactions to achieve a
stable electronic configuration. This results
in the formation of divalent cations with a +2
charge (e.g., Ca²⁺, Mg²⁺).

Reactivity: While alkaline earth metals are
reactive, their reactivity is less pronounced
than that of alkali metals. This is because removing the second valence electron requires more energy
due to its full s-orbital. The reactivity of alkaline earth metals increases down the group, with beryllium
being the least reactive and radium the most reactive.

Higher Melting Points and Hardness: Compared to alkali metals, alkaline earth metals have higher
melting points and are harder. This is due to their stronger metallic bonding, as losing two electrons
leads to a more significant positive charge on the cations, enhancing the electrostatic attraction within
the metal lattice.

Uses: Alkaline earth metals and their compounds have diverse applications. Magnesium is used in
lightweight alloys and as a reducing agent in producing certain metals from their ores. Calcium is crucial
for bone health in biology and is used in cement and mortar in construction. Barium sulfate is used in
medical imaging to improve contrast in X-ray images.

I. Transition Metals

Transition metals, situated in the d-block
of the periodic table and spanning Groups
3 through 12, comprise a diverse group of
elements known for their unique and
versatile chemical properties. This group
includes familiar metals such as iron (Fe),
copper (Cu), nickel (Ni), and gold (Au),
among others. Their distinctive
characteristics arise from the incomplete
filling of their d-orbitals with electrons as
one progresses through these groups.
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Some key aspects of transition metals:

Variable Oxidation States: One of the hallmark features of transition metals is their ability to exhibit
multiple oxidation states in their compounds. This variability is due to the relatively small energy
difference between their s and d orbitals, allowing for the loss or sharing of electrons from both orbital
levels. For example, iron can exhibit oxidation states of +2 (Fe²⁺) and +3 (Fe³⁺), while copper can appear
as +1 (Cu⁺) and +2 (Cu²⁺).

Formation of Colorful Compounds: Transition metals are known for forming compounds with a wide
range of vibrant colors. This property is attributed to the d-d electron transitions, where electrons in the
d-orbitals absorb specific wavelengths of light to move between different energy levels within the
d-orbital set, reflecting the remaining wavelengths, which give the compounds their characteristic
colors. For example, the complex ion [Cu(H₂O)₆]²⁺ is blue, while [Fe(H₂O)₆]³⁺ is brown.

High Melting Points: Many transition metals have high melting points, attributed to the strong metallic
bonds formed between the metal atoms. These bonds are reinforced by the presence of d-electrons,
which can form delocalized bonds over many atoms, contributing to the strength and stability of the
metal’s lattice structure. Tungsten (W), for instance, has one of the highest melting points of all
elements.

Catalytic Properties: Transition metals and their compounds often serve as catalysts in chemical
reactions, facilitating reaction processes without being consumed. They provide a surface for reactants
to come together, lowering the activation energy required for the reaction. Notable examples include
iron in the Haber process for synthesizing ammonia and platinum used in catalytic converters to reduce
vehicle emissions.

Magnetic Properties: Some transition metals exhibit magnetic properties due to the unpaired electrons
in their d-orbitals. Iron, cobalt (Co), and nickel are well-known examples of ferromagnetic materials that
can be magnetized.

Complex Formation: Transition metals readily form coordination compounds, where metal ions bind
with ligands (molecules or ions that donate electron pairs). The geometry and nature of these complexes
depend on the metal ion’s oxidation state and the types of ligands, leading to a variety of structures and
properties.

The diverse properties of transition metals,
such as their variable oxidation states, colorful
compounds, and ability to act as catalysts,
make them indispensable in numerous
scientific, industrial, and technological fields.

J. Metalloids

Metalloids, also known as semimetals, are
elements situated along the “staircase” border
between metals and nonmetals in the periodic
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table. This boundary typically includes elements such as boron (B), silicon (Si), germanium (Ge), arsenic
(As), antimony (Sb), tellurium (Te), and sometimes polonium (Po). Metalloids are characterized by their
intermediate properties, which are neither fully metallic nor entirely nonmetallic. This unique position in
the periodic table gives metalloids a blend of physical and chemical properties from both groups, making
them especially useful in various technological and industrial applications.

Characteristics of metalloids:

● Physical Properties: Metalloids often display metallic and nonmetallic physical properties. For
example, they may exhibit a metallic luster while being brittle like nonmetals. Their melting
points, boiling points, and densities vary widely but typically fall between those of metals and
nonmetals.

● Electrical Conductivity: One of the most notable properties of metalloids is their
semiconductivity. They have an electrical conductivity that is higher than that of nonmetals but
lower than that of metals. This property is temperature-dependent; their conductivity generally
increases with temperature, which is opposite to the behavior of metals.

● Chemical Behavior: Metalloids can act as electropositive or electronegative elements
depending on the chemical context, allowing them to form compounds with both metals and
nonmetals. Their reactivity varies widely among the metalloids and depends on the substances
they are reacting with.

Applications of metalloids:

● Semiconductors: Silicon and germanium are the backbone of the semiconductor industry.
These elements are used to manufacture transistors, diodes, and integrated circuits (ICs) that
are fundamental components of electronic devices, including computers, smartphones, and
solar cells.

● Alloys: Some metalloids, such as antimony, are used to improve the properties of alloys.
Antimony, for example, is added to lead to increase its hardness and strength, making it suitable
for use in lead-acid batteries.

● Glass Production: Boron is used to produce borosilicate glass, which is highly resistant to
thermal shock and chemical attack. This type of glass is used in laboratory equipment,
cookware, and certain types of light bulbs.

● Thermoelectric Materials: Tellurium is used in the production of thermoelectric devices, which
convert temperature differences into electrical voltage and vice versa. These devices are used in
power generation and refrigeration applications.

The intermediate properties of metalloids, especially their semiconductive behavior, have made them
crucial materials in advancing technology, particularly in electronics and materials science. Their
versatility and unique characteristics allow metalloids to bridge the gap between metals and nonmetals,
serving various applications that benefit from their distinct properties.
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K. Halogens

Halogens are a group of highly reactive
elements located in Group 17 (VIIA) of
the periodic table. They consist of fluorine
(F), chlorine (Cl), bromine (Br), iodine (I),
and astatine (At). These elements are
known for their strong electronegativity
and ability to form salts with metals,
hence the name “halogen,” which means
“salt-former” in Greek. Halogens are
unique in their characteristics and play
significant roles in both natural processes
and human-made applications.

High Reactivity Formation of Salts Diatomic Molecules

The high reactivity of halogens
is attributed to their electron
configuration. Each halogen
has seven electrons in its
outermost shell and needs only
one more electron to achieve a
stable electronic configuration
resembling the nearest noble
gas. This makes them eager to
gain an electron, either by
reacting with metals to form
ionic compounds (salts) or by
sharing electrons with other
nonmetals to form covalent
bonds.

When halogens react with
metals, they gain an electron to
form anions (e.g., F⁻, Cl⁻), which
then combine with the metal
cations to form ionic
compounds or salts. For
example, sodium chloride
(NaCl) is formed from the
reaction of sodium (a metal)
with chlorine (a halogen).

In their elemental forms,
halogens exist as diatomic
molecules (e.g., F₂, Cl₂),
meaning they are made up of
pairs of atoms. This diatomic
nature results from the
halogens’ tendency to share a
pair of electrons through
covalent bonding, achieving a
stable electronic configuration
by completing their valence
shell.

Physical States and Progression: Halogens exhibit a unique progression of physical states across the
group.

● Fluorine (F) and Chlorine (Cl): At room temperature, fluorine and chlorine are gases, with
fluorine being the most reactive element in the periodic table.

● Bromine (Br): Bromine is a liquid at room temperature, making it the only nonmetallic liquid
element under standard conditions.

● Iodine (I): Iodine is a solid at room temperature but readily sublimes to a purple vapor when
heated.

● Astatine (At): Astatine is a radioactive element typically classified as a solid, though very little is
known about it due to its rarity and high radioactivity.
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Applications and Roles: Halogens have various applications across multiple fields.

● Fluorine is used in toothpaste and drinking water (as fluoride) to prevent dental cavities and
Teflon manufacturing.

● Chlorine is widely used as a disinfectant in water treatment processes and in the production of
PVC (polyvinyl chloride) plastics.

● Bromine is used in fire retardants and the production of photographic film.
● Iodine is essential in the human diet for producing thyroid hormones and is used as a

disinfectant in medical applications.

L. Noble Gases

Noble gases, which constitute Group 18 of the
periodic table, are a group of inert, monatomic
gases that include helium (He), neon (Ne), argon
(Ar), krypton (Kr), xenon (Xe), and radon (Rn).
These elements are known for their lack of
reactivity and high stability due to their full
valence electron shells. In the case of helium,
the valence shell is complete with two electrons,
while the other noble gases have eight electrons
in their outermost shell, following the octet rule.

This complete electron configuration results in very stable atoms that rarely engage in chemical
reactions.

Characteristics of noble gases:

Inert Nature Physical Properties

The full valence electron shells of noble gases
have little tendency to gain, lose, or share
electrons. This results in an extremely low level
of reactivity and noble gases are often referred
to as inert gases.

Noble gases are colorless, odorless, and
tasteless. They exist as gases at room
temperature and standard atmospheric
pressure.

Applications:

● Helium is used in cryogenics, as a cooling medium for MRI machines, and in lighter-than-air
balloons.

● Neon is used in advertising signs and high-voltage indicators due to its ability to emit light when
electrified.

● Argon is used as an inert gas shield in welding and incandescent and fluorescent light bulbs.
● Krypton and xenon are used in certain specialized light bulbs, including those for flash

photography and high-intensity discharge lamps.
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● Radon is a radioactive noble gas that is a health hazard due to its radioactive decay, which can
lead to lung cancer upon prolonged exposure.

Oxidation states: An oxidation state, or oxidation number, is a concept used in chemistry to indicate the
degree of oxidation (loss of electrons) or reduction (gain of electrons) an atom has undergone in a
compound or ion.

Traditionally, noble gases were not known to form compounds and were thought to have an oxidation
state of 0, indicating no loss or gain of electrons. However, heavier noble gases like xenon and krypton
can form a few compounds under specific conditions, displaying positive oxidation states.

The concept of oxidation states is essential for understanding the electron transfer involved in chemical
reactions, including redox reactions, and for determining the formula of compounds and their
nomenclature.

Notable

Oxidation states, or oxidation numbers, denote the degree of electron loss or gain by an atom within a
compound or ion. They reveal whether an atom has undergone electron sharing, loss, or gain in a given
chemical process.

Noble gases stand out due to their high stability and low reactivity, stemming from their complete
valence electron shells. Their unique properties make them valuable in various applications despite their
relative scarcity compared to other elemental groups on the periodic table. The exceptions to their
inertness—seen in the few compounds formed by xenon and krypton—demonstrate that even the most
stable elements can participate in chemical reactions under the right conditions.

M. Periodic Trends

Periodic trends are the patterns observed in the properties of elements across the periodic table. These
trends are based on the arrangement of the periodic table, which organizes elements by increasing
atomic number and similar electron configurations. The predictable changes in properties are due to
variations in atomic structure as you move across a period (row) or down a group (column).

These trends include electronegativity, electron affinity, ionization energy, and atomic size, which exhibit
systematic changes based on the element’s position in the table.

Understanding these trends provides insights into the behavior
and reactivity of elements in chemical reactions.

Electronegativity

Electronegativity is a fundamental concept in chemistry that
quantifies the tendency of an atom to attract a shared pair of
electrons (or electron density) when it forms a covalent bond.
Linus Pauling developed a scale for electronegativity, with values typically ranging from 0.7 (least
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electronegative, for francium) to around 4.0 (most electronegative, for fluorine). An element’s
electronegativity is influenced by its atomic number (the number of protons in the nucleus) and the
distance between the nucleus and the valence electrons.

Trends in electronegativity:

Across Periods (Left to Right) Down Groups (Top to Bottom)

Electronegativity increases as you move from
left to right across a period. This is because the
number of protons in the nucleus increases,
which leads to a greater attraction for bonding
electrons. Since the additional electrons are
being added to the same energy level, the
increase in positive charge in the nucleus has a
more significant effect than the increase in
electron shielding, thereby increasing
electronegativity.

Electronegativity decreases as you move down
a group in the periodic table. This trend occurs
because additional electron shells are added as
you move down a group, increasing the
distance between the nucleus and the valence
electrons. The increased distance weakens the
nucleus’s hold on the valence electrons,
decreasing electronegativity.
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Understanding Periodic Trends

The reasons behind these trends are related to the atomic structure and the effects of the nuclear
charge (the charge of the protons in the nucleus) on the electrons. Across a period, the nuclear charge
increases, pulling electrons closer to the nucleus and increasing electronegativity and ionization energy
while decreasing atomic size. Down a group, additional electron shells are added, which increases
atomic size due to the greater distance between the nucleus and the outermost electrons and decreases
electronegativity and ionization energy due to the shielding effect of inner electron shells.

These periodic trends are fundamental for predicting how elements will interact in chemical reactions,
determining the type of bonds they will form, and understanding the overall reactivity and stability of
compounds.

Variations in Periodic Trends: While periodic trends like atomic size and ionization energy are generally
predictable, there are exceptions based on specific elements and their electronic structures. For
example, the presence of filled or half-filled subshells can affect these properties and lead to deviations
from the expected trends.

Electron Af�inity

Electron affinity, a key periodic trend, quantifies an atom’s willingness to accept an additional electron.
Understanding electron affinity provides insights into the reactivity and stability of elements in chemical
reactions, particularly in the context of electron gain or loss.
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Example

Chlorine (Cl) has a high electron affinity, meaning it releases a significant amount of energy when it gains
an electron to form Cl⁻, explaining its reactivity and tendency to form ions in chemical reactions.

What is the di�erence between electron af�inity and electronegativity, and how does electron
af�inity relate to the energy change associated with a gaseous atom accepting an electron to form an
anion?

Electron affinity is a measure of the energy change that occurs when an atom in the gaseous state
accepts an electron to form an anion. This property is closely related to electronegativity, but while
electronegativity is a measure of an atom’s ability to attract electrons in a covalent bond, electron
affinity specifically refers to the isolated process of adding an electron to a neutral atom. We can think of
electron affinity as the appetite of an atom while electronegativity is the strength of an atom.

Trends in electron affinity:

Across Periods (Left to Right) Down Groups (Top to Bottom)

As we move from left to right across a period,
electron affinity generally becomes more
negative (indicating that more energy is released
when the atom gains an electron). This increase
is due to the greater nuclear charge of atoms
across a period, which increases the attraction
for additional electrons. The additional electrons
are added to the same principal energy level,
which does not significantly increase the
shielding effect, allowing the increased nuclear
charge to have a greater effect on the incoming
electron.

As we progress down in the periodic table,
electron affinity tends to become less negative
(indicating that less energy is released). This is
because the added electron enters an energy
level that is farther away from the nucleus due to
the increased number of electron shells. The
greater distance and the increased shielding by
inner electrons decrease the nucleus’s
attraction for the added electron.
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Electron Af�inity and Chemical Reactivity

The value of an element’s electron affinity has implications for its chemical reactivity:

● High Electron Affinity: Elements with high (more negative) electron affinity values are more
likely to gain electrons and form anions, which can participate in ionic bonding and a variety of
chemical reactions.

● Low or Positive Electron Affinity: Elements with low or positive electron affinity values are less
inclined to gain electrons and are less likely to form anions.

Oxygen and Carbon Electron Affinity

Oxygen, with a higher electron affinity than carbon, is more likely to gain an electron and form the oxide
ion (O²⁻). The high electron affinity of oxygen makes it a strong oxidizing agent capable of accepting
electrons from other substances. It is a key factor in many biological and chemical oxidation-reduction
(redox) reactions, including cellular respiration and combustion.

Carbon has a lower electron affinity than oxygen, which is consistent with its role as a building block in
organic chemistry. While it can form anions (such as the carbanion in certain organic reactions), it is
generally more common for carbon to share electrons in covalent bonds rather than forming ions.

In summary, electron affinity is a crucial property that helps explain an atom’s tendency to gain
electrons and form anions. It influences an element’s reactivity, particularly in reactions involving
electron transfer. Differences in electron affinity among elements like oxygen and carbon underpin a
range of chemical behaviors and are fundamental to the study of chemistry.

Ionization Energy

Ionization energy is the minimum energy required to remove
an electron from a neutral atom. It is a fundamental property
that reflects an element’s tendency to resist losing an
electron. Understanding ionization energy is key for explaining
elements’ reactivity and chemical bonding.
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● High Ionization Energy: Elements with high ionization energies are less likely to lose electrons
and, therefore, are less reactive, particularly in terms of forming cations or participating in
oxidation reactions. Noble gases, for instance, have very high ionization energies, contributing to
their lack of reactivity and inertness.

● Low Ionization Energy: Elements with lower ionization energies tend to lose electrons more
readily, which makes them more reactive. These elements often participate in reactions by
forming cations. Metals, especially alkali metals, have low ionization energies and are highly
reactive.

Example

Helium (He) has the highest ionization energy in the periodic table, indicating that it requires a lot of
energy to remove one of its electrons, contributing to its chemical inertness.
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Trends in ionization energy:

Across Periods (Left to Right) Down Groups (Top to Bottom)

Ionization energy tends to increase across a
period from left to right. This increase is due to
the higher nuclear charge as protons are added to
the nucleus, which increases the electrostatic
attraction between the nucleus and the electrons,
making it more difficult to remove an electron.
Although additional electrons are also added,
they are in the same energy level and do not
significantly increase shielding, so the effective
nuclear charge felt by the outermost electrons
increases.

Ionization energy decreases down a group. This
is because each subsequent element in a group
has an additional electron shell compared to the
one above it, increasing the distance between the
nucleus and the valence electron. The increased
distance and additional inner shell electrons
(which add to the shielding effect) reduce the
effective nuclear charge experienced by the
valence electrons, making them easier to remove.

First, Second, and Third Ionization Energy

We have many kinds of ionization energy, each describing the energy required for particles to lose
electrons from atoms or ions. The first ionization energy is the energy required to remove the outermost
electron, while the second ionization energy is the energy required to remove the second electron, and
so on. Generally, it becomes increasingly difficult to remove electrons as you go from the first to the
second to the third ionization energy due to the increasing strength of the positive charge holding the
remaining electrons.

Ionization Energies (in kilojoules per mole)

Element 1st 2nd 3rd 4th 5th 6th

H 1312.1

He 2372.5 5250.7

Li 520.3 7298.5 11 815.6

Be 899.5 1752.2 14 849.5 21 007.6

B 800.7 2427.2 3 660.0 25 027.0 32 828.3

Lithium’s first ionization energy, the energy required to remove one electron from a neutral lithium atom,
is approximately 520.3 kilojoules per mole (kJ/mol). This corresponds to the removal of the outermost
electron, resulting in the formation of a lithium ion with a +1 charge Li+. The second ionization energy of
lithium, however, is significantly higher. It measures around 7298.5 kJ/mol and involves the removal of
the second electron from the lithium ion, resulting in the formation of a lithium ion with a +2 charge Li2+.
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The considerable increase in energy between the first and second ionization energies underscores the
increased difficulty in removing an electron once the first electron has been removed. We say there is a
jump in removing the second electron. This is because removing the first electron causes the lithium
atom to get more stable. In this sense, removing another electron from an already stable atom requires
significantly higher energy.

While lithium’s first ionization energy is higher than that of many other elements, it is considerably lower
than helium’s due to lithium’s electron configuration of 1s22s1, which allows for easier removal of its
outermost electron compared to helium’s completely filled 1s² energy level. This property makes lithium
more reactive than helium but less so than elements with lower first ionization energies.

Understanding electron configuration helps predict an atom’s chemical properties and behavior in
forming ions. Specifically, the ease of removing electrons, as indicated by ionization energy, is influenced
by the stability of an atom’s electron configuration. Atoms tend to gain or lose electrons to achieve a
stable configuration resembling the nearest noble gas. For example, elements with nearly filled or
completely filled outer electron shells, like noble gases, have higher ionization energies because they are
more stable. Conversely, elements with partially filled outer electron shells have lower ionization
energies as they are more likely to lose electrons to achieve a stable configuration.
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Atomic Size

Atomic size, or atomic radius, is the distance from the center of an atom’s nucleus to the outer boundary
of its electron cloud. This size can be influenced by several factors, including the number of electron
shells and the effective nuclear charge experienced by the valence electrons.

Example

Francium (Fr) is one of the largest atoms in terms of atomic radius, while Helium (He) is among the
smallest. This is because adding more electron shells (as you move down a group) increases the size of
the atom, while adding more protons (moving across a period) pulls the electron shells closer to the
nucleus, decreasing the size.

Trends in atomic size:

Down a Group Across a Period

Atomic size increases as you move down a
group in the periodic table. Each element in a
group has an additional electron shell compared
to the element above it, resulting in a larger
atomic radius because the outermost electrons
are further from the nucleus.

Atomic size decreases from left to right across a
period. As you move across a period, protons are
added to the nucleus, increasing the nuclear
charge. This greater positive charge attracts the
electrons more strongly, pulling them closer to
the nucleus, which decreases the atomic radius.
Although electrons are also added, they are at
the same energy level and do not add
significantly to the shielding effect, so the
increased nuclear charge leads to a smaller
atomic size.

Atomic Size of Carbon and Oxygen

Oxygen has a smaller atomic size than carbon, despite both being in the same period. This is due to
oxygen having more protons in its nucleus than carbon. The increased positive charge in oxygen’s
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nucleus exerts a stronger attractive force on the shared electron cloud, pulling it closer to the nucleus
and resulting in a smaller atomic radius for oxygen.

Ionization energy and atomic size:

● Ionization Energy: There is a relationship between ionization energy and atomic size. Typically,
atoms with a smaller atomic size have higher ionization energy because the valence electrons
are closer to the nucleus and more strongly attracted by the positive charge of the protons. This
makes it more difficult to remove an electron, hence the higher ionization energy.

● Stability and Electron Hold: A higher ionization energy implies that an atom is more stable in
terms of electron configuration and holds onto its electrons more tightly. This is often seen in
nonmetals with smaller atomic sizes and higher electronegativities, such as oxygen.
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Quiz

1. What is the charge of a neutron?

A) +1
B) 0
C) -1
D) It varies

2. Which of the following is not an isotope of Hydrogen?

A) Protium
B) Deuterium
C) Tritium
B) Helium

3. Howmany electron shells does the element with atomic number 12 have?

A) 2
B) 3
C) 4
D) 5

4. Which orbital is filled after the 4s orbital?

A) 3d
B) 4p
C) 4d
D) 5s

5. In the Periodic Table, elements are primarily classified as metals, metalloids, and nonmetals.
Which category do halogens belong to?

A) Metals
B) Metalloids
C) Non-metals
D) Noble gases

6. Which group in the Periodic Table contains the Alkali Metals?

A) Group 1
B) Group 2
C) Group 17
D) Group 18
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7. Which element is an Alkaline Earth Metal?

A) Sodium
B) Magnesium
C) Argon
D) Iron

8. What characteristic is typical of transition metals?

A) Low melting points
B) Poor electrical conductivity
C) Formation of colored compounds
D) Inability to form alloys

9. Which of the following is a Metalloid?

A) Boron
B) Bromine
C) Barium
D) Bismuth

10. What property do Noble Gases share?

A) High reactivity with water
B) Colorful appearance under room light
C) Low boiling points
D) High electronegativity

11. Electronegativity generally increases as you move ▁▁.

A) Down a group
B) Up a group
C) To the left of a period
D) To the right of a period

12. Which of the following elements has the highest Electron Affinity?

A) Neon
B) Silicon
C) Chlorine
D) Argon
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13. First Ionization Energy tends to increase when moving from left to right across a period because
▁▁ .

A) Atoms become larger
B) Nuclear charge decreases
C) Electrons are added to the same energy level without much increase in nuclear shielding
D) Atoms lose electrons more easily

14. Which element has the largest atomic size?

A) Lithium
B) Carbon
C) Fluorine
D) Potassium

15. The process of removing an electron from an atom in the gas phase is known as ▁▁ .

A) Reduction
B) Oxidation
C) Ionization
D) Sublimation

16. Which of the following is true about Halogens?

A) They are good conductors of electricity
B) They are noble gases
C) They have low electronegativities
D) They readily form salts with metals

17. Which element is considered a Transition Metal?

A) Carbon
B) Argon
C) Iron
D) Sulfur

18. In electron configuration, what does the term ‘noble gas core’ refer to?

A) The removal of all electrons
B) The configuration of a noble gas
C) Using the electron configuration of the nearest noble gas to simplify notation
D) A stable configuration with 8 valence electrons
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19. Which of the following elements is a liquid at room temperature?

A) Mercury
B) Gold
C) Aluminum
D) Silicon

20. Which of the following electron configurations is most likely associated with the highest first
ionization energy?

A) 1s²2s²2p⁶3s²3p⁶
B) 1s²2s²2p⁶3s¹
C) 1s²2s¹
D) 1s²2s²2p⁶3s²3p⁵
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Chapter 2: Chemical Bonding

Overview

This chapter delves into the fundamental concept of chemical bonding, the force that holds atoms
together in molecules and compounds, shaping the structure and properties of matter. Starting from the
basics of ions and the octet rule, we explore the different types of chemical bonds: ionic, covalent (polar
and nonpolar), and metallic. The chapter also covers the naming conventions for ionic and covalent
compounds, offering a guide to understanding chemical nomenclature. Advanced topics such as Lewis
dot structures, Valence Shell Electron Pair Repulsion (VSEPR) theory, dipole moments, and
intermolecular forces are discussed to provide a deeper insight into how molecules form and interact.
Furthermore, the concepts of sigma and pi bonds, hybridization, and quantum numbers are introduced
to bridge the understanding of molecular structure with the principles of quantum mechanics.

Objectives

At the end of this chapter, you should be able to:

● Explain the concept of ions and how they relate to chemical bonding.
● Apply the octet rule to predict the formation of chemical bonds.
● Differentiate between ionic, covalent, and metallic bonds and understand their characteristics.
● Name ionic and covalent compounds correctly using standard chemical nomenclature.
● Draw Lewis dot structures for molecules and ions.
● Use the VSEPR theory to predict the shapes of molecules.
● Understand the concepts of dipole and dipole moment and their significance in molecular

interactions.
● Describe intermolecular forces and their impact on the physical properties of substances.
● Identify sigma and pi bonds and explain their role in molecule formation.
● Comprehend hybridization and its application in determining molecular geometry.
● Interpret quantum numbers and their importance in understanding electron configurations and

atomic orbitals.
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A. Ions

An ion is an atom or molecule that has gained or lost one or more electrons, resulting in a net electrical
charge.

Cations: A cation is a positively charged ion formed when an atom loses one or more electrons. This
electron loss results in an imbalance between protons and electrons, with the former outnumbering the
latter, leading to a net positive charge.

Anions: An anion is a negatively charged ion that forms when an atom gains one or more electrons. This
gain of electrons creates an excess of negative charge, causing an imbalance with the positively charged
protons in the nucleus.

Atom Ion

The smallest unit of an element that retains its
properties.

An ion is either a single charged particle or a
collection of particles with a net positive or
negative charge.

Independence in Solution: Atoms are not
typically independent in solution; they may bond
or combine with other atoms to form molecules
or compounds.

Formation: Atoms can combine to form
molecules by sharing electrons through covalent
bonds.

Electron-Proton Balance: Generally, atoms have
an equal number of electrons and protons within
their nucleus.

Stability: Atoms on their own can be considered
stable under normal conditions.

Independence in Solution: In solution, ions are
generally independent entities, capable of moving
freely.

Formation: Ions form through the gain or loss of
electrons, often resulting in electrovalent or ionic
bonding between oppositely charged ions.

Electron-Proton Balance: Ions have an unequal
number of electrons and protons, leading to a net
positive or negative charge.

Stability: Ions can be relatively stable depending
on the type of ion formed and its environment,
such as stable noble gas configurations for
certain ions.
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Common Cations and Anions:

Cation Symbol Anion Symbol

Hydrogen H+ Hydride H-

Lithium Li+ Chloride Cl-

Potassium K+ Fluoride F-

Sodium Na+ Oxide O2-

Magnesium Mg2+ Sulfide S2-

Barium Ba2+ Nitride N3-

Cesium Cs+ Phosphide P3-

Calcium Ca2+ Carbonate CO3
2-

Beryllium Be2+ Bicarbonate HCO3
-

Aluminum Al3+ Hypochlorite ClO-

Iron I/III Fe+/Fe3+ Chlorite ClO2
-

Copper I/II Cu+/Cu2+ Chorate ClO3
-

Tin II/IV Sn2+/Sn4+ Perchlorate ClO4
-

Lead II/IV Pb2+/Pb4+ Dichromate Cr2O7
-

Mercury I/II Hg+/Hg2+ Chromate CrO4
-

Ammonium Nh4+ Peroxide O2
2-

Permanganate MnO4
-
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B. Octet Rule

The octet rule is a key principle in chemistry. It states that atoms tend to bond in a way that achieves
eight electrons in their outermost shell, mimicking the stable electron configuration of noble gases. This
rule guides chemical compound formation, helping to predict and understand bonding patterns. While
exceptions exist, the octet rule remains a fundamental concept in explaining the behavior of many
elements in chemical reactions.

Methane (CH4) is a molecule composed of one carbon (C) atom and four hydrogen (H) atoms. Carbon,
with its atomic number of 6, has four electrons in its outer shell. To achieve a stable and full outer shell,
it needs a total of eight electrons. On the other hand, each hydrogen atom has only one electron in its
outer shell.

Notable

● Incomplete Octet: An incomplete octet occurs when elements such as hydrogen (H), helium
(He), lithium (Li), and beryllium (Be) are stable with fewer than eight electrons in their outer
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shell. For instance, hydrogen follows the duet rule, achieving stability with two electrons in its
outer shell.

● Expanded Octet: The expanded octet is observed in elements from the third row of the periodic
table onward (period 3 and beyond). These elements have d orbitals available for bonding,
allowing them to accommodate more than eight electrons in their valence shell. Examples
include phosphorus pentafluoride (PF₅) and sulfur hexafluoride (SF₆), where the central atom
exceeds the typical octet.

Duet rule: H2 Expanded Octet: PCl5

C. Ionic Bonding

Ionic bonding is a fundamental chemical bonding type that occurs between ions, which are atoms that
have gained or lost electrons. In this process, a metal atom, typically from the left side of the periodic
table, donates electrons to a non-metal atom, usually from the right side of the periodic table. This
electron transfer results in the formation of positively charged cations and negatively charged anions.
The electrostatic attraction between these oppositely charged ions leads to the creation of an ionic
bond.

Ionic compounds generally exhibit high melting and boiling points, electrical conductivity in a molten
or dissolved state, and crystalline structure. The strong electrostatic forces between ions contribute to
the stability and unique properties of substances formed through ionic bonding.

The most characteristic example of ionic bonding is observed in the formation of salts, where sodium Na
transfers an electron to chlorine Cl to produce sodium cations Na⁺ and chloride anions Cl⁻.
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The formation of magnesium chloride MgCl₂ involves
ionic bonding between the metal magnesium Mg and
the non-metal chlorine Cl. With two electrons in its
outer shell, magnesium readily loses these electrons
to achieve a stable electron configuration, forming the
Mg²⁺ cation. Chlorine, requiring one additional electron
to complete its octet, gains 1 electron to become Cl⁻
anions. The resulting electrostatic attraction between
Mg²⁺ and two Cl⁻ ions leads to the formation of
magnesium chloride.

● Criss-Cross Method: The criss-cross method is a simple
technique for determining the chemical formula of an ionic
compound based on the charges of its constituent ions. For
metals and nonmetals, the method involves crossing over
the numerical values of the charges to balance the overall
charge of the compound.

Lithium Li is a metal with a +1 charge, and oxygen O is a
nonmetal with a -2 charge. Crossing over the numerical
values of the charges gives the formula Li₂O. Therefore,
according to the criss-cross method, lithium oxide is represented by the chemical formula Li₂O.

Ionic Compounds Naming

Ionic compound naming follows a systematic approach based on the charges of the ions involved. The
name of the cation (usually a metal) precedes the name of the anion (typically a nonmetal). For example,
in the compound formed by sodium Na⁺ and chlorine Cl⁻, the name is “sodium chloride.” The cation’s
name remains the same as the element, while the anion’s name is modified to end in “-ide.”

Cation (Metal) Anion (Nonmetal) Ionic Compound Name

Calcium Ca²⁺ Oxygen O²⁻ Calcium Oxide CaO

Iron (II) Fe²⁺ Sulfide S²⁻ Iron (II) Sulfide FeS

PotassiumK+ Oxygen O²⁻ Potassium Oxide K2O

This naming is for Binary ionic compounds, which consist of only two elements: a metal cation and a
nonmetal anion.

● Polyatomic Ionic Compounds: Polyatomic ionic compounds involve more than two types of
atoms and often include a polyatomic ion, a charged species composed of multiple atoms. The
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naming conventions for polyatomic ionic compounds differ slightly from binary ionic compounds.
For example, consider calcium sulfate CaSO₄:

● Cation: Calcium Ca²⁺
● Anion: Sulfate SO₄²⁻

In this case, the sulfate ion SO₄²⁻ is a polyatomic ion. The name of the cation (calcium) remains
unchanged, and the name of the polyatomic anion (sulfate) is retained. Therefore, the compound is
named “Calcium Sulfate.”

D. Covalent Bonding

Covalent bonding is a key interaction between non-metal atoms. It involves the sharing of electrons to
achieve a stable electron configuration. Unlike ionic bonds, where electrons are transferred, covalent
bonds result from a shared electron pool between atoms. This sharing creates molecular structures,
such as in waterH₂O and methane CH₄. These bonds are vital in forming diverse and complex molecules
in both organic and inorganic chemistry.

● Single Covalent Bond: Involves sharing one pair of electrons between atoms.

● Double Covalent Bond: Involves sharing two pairs of electrons between atoms.

● Triple Covalent Bond: Involves sharing three pairs of electrons between atoms.
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Cation (Metal) Anion (Nonmetal) Ionic Compound Name

Aluminum Al3+ Sulfate SO2- Aluminum Sulfate Al2SO3

Calcium Ca²⁺ Hydroxide OH- Calcium Hydroxide Ca(OH)2

Potassium K⁺ Nitrate NO₃- Potassium Nitrate KNO₃



Due to their shared electron pairs, covalent compounds often exist in molecular form rather than as
extended lattices. They tend to be poor conductors of electricity in their pure state, as their electrons
are tightly held in covalent bonds. Additionally, covalent compounds often display a wide range of
physical states, from gases to liquids and solids, depending on molecular size and intermolecular forces.
The properties of covalent compounds highlight the significance of electron sharing in influencing their
behavior and characteristics.

These distinctions in covalent bonding are crucial for understanding the properties and behaviors of
molecules. For instance, the polarity of molecules influences their solubility, boiling and melting points,
and interactions with other molecules, playing a key role in various chemical and biological processes.

Nonpolar Covalent Bond

A nonpolar covalent bond forms when two identical or
similar atoms share electrons equally, resulting in a
balanced distribution of charge within the molecule. This
type of bond arises between nonmetal atoms with the
same or very close electronegativities, minimizing any
tendency for one atom to attract electrons more strongly
than the other. In a nonpolar covalent bond, the shared
electron pair spends equal time around each nucleus,
creating a symmetrical electron distribution.

Common examples of molecules with nonpolar covalent bonds include diatomic gases like oxygen O2

and nitrogen N2. The absence of significant charge imbalance in nonpolar covalent bonds contributes to
the overall stability of the molecules they form.

Electronegativity difference (ΔEN) = Electronegativity of atom A - Electronegativity of atom B

ForH₂:

The Nature of Nonpolar Covalent Bonding in Hydrogen Molecules

In a hydrogen molecule H₂, each hydrogen atom has one proton in its nucleus and one electron in its
electron shell. When two hydrogen atoms come close to each other, their valence electrons (the
electrons in the outermost shell) are attracted to the nucleus of the opposing atom because of the
positive charge of the proton. This mutual attraction leads to the sharing of two electrons, one from each
hydrogen atom, forming a covalent bond.

Since both hydrogen atoms have the same electronegativity (because they are identical), the attractive
force exerted by each nucleus on the shared electrons is equal. This means there is no tendency for the

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 43



electrons to be closer to one nucleus than the other. As a result, the electron pair that constitutes the
bond is shared equally between the two hydrogen atoms.

The shared pair of electrons, often depicted as a dash (–) between the two H atoms in chemical
drawings, forms a region of electron density between the two nuclei. This electron density acts as a
“glue” that holds the atoms together, forming a stable H₂ molecule. This equal sharing of electrons in
the bond results in a nonpolar covalent bond because there is no significant difference in charge across
the molecule. Each hydrogen atom in the molecule achieves a stable noble gas configuration (similar to
helium), and the molecule itself is stable and symmetric with a balanced electron distribution.

Notable

● Molecular Symmetry: Many molecules with nonpolar covalent bonds are symmetrical, which
helps to ensure that the electron distribution is even and that there are no localized charges.

● Solubility: Nonpolar molecules tend to be soluble in nonpolar solvents but insoluble in polar
solvents. This is due to the principle of “like dissolves like,” where nonpolar molecules interact
favorably with nonpolar solvents due to similar intermolecular forces.

● Intermolecular Forces: Nonpolar covalent molecules primarily interact through London
dispersion forces (induced dipole-induced dipole interactions), which are weaker than the
dipole-dipole interactions found in polar molecules.

● Boiling and Melting Points: Molecules with nonpolar covalent bonds generally have lower
boiling and melting points compared to polar molecules because the intermolecular forces are
weaker and require less energy to overcome.

Polar Covalent Bond

A polar covalent bond arises when two different atoms with disparate electronegativities share
electrons, leading to an uneven distribution of electron density within the molecule. In such bonds, the
more electronegative atom attracts the shared electrons more strongly, acquiring a partial negative
charge, while the less electronegative atom develops a partial positive charge.

How does the distribution of electron density between atoms lead to molecules with distinct
electrical properties?

These bonds are characterized by the unequal sharing of electrons between atoms of different
electronegativities, leading to the formation of partial charges on the atoms involved.

● Hydrochloric Acid (HCl) as an Example: In the case of hydrochloric acid HCl, the bond between
hydrogen H and chlorine Cl serves as a classic example of a polar covalent bond. Chlorine, with
an electronegativity of approximately 3.0, is more electronegative than hydrogen, with an
electronegativity of about 2.2. The difference in electronegativity (ΔEN = 0.8) is significant
enough to create an uneven distribution of electron density, with the shared electrons spending
more time around the chlorine atom than the hydrogen atom.
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● Partial Charges and Dipole Moment: This uneven distribution of electron density results in the
chlorine atom acquiring a partial negative charge (denoted as δ-) and the hydrogen atom
acquiring a partial positive charge (denoted as δ+). The molecule as a whole exhibits a dipole
moment, a measure of the separation of positive and negative charges within the molecule. The
dipole moment points from the positive end (hydrogen) to the negative end (chlorine), indicating
the direction in which the electrons are shifted.

Notable

Polarity and Molecular Properties: The polarity of a molecule like HCl influences its physical properties,
such as boiling point, melting point, and solubility. Polar molecules tend to have higher boiling and
melting points than nonpolar molecules of similar size due to the stronger intermolecular forces
(dipole-dipole interactions) that need to be overcome.

Chemical Reactivity: The presence of partial charges in polar
molecules can also affect their reactivity. For example, the partial
positive charge on hydrogen in HCl makes it susceptible to attack by
nucleophiles (species that donate electrons) in chemical reactions.

Solubility: Polar molecules are generally more soluble in polar
solvents (like water) due to the favorable interactions between the
polar molecule and the solvent. This principle underlies the saying
“like dissolves like.”

Polar Covalent Bonds vs. Nonpolar Covalent Bonds

Polar and nonpolar covalent bonds are two fundamental types of chemical bonds that involve the
sharing of electron pairs between atoms. The key difference between them lies in how equally the
electrons are shared, which is determined by the electronegativity of the atoms involved.

Polar Covalent Bonds Nonpolar Covalent Bonds

Electron Sharing: In polar covalent bonds,
electrons are shared unequally between two
atoms due to a significant difference in
electronegativities.

Electronegativity Difference: There is a notable
difference in electronegativity between the two

Electron Sharing: In nonpolar covalent bonds,
electrons are shared equally between two atoms.
This typically occurs between identical atoms or
atoms with very similar electronegativities.

Electronegativity Difference: There is little to no
difference in electronegativity between the two
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atoms, with the more electronegative atom
attracting the shared electron pair more strongly.

Partial Charges: The unequal sharing of
electrons leads to the development of partial
charges on the atoms. The more electronegative
atom acquires a partial negative charge (δ-), while
the less electronegative atom acquires a partial
positive charge (δ+).

Dipole Moment: Polar covalent bonds result in
molecules that have a dipole moment, indicating
a separation of charge within the molecule that
can interact with electric fields.

Examples: Water (H₂O), where the oxygen atom is
more electronegative than the hydrogen atoms,
and hydrochloric acid (HCl), where chlorine is
more electronegative than hydrogen.

atoms, leading to equal sharing of the electron
pair.

Partial Charges: Because the electrons are
shared equally, no significant partial charges
develop on the atoms, resulting in a neutral
distribution of charge.

Dipole Moment: Nonpolar covalent bonds do not
result in a dipole moment because there is no
separation of charge within the molecule.

Examples: Diatomic molecules such as oxygen
(O₂) and nitrogen (N₂) and molecules like
methane (CH₄), where the difference in
electronegativity between carbon and hydrogen is
small enough to consider the bonds nonpolar.

Naming Covalent Compounds

The International Union of Pure and Applied Chemistry (IUPAC) nomenclature for covalent compounds is
a systematic method designed to provide a clear and standardized way of naming molecular substances.
This system ensures that the chemical composition and structure of a compound can be understood
globally from its name.

A breakdown of how this naming system works:

Basic Principles of IUPAC Nomenclature for Covalent Compounds
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Order of Elements: In a covalent compound, the element with the lower electronegativity is usually
named first. This is typically a metalloid or a less electronegative nonmetal. The second element is the
more electronegative nonmetal, and its name ends with the suffix “-ide.”

Numerical Prefixes: The number of atoms of each element in the compound is indicated by prefixes
derived from Greek or Latin:

● Mono- (1) [often omitted for the first element]
● Di- (2)
● Tri- (3)
● Tetra- (4)
● Penta- (5)
● Hexa- (6), and so on.

These prefixes are placed directly before the name of each element (with the appropriate modification
for the second element ending in “-ide”) to indicate the number of atoms of that element present in the
molecule.

Examples:

Compound IUPAC Name

HF Hydrogen fluoride

CO₂ Carbon dioxide

N₂O₄ Dinitrogen tetroxide

SF₆ Sulfur hexafluoride

The prefix “mono-” is typically not used for the first element in the compound to simplify the name and
avoid redundancy, as the presence of the second element implies at least one atom of the first unless
otherwise indicated.

Sometimes, the prefixes or the ending “-ide” are slightly modified to make the compound name easier
to pronounce. For example, “oxide” instead of “oxaide” or dropping a vowel in a prefix when the element
name starts with a vowel (e.g., “monoxide” instead of “monooxide”).

While this naming system is straightforward for binary compounds (compounds consisting of two
different elements), IUPAC nomenclature also includes rules for more complex molecules, including
organic compounds, polymers, and coordination compounds, which have their own sets of naming
conventions.
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The IUPAC nomenclature system for covalent compounds allows chemists to convey detailed
information about the composition and structure of molecules through their names. This system
facilitates communication and collaboration across the global scientific community by ensuring that
everyone uses consistent language to describe chemical substances.

E. Metallic Bonds

Metallic bonds are a unique type of chemical bonding that occurs
between metal atoms. In a metallic bond, metal atoms collectively
share their electrons within a sea of delocalized electrons, forming a
positively charged metallic cation lattice.

Characteristics of Metallic Bonds

Sea of Delocalized Electrons: In metallic
bonds, valence electrons are not associated with
individual atoms but are shared collectively
across the entire metal lattice. These electrons
are free to move throughout the structure,
creating a “sea” of delocalized electrons around
the positively charged metal ions.

Thermal Conductivity: Metals are also good
conductors of heat. The free electrons can
transfer kinetic energy quickly from one part of
the metal to another, facilitating heat
distribution.

Metallic Cation Lattice: Metal’s structure
consists of closely packed metal ions (cations) in
a fixed arrangement while the delocalized
electrons move freely around them. This
arrangement allows metals to maintain a solid
structure while also exhibiting flexibility.

Malleability and Ductility: The ability of metal
atoms to slide past one another while remaining
within the sea of electrons allows metals to be
hammered into thin sheets (malleability) or
drawn into wires (ductility) without breaking.

Electrical Conductivity: The mobility of
delocalized electrons in metals makes them
excellent conductors of electricity. Electrons can
flow freely through the metal when an electrical
voltage is applied, carrying the current
throughout the material.

Luster: The free electrons in metals can absorb
and re-emit light energy, contributing to the
characteristic metallic shine or luster.

Cohesive Force and Melting/Boiling Points

The cohesive force in metallic bonds is the attraction between the delocalized electrons and the positive
metal ions. This force holds the metal atoms together, giving rise to several of the metal’s physical
properties, including its high melting and boiling points. The strength of the metallic bond varies among
different metals, influencing their melting and boiling points. Generally, metals with stronger metallic
bonds have higher melting and boiling points.
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Notable

● Alloys are mixtures of two or more elements, at least one of which is a metal, that have metallic
bonding. Alloys often have enhanced properties compared to their component elements, such
as increased strength, corrosion resistance, or improved electrical conductivity. Examples
include steel (an alloy of iron and carbon) and bronze (an alloy of copper and tin).

● The strength of metallic bonds can vary significantly from one metal to another, depending on
factors such as the number of delocalized electrons and the size of the metal ions. This
variability accounts for the wide range of physical properties observed among metals, from the
relatively soft sodium to the very hard tungsten.

Metallic bonding provides a framework for understanding the unique set of properties that metals
exhibit. These properties are crucial for applying metals in various fields, including construction,
electronics, transportation, and manufacturing, making metallic bonds fundamental to industrial and
everyday technologies.

F. Lewis Dot Structure

A Lewis dot structure is a visual representation of the valence electrons in an atom and how they are
shared or transferred during the formation of a chemical bond. In this structural formula, the symbol of
the element is surrounded by dots, each representing one valence electron. The number of dots
corresponds to the number of valence electrons for that particular element. Lewis dot structures
provide a simple and insightful way to understand the electronic configuration of molecules, aiding in the
comprehension of their chemical properties and reactivity.

For the atomic Lewis structure, the element’s symbol is surrounded by dots representing its valence
electrons, with each side of the symbol receiving one dot before pairing starts, adhering to the octet rule
for stability.

Nitrogen has five valence electrons. Therefore, in the Lewis dot structure of
nitrogen, the symbol “N” should be surrounded by five dots, each representing
one valence electron.

By showcasing how electrons are shared or transferred among atoms, Lewis structures facilitate the
prediction of molecular geometry and reactivity. The octet rule, a guiding principle in this method,
underscores the pursuit of stable electron configurations, making Lewis structures an invaluable tool in
comprehending the intricate nature of molecular interactions and compound formation.
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Molecular Formula: H2O
Steps:

1. Write Down the Molecular Formula:

● H2O

2. Determine the Total Number of Valence Electrons:

● Hydrogen (H) has 1 valence electron, and oxygen (O) has 6.
● Total valence electrons: 2 × 1 + 6 = 8

3. Identify the Central Atom:

● Oxygen is the central atom in water.

4. Connect Atoms with Single Bonds:

● Use a single line (representing a pair of electrons) to connect each hydrogen to the
oxygen: H–O–H

5. Place Remaining Electrons:

● We started with 8 electrons, and each bond used 2, so we have
● 8 − 2 × 2 = 4 electrons left.

6. Fill Octets for Outer Atoms:

● Oxygen now has 6 electrons around it (2 from the bond and 4 as lone pairs).

7. Fill Octet for Central Atom:

● Oxygen has satisfied the octet rule.

8. Check Formal Charges:

● No need for formal charges in this example.

9. Check for Double or Triple Bonds (Optional):

● Not applicable to this molecule.

10. Draw the Final Lewis Dot Structure:

H2OStructure CO2Structure N2Structure
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G. VSEPR Theory

The Valence Shell Electron Pair Repulsion VSEPR theory is a fundamental concept in chemistry that
provides a molecular-level understanding of molecular geometry. Proposed by Ronald J. Gillespie and
Ronald S. Nyholm, VSEPR theory posits that electron pairs, whether in the form of bonding or lone pairs,
arrange themselves around a central atom in a way that minimizes repulsion, promoting a geometry that
maximizes stability. The theory is based on the premise that electron pairs, being negatively charged,
repel each other, leading to specific geometric arrangements. For instance, molecules with two electron
pairs adopt a linear shape, while those with three pairs favor a trigonal planar or tetrahedral
arrangement.

VSEPR theory plays a crucial role in predicting molecular shapes, explaining observed geometries, and
understanding the spatial distribution of electron pairs, contributing significantly to the comprehension
of molecular structures and chemical reactivity.

How VSEPR theory works:

1. Determine the Central Atom: Identify the central atom in the molecule. This is usually the atom
with the highest bonding capacity or the one that forms the most bonds.

2. Count Electron Pairs: Count the total number of electron pairs around the central atom.
Electron pairs can be bonding pairs (involved in forming covalent bonds) or lone pairs
(non-bonding pairs).

3. Minimize Electron Pair Repulsion: Electron pairs (both bonding and lone pairs) repel each
other. The VSEPR theory states that electron pairs arrange themselves in a way that minimizes
repulsion and maximizes the distance between them, leading to specific geometric
arrangements or molecular shapes.

4. Predict Molecular Geometry: Based on the number of electron pairs, predict the molecular
geometry using the following basic principles:

● Two Electron Pairs: The molecular geometry is linear if there are two electron pairs.

● Three Electron Pairs: If there are three electron pairs, the molecular geometry can be
trigonal planar (if all three are bonding pairs) or bent (if one is a lone pair).

● Four Electron Pairs: If there are four electron pairs, the molecular geometry can be
tetrahedral (if all four are bonding pairs), trigonal pyramidal (if one is a lone pair), or bent
(if two are lone pairs).

● Five Electron Pairs: If there are five electron pairs, the molecular geometry can be
trigonal bipyramidal (if all five are bonding pairs) or seesaw (if one is a lone pair).

● Six Electron Pairs: If there are six electron pairs, the molecular geometry can be
octahedral (if all six are bonding pairs) or square pyramidal (if one is a lone pair).
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5. Consider Multiple Bonds: In molecules with multiple bonds, treat each multiple bond as a
single electron pair when determining the molecular geometry.

Ammonia (NH₃) Electron
Geometry:

Step 1: Identify the Central Atom

● In NH₃, nitrogen is the central atom.

Step 2: Determine the Number of Electron Groups

● There are three electron groups around the nitrogen
atom: one lone pair and two bonding pairs.

Step 3: Determine the Electron Geometry

● Based on the number of electron groups, the
electron geometry is trigonal pyramidal.
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Conclusion: According to VSEPR theory, the electron geometry of ammonia (NH₃) is trigonal
pyramidal, as it has three electron groups around the central nitrogen atom.

Notable

● Double or triple bonds are considered as a single electron group when applying the VSEPR
(Valence Shell Electron Pair Repulsion) theory.

VSEPR theory stands for Valence Shell Electron Pair Repulsion theory. It’s a model used in chemistry to
predict the shapes of individual molecules based on the repulsion between pairs of valence electrons
around a central atom.

H. Dipole and Dipole Moment

Measurement of Dipole Moments

The bond dipole moment is a crucial concept in chemistry that helps us understand the distribution of
electrical charge in molecules, especially when there’s a bond between two atoms with differing
electronegativities. Let’s break down the components and implications.

Charge (δ) and Distance (d): The bond dipole moment (μ) arises because of the difference in
electronegativity between two bonded atoms. Electronegativity is a measure of how strongly an atom
attracts electrons in a chemical bond. When two atoms have different electronegativities, the more
electronegative atom pulls the shared electrons closer to itself, leading to an uneven distribution of
electron density. This results in the more electronegative atom acquiring a partial negative charge (δ-),
while the less electronegative atom obtains a partial positive charge (δ+).

The quantity δ represents the magnitude of these partial charges. It’s important to note that these are
not full charges as in ions but smaller, fractional charges that indicate a polarization within the bond.

The distance (d) in the formula refers to the separation between the centers of the positive and negative
charges. This distance is essentially the bond length when discussing a single bond between two atoms.

Water H₂O is a classic example of a polar molecule with a significant dipole moment. In a water
molecule, the oxygen atom is more electronegative than the hydrogen atoms, causing an uneven
distribution of electrons. As a result, the oxygen atom develops a partial negative charge δ-, while the
hydrogen atoms acquire partial positive charges δ+. This charge asymmetry gives rise to a dipole moment
μ in water—the dipole moment vector points from the positive hydrogen end to the negative oxygen end.
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NetDipoleMoment of CO2

Implications and Applications

Understanding the bond dipole moment is essential for several reasons:

● Polarity of Molecules: The sum of the bond dipole moments in a molecule helps determine the
molecule’s overall polarity, affecting its physical properties and interactions with other
molecules.

● Physical Properties: The polarity of molecules influences their boiling points, melting points,
solubility, and reactivity.

● Molecular Geometry: The spatial arrangement of bonds in a molecule and the resultant dipole
moments can give insights into the molecule’s geometry.

The measurement of dipole moments can be performed through various methods, including
spectroscopy and dielectric constant measurements. These measurements provide insights into the
molecular structure and can be used to infer the spatial arrangement of atoms within a molecule.

Molecular Geometry and Dipole Moments

The geometry of a molecule significantly influences its dipole moment. Linear, trigonal planar,
tetrahedral, and other symmetrically shaped molecules can have zero dipole moment if their constituent
atoms are the same or if their polar bonds are arranged symmetrically, resulting in the cancellation of
individual bond dipoles. On the other hand, molecules with asymmetric shapes or arrangements of polar
bonds (like water) exhibit non-zero dipole moments.

The concept of a dipole and dipole moment is central to understanding molecules’ chemical and
physical properties, particularly in the context of molecular polarity, intermolecular interactions, and
solvent effects.
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Let’s delve into more details and explore notable aspects related to these concepts:

Molecular Polarity and Its Impact

Polar molecules like water tend to have higher boiling and melting points than nonpolar molecules of
similar molecular weight due to the stronger intermolecular forces, such as hydrogen bonding,
dipole-dipole interactions, and ion-dipole interactions. These forces are significantly stronger in polar
molecules because of the electrostatic attraction between the positive and negative poles of different
molecules.

Intermolecular Interactions

The dipole moment influences not only the physical properties of individual molecules but also how
molecules interact with each other and with ions. For example, in solution, polar solvents are particularly
effective at solvating ions and other polar compounds due to their ability to orient their dipole moments
in a way that stabilizes the charged species. This is a key principle behind the saying “like dissolves like,”
indicating that polar solvents best dissolve polar solutes, while nonpolar solvents are more suitable for
nonpolar solutes.

Solvent E�ects

The polarity of a solvent, as determined by its molecular dipole moment, can significantly influence the
course and outcome of chemical reactions. In polar solvents, polar reactants are more likely to be
solvated, which can stabilize certain reaction intermediates, making some reaction pathways more
favorable. This can affect reaction rates, equilibrium positions, and even the selectivity of reactions.

Applications

Understanding and manipulating dipole moments is critical in various scientific and industrial
applications, including:

● Design of pharmaceuticals: Optimizing the polarity of drug molecules to enhance solubility and
membrane permeability.

● Material science: Creating materials with specific dielectric properties for electronics and
optics.

● Environmental science: Understanding the behavior of pollutants in water and designing more
effective removal strategies.

In conclusion, the concepts of dipole and dipole moment offer profound insights into the behavior of
molecules, influencing everything from the fundamental understanding of chemical interactions to
practical applications in various fields.
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I. Intermolecular Forces

Intermolecular forces (van der Waals forces) are like tiny magnets that
attract or repel molecules, affecting how they behave. Unlike intramolecular
forces that hold atoms together within a molecule, intermolecular forces act
between molecules. The three main types are London dispersion forces (the
weakest), dipole-dipole interactions, and hydrogen bonding (the strongest).

1. London Dispersion Forces: 2. Dipole-Dipole Interactions: 3. Hydrogen Bonding:

These are the weakest
intermolecular forces. They
arise from temporary
fluctuations in electron
distribution.

These forces occur between
polar molecules, where the
positive end of one molecule is
attracted to the negative end of
another.

This is a specific and strong
type of dipole-dipole
interaction. It involves a
hydrogen atom bonded to a
highly electronegative element
(like oxygen, nitrogen, or
fluorine) interacting with a lone
pair on another electronegative
atom.

London Dispersion Forces: London dispersion forces, also known as dispersion forces, are a type of
intermolecular force that arises from temporary fluctuations in electron distribution within molecules.
These fluctuations create instantaneous dipoles, where an asymmetrical distribution of electrons
induces a temporary dipole moment. The presence of these temporary dipoles induces similar dipoles in
neighboring molecules, leading to an attractive force between them. London dispersion forces are
present in all molecules, regardless of their polarity, but their strength increases with the size and
complexity of the molecules.

Dipole-Dipole Forces: Dipole-dipole forces are intermolecular
attractions between polar molecules, where uneven electron distribution creates a permanent dipole
moment. This results in a relatively stronger interaction compared to London dispersion forces. These
forces impact substance properties such as boiling points and solubilities, playing a significant role in
molecular behavior.
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Hydrogen Bonding: Hydrogen bonding is a specialized form of
dipole-dipole interaction that involves a hydrogen atom bonded
to a highly electronegative atom (e.g., nitrogen, oxygen, or
fluorine) interacting with another electronegative atom in a
different molecule. This type of interaction is stronger than
typical dipole-dipole forces. Hydrogen bonding plays a crucial
role in various substances, influencing properties like boiling
points and solubilities. Understanding hydrogen bonding is
essential in fields such as chemistry and biology, contributing to the unique behavior of molecules in
different states.

Summary: Intermolecular Forces vs. Chemical Bonds

Intermolecular Forces (IMFs) Chemical Bonds

Intermolecular forces are weaker forces of
attraction between molecules, ions, or atoms of
noble gases. They are responsible for the physical
properties of substances, such as boiling and
melting points, vapor pressure, and solubility.
IMFs are categorized into several types:

1. Dipole-Dipole Forces: Occur between
molecules that have permanent dipole moments
(i.e., molecules that are polar). These forces
result from the electrostatic attraction between
the positive end of one polar molecule and the
negative end of another.

2. Hydrogen Bonds: A special type of
dipole-dipole interaction that occurs when a
hydrogen atom covalently bonded to a highly
electronegative atom (such as oxygen, nitrogen,
or fluorine) is attracted to another electronegative
atom in a different molecule. Hydrogen bonding is
particularly strong among dipole-dipole
interactions and is crucial for the properties of
water and biological molecules like DNA.

3. London Dispersion Forces (Van der Waals
Forces): Present in all molecules, including
nonpolar ones. They arise from temporary dipoles
that occur due to momentary fluctuations in
electron distribution within molecules. London
dispersion forces are the weakest among
intermolecular forces but become significant in

Chemical bonds, on the other hand, are strong
forces that hold atoms together within molecules
or crystals. They involve the sharing or transfer of
electrons between atoms, leading to the
formation of stable structures. Chemical bonds
are categorized into three primary types:

1. Ionic Bonds: Formed by the transfer of
electrons from one atom to another, forming
positively charged ions (cations) and negatively
charged ions (anions). The electrostatic attraction
between these oppositely charged ions
constitutes the ionic bond. Ionic bonds are
typically found in salts like sodium chloride
(NaCl).

2. Covalent Bonds: Arise from the sharing of
electron pairs between atoms. The shared
electrons occupy the space between the atoms,
creating a stable bond. Covalent bonds can be
polar (with unequal sharing of electrons) or
nonpolar (with equal sharing of electrons). They
are the primary type of bond found in organic and
many inorganic molecules.

3. Metallic Bonds: In metals, valence electrons
are shared among many atoms, allowing them to
move freely throughout the metal’s structure.
This “sea of electrons” is responsible for many of
the metals’ characteristic properties, such as
conductivity and malleability.
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molecules with large molar masses or in nonpolar
molecules where other types of IMFs are absent.

4. Ion-Dipole Forces: Important in solutions of
ions and polar molecules. These forces are the
electrostatic attraction between ions (positive or
negative) and the polar ends of dipole molecules.
They play a key role in the solubility of ionic
compounds in polar solvents.

Chemical bonds are generally much stronger than
intermolecular forces and are essential for
constructing the molecular structure of
substances.

Conclusion:

● Strength: Chemical bonds are significantly stronger than intermolecular forces.

● Function: Chemical bonds hold atoms together within molecules or crystals, forming the
molecule’s structure. Intermolecular forces, however, are responsible for the physical state
(solid, liquid, gas) and many physical properties of substances.

● Types: Chemical bonds include ionic, covalent, and metallic bonds, while intermolecular forces
include dipole-dipole interactions, hydrogen bonds, London dispersion forces, and ion-dipole
forces.

Understanding chemical bonds and intermolecular forces is essential for explaining materials’ structure,
properties, and behavior.

The connection between intermolecular forces and physical properties is significant, as intermolecular
forces directly influence the behavior and properties of substances:

Boiling Point and Melting Point: Stronger intermolecular forces typically result in higher boiling and
melting points because more energy is required to overcome these forces and change the state of the
substance from solid to liquid or from liquid to gas.

Vapor Pressure: Intermolecular forces influence the vapor pressure of a substance. Substances with
weaker intermolecular forces typically have higher vapor pressures because the molecules escape more
easily into the gas phase.

Crystalline Structure: The stronger the intermolecular forces, the more tightly packed and organized the
crystalline structure becomes. Strong intermolecular forces lead to closer spacing between molecules
within the crystal lattice, resulting in higher density and more ordered arrangements. Additionally,
stronger intermolecular forces often yield crystals with well-defined shapes and symmetries as
molecules align to minimize energy associated with these forces. Changes in intermolecular forces can
trigger phase transitions between different crystalline structures, demonstrating the direct relationship
between intermolecular forces and the organization of matter in solid-state systems.

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 58



J. Sigma and Pi Bonds

Sigma (σ) and pi (π) bonds are two types of covalent bonds that differ in their formation, orientation, and
properties. They play a crucial role in determining the geometry, strength, and reactivity of molecules.
Here’s an overview of each.

Sigma (σ) Bonds

Formation: Sigma bonds are formed by the head-on overlap of atomic orbitals. This overlap can occur
between any two orbitals (s – s, s – p, p – p) as long as they are oriented along the axis connecting the
two bonding nuclei.

Characteristics: Sigma bonds are the strongest type of covalent bond due to the direct overlap of
orbitals, which allows for a greater density of electron cloud between the nuclei. They permit the free
rotation of atoms around the bond axis because of their cylindrical symmetry.

Examples: In a molecule of hydrogen (H2), a sigma bond is formed by the overlap of two 1s orbitals from
each hydrogen atom. In ethane (C2H6), each carbon-carbon and carbon-hydrogen bond is a sigma bond
formed by sp3 – sp3 and sp3 – s overlaps, respectively.

Pi (π) Bonds

Formation: Pi bonds are formed by the side-to-side overlap of p orbitals that are oriented perpendicular
to the axis connecting the two bonding nuclei. For a π bond to form, there must already be a σ bond in
place between the bonding atoms, as π bonds cannot exist independently.

Characteristics: Pi bonds are weaker than sigma bonds due to the lesser degree of orbital overlap. They
restrict the rotation of atoms around the bond axis, contributing to the rigidity of double- and
triple-bonded structures. Pi bonds are characterized by their electron density being located above and
below the plane of the nuclei of the bonding atoms.

Examples: In ethene (C2H4), there is a double bond between the two carbon atoms, consisting of one σ
bond (from sp2 – sp2 overlap) and one π bond (from the side-to-side overlap of two p orbitals). In
acetylene (C2H2), the carbon-carbon triple bond consists of one σ bond and two π bonds, with the π
bonds formed by the overlap of two pairs of p orbitals perpendicular to each other and to the σ bond.
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Notable

● Sigma bonds define the framework of a molecule and are involved in determining its shape
according to the VSEPR (Valence Shell Electron Pair Repulsion) theory. While contributing to the
overall bond strength, pi bonds primarily affect the molecule’s reactivity and physical properties.

● Molecules with π bonds often exhibit greater reactivity than those with only σ bonds. This is
because π bonds have higher electron density in regions that are more exposed and less
shielded by the bonding nuclei, making themmore susceptible to attack by electrophiles.

● Conjugated systems, which are arrangements of alternating single (σ bonds) and double bonds (σ
+ π bonds), exhibit increased stability due to the delocalization of π electrons across the
structure. This delocalization can lead to unique chemical and physical properties, such as the
absorption of visible light in some organic dyes.

In molecules with double or triple bonds, there’s always one sigma bond; the rest are pi bonds. This
clarification highlights that for every double bond, there is one sigma bond and one pi bond; for triple
bonds, there is one sigma bond and two pi bonds.

Let’s break it down to understand why this rule holds true and what its implications are for molecular
structure and chemistry.

Double Bonds

● Composition: A double bond consists of two shared pairs of electrons between two atoms.
● Bond Types: In a double bond, one of these pairs forms a sigma (σ) bond, and the other pair

forms a pi (π) bond.
● Formation of Sigma Bond: The σ bond is formed by the head-on overlap of atomic orbitals, such

as two hybrid orbitals in the case of ethene (C2H4). This bond aligns along the axis connecting
the two bonded nuclei, providing the primary bond strength and establishing the basic
framework of the molecule.

● Formation of Pi Bond: The π bond arises from the side-by-side overlap of unhybridized p
orbitals perpendicular to the axis connecting the two bonded nuclei. This overlap occurs above
and below the plane of the nuclei, creating a bond weaker than the σ bond but crucial for the
chemical reactivity and physical properties of the molecule.
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Triple Bonds

● Composition: A triple bond involves three shared pairs of electrons between two atoms.
● Bond Types: In a triple bond, one pair forms a σ bond, and the remaining two form π bonds.
● Sigma Bond: Similar to the double bond scenario, the σ bond in a triple bond results from the

head-on overlap of atomic orbitals, such as two sp hybrid orbitals in the case of acetylene (C2H2).
This bond serves as the central axis around which the molecule is structured.

● Pi Bonds: The two π bonds in a triple bond are formed by the side-to-side overlap of two sets of
p orbitals on each atom. These orbitals overlap in two different planes perpendicular to the axis
of the σ bond, effectively locking the bonded atoms in place and preventing rotation around the
bond axis.

Implications

Molecular Geometry and Rotation Chemical Reactivity

The presence of π bonds in double and triple
bonded structures restricts the rotation of the
bonded atoms around the bond axis. This has
significant implications for the geometry and
spatial orientation of the molecule, affecting its
physical and chemical properties.

The electron density in π bonds is more exposed
and, therefore, more reactive than in σ bonds.
Molecules containing double or triple bonds
often participate in addition reactions, where
reagents attack the electron-rich π system,
breaking the π bond while preserving the σ
framework.

Understanding σ and π bonds is fundamental for grasping the structure, bonding, and reactivity of
molecules in organic and inorganic chemistry.

K. Hybridization

Hybridization is a concept in chemistry that describes the mixing of atomic orbitals to form new hybrid
orbitals suitable for bonding. This process occurs when an atom undergoes bonding and needs to adapt
its electron configuration for effective overlap with neighboring atoms.

The most common types of hybridization involve s and p orbitals, resulting in sp, sp2, and sp3 hybrid
orbitals. These hybrid orbitals then combine with other orbitals or lone pairs to form molecular
geometries that contribute to the overall shape and stability of molecules.

Hybrid orbitals have different shapes and energies compared to the original atomic orbitals and are more
effective in forming covalent bonds with other atoms. Hybridization helps explain the shapes and
bonding properties of molecules that cannot be adequately described by the simple valence bond
theory.
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Types of Hybridization

There are several types of hybridization, including sp, sp2, and sp3 hybridization, each corresponding to
the mixing of different numbers and types of atomic orbitals:

sp Hybridization sp2 Hybridization sp3 Hybridization

Involves the mixing of one s
orbital and one p orbital from
the same atom, forming two
sp hybrid orbitals. This
hybridization is characteristic
of molecules with a linear
geometry, such as acetylene
(C2H2).

Involves the mixing of one s
orbital and two p orbitals
from the same atom, forming
three sp2 hybrid orbitals. This
hybridization occurs in
molecules with a trigonal
planar geometry, such as
ethene (C2H4).

Involves the mixing of one s
orbital and three p orbitals
from the same atom, forming
four sp3 hybrid orbitals. This
hybridization is seen in
molecules with a tetrahedral
geometry, such as methane
(CH4).

Example: Methane

To illustrate hybridization, let’s consider methane (CH4), where the carbon atom forms four equivalent
bonds with four hydrogen atoms.

Atomic Orbitals: In its ground state, carbon has an electronic configuration of 1s22s22p2, with two
unpaired electrons in the 2p orbital. However, this configuration does not explain carbon’s ability to form
four equivalent bonds.

Hybridization Process: To form four equivalent bonds, one electron from the 2s orbital is promoted to
an empty 2p orbital, resulting in four unpaired electrons. Then, these four electrons (one from the 2s
orbital and three from the 2p orbitals) undergo hybridization to form four equivalent sp3 hybrid orbitals.

Geometry and Bonding: Each sp hybrid orbital forms a sigma (σ) bond with a hydrogen atom’s 1s orbital,
leading to the formation of CH4. The arrangement of the sp3 hybrid orbitals around the carbon atom is
tetrahedral, with bond angles of approximately 109.5 degrees, which is the geometric arrangement that
minimizes electron pair repulsion according to the VSEPR theory.
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Hybridization provides a more accurate depiction of the bonding in molecules like methane, where the
equivalency and geometry of bonds can only be explained through the concept of hybrid orbitals. This
concept is fundamental to understanding the structure and reactivity of organic and inorganic molecules.

We can figure out the hybridization type by calculating the steric number:

SN = Number of σ bonds + Number of Lone Pairs

– SN = 2 → sp hybridization

– SN = 3→ sp² hybridization

– SN = 4 → sp³ hybridization

– SN = 5→ sp³d hybridization

– SN = 6 → sp³d² hybridization

Example:

Here’s how to determine the hybridization of carbon in methane
CH4using the steric number and sigma bonds:

1. Identify the central atom: In methane CH4, the central
atom is carbon C.

2. Calculate the steric number: In methane, carbon forms
four sigma bonds with four hydrogen atoms.
Steric number SN = 4

3. For a steric number of 4, the hybridization is sp³.
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How do the �ive basic shapes of hybridization, resulting from the mixing of atomic orbitals to form
hybrid orbitals, influence the geometry of molecules, and what are the implications of these shapes
for their physical and chemical properties?

The five basic shapes of hybridization stem from the mixing of atomic orbitals to form hybrid orbitals,
which in turn dictate the geometry of molecules according to the Valence Shell Electron Pair Repulsion
(VSEPR) theory. These shapes are crucial for understanding the spatial arrangement of atoms in
molecules and their resultant physical and chemical properties. Here’s an overview of each shape, along
with examples:

1. Linear (sp Hybridization)
● Hybridization: Involves the mixing of one s orbital with one p orbital, forming two sp hybrid

orbitals.
● Geometry: The two sp hybrid orbitals arrange themselves linearly, with a bond angle of 180°.
● Example: Acetylene (C₂H₂), where the carbon atoms are sp

hybridized, forming a linear molecule with C≡C and C–H bonds.

2. Trigonal Planar (sp² Hybridization)
● Hybridization: Involves the mixing of one s orbital with two p orbitals,

forming three sp² hybrid orbitals.
● Geometry: The three sp² hybrid orbitals are oriented in a plane, 120°

apart, leading to a trigonal planar shape.
● Example: Ethylene (C₂H₄), where each carbon is sp² hybridized, resulting

in a planar molecule with C=C and C–H bonds.

3. Tetrahedral (sp³ Hybridization)
● Hybridization: Involves the mixing of one s orbital with three p orbitals, forming four sp³ hybrid

orbitals.
● Geometry: The four sp³ hybrid orbitals orient themselves in three-dimensional

space, forming angles of approximately 109.5° with each other, which results in
a tetrahedral shape.

● Example: Methane (CH₄), where the carbon atom is sp³ hybridized, creating a
tetrahedral molecule with four equivalent C–H bonds.

4. Trigonal Bipyramidal (sp³d Hybridization)
● Hybridization: Involves the mixing of one s orbital, three p orbitals, and one

d orbital, forming five sp³d hybrid orbitals.
● Geometry: The arrangement consists of three orbitals in a plane (equatorial

positions) at 120° to each other, and two orbitals (axial positions) oriented
perpendicularly to the plane, leading to a trigonal bipyramidal shape.

● Example: Phosphorus pentachloride (PCl₅), where the phosphorus atom is
sp³d hybridized, forming a molecule with three Cl atoms in a plane and two
Cl atoms above and below the plane.
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5. Octahedral (sp³d² Hybridization)
● Hybridization: Involves the mixing of one s orbital, three p orbitals, and two d

orbitals, forming six sp³d² hybrid orbitals.
● Geometry: The six sp³d² hybrid orbitals are arranged in three-dimensional

space, forming an octahedron, with 90° angles between any two orbitals.
● Example: Sulfur hexafluoride (SF₆), where the sulfur atom is sp³d² hybridized,

resulting in an octahedral molecule with six equivalent S–F bonds.

Each of these hybridization states plays a critical role in determining the molecular structure, which in
turn influences the physical properties, chemical reactivity, and biological activity of the molecule.
Understanding these shapes allows chemists to predict and explain the behavior of complex molecules
in various environments.

Which hybrid orbital (sp, sp², or sp³) exhibits the highest e�ective electronegativity in bonding, and
how does the percentage of s and p character influence this property?

Electronegativity refers to the ability of an atom to attract shared electrons in a chemical bond, and it’s
typically a property of atoms rather than hybrid orbitals. However, when considering hybrid orbitals such
as sp, sp², and sp³, we can discuss their relative ability to attract electrons based on the percentage of s
and p character in the hybrid orbitals. This concept can give us insight into the relative
“electronegativity” of molecules involving these hybridizations.

sp Hybrid Orbitals sp² Hybrid Orbitals sp³ Hybrid Orbitals

These have 50% s character
and 50% p character. The
higher s character means that
the electrons in sp hybridized
orbitals are closer to the
nucleus on average than in sp²
or sp³ orbitals. Therefore,
atoms with sp hybridization
tend to have more polarized
bonds, indicating a higher
effective electronegativity for
the purposes of bonding.

These have approximately
33% s character and 67% p
character. With less s character
than sp hybrid orbitals, sp²
hybridized atoms have
electrons that are slightly
further from the nucleus
compared to sp, leading to
slightly lower effective
electronegativity in bonds
involving sp² orbitals than
those involving sp orbitals.

These have 25% s character
and 75% p character, the
lowest s character among the
three types. This means that
electrons in sp³ hybrid orbitals
are the furthest from the
nucleus on average, making
atoms with sp³ hybridization
the least “electronegative” in
terms of bonding behavior
among the three types.

In summary, in the context of hybrid orbitals and their ability to attract electrons in a bond, sp hybrid
orbitals can be considered the most “electronegative,” followed by sp², and then sp³, due to the
decreasing percentage of s orbital character, which correlates with electron closeness to the nucleus.
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Why are hybrid orbitals considered better for bonding than unhybridized atomic orbitals?

1. Maximization of Overlap: Hybrid orbitals are oriented in space in a way that maximizes orbital
overlap with the orbitals of other atoms. This maximized overlap results in stronger covalent
bonds because electrons are more effectively shared between the bonded atoms. For example,
the linear arrangement of sp hybrid orbitals and the tetrahedral arrangement of sp³ hybrid
orbitals ensure optimal overlap and, therefore, stronger bonds.

2. Directionality: Hybrid orbitals have specific spatial orientations that lead to predictable
molecular geometries in accordance with the Valence Shell Electron Pair Repulsion (VSEPR)
theory. This directionality allows for the formation of molecules with defined shapes and angles,
contributing to their unique physical and chemical properties. For instance, sp³ hybridization
leads to a tetrahedral geometry with bond angles of approximately 109.5°, which is critical for
the structure of many organic molecules.

3. Equivalent Energy Levels: Hybridization results in hybrid orbitals that are equivalent in energy,
which is not always the case with unhybridized atomic orbitals. This equivalency allows for the
formation of bonds that are uniform in strength and length within a molecule, contributing to its
stability. For example, in methane (CH₄), the four C–H bonds are equally strong and of equal
length due to the equivalency of the four sp³ hybrid orbitals.

4. Increased Stability: Molecules formed by atoms using hybrid orbitals are generally more stable
than those formed using unhybridized atomic orbitals. This increased stability arises from the
stronger bonds formed by hybrid orbitals and the optimal spatial arrangement of these orbitals,
which minimizes electron pair repulsions.

5. Enhanced Reactivity and Functionality: The specific geometries and bond properties conferred
by hybrid orbitals play crucial roles in the reactivity and functionality of molecules. For example,
the planar shape of molecules with sp² hybridized atoms (e.g., ethene) facilitates interactions
with other molecules, making themmore reactive in certain chemical reactions.

To conclude, hybrid orbitals improve upon the bonding capabilities of their parent atomic orbitals by
providing stronger, more directed, and energetically equivalent bonding opportunities. This leads to the
formation of molecules with defined geometries, enhanced stability, and desirable chemical properties.

L. Quantum Numbers

Quantum numbers in chemistry are like addresses for electrons within an atom. They describe the
specific properties and locations of electrons, such as their energy level, orbital shape, orientation, and
spin, within an atom’s electron cloud. They are like ID cards for electrons. These ID cards give particles
their unique properties and help us keep track of them in the atom.
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● Principal Quantum Number n: This quantum number describes the energy level in which the
electron is located. It can have integer values starting from 1 and increasing in increments.
Higher “n” values correspond to higher energy levels farther from the nucleus.

Example:

The electron in the figure moves at energy level 1. So, its principal
quantum number is n = 1.

● Angular Quantum Number l: This quantum number defines

the shape of the orbital and is related to the subshell.

𝑙 = 0,....., (𝑛 − 1)

l is all the whole numbers ranging from 0 to (n - 1).

Example:

Consider the principal quantum number n = 2.

(n - 1) = 1. So, l = 0 and l = 1, which belong to s and p subshells.
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● Magnetic Quantum Number ml: This specifies the orientation of the orbital in space relative to
the other orbitals. It can take integer values between -l and + l, including zero.

Example:

In the previous example, we deduced that the angular momentum
quantum number has two values, l = 0 and l = 1.

For l = 0,ml = -0 to +0. So, ml = 0

For l = 1, ml = -1, 0, +1

Only 2 electrons can fit inside each box (ml).

● Spin Quantum Number m : Describes the spin of the
electron, which can be either +1/2 or -1/2. This quantum
number explains the magnetic properties of the
electron.

In each ml box, 2 electrons can fit having opposite
spins.

Example:

Consider the electron configuration of nitrogenN.

Let’s look at energy level n = 2:

n = 2 → l = 0 (s) → ml = 0

n = 2 → l = 1 (p) → ml = -1, 0, +1 (3 boxes)

Let’s delve into how quantum numbers relate to chemical bonding.

Relation to Chemical Bonding

Quantum numbers are fundamental in predicting and explaining the behavior of electrons in atoms during
bond formation:
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Valence Electrons and Principal Quantum Number (n): Valence electrons (the outermost electrons)
are primarily responsible for chemical bonding. The principal quantum number of these electrons
indicates their energy level, which in turn influences their ability to participate in bonds. For example, the
valence electron in sodium Na is in the third energy level (n = 3), making it relatively easy to lose this
electron to form a cation (Na+).

Orbital Shapes and Angular Momentum Quantum Number (l): The shape of orbitals determined by l
influences how atoms can overlap to form covalent bonds. For instance, the formation of a sigma (σ)
bond involves the head-on overlap of s or p orbitals (l = 0 or l = 1), while pi (π) bonds result from the
side-on overlap of p orbitals (l = 1).

Orbital Orientation and Magnetic Quantum Number (ml): As described by ml, the spatial orientation of
orbitals affects the directionality of bonds and the shape of molecules. For example, the different
orientations of the p orbitals (ml = -1, 0, +1) are crucial in forming the tetrahedral geometry in methane
(CH4).

Electron Pairing and Spin Quantum Number (ms): According to the Pauli exclusion principle, no two
electrons in an atom can have the same set of four quantum numbers, which necessitates the pairing of
electrons with opposite spins in the same orbital. This principle is essential for understanding the
formation of covalent bonds, where two electrons of opposite spins are shared between two atoms.

Electromagnetic Radiation: Electromagnetic radiation consists of waves of electric and magnetic fields
propagating through space. It includes a wide range of phenomena, from radio waves to gamma rays, all
of which travel at the speed of light.

At the atomic level, electromagnetic radiation is intimately tied to the behavior of electrons within
atoms. Electrons orbit the nucleus of an atom in discrete energy levels or orbitals. When an electron
transitions from one energy level to another, it can emit or absorb electromagnetic radiation
corresponding to the energy difference between the levels.

Plank-Einstein equation:

Max Plank and Albert Einstein determined that electromagnetic
energy is quantized, or composed of discrete bundles called
photons, expressed by the equation below.

and so𝐸 = ℎ𝑣 𝑐 = λ𝑣 𝐸 = ℎ𝑐
λ

● E: Energy of the photon in J
● h: Planck’s Constant 6.63 × 10-34 j.s
● v: Frequency of light in s-

● c: Speed of light inm/s
● λ:Wavelength of light inm

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 69



When an electron transitions between energy levels within an atom, it can absorb or emit a
photon. The energy of the photon is related to the energy difference between the initial and final
energy states of the electron.

𝐸 = 𝐸 𝑓𝑖𝑛𝑎𝑙 − 𝐸 𝑖𝑛𝑖𝑡𝑖𝑎𝑙| |

● E: Energy of the photon in J
● E�inal: Energy of the final energy level that the electron transits to
● Einitial:Energy of the initial energy level that the electron transits from

Transitioning from higher to lower energy levels → Emission of a photon (energy)

Transitioning from lower to higher energy levels → Absorption of a photon (energy)

Notable

● The absolute operation is a mathematical operation in which the outcome will always be𝑎 ± 𝑏| |
positive.

Example

Electron 1 was in excited energy level n = 2 and electron two was in excited energy level n = 3 of a
hydrogen atom. To achieve stability, both electrons emitted electromagnetic energy (photon) and
transited down to ground energy level n = 1.

Which electron emitted the highest energy?

The energy of the hydrogen energy level is given as:

The energies of the third, second and first energy levels are as follows:
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The difference between the energy levels in both cases is:

As a result, the second electron (n = 3 to n = 1) emitted a higher energy than
the first electron (n = 2 to n = 3).

In terms of bonding, electromagnetic radiation plays a crucial role in the interactions between atoms in
molecules. For instance, when atoms bond together to form molecules, the arrangement of electrons
between the atoms determines the molecule’s properties. The sharing or transfer of electrons between
atoms in chemical bonds involves electromagnetic forces, which can be understood through concepts
like covalent bonding, where electrons are shared, or ionic bonding, where electrons are transferred.

De Broglie Wavelength

Louis de Broglie was a French physicist who proposed that particles, like electrons, exhibit wave-like
properties. This idea was revolutionary because, until then, particles were thought to behave purely as
particles with distinct positions and velocities, while waves were thought to exhibit phenomena like
interference and diffraction.

De Broglie’s key insight came from considering the wave nature of light, which had already been
established through experiments like the double-slit experiment. He proposed that if light, traditionally
thought of as waves, could exhibit particle-like behavior (as demonstrated by the photoelectric effect),
then particles like electrons could also exhibit wave-like behavior.

De Broglie’s wave-particle duality hypothesis is summarized by the de Broglie wavelength, denoted by λ
(lambda), which describes the wavelength associated with a particle:

λ = ℎ
𝑚𝑣

● h: Planck’s Constant = 6.63 × 10-34 j.s
● v: Speed of the particle inm/s
● λ:Wavelength of the particle inm
● m:mass of the particle in kg
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Quiz

1. What charge does a cation have?

A) Negative
B) Positive
C) Neutral
D) Variable

2. The Octet Rule states that atoms tend to have:

A) 8 protons.
B) 8 neutrons.
C) 8 electrons in their outer shell.
D) 8 isotopes.

3. Ionic bonding occurs between:

A) Two metals.
B) Two nonmetals.
C) A metal and a nonmetal.
D) Identical atoms.

4. Which of the following is correctly named for its ionic compound?

A) NaCl- Sodium Chlorate
B) CaCl2 - Calcium Chloride
C) Na2O - Sodium Oxalate
D) MgBr - Magnesium Bromate

5. A covalent bond involves:

A) The transfer of electrons.
B) The sharing of electrons.
C) The donation of electrons.
D) The absence of electrons.

6. Which type of bond is characterized by equal sharing of electrons?

A) Ionic bond
B) Metallic bond
C) Nonpolar covalent bond
D) Polar covalent bond
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7. Polar covalent bonds occur when:

A) Electrons are equally shared.
B) Electrons are transferred.
C) Electrons are shared unequally.
D) Electrons orbit only one atom.

8. Metallic bonds are found in:

A) Molecules.
B) Ionic compounds.
C) Metals.
D) Nonmetals.

9. The correct naming for CO2 in covalent compounds is:

A) Carbon Oxide
B) Carbon Dioxide
C) Carbon Monoxide
D) Dicarbon Oxide

10. Lewis Dot Structures are used to represent:

A) Atomic nuclei.
B) Electron transfers.
C) Electron sharing.
D) Valence electrons.

11. VSEPR Theory is used to predict:

A) Atomic mass.
B) The shape of molecules.
C) The type of chemical bonds.
D) The number of protons.

12. Dipole moments occur in:

A) Nonpolar molecules only.
B) Polar molecules only.
C) Metals only.
D) All molecules.
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13. Which type of intermolecular force is the strongest?

A) London dispersion forces
B) Dipole-dipole interactions
C) Hydrogen bonds
D) Ionic bonds

14. Sigma bonds are characterized by:

A) Overlapping p orbitals.
B) Overlapping s orbitals.
C) Electrons shared between atoms.
D) Both A and B.

15. Pi bonds are formed from the overlap of:

A) s orbitals.
B) p orbitals.
C) d orbitals.
D) f orbitals.

16. Hybridization explains:

A) The color of compounds.
B) The mixing of atomic orbitals.
C) The polarity of molecules.
D) The size of atoms.

17. Which of the following does not follow the octet rule?

A) CO2

B) BF3

C)NH3

D) H2O

18. An ion with 10 protons and 9 electrons is a:

A) Cation
B) Anion
C) Neutron
D) Isotope
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19. Which element is likely to form an ionic bond with chlorine?

A) Carbon
B) Oxygen
C) Sodium
D) Hydrogen

20. The strongest type of chemical bond is the:

A) Covalent bond
B) Ionic bond
C) Hydrogen bond
D) Metallic bond
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Chapter 3:Organic CompoundNaming
Organic chemistry, a branch of chemistry devoted to the study of carbon-containing compounds, serves
as the cornerstone of life and the creation of various synthetic materials. In this chapter, we explore the
systematic nomenclature that assigns precise names to this diverse array of molecules. From the
straightforward identification of simple hydrocarbons to the nuanced navigation of functional groups,
mastering organic chemistry naming is a fundamental skill for any aspiring chemist. This journey will
unravel the language of molecules, shedding light on the intricate relationships and properties encoded
within the rich tapestry of carbon-based compounds.

Overview

This chapter embarks on a journey through the fascinating world of organic chemistry, focusing on the
nomenclature and structural representation of various organic compounds. It serves as a foundational
guide to understanding the diverse families of compounds that constitute organic chemistry, from the
simplest hydrocarbons to complex biological molecules. We’ll explore the structure, properties, and
naming conventions of alkanes, alkenes, alkynes, alcohols, ethers, aldehydes, ketones, carboxylic acids,
amines, and the iconic benzene ring. The chapter further delves into the realm of biological compounds,
shedding light on lipids, carbohydrates, and proteins—the molecules of life. By elucidating the rules of
organic compound naming and illustrating their structural nuances, this chapter lays the groundwork for
mastering organic chemistry’s language and its applications in biology, medicine, and materials science.

Objectives

At the end of this chapter, you should be able to:

● Understand the basics of organic compound naming: Grasp the systematic approach to naming
organic compounds based on their structure and functional groups.

● Identify and name different types of hydrocarbons: Recognize and apply naming conventions for
alkanes, alkenes, and alkynes based on their carbon chain structures and bonding.

● Describe and name functional group-containing compounds: Navigate through the nomenclature
of alcohols, ethers, aldehydes, ketones, carboxylic acids, and amines, understanding their key
functional groups.

● Explain the structure and naming of benzene derivatives: Understand the unique properties of
benzene and how its derivatives are named and represented structurally.

● Distinguish between major classes of biological compounds: Identify lipids, carbohydrates, and
proteins, appreciating their structural diversity and significance in living organisms.

● Apply structural representation techniques: Use structural formulas to accurately represent the
molecular structure of various organic compounds.

A. Hydrocarbons

Hydrocarbons, the cornerstone of organic chemistry, constitute a vast family of compounds composed
solely of hydrogen and carbon atoms. These simple yet versatile molecules form the structural basis of
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organic compounds, ranging from the familiar methane in natural gas to the complex structures found in
proteins and plastics. Classically categorized into alkanes, alkenes, and alkynes, hydrocarbons serve as
the fundamental building blocks for more intricate organic molecules.

Alkanes Alkenes Alkynes Aromatic
Hydrocarbons

Characterized only by
single bonds between
carbon atoms C–C.

Alkanes are relatively
non-reactive and are
excellent fuels.

Characterized by
having at least 1
double bond C=C.

Characterized by
having at least one
carbon-carbon triple
bond C≡C.

Aromatic
hydrocarbons, also
known as arenes,
consist of carbon
atoms arranged in
planar, cyclic
structures.

Notable

● Structural representation in chemistry refers to the graphical depiction of a molecule’s
arrangement, indicating the connectivity of its atoms and the type of bonds between them.

Ethane C2H6 Ethene C2H4 Ethyne C2H2

B. Structural Representation

The structural representation of hydrocarbons is crucial in unraveling the intricate world of organic
chemistry. In essence, it involves creating visual blueprints that showcase how carbon and hydrogen
atoms are connected within these compounds and the types of bonds they form.
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Molecular Formula

It uses chemical symbols to
indicate the elements present
and subscript numbers to
denote the quantity of each
type of atom in the molecule.

C3H8



C. Alkane

Properties of Alkanes

Chemical Reactivity: Alkanes are relatively inert in nature due to the strong C–C and C–H single bonds.
They do not easily undergo reactions with acids, bases, or other reagents under mild conditions.
However, they can undergo reactions under more extreme conditions, such as combustion and
halogenation.

Physical Properties: The physical properties of alkanes vary with their molecular size and structure.

Boiling and Melting Points: These increase with molecular size due to the increased van der Waals
forces in larger molecules. Linear alkanes have higher boiling points than their branched isomers
because of their greater surface area, which allows for more substantial van der Waals interactions.

Solubility: Alkanes are nonpolar molecules and are insoluble in water but soluble in nonpolar solvents
like benzene and chloroform.

Naming Alkanes

Naming alkanes follows the systematic guidelines set by the International Union of Pure and Applied
Chemistry (IUPAC), which allows chemists to deduce the structure of a compound from its name and
vice versa.
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Structural Formula
Shows the carbon-carbon
bonds and the
hydrogen-carbon bonds.

Line-Angle Formula
Carbon atoms are usually
implied at the intersections of
lines and at the ends of lines.

Condensed Structural
Formula

The condensed structural
formula emphasizes atom
connectivity with implied
bonds in a linear sequence.
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Pre�ixes for
Carbon
Chain

Lengths

Molecular
Formula
(CnH2n + 2)

Condensed Structural Formula Number of
Possible Isomers

Methane

1 Carbon:
Meth-

CH4 CH4 —

Ethane

2 Carbons:
Eth-

C2H6 CH3CH3 —

Propane

3 Carbons:
Prop-

C3H8 CH3CH2CH3 —

Butane

4 Carbons:
But-

C4H10 CH3CH2CH2CH3 2

Pentane

5 Carbons:
Pent-

C5H12 CH3CH2CH2CH2CH3 3

Hexane

6 Carbons:
Hex-

C6H14 CH3CH2CH2CH2CH2CH3 5

Heptane

7 Carbons:
Hept-

C7H16 CH3CH2CH2CH2CH2CH2CH3 9

Octane

8 Carbons:
Oct-

C8H18 CH3CH2CH2CH2CH2CH2CH2CH3 18

Nonane

9 Carbons:
Non-

C9H20 CH3CH2CH2CH2CH2CH2CH2CH2CH3 35

Decane

10 Carbons:
Dec-

C10H22 CH3CH2CH2CH2CH2CH2CH2CH2CH2CH3 75



Examples

3-Ethylhexane

Exercise 1: An alkane with a four-carbon chain.

Answer: Butane (A straight chain of four carbons
without any branches).

Exercise 2: An alkane with a straight chain of
eight carbons.

Answer: Octane (A straight chain of eight carbons
without any branches).

D. Alkenes

Alkenes are a category of hydrocarbons characterized by at least one carbon-carbon double bond (C=C)
in their molecular structure. This double bond is made up of one sigma (σ) bond and one pi (π) bond,
classifying alkenes as unsaturated hydrocarbons.

Properties of Alkenes

Reactivity: The double bond in alkenes is a region of high electron density, making it reactive towards
electrophiles in addition reactions. This reactivity allows for a wide range of chemical transformations,
including hydrogenation (addition of hydrogen), halogenation (addition of halogens), and hydroxylation
(addition of water), among others.

Physical Properties: Alkenes’ boiling and melting points are generally lower than those of alkanes of
similar molecular weight due to the less effective packing of molecules, which results in weaker van der
Waals forces. Alkenes are also nonpolar and insoluble in water but soluble in organic solvents.

Note

The prefixes for carbon chain lengths are the same as for alkanes: meth-, eth-, prop-, but-, etc.

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 80



Examples

Ethene (C₂H₄)

● The simplest alkene with a double bond between two carbon atoms. There are
no substituents.

E. Alkynes

Alkynes are a class of hydrocarbons that contain at least one carbon-carbon triple bond (C≡C) within
their molecular structure. This triple bond consists of one sigma (σ) and two pi (π) bonds, making
alkynes unsaturated hydrocarbons. The presence of the triple bond gives alkynes distinct physical and
chemical properties compared to alkanes (which have only single bonds) and alkenes (which have at
least one double bond).

Propyne

Note

The location number of the triple bond can be written just before the suffix (-yne), in the middle of the
alkyne name, or in the beginning of the name. Both are correct.

Characteristics of Alkynes

Physical Properties: Alkynes, like other hydrocarbons, are nonpolar and are insoluble in water but
soluble in organic solvents. The boiling points of alkynes are generally higher than those of alkanes and
alkenes of similar molecular weight due to the linear geometry around the triple bond, allowing for
closer packing and stronger van der Waals forces.

Chemical Properties: The carbon-carbon triple bond in alkynes is highly reactive, making alkynes more
reactive than alkanes but somewhat similar to alkenes. They can undergo addition reactions, where the
π bonds are broken and new atoms or groups are added to the carbons.

Naming Alkynes

Alkynes are named similarly to alkanes and alkenes, with the root name indicating the number of carbon
atoms in the longest carbon chain and the suffix “-yne” denoting the presence of a triple bond.

The prefixes for carbon chain lengths are the same as for alkanes and alkenes: meth-, eth-, prop-,
but-, etc.
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F. Alcohols

Alcohols play a pivotal role in organic chemistry, standing out as
essential solvents in countless chemical reactions. Take ethanol, for
instance, a widely recognized member of the alcohol family.

● Hydroxyl Group: The hydroxyl group is an oxygen and
hydrogen pair (OH) attached to a carbon atom. It’s what makes something an alcohol. For
example, in ethanol (drinking alcohol), the hydroxyl group gives it its specific properties.

● R Group: Refers to the rest or remainder of a molecule, excluding a specific functional group or
atom. The “R” stands for the rest. It is commonly used as a placeholder to represent any alkyl or
side chain in a molecule without specifying its structure.

The carbons in this chain are numbered to provide the lowest possible location number to the hydroxyl
group. The attached branch naming follows the same criteria as all organic compounds. After choosing
the main chain, the suffix (-ane) is replaced by (-ol).

3-Heptanol

Properties of Alcohols

Physical Properties: Alcohols generally have higher boiling points than hydrocarbons of similar
molecular weight due to the hydrogen bonding between hydroxyl groups. This hydrogen bonding also
makes lower alcohols (with short carbon chains) soluble in water, while higher alcohols (with longer
carbon chains) are less soluble.

Chemical Reactivity: The hydroxyl group in alcohols makes them versatile in chemical reactions. They
can undergo dehydration to form alkenes, oxidation to produce aldehydes, ketones, or carboxylic acids
(depending on the class of the alcohol), and substitution to form ethers.

Acidity: Alcohols exhibit weak acidity due to the ability of the hydroxyl hydrogen to be donated as a
proton. The acidity of alcohol increases with the presence of electronegative atoms (such as halogens)
near the hydroxyl group or when the alcohol is more sterically hindered.
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Classi�ication of Alcohols

Primary (1°) Alcohols Secondary (2°) Alcohols Tertiary (3°) Alcohols

The carbon atom holding the
–OH group is attached to only
one other carbon atom.

The carbon with the –OH group
is attached to two other carbon
atoms.

The –OH group is attached to a
carbon atom connected to
three other carbon atoms.

Naming Alcohols

The IUPAC naming system for alcohols involves identifying the longest carbon chain containing the
hydroxyl group, replacing the -e ending of the corresponding alkane with -ol, and numbering the chain to
give the hydroxyl group the lowest possible number. Prefixes such as “di-,” “tri-,” etc., indicate the
presence of multiple hydroxyl groups.

G. Ethers

Ethers are organic compounds containing an oxygen atom bonded to two alkyl groups (R–O–R'). Ethers
are valued for their role as solvents and reagents in chemical reactions. Their low reactivity compared to
other oxygen-containing groups makes them useful in organic synthesis. Widely used in pharmaceuticals
and industry, ethers contribute to the creation of various materials and compounds.

Example: Perfumes and fragrances we use in daily life.

Ether has 2 sides, the longest chain is identified as the main chain,
and it’s given the normal alkane name.

The shorter chain is the alkyl group, the suffix (-yl) is replaced with
the suffix (-oxy).
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1-Ethoxy butane

Example:

● Dimethyl Ether: Both alkyl groups are methyl groups.

● Methyl Ethyl Ether: One methyl group and one ethyl group are
attached to the oxygen atom.

● Diethyl ether : two ethyl groups attached to an oxygen atom.

● Diphenyl ether : two phenyl groups attached to an oxygen atom.

H. Aldehydes

An aldehyde is a class of organic compounds characterized by the presence of a carbonyl group (C=O)
bonded to a hydrogen atom and another substituent. The general structural formula for an aldehyde is
R–CHO, where R represents an alkyl or aryl group. Aldehydes are widely distributed in nature and play
crucial roles in various biological processes.

Take acetaldehyde, for example. This compound stars in the fermentation process, a critical step in
transforming sugars into the alcohols that give beer and wine their spirited kick. As yeast works its
magic, converting sugars into ethanol, acetaldehyde emerges as an intriguing byproduct, subtly
influencing the flavor profile of these beloved beverages.

Through this alchemical process, aldehydes like acetaldehyde bridge the gap between science and the
culinary arts, illustrating the profound impact of organic chemistry on our daily lives and sensory
experiences.

3-Methylbutanal

The attached groups aren’t only restricted to alkyl or functional groups; they can be any element or
molecule like chlorine, bromine, fluorine, etc.
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Examples

Methanal (Formaldehyde) Ethanal (Acetaldehyde) Propanal

The simplest aldehyde, with
only one carbon atom.

A two-carbon chain with an
aldehyde group.

A three-carbon chain with an
aldehyde group at the end.

4-Methylpentanal

A five-carbon chain with an aldehyde group at the end and a methyl
group on carbon 4.

I. Ketones

Ketones are a class of organic compounds characterized by a carbonyl group (C=O) bonded to two
alkyls. Their general structure is R–C=O–R, where R represents alkyl or aryl groups. Ketones are
essential in various biological processes and are prominent in organic chemistry synthesis.

Aldehydes and ketones are closely related as both contain a
carbonyl group (C=O) but differ in their placement within a
molecule. In aldehydes, the carbonyl group is bonded to at
least one hydrogen atom at the end of the carbon chain. In
ketones, the carbonyl group is bonded to two carbon atoms
and is positioned within the carbon chain. This difference in
structure leads to distinct chemical properties and
reactivities, although both share similarities due to the
presence of the carbonyl group.

One common example of a ketone found in everyday life is acetone. Acetone has the molecular formula
CH3COCH3 and is a simple ketone characterized by a carbonyl group sandwiched between two methyl
CH3 groups.
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Naming Ketones

Naming ketones, according to the International Union of Pure and Applied Chemistry (IUPAC) guidelines,
involves a systematic approach that reflects the presence of a carbonyl group (C=O) within the carbon
chain, not at the end as with aldehydes. Ketones are characterized by having the carbonyl group bonded
to two alkyl or aryl groups.

Examples

● Propanone (Acetone): The simplest ketone, with a three-carbon chain and
the carbonyl group on the middle carbon. Since it’s the smallest possible
ketone, numbering isn’t necessary.

● Butanone (Ethyl Methyl Ketone): A four-carbon chain with the
carbonyl group on the second carbon.

● 4-Methylpentan-2-one: A five-carbon chain ketone with a methyl group on the fourth carbon
and the carbonyl group on the second carbon.

J. Carboxylic Acids

Carboxylic acids are a class of organic compounds characterized by the
presence of a carboxyl functional group consisting of a carbonyl group
(C=O) and a hydroxyl group (–OH) bonded to the same carbon atom. The
general formula for a carboxylic acid is R–COOH, where R represents an
alkyl or aryl group.

These compounds are widespread in nature and play crucial roles in
various biological processes. They are prevalent in many foods, such as
citrus fruits and vinegar, and are integral components of fats and oils. One
common daily-life example of carboxylic acid is acetic acid, which is the
main component of vinegar.
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Methylhexanoic

Naming Carboxylic Acids

Naming carboxylic acids follows specific rules of the International Union of Pure and Applied Chemistry
(IUPAC). Carboxylic acids contain a carboxyl group (–COOH), which is a functional group consisting of a
carbonyl group (C=O) and a hydroxyl group (–OH) attached to the same carbon atom.

Examples

● Ethanoic Acid (Acetic Acid): A two-carbon chain with the carboxyl group on
the first carbon. It’s the acid responsible for the sour taste of
vinegar.

● Propanoic Acid: A three-carbon chain with the carboxyl group on
the first carbon.

● 4-Methylhexanoic Acid: A seven-carbon chain carboxylic acid with a methyl group on the fourth
carbon.

● Cyclohexanecarboxylic Acid: A carboxylic acid with the carboxyl group
attached to a cyclohexane ring.
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K. Amines

Amines are organic compounds characterized by the presence of a nitrogen atom bonded to hydrogen or
alkyl groups. They are ammonia (NH3) derivatives, where organic substituents replace one or more
hydrogen atoms. Amines play a crucial role in biological systems,
serving as building blocks for amino acids, proteins, and various
natural products.

Certain vitamins, such as vitamin B3 (niacin) and vitamin B6

(pyridoxine), contain amine groups. These vitamins are essential
for various physiological functions.

2-Heptanamine

5-Methyl-2-hexanamine

Naming Amines

Naming amines in organic chemistry involves identifying and classifying these compounds based on the
nature of their nitrogen attachments. Amines are organic compounds derived from ammonia (NH3) by
replacing one or more hydrogen atoms with organic groups (alkyl or aryl groups). The basic structure of
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an amine involves a nitrogen atom connected to one or more alkyl or aryl groups. The naming convention
for amines in IUPAC nomenclature and common nomenclature varies slightly.

IUPAC Nomenclature for Amines

Ammonia Primary Amine Secondary Amine Tertiary Amine

NH3 RNH2 R1R2NH R1R2R2N

CH3NH2 (CH3)2NH (CH3)3N

Methylamine Dimethylamine Trimethylamine

L. Biological compounds

Biological compounds, also known as biomolecules, are molecules that are present in living organisms
and play essential roles in various biological processes. These compounds are involved in the structure,
function, and regulation of cells and organisms. There are several classes of biological compounds like
lipids, carbohydrates, and proteins.
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Beyond these primary classes, biomolecules also include vitamins and minerals, essential for various
biochemical functions; hormones, which act as signaling molecules; and secondary metabolites, which
often play roles in defense mechanisms. The study of biomolecules extends across disciplines, from
biochemistry and molecular biology to biotechnology and medicine, highlighting their importance in
understanding life and developing new technologies and treatments for diseases.

Biological compounds are not just chemical entities; they are the essence of life, each playing a unique
role in the tapestry of biological processes that define living organisms. Their study not only helps us
understand the intricate workings of life at the molecular level but also holds the key to advancements in
health, agriculture, and environmental science.

M. Lipids

Lipids are diverse biological compounds that don’t mix well with water. They have important jobs in our
bodies. You can think of them as the building blocks for fats, oils, and constituents in our cell walls.
These molecules are like multitaskers—they help store energy, keep cells strong, and even play a role in
carrying signals. Despite their differences, all lipids share the trait of not liking water, which sets them
apart from other important molecules in our bodies.

Hydrophobicity is their defining characteristic, allowing them to form distinct structures within aqueous
environments, such as the cellular milieu.

Roles of Lipids in the Body

● Energy Storage: Lipids are efficient energy reservoirs, storing more than twice the energy per
gram compared to carbohydrates or proteins. This makes them an essential energy source for
long-term needs.

● Cell Membrane Structure: The lipid bilayer is fundamental to cell membrane architecture,
providing a selective barrier that regulates the passage of substances in and out of cells.
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● Signaling Molecules: Lipids are involved in signaling pathways that control a wide range of
biological processes. Steroid hormones, derived from cholesterol, are lipids that act as signaling
molecules, influencing growth, metabolism, and reproductive functions.

● Protection and Insulation: In animals, lipids provide insulation from the environment and
protect internal organs by absorbing shock.

N. Carbohydrates

Carbohydrates are essential macronutrients that serve as the primary source of energy for the human
body. Comprising sugars, starches, and fibers, carbohydrates are crucial in fueling various physiological
processes. Simple carbohydrates, such as glucose and fructose, are quickly broken down in the digestive
system, providing a rapid energy boost. Complex carbohydrates, found in foods like whole grains,
legumes, and vegetables, take longer to digest, offering a sustained release of energy. Despite their vital
role in energy metabolism, it is important to prioritize complex carbohydrates over refined sugars, as the
latter can contribute to health issues when consumed excessively.

The Structure of Glucose (C6H12O6)

Honey is a natural sweet substance produced by bees from the nectar of flowers. It is a complex mixture
of sugars, water, enzymes, and various compounds. The primary sugars in honey are glucose and
fructose, with glucose being one of the major component.

O. Proteins

Proteins are vital macromolecules composed of amino acids, forming diverse structures crucial for
biological functions. Their unique sequences determine specific roles, including enzymatic catalysis,
structural support, transport, and signaling. Dietary sources like meat, fish, eggs, and plant-based
options provide essential proteins. Adequate protein intake is crucial for tissue maintenance, immune
support, and overall health. Balancing protein consumption is key to a well-rounded diet and optimal
health.

Proteins in food serve various functions, including supporting tissue repair and growth, maintaining
muscle mass, and acting as enzymes or transporters. It’s essential to include a variety of protein sources
in one’s diet to ensure an adequate intake of essential amino acids.
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Amino Acids: Building Blocks of Proteins

Proteins are polymers composed of amino acid
monomers linked by peptide bonds. There are 20
standard amino acids, each with a unique side chain
(R group), which confer different properties to the
protein.

Functions of Proteins

● Enzymes: Proteins that catalyze biochemical reactions, speeding up processes necessary for
life.

● Structural Proteins: Provide support and shape to cells and organisms. Examples include
collagen in connective tissues and keratin in hair and nails.

● Transport Proteins: Facilitate the movement of substances across cell membranes or within the
bloodstream, such as hemoglobin carrying oxygen.

● Signaling Proteins: Involved in transmitting signals between cells or within cells. Hormones like
insulin are proteins that regulate metabolic processes.

● Defensive Proteins: Protect organisms from disease, such as antibodies that identify and
neutralize pathogens.
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Quiz

1. Which is not a type of hydrocarbon?

A) Alkanes
B) Alkenes
C) Alkynes
D) Alcohols

2. Alkynes contain what type of bond?

A) Single bond
B) Double bond
C) Triple bond
D) Quadruple bond

3. What functional group do ethers contain?

A) –OH
B) –COOH
C) C=O
D) C–O–C

4. Ketones contain what functional group?

A) –OH
B) C=O (within a carbon chain)
C) –COOH
D) C–O–C

5. Carboxylic acids have what functional group?

A) –OH
B) C=O
C) –COOH
D) C–O–C

6. Lipids are primarily composed of:

A) Carbohydrates
B) Nucleic acids
C) Fatty acids and glycerol
D) Amino acids
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7. Proteins are polymers of:

A) Fatty acids
B) Nucleotides
C) Monosaccharides
D) Amino acids

8. Which functional group is found in alcohols?

A) –OH
B) C=O
C) –COOH
D) C–O–C
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Chapter 4: Radioactivity
Radioactivity is about unstable atoms releasing tiny particles and special light, a discovery made by
scientists like Becquerel and the Curies. It changed how we understand the matter. Atoms go through
alpha, beta, and gamma decay processes to become stable. This isn’t just science theory; it’s used in
medicine, energy, and scientific research.

Overview

This chapter delves into the intriguing world of radioactivity, a fundamental phenomenon in nuclear
chemistry that has profound implications for both natural processes and technological applications.
Beginning with an exploration of what radioactivity entails, the discussion progresses to the mechanisms
of radioactive decay, including alpha, beta, and gamma decay, each distinguished by the nature of the
particles or energy emitted. The chapter also covers methodologies for predicting the outcomes of decay
processes, utilizing the radioactive decay formula to quantify the rate at which unstable nuclei
transform. Through a detailed examination of these topics, this chapter not only elucidates the principles
governing radioactive decay but also highlights its significant applications in fields ranging from medicine
to energy production.

Objectives

At the end of this chapter, you should be able to:

● Define Radioactivity: Understand the nature of radioactivity and the conditions under which it
occurs in atomic nuclei.

● Differentiate Between Types of Radioactive Decay: Identify the characteristics of alpha, beta,
and gamma decay, including the particles emitted and their effects on the nucleus.

● Predict Decay Outcomes: Apply knowledge of nuclear stability and decay sequences to predict
the products of radioactive decay processes.

● Utilize the Radioactive Decay Formula: Calculate the decay rate of radioactive substances,
understanding half-life and its implications for the stability of isotopes.

● Explore Applications in Nuclear Chemistry: Recognize the practical implications of radioactivity
and nuclear decay in generating nuclear energy, medical imaging, and treatment, as well as in
environmental and archaeological dating.

● Understand Safety Measures: Appreciate the importance of safety protocols in handling
radioactive materials and protecting against harmful exposure.

A. Radioactive Decay

Among the atoms that exist in our universe are those with unstable nuclei, commonly known as
radioactive nuclei. These nuclei may become unstable due to an imbalance between the forces that
keep the nucleus together and those that could cause it to split apart.
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Several key factors contribute to nuclear instability:

● Neutron-Proton Imbalance: Generally, stable nuclei tend to have a balanced ratio of protons to
neutrons. Too many or too few neutrons compared to protons can lead to instability.

● Size of the Nucleus: As the size of a nucleus increases, the repulsion between positively
charged protons becomes more significant. This repulsion can overcome the strong nuclear
force that binds protons and neutrons together, leading to instability.

● Excess Energy: Nuclei with excessive energy may be in an excited state. If the energy released
is sufficient to disrupt the balance within the nucleus, it can lead to instability.

To reach a more stable state, unstable nuclei undergo radioactive decay, a process involving the
emission of ionizing radiation. Ionizing radiation is a potent form of energy atoms release during
radioactive decay. It has the capability to strip tightly bound electrons from the orbit of an atom, leading
to the ionization of the atom. This radiation manifests in various forms, including alpha particles, beta
particles, and gamma rays, which are well-known for their ability to penetrate matter and ionize atoms.
Ionizing radiation is omnipresent, originating from natural sources like cosmic rays and man-made
sources such as medical X-rays, playing a pivotal role across numerous fields, including medicine,
industry, and nuclear physics. Not all forms of radiation possess ionizing capabilities, making it crucial to
understand the different types of ionizing radiation and
their effects.

Radioactivity primarily unfolds through three decay
processes: Alpha, Beta, and Gamma decay. Each decay
type involves the emission of distinct particles or waves,
contributing to the transformation of unstable nuclei into
more stable forms.

B. Alpha Decay

Alpha decay is a type of radioactive decay particularly
prevalent in heavy elements, like uranium, thorium, and
radium, which possess large numbers of protons. The abundance of protons in these heavy nuclei
results in increased repulsive forces among them, contributing to nuclear instability. To achieve greater
stability, the nuclei expel an alpha particle, which is essentially a helium nucleus composed of 2 protons
and 2 neutrons.

When an alpha particle is emitted, the original heavy nucleus loses 2 protons and 2 neutrons, leading to
a decrease in both its atomic number and mass. Consequently, the parent element transforms into a
different element—a “daughter nucleus” with characteristics distinct from those of the original element.
This process of alpha decay not only helps the nucleus reach amore stable state but also plays a crucial
role in the natural transmutation of elements and the shaping of the elements found on Earth and in the
universe.
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Example of Alpha Decay:

Uranium-238 decay into Thorium-234:

Understanding Uranium-238 Decay: Uranium-238 is a specific isotope characterized by its atomic
structure—it contains 92 protons and, along with its neutrons, totals an atomic mass of 238 units. This
configuration means that in addition to its 92 protons, it has 146 neutrons (238 total mass minus 92
protons). When uranium-238 decays, it transforms into thorium-234, another isotope with a slightly
different atomic composition. Thorium-234 has 90 protons; given its mass number of 234, it also has
144 neutrons (234 total mass minus 90 protons). The decay process also releases a helium nucleus,
which comprises 2 protons and 2 neutrons, aligning with the particle and energy release observed in
such radioactive processes.

C. Beta Decay

There are two main types of beta decay:

● Beta-minus decay (β⁻-decay): Involves the emission of an electron and an antineutrino. A
neutron in the nucleus is transformed into a proton, increasing the atomic number by 1 but
leaving the mass number unchanged.

An antineutrino is a tiny, neutral subatomic particle produced in the process of beta-minus decay,
playing a crucial role in the conservation of mass and energy.
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Example of Beta-minus Decay

Carbon-14 decaying to Nitrogen-14:

is carbon-14, with 6 protons and 8 neutrons.

is nitrogen-14, with 7 protons and 7 neutrons, indicating the conversion of a neutron into a proton.

is the beta-minus particle (electron), with no mass number and a -1 charge

is the antineutrino, a neutral (no charge) particle with negligible mass.

● Beta-plus decay (β⁺-decay) or Positron Emission: Involves the emission of a positron (the
electron’s antiparticle) and a neutrino. A proton is transformed into a neutron, decreasing the
atomic number by 1 with no change in the mass number.

Positron is the antimatter of the electron, having the same mass but a positive charge. A neutrino is a
subatomic particle that is extremely lightweight and electrically neutral.

Example of Beta-plus Decay

Carbon-11 decays to Boron-11:

is carbon-10, with 6 protons and 4 neutrons.

is boron-10, with 5 protons and 5 neutrons, indicating the conversion of a proton into a neutron.

is the beta-plus particle (positron), with no mass number and a +1 charge, indicating its positive
charge.

is the neutrino, a neutral (no charge) particle with negligible mass.

D. Gamma Decay

Gamma decay is a type of radioactive decay that occurs when an excited nucleus transitions to a lower
energy state, emitting a photon in the process. This photon is a gamma ray, a form of high-frequency and
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energy electromagnetic radiation. Gamma decay does not alter the number of protons or neutrons in the
nucleus, meaning the atom remains the same element before and after the decay. Instead, it is a
process by which the nucleus disposes of excess energy, allowing it to move from an excited, unstable
state to a more stable configuration.

How Gamma Decay Occurs

Excitation: Before gamma decay, the nucleus is in an excited state. This excitation can occur due to
other radioactive decay (alpha or beta decay), where the daughter nucleus is left in a high-energy state,
or through other processes such as nuclear reactions.

Emission of Gamma Rays: To reach a lower energy state, the nucleus emits a gamma ray. This emission
involves the release of a photon, which carries away the excess energy.

Transition to a Lower Energy State: After the emission of the gamma ray, the nucleus transitions to a
lower energy state, typically closer to its ground state. This state is more stable and characterized by a
lower internal energy level.

Characteristics of Gamma Rays

High Energy: Gamma rays possess very high energy compared to other forms of electromagnetic
radiation, such as visible light or X-rays.

No Charge: Unlike alpha and beta particles, gamma rays are not charged and do not directly ionize
atoms through charge interactions. However, they can indirectly cause ionization by interacting with
electrons as they pass through matter.

Penetrating Power: Due to their high energy and lack of charge, gamma rays can penetrate much
deeper into materials than alpha or beta particles. This makes them both useful and hazardous; they can
be used in medical treatments and industrial imaging but require significant shielding to protect against
their penetrating radiation.

● A photon is a high-energy particle that has zero mass.
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Detailed Explanation: Cobalt-60 to Nickel-60

A classic example of gamma decay can be seen in the behavior of cobalt-60, a radioactive isotope widely
used in medical and industrial applications. Cobalt-60 decays by beta-minus decay to an excited state of
nickel-60, which then emits gamma rays to transition to its ground state.

This process involves two distinct steps:

Beta-minus Decay of Cobalt-60: Cobalt-60 ( )
undergoes beta-minus decay, transforming into an

excited state of nickel-60 ( ). This process
involves the conversion of a neutron in the cobalt-60
nucleus into a proton, accompanied by the emission
of an electron (beta particle) and an antineutrino.

This transformation changes the atomic number,
converting cobalt into nickel, while the mass number
remains unchanged.

The nuclear equation representing this decay process
is:

Equation:

Gamma Decay to Ground State: The excited nickel-60 nucleus possesses excess energy relative to its
ground state. It releases this energy in the form of gamma rays to achieve stability. The emission of
gamma rays does not alter the number of protons or neutrons within the nucleus; instead, it simply
lowers the energy level of the nucleus to its ground state.

Equation:

Importance and Applications

The emission of gamma rays is a mechanism for nuclei to release excess energy and reach a stable state
without changing their identity. Gamma rays have very high energy and can penetrate opaque materials
to other forms of radiation, such as alpha and beta particles. This characteristic makes gamma rays
extremely useful in various applications, including:

● Medical Treatment: Gamma rays are used in radiotherapy to target and destroy cancerous cells.

● Sterilization: Gamma radiation can sterilize medical equipment and food products by killing
bacteria and other pathogens without heat or chemicals.

● Industrial Imaging: Gamma-ray imaging is used for non-destructive testing to inspect the
integrity of structural components and welds.
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● Nuclear Physics Research: Studying gamma rays emitted by radioactive isotopes helps
scientists understand the structure and behavior of atomic nuclei.

By examining the decay of cobalt-60 to nickel-60, we gain insight into the complex processes that
govern nuclear transformations and radiation emission. This understanding has profound implications
for science, medicine, and industry, demonstrating the versatility and significance of gamma decay in our
world.

E. Predicting Decay Outcome

Properties and Measurement

● Half-life: Each radioactive isotope (radioisotope) has a characteristic half-life, the time it takes
for half of the sample to undergo decay. Half-lives can range from fractions of a second to
billions of years.

● Activity: The activity of a radioactive sample is measured in becquerels (Bq) or curies (Ci),
indicating the number of decay events per second.

● Detection: Radiation can be detected and measured by Geiger counters, scintillation counters,
and cloud chambers, among other devices.

In any chemical or nuclear reaction, masses and charges are conserved. These laws are respectively
known as the law of conservation of mass and the law of conservation of charges. Predicting an unknown
outcome of a radioactive decay relies on both laws.

Example

This is the decay of uranium into thorium; the unknown outcome X can be identified by applying the laws
as follows:

This example illustrates alpha decay, a type of radioactive decay process where an unstable nucleus
emits an alpha particle to become more stable. Let’s break down how the laws of conservation of mass
and charge are applied to understand this process.

Law of Conservation of Masses

The total mass number (A) before and after the decay must remain constant in nuclear reactions. The
mass number represents the total number of protons and neutrons in the nucleus.

Before decay: Uranium has a mass number of 238.

After decay: The thorium nucleus formed has a mass number of 234, and the mass of the emitted
particle needs to be calculated.
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By subtracting the mass number after decay from the original mass number,

A = 238 − 234 = 4, we find that the emitted particle has a mass number of 4, indicating it contains 2
protons and 2 neutrons, since neutrons and protons each have a mass number of 1.

Law of Conservation of Charges

This law states that the total electric charge before and after the decay must be the same. The number
of protons determines the charge, as each proton carries a positive charge (+1).

Before decay:Uranium, with an atomic number of 92, has 92 protons.

After decay: Thorium, with an atomic number of 90, has 90 protons. The charge of the emitted particle
needs to be identified.

The difference in proton number,

Z = 92 − 90 = 2 tells us that the emitted particle has 2 protons.

Conclusion

From these calculations, we determine that the emitted particle in the alpha decay of uranium has both
a mass number of 4 (accounting for 2 protons and 2 neutrons) and 2 protons, identifying it as a helium
nucleus, also known as an alpha particle (α). Therefore, in alpha decay, a heavy nucleus like uranium
emits a helium nucleus to reduce internal repulsive forces, transforming into a different element
(thorium in this case) and moving toward a more stable state. This process is characteristic of heavy
elements with high atomic numbers, such as uranium, thorium, and radium, reflecting their journey
toward stability through the emission of alpha particles.

F. Radioactive Decay Formula

The radioactive decay formula, a fundamental expression in nuclear physics, describes how the quantity
of a radioactive substance decreases over time.

N0: initial quantity of the decaying substance.

𝝀: This is the decay constant, a measure of how quickly the substance decays. A higher decay constant
indicates a faster decay.

Example

Suppose you have a sample of a radioactive substance with an initial quantity (N0) of 1000 grams. The
decay constant (𝝀) is given as 0.05 per year. Calculate The remaining quantity after 3 years (t).
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The remaining quantity of this radioactive substance is:

The Concept of Half-Life

The half-life of a radioactive isotope is a critical concept in understanding radioactive decay. It is defined
as the duration required for half of a given amount of the radioactive substance to undergo decay. For
uranium-238, this half-life is remarkably long, approximately 4.5 billion years. This extensive half-life
means that over billions of years, only half of the original uranium-238 atoms in a given sample will have
decayed into thorium-234, releasing helium nuclei in the process.

Half-time t1/2 :There’s a relationship between the half-time and decay constant 𝝀.

Example

Consider a radioactive substance with a decay constant of 0.05 per year. The half-life of this
substance is:

The radioactive decay formula can also be expressed in terms of the half-life (t1/2or T) as follows:

With t = time elapsed

Example

There is an initial quantity of a radioactive substance N0 equal to 100 units, and the half-life t1/2 is five
years. The decay formula after 15 years in terms of the half-life would be:
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The graph of cobalt-60 decay depicts a continuous curve illustrating the diminishing quantity of
cobalt-60 over time. In the initial stages, the decay was rapid. As time progresses, the decay rate
gradually slows down, creating an exponential decay shape.

After each successive half-life, the remaining quantity is halved, leading to a diminishing curve:

● After one half-life (approximately 5.27 years), the remaining quantity drops to 5 grams.

● After two half-lives, it further reduces to 2.5 grams. This trend persists, showcasing the
characteristic nature of exponential decay.

Applications of Radioactive Decay and Half-Life: The principle of half-life is instrumental in various
scientific fields, particularly in geochronology, which is the science of dating rocks and minerals. By
measuring the ratio of uranium-238 to thorium-234 in a rock sample, scientists can estimate the age of
the rock. This method relies on the predictable nature of radioactive decay over time, allowing for the
accurate dating of geological formations and the Earth itself. The decay of uranium-238 to thorium-234
serves not only as a fascinating glimpse into the stability and transformation of atomic nuclei but also as
a powerful tool for understanding the ancient history of our planet.

G. Application On Nuclear Chemistry

● Medical: Radioisotopes are widely used in medicine for diagnosis and treatment. For example,
iodine-131 is used to treat thyroid cancer and to diagnose thyroid disorders.

● Archaeological and Geological Dating: As mentioned, carbon-14 dating is used to determine
the age of organic materials. Other isotopes, such as uranium-238 and potassium-40, are used
for dating rocks and minerals.
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● Industrial: Radioisotopes are used in various industrial applications, including thickness
gauging, radiography for non-destructive testing, and tracing to study processes.

● Safety and Environmental Concerns: The use of radioactive isotopes requires careful handling
and disposal due to the potential health risks associated with exposure to ionizing radiation.
They can cause damage to living tissue, leading to health issues such as burns, radiation
sickness, and increased risk of cancer.

● Energy production through fission and fusion reactions:

Fission, the process of splitting atomic nuclei into two smaller nuclei, is employed in nuclear
power plants to generate electricity. Uranium-235 and plutonium-239 are commonly used as
nuclear fuels.

Fission (atomic) bombs rely on nuclear fission. A heavy nucleus absorbs a neutron, undergoes
fission, and releases energy along with several neutrons. These neutrons can trigger the fission
of other nuclei, leading to a self-sustaining chain reaction that produces a significant release of
energy.

Visualizing the Effects of an Atomic Bomb Explosion

Fusion is the process of fusing two small nuclei into a bigger one. It has not yet been achieved
for practical energy production on a large scale. However, ongoing experimental efforts and
research projects are aimed at developing fusion as a potential future energy source.

Fusion (hydrogen) bombs rely on the process of nuclear fusion. In the primary stage,
conventional explosives create the conditions for the fusion of isotopes of hydrogen, such as
deuterium and tritium, forming helium and releasing an immense amount of energy.
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Quiz

1. Who is credited with the discovery of radioactivity?

A) Marie Curie
B) Ernest Rutherford
C) Henri Becquerel
D) Niels Bohr

2. Which type of radioactive decay emits a helium nucleus?

A) Alpha decay
B) Beta decay
C) Gamma decay
D) Positron emission

3. In beta decay, a neutron is converted into a proton and:

A) An alpha particle
B) A beta particle
C) A gamma ray
D) A positron

4. Gamma decay usually follows which other types of decay?

A) Alpha decay
B) Beta decay
C) Both A and B
D) Neither A nor B

5. What does the half-life of a radioactive isotope indicate?

A) The time it takes for the radioactivity to start
B) The time it takes for the radioactivity to end
C) The time it takes for half of the radioactive substance to decay
D) The time it takes for all the radioactive nuclei to decay

6. Which unit is commonly used to measure radioactivity?

A) Kelvin
B) Pascal
C) Becquerel
D) Newton
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7. What is the primary factor that influences the stability of a nucleus and its likelihood of
undergoing radioactive decay?

A) Electron configuration
B) Neutron-to-proton ratio
C) Presence of isotopes
D) Temperature

8. Which of these is NOT a type of ionizing radiation?

A) Alpha particles
B) Beta particles
C) Gamma rays
D) Ultraviolet rays

9. In nuclear chemistry, what term describes the spontaneous transformation of one element into
another?

A) Fusion
B) Fission
C) Transmutation
D) Translation

10. Which particle is emitted during beta-plus decay?

A) Electron
B) Positron
C) Neutrino
D) Proton

11. What is a common application of nuclear chemistry?

A) Combustion engines
B) Radioactive dating
C) Photosynthesis
D) Fermentation

12. Which type of decay does not change the mass number of the nucleus?

A) Alpha decay
B) Beta decay
C) Gamma decay
D) All of the above change the mass number
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13. Which process involves the combination of two light atomic nuclei to form a heavier nucleus,
releasing a significant amount of energy?

A) Nuclear fission
B) Nuclear fusion
C) Particle emission
D) Radioactive decay

14. Which of these isotopes is commonly used in the dating of ancient artifacts?

A) Uranium-238
B) Carbon-14
C) Potassium-40
D) Tritium

15. A Geiger counter is used to:

A) Count the number of atoms in a sample
B) Measure the rate of a chemical reaction
C) Detect and measure radiation
D) Time the half-life of a radioactive element

16. Which of the following is true about alpha particles?

A) They have a high penetration power
B) They can be stopped by a sheet of paper
C) They are negatively charged
D) They are the same as beta particles

17. What protective measure is most effective against beta radiation?

A) A thick lead shield
B) A sheet of paper
C) Aluminum foil
D) A plastic sheet

18. Which element is known for its use in nuclear reactors as a fuel?

A) Carbon
B) Uranium
C) Hydrogen
D) Silicon
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19. Radioactive isotopes used in medical imaging are known as:

A) Radioligands
B) Catalysts
C) Radioisotopes
D) Biomarkers

20. The process of capturing a neutron and forming a heavier isotope, often leading to radioactivity,
is called:

A) Neutron activation
B) Positron emission
C) Electron capture
D) Photodisintegration
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Chapter 5:Chemical Reactions
Chemical reactions are like molecular makeovers, where atoms rearrange themselves into new
configurations. This chapter is about understanding how and why these transformations happen, from
simple mix-ups to more complex chemical dance moves. Let’s dive into the world of reactions and
uncover the rules that govern these intriguing molecular changes.

Overview

This chapter delves into the intricate world of chemical reactions, a core concept in chemistry that
describes the transformation of reactants into products. Starting with the fundamentals, it explores the
mechanisms and principles guiding chemical changes, including the crucial process of balancing
reactions to adhere to the law of conservation of mass. The journey continues through stoichiometry, the
quantitative relationship between reactants and products, and molarity, a measure of concentration. It
then navigates the concepts of limiting and excess reactants, distinguishing between reversible and
irreversible reactions and understanding the dynamic nature of chemical equilibrium. Additionally, the
chapter covers dissolution rates, solubility constants, and solubility rules, laying the groundwork for
acid-base and redox reactions, two pivotal types of chemical processes. The discussion extends to
balancing redox reactions and differentiating between electrochemical and electrolytic cells,
culminating in exploring reaction spontaneity. By providing a comprehensive overview of these topics,
this chapter equips learners with a solid foundation in chemical reactions and their applications in
real-world scenarios.

Objectives

At the end of this chapter, you should be able to:

● Grasp the Fundamentals of Chemical Reactions: Understand the basic principles that govern
chemical transformations.

● Balance Chemical Equations: Apply the law of conservation of mass to achieve balanced
equations for chemical reactions.

● Comprehend Stoichiometry: Determine the quantitative relationships between reactants and
products in chemical reactions.

● Calculate Molarity: Measure the concentration of solutions using the concept of molarity.
● Identify Limiting and Excess Reactants: Analyze reactions to determine which reactants limit the

reaction and which are in excess.
● Differentiate Between Reversible and Irreversible Reactions: Understand the conditions that

favor reversibility in chemical reactions.
● Explain Dynamic Equilibrium: Describe the characteristics of dynamic equilibrium in reversible

reactions.
● Assess Dissolution Rates and Solubility: Evaluate how solutes dissolve and understand the

factors affecting their solubility.
● Understand Acid-Base and Redox Reactions: Identify and balance reactions involving acids,

bases, and oxidation-reduction processes.
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● Operate Electrochemical and Electrolytic Cells: Distinguish between cells that generate
electricity and those that use electricity to drive chemical reactions.

● Evaluate Reaction Spontaneity: Determine the conditions under which chemical reactions occur
spontaneously.

A. Chemical Reactions: Fundamentals and Applications

A chemical reaction is a fundamental process observed in chemistry where initial substances, known as
reactants, transform into new substances, referred to as products. This transformation is facilitated by
breaking chemical bonds in the reactants and forming new bonds in the products. The essence of a
chemical reaction lies in this rearrangement of atoms and electrons, leading to a change in the chemical
composition and properties of the substances involved.

● Reactants are the starting materials in a chemical reaction. They are the substances present
before the chemical reaction occurs, each possessing unique chemical properties and
structures. Reactants engage in the reaction by interacting with each other, often under specific
conditions like heat, light, or the presence of a catalyst. The nature and proportions of the
reactants can significantly influence the course of the reaction, determining the types of
products formed and the efficiency of the transformation.

● Products are the substances formed as a result of a chemical reaction. They emerge from the
process with new chemical structures and properties distinct from those of the reactants. The
formation of products is the goal of the chemical reaction, and their nature is often predicted
based on the types of reactants and the conditions under which the reaction occurs. Products
can be anything from simple molecules like water and carbon dioxide in a combustion reaction
to complex compounds in synthetic chemical reactions.

The Process of Transformation

The transition from reactants to products in a chemical reaction involves several steps:

● Collision: For a reaction to occur, reactants must come into contact with each other. It is often
facilitated by mixing, heating, or using a solvent.

● Reaction Pathway: The reactants must overcome an energy barrier known as the activation
energy. It can be natural or assisted by the use of a catalyst.

● Formation of Intermediates: Many reactions proceed by forming temporary, unstable
structures called intermediates or transition states.
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● Product Formation: Finally, new chemical bonds are formed, and the reactants are transformed
into products with different chemical compositions and properties.

Types of Chemical Reactions

Combination (Synthesis) Reactions: Two or more substances combine to form a single product.

A + B ⟶ AB

Decomposition Reactions: A single compound breaks down into two or more simpler substances.

AB ⟶ A + B

Single Displacement (Substitution) Reactions: An element displaces another element in a compound,
producing a new compound and element.

A + BC ⟶ AC + B

Double Displacement (Metathesis) Reactions: Ions or bonds are exchanged by two compounds to form
two different products.

AB + CD ⟶ AD + CB

Combustion Reactions: A substance combines with oxygen, releasing energy in the form of light or heat,
often producing carbon dioxide and water.

CxHy + O2 ⟶ CO2 + H2O

Redox Reactions: These involve the transfer of electrons between two species. Oxidation (loss of
electrons) and reduction (gain of electrons) occur simultaneously.

A + B ⟶ A+ + B-

Factors Influencing Chemical Reactions

● Temperature: Increasing temperature generally increases the reaction rate by providing more
energy to the reactants.

● Concentration: Higher concentrations of reactants can lead to increased reaction rates due to
more frequent collisions between particles.

● Pressure: For reactions involving gases, increasing pressure can increase the reaction rate by
bringing reactants closer together.

● Catalysts: Substances that increase the rate of reaction without being consumed in the process.
They offer a lower energy pathway for the reaction.
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● Surface Area: For solids, increasing the surface area (e.g., by powdering a solid) can increase
the reaction rate, as there are more areas for the reaction to occur.

Indicators of a Chemical Reaction

● Color Change: Indicates the formation of a new substance with different properties.

● Temperature Change: Exothermic reactions release heat, while endothermic reactions absorb
heat.

● Gas Evolution: The formation of gas bubbles indicates a gas has been produced.

● Precipitate Formation: A solid that forms and settles out of a liquid mixture.

● Odor Change: The production of a new odor can indicate a new substance has been formed.

Chemical reactions are fundamental to countless processes in daily life, industrial production,
environmental changes, biological systems, and scientific research, highlighting the interconnectedness
of chemical processes and the physical world.

B. Balancing Chemical Reactions

A chemical equation is a symbolic representation of a chemical reaction, with the reactants shown on
the left side of an arrow and the products on the right. Each substance is represented by its chemical
formula, and coefficients are used to indicate the number of molecules or moles of each substance
involved.

Why Balance Chemical Equations?

Conservation of Mass: To comply with the law of conservation of mass, ensure that the total mass of the
reactants equals the total mass of the products.

Accurate Representation: It provides a precise description of the reaction, detailing exactly how many
units of each reactant combine to form units of each product.

Stoichiometry: Balancing chemical equations is essential for stoichiometry, which is the calculation of
reactants and products in chemical reactions. Stoichiometry allows chemists to predict yields,
determine reactant proportions, and calculate the necessary quantities of substances for reactions to
occur.

Practical Application: In industrial and laboratory settings, balanced equations are crucial for designing
chemical processes, such as the synthesis of compounds, environmental remediation, and energy
production, ensuring efficiency and cost-effectiveness.
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How to Balance Chemical Equations

Balancing chemical equations involves adjusting the coefficients (the numbers in front of the chemical
formulas) to ensure that the same number of atoms for each element appears on both sides of the
equation. Here’s a simplified process:

1. List the Number of Atoms: For each element involved in the reaction, count the number of
atoms on both the reactant and product sides of the equation.

2. Adjust Coefficients: Start with the more complex molecules and adjust their coefficients to
balance the number of atoms of elements that appear in multiple reactants or products.
Continue adjusting until you have the same number of atoms of each element on both sides.

3. Check Your Work: Ensure that all atoms balance and you’ve used the smallest set of
coefficients possible.

Balancing chemical equations is a fundamental skill in chemistry that reinforces the concept of
conservation laws and provides a foundation for understanding and predicting the outcomes of chemical
reactions. It connects the theoretical aspects of chemical reactions, such as the transformation and
conservation of matter, with practical applications in research, industry, and education.

Let’s go through a step-by-step example of balancing a chemical equation, reinforcing the process
described.

Example 1

Unbalanced Equation: C3 + H8 + O2 ⟶ CO2 + H2O

(This equation represents the combustion of propane.)

1. List the Number of Atoms for Each Element:

● Reactants: C = 3, H = 8, O = 2
● Products: C = 1, H = 2, O = 3

2. Adjust Coefficients to Balance the Atoms:

a) Start with carbon (C), as it appears in only one reactant and one product. To balance C,
we need the same number on both sides. Place a coefficient of 3 in front of CO2.

● New equation: C3 + H8 + O2 ⟶ 3CO2 + H2O
● Now: C = 3, H = 8, O = 6 (since 3 × 2 = 6 for the 0 in CO2)

b) Next, balance hydrogen (H) by placing a coefficient of 4 in front of O (because we need 8
H atoms on each side).

● New equation: C3H8 + O2 ⟶ 3CO2 + 4H2O
● Now: C = 3, H = 8, O = 10 (4 from H2O and 6 from CO2)
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c) Finally, adjust the O2 to balance oxygen. We have 10 O atoms in the products, so we
need 5 O2 molecules to get 10 O atoms on the reactant side.

New equation: C3H8 + 5O2 ⟶ 3CO2 + 4H2O

3. Check Your Work:

● Reactants: C = 3, H = 8, O = 10
● Products: C = 3, H = 8, O = 10

The atoms are balanced on both sides and we’ve used the smallest set of coefficients
possible, making our balanced equation:

C3H8 + 5O2 ⟶ 3CO2 + 4H2O

Example 2: Synthesis Reaction

Unbalanced Equation: Fe + O2 ⟶ Fe2O3

1. List the Number of Atoms:

● Reactants: Fe = 1, O = 2
● Products: Fe = 2, O = 3

2. Adjust Coefficients:

● Start by balancing the Fe by placing a coefficient of 2 before Fe.
● Then, balance O by adjusting O2 to 3/2 (or 1.5) to have 3 O atoms on both sides.

3. Check Your Work:

● Reactants: Fe = 2, O = 3
● Products: Fe = 2, O = 3

Since we cannot have a fraction as a coefficient in a final balanced equation, we multiply
all coefficients by 2 to eliminate the fraction:

4Fe + 3O2 ⟶ 2Fe2O3

These examples illustrate the process of balancing chemical equations, emphasizing the conservation of
mass and the stoichiometry of reactions.

C. Stoichiometry

Stoichiometry is a branch of chemistry that deals with the quantitative relationships between the
reactants and products in a chemical reaction.
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It allows chemists to predict how much product will form from a given amount of reactants or how much
of one reactant is needed to react completely with another. This concept is foundational in chemistry
because it applies the laws of conservation of mass and fixed proportions, ensuring that atoms are
neither created nor destroyed in chemical reactions.

To solve stoichiometry problems effectively, you need to master several key concepts that form the
foundation of all stoichiometric calculations.

An overview of these concepts and their importance:

1. Balancing Equations

Balancing chemical equations ensures that the number of atoms for each element is the same
on both the reactants and products’ sides of a chemical equation. This is crucial because it
reflects the law of conservation of mass, which states that matter cannot be created or
destroyed in an isolated system.

A balanced equation is essential for stoichiometry because it provides the mole ratio of
reactants to products, which is necessary for calculating how much of one substance reacts with
another or how much product is formed.

2. Converting Between Grams and Moles

This involves using the molar mass of a substance (the mass of one mole of that substance,
measured in grams per mole) to convert between the mass of a substance (in grams) and the
amount of substance (in moles).

Stoichiometry calculations often require you to know the amount of a substance in moles, which
allows for the direct comparison and calculation of reactant and product quantities based on
their mole ratios in the balanced equation.

3. Calculating Molar Mass

The molar mass is the mass of one mole of a substance and is calculated by summing the atomic
masses of all the atoms in a molecule of that substance. The atomic masses are found on the
periodic table, and the molar mass is expressed in grams per mole (g/mol).

Knowing the molar mass of a substance allows you to convert between the mass of a substance
(in grams) and the number of moles of the substance, which is a critical step in stoichiometry
calculations.

4. Calculating Mole Ratios

Mole ratios are derived from the coefficients of a balanced chemical equation. They indicate the
proportions of reactants that react with each other and the proportions of products formed.

Mole ratios are used to convert between moles of one substance to moles of another.
Stoichiometry allows you to calculate how many moles of a product are formed from a certain
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number of moles of a reactant or how many moles of one reactant are needed to react with a
given number of moles of another reactant.

Key Concepts of Stoichiometry

● Mole Ratio: Derived from the balanced chemical equation, the mole ratio is the proportion of
reactants to products and between different reactants in a reaction. It is used to convert
between amounts of reactants and products.

● Molar Mass: The mass of one mole of a substance (expressed in grams per mole, g/mol). It is
used to convert between mass and moles of a substance.

● Avogadro’s Number: 6.022×1023 entities per mole, which allows conversion between atoms,
molecules, or ions and moles.

● Limiting Reactant: The reactant that is completely consumed in a reaction and thus determines
the maximum amount of product that can be formed.

● Excess Reactant: Reactants that are not completely used up when the reaction goes to
completion.

● Theoretical Yield: The maximum amount of product that can be produced from a given amount
of reactant, calculated based on the stoichiometry of the reaction.

● Actual Yield: The amount of product actually obtained from a reaction.

● Percent Yield: The ratio of the actual yield to the theoretical yield, expressed as a percentage. It
is a measure of the efficiency of a reaction.

The Mole

The mole is a fundamental concept in chemistry that serves as a counting unit for the amount of a
substance. It allows chemists to work with quantities of atoms, molecules, or ions in a practical way.

One mole of any substance contains Avogadro’s number, approximately
6.022×1023 of its individual entities. Since individual atoms don’t exist alone
in isolation, they are usually together in groups or ions, and it’s easier to talk
about a whole entity of atoms rather than one.

Think about the bag of candies; you don’t buy each candy separately.
Instead, you buy a bag that contains a lot of candies. That’s what a mole is
exactly.

1. Mole toMole Ratio

The mole-to-mole ratio is a fundamental concept in stoichiometry, offering a direct relationship between
the amounts of reactants and products in a chemical reaction. It is a conversion factor, allowing

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 117



chemists to predict and calculate the quantities of reactants consumed or products formed during a
reaction.

To produce 2 molecules of water, you need 1 mole of oxygen, the ratio of water to oxygen is 2
1

2 hydrogen moles react with one oxygen mole to produce 2 water moles; the ratio of oxygen to hydrogen
is .2

1

From this reaction, we can determine 3 molar ratios and their inverses (6 in total).

Example

Let’s say you have 4 moles of hydrogen gas H₂ and want to find out how many moles of water H₂O can be
produced, using the mole-to-mole ratio from the balanced equation.

For every 2 moles of hydrogen gas, 2 moles of water are produced. Since you have 4 moles of hydrogen
gas, you can use the mole-to-mole ratio to find the quantity of water produced.

2. Mole toMass Ratio

The mole-to-mass ratio expresses the relationship between the quantity of substance in moles and its
corresponding mass. The calculation is done first by calculating the mole of the desired substance and
then using the molar mass as a unit of conversion.

● Molar Mass: The molar mass, often referred to as M or Mr, represents the mass of one mole of a
given substance. It is determined by summing the atomic masses of all the atoms within a
molecule and is expressed in units of grams per mole.
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Example: here we have the atomic masses of the individual elements of carbon dioxide CO2,

summing up their masses will determine the molar mass of CO2.

The number of moles of an element is the ratio of its mass to its molar mass. Converting between these
two terms can be done using the triangle method.

● The number of moles is produced by
dividing the mass by molar mass.

● The molar mass is produced by dividing
the mass and the number of moles.

● The mass is produced by the
multiplication of the number of moles
and the molar mass.

Consider the previous example, we deduced that 4 moles of H2O will be produced from 4 moles of H2. if
we were asked to calculate that amount in grams, we simply use the molar mass as a conversion factor.

Given: molar mass M of H2O= 18.015 g/mol

We will have m = n × M = 72.061 grams ofH2O.

3. Mass ToMass Ratio

You are given an amount of a substance in mass and asked to calculate the amount of another substance
in mass as well. You’ll use the molar ratio as a link between different substances and the molar mass as
a conversion factor.
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Empirical Formula and Percent Composition

The empirical formula of a compound represents the simplest whole-number ratio of atoms present in
the compound. It gives the relative proportions of the elements in a compound. To determine the
empirical formula, you typically start with the mass or percentage composition of the elements in the
compound.

Here are the general steps to find the empirical formula:

● Convert the masses of each element to moles (if given in grams).
● Determine the mole ratio of each element by dividing the number of moles of each element by

the smallest number of moles calculated.
● If necessary, round the ratios to the nearest whole number (since empirical formulas represent

whole-number ratios).
● Write the empirical formula using the ratios found in step 3.

Example

What is the empirical formula for hydrocarbon that contains 60% carbon?

Determine the percentage of carbon and hydrogen:

● Percentage of carbon = 60.0%
● Percentage of hydrogen = 100% - 60.0% = 40.0%

Convert percentages to masses:

● Assume we have 100 grams of the compound.
● Mass of carbon = 60.0 grams
● Mass of hydrogen = 40.0 grams

Convert masses to moles:

● Moles of carbon = Mass of carbon / Molar mass of carbon = 60.0 g / 12 g/mol = 5.00 mol
● Moles of hydrogen = Mass of hydrogen / Molar mass of hydrogen = 40.0 g / 1 g/mol = 40.0 mol

Find the mole ratio:
Divide the number of moles of each element by the smallest number of moles.

● For carbon: 5.00 mol / 5.00 mol = 1
● For hydrogen: 40.0 mol / 5.00 mol = 8

Write the empirical formula:

Based on the mole ratios, the empirical formula is CH8.
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Element Molecular Formula Empirical Formula

Water H2O H2O

Glucose C6H12O6 CH2O

Hydrogen Peroxide H2O2 HO

Butane C4H10 C2H5

Benzene C6H6 CH

Empirical Formula to Molecular Formula: The main difference between empirical formula and molecular
formula is that the empirical formula gives the simplest whole-number ratio of atoms of each element in
a compound, while the molecular formula provides the exact number of atoms of each element in a
molecule of the compound.

To convert from an empirical formula to a molecular formula, we should follow these simple steps.

Given empirical formula CH2O:

1. Determine the Molar Mass of the Empirical Formula:

● Carbon C = 12.01 g/mol
● Hydrogen H = 1.01 g/mol
● Oxygen O = 16.00 g/mol
● Molar mass of CH2O = (1 × 12.01) + (2 × 1.01) + (1 × 16.00) =

12.01 + 2.02 + 16.00 = 30.03 g/mol

2. The molecular formula massM is the product of the empirical formula mass m and n.

M = n × m

Let the molecular formula be represented as CₓHᵧOᵤ. Given empirical formula mass m = 30.03
g/mol (from CH₂O), calculate n (the ratio of molecular mass to empirical mass):

● Suppose the molar mass of the molecular formula ) is known or calculated to be 180.15
g/mol (e.g., for glucose, C₆H₁₂O₆).

n = M / m = 180.15 g/mol / 30.03 g/mol =5.999≃6 (we have to round it to a whole
number)

3. Apply the ratio to determine the molecular formula:

● Multiply each subscript in the empirical formula by the value of n:

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 121



C₁H₂O₁ becomes C₆H₁₂O₆ (since n ≈ 6).

Therefore, the molecular formula corresponding to the empirical formula CH₂O is
C6H12O6.

D. Molarity

Molarity is a measure of the concentration of a solute in a solution, defined as the number of moles of
solute divided by the volume of the solution in liters. It is expressed in units of moles per liter (mol/L),
often referred to as molar (M).

The formula for calculating molarity is:

Here’s what each term means:

Moles of Solute Volume of Solution

This is the amount of the substance of interest,
measured in moles, which is a standard unit in
chemistry representing a specific number of
particles (6.022 × 10²³ particles, Avogadro’s
number).

This is the total volume of the solution (not just
the solvent) in which the solute is dissolved,
measured in liters.

Molarity is commonly used in chemistry to prepare solutions with a precise concentration or to calculate
how much solute is present in a given volume of solution. It's particularly useful in reactions that occur
in solution, as it directly relates to the number of reactive particles in a given volume, which can be
important for stoichiometric calculations.

Example

Suppose you dissolve 2 moles of salt (NaCl) in 1 liter of water. The molarity is the ratio of the moles of
solute (NaCl) to the volume of solvent (H2O), so the molarity will be equal to 2 mol/l.

𝑀 = 𝑛
𝑉 = 2 𝑚𝑜𝑙𝑒𝑠

1 𝑙𝑖𝑡𝑒𝑟 = 2 𝑚𝑜𝑙/𝑙

Let’s delve into more examples to further illustrate the concept of molarity and its practical applications
in chemistry:
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Example: Sugar Solution

Imagine you want to prepare a sugar solution for an experiment. You dissolve 0.5 moles of sucrose
(table sugar, C₁₂H₂₂O₁₁) in enough water to make the total volume of the solution 0.25 liters (250 mL).
The molarity of the sugar solution can be calculated as follows:

𝑀 = 𝑛
𝑉 = 0.5 𝑚𝑜𝑙𝑒𝑠

0.25 𝑙𝑖𝑡𝑒𝑟𝑠 = 2𝑀

This calculation means the sugar solution has a concentration of 2 moles of sucrose per liter of solution,
indicating a relatively sweet solution.

Example: Acetic Acid in Vinegar

Vinegar is a dilute solution of acetic acid (CH₃COOH) in water. If you have a vinegar solution containing
0.1 moles of acetic acid in 1 liter of solution, the molarity of acetic acid in the vinegar is:

𝑀 = 𝑛
𝑉 = 0.1 𝑚𝑜𝑙𝑒𝑠

1 𝑙𝑖𝑡𝑒𝑟 = 0. 1𝑀

This indicates a low concentration of acetic acid, typical for household vinegar used in cooking.

Example: Saline Solution

A saline solution, often used in medical applications for IV drips or cleaning wounds, typically has a
concentration similar to the body’s salt levels. To make 1 liter of a 0.9% saline solution (by weight),
which is isotonic with human blood, you would dissolve 9 grams of NaCl in enough water to make 1 liter
of solution. Given that the molar mass of NaCl is approximately 58.44 g/mol, the number of moles of
NaCl is:

𝑛 = 9𝑔
58.44𝑔/𝑚𝑜𝑙 ≈ 0. 154 𝑚𝑜𝑙𝑒𝑠

Thus, the molarity of the saline solution is:

𝑀 = 0.154 𝑚𝑜𝑙𝑒𝑠
1 𝑙𝑖𝑡𝑒𝑟 = 0. 154𝑀

Example: Hydrochloric Acid Solution

In a laboratory, you might prepare a 0.5 M solution of hydrochloric acid (HCl) for a titration experiment.
To achieve this concentration in a 500 mL solution, you would need:

𝑛 = 𝑀 × 𝑉 = 0. 5𝑀 × 𝑂. 5𝑙𝑖𝑡𝑒𝑟𝑠 = 0. 25𝑚𝑜𝑙𝑒𝑠

This means you need to dissolve 0.25 moles of HCl gas in enough water to make the total volume 500
mL.
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These examples highlight the versatility of molarity as a concept. It allows for precise control over the
concentration of solutions in various contexts, from laboratory research to culinary applications and
medical treatments. Understanding molarity and how to calculate it is essential for accurately preparing
solutions and performing chemical reactions.

E. Limiting Reactant and Excess Reactant

In chemical reactions, the limiting reactant (or limiting reagent) is the substance that is totally consumed
first, stopping the reaction from continuing because there is no more of this reactant available. The
limiting reactant determines the maximum amount of product that can be formed from the given
amounts of reactants. Identifying the limiting reactant is crucial for calculating theoretical yields in
chemical reactions.

The excess reactant is the substance that remains after the reaction has stopped due to the limiting
reactant being completely used up. There can be more than one excess reactant in a reaction. The
amount of excess reactant left can be calculated if the amount of limiting reactant and the reaction’s
stoichiometry are known.

Identifying Limiting and Excess Reactants

To identify the limiting and excess reactants in a chemical reaction, follow these steps:

1. Write a balanced chemical equation for the reaction.
2. Convert all given reactant amounts (usually in grams) to moles using their molar masses.
3. Determine the mole ratio of each reactant by dividing its number of moles by its coefficient
4. Compare the mole ratios of the reactants.
5. The excess reactant is the one that has higher mole ratio

Example

Consider the reaction between hydrogen gas (H₂) and nitrogen gas (N₂) to form ammonia (NH₃):

N2(g) + 3H2(g) ⟶ 2NH3(g)

Suppose you start with 5 moles of N2 and 15 moles of H2.

Calculate the mole ratio of each reactant:

For N2, mole ratio = 5moles / 1 = 5

For H2, mole ratio = 15moles / 3 = 5

Identify the limiting reactant: In this case, both N2 and H2 are perfectly matched to react completely
without any reactant left over, so neither is in excess. If, however, you had a greater ratio of H2, then  N2

would still be the limiting reactant (because it determines the maximum amount of NH3 that can be
produced), and H2 would be in excess.
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Importance

Understanding the concepts of limiting and excess reactants is crucial in chemical manufacturing and
laboratory experiments. It allows chemists to predict how much product can be produced from given
amounts of reactants and to determine the efficiency of the reaction. It also plays a critical role in cost
optimization and waste minimization in industrial processes.

Yield and Yield Percent: yield is the amount of product you end up with after a reaction.

● Actual Yield: The yield resulted from the experiment.

● Theoretical Yield: The yield resulted from the theoretical calculation.

Example: Imagine conducting a chemical reaction; according to your calculations, you
should get 100 grams of a product. However, after completing the reaction, you only
manage to get 85 grams of the desired substance. In this case, the actual yield is 85%,
indicating the real-world efficiency of the reaction compared to the theoretical
maximum.

Notable

● The theoretical yield in a chemical reaction is exclusively determined by the limiting reactant,
signifying the maximum amount of product that could be obtained under ideal conditions.

F. Reversible and Irreversible Reactions

Reversible Reactions

Reversible reactions are chemical reactions that can proceed in both the forward and reverse directions.
In such reactions, the products formed can react together to regenerate the original reactants. This
dynamic equilibrium occurs when the rate of the forward reaction equals the rate of the reverse reaction,
resulting in no net change in the concentrations of reactants and products over time, although both
reactions continue to occur.

A + B ⇄ AB
● Forward Reaction: The term “forward reaction” refers to the process of a chemical reaction

proceeding in the direction of the products.

● Backward Reaction: The term “backward reaction” refers to the process of a chemical reaction
proceeding in the direction of the original reactants.
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Characteristics:

● They can reach a state of equilibrium.
● Both reactants and products are present in the final mixture.
● The reaction can be influenced by temperature, pressure, and concentration changes, following

Le Chatelier’s Principle.

Example: The synthesis of ammonia via the Haber process is a classic example of a reversible reaction:

N2(g) + 3H2(g) ⇄ 2NH3(g)

 Irreversible Reactions

Irreversible reactions are chemical reactions where the reactants convert to products, and the reverse
process is either impossible or highly improbable under normal conditions. In practice, many reactions
are considered irreversible if they proceed to completion, where nearly all the reactants are converted
into products, and no significant amount of product reverts to the original reactants.

Characteristics:

● They go to completion.
● Products do not readily revert to reactants.
● Often involve the formation of a precipitate, gas, or water in aqueous solutions.

Example: The neutralization of hydrochloric acid with sodium hydroxide is an example of an irreversible
reaction:

HC(aq) + NaOH(aq) ⟶ NaCl(aq) + H2O(l)

Di�erences and Signi�icance

Direction: Reversible reactions can proceed in both the forward and reverse directions, reaching an
equilibrium state, while irreversible reactions proceed in one direction only, often to completion.

Equilibrium: Reversible reactions can reach a dynamic equilibrium where the rates of the forward and
reverse reactions are equal. Irreversible reactions do not reach equilibrium under normal conditions.

Applications: Understanding whether a reaction is reversible or irreversible is crucial for various
applications, including chemical synthesis, drug development, and environmental processes. For
example, in industrial synthesis, reversible reactions require careful control of conditions to optimize
yield, whereas irreversible reactions may be preferred for their simplicity and completeness.

The concept of reversible and irreversible reactions is fundamental in chemistry, highlighting the
dynamic nature of chemical processes and the conditions under which they occur. These concepts are
essential for predicting the behavior of reactions and for designing processes in chemical engineering,
pharmaceuticals, and environmental science.
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G. Dynamic Equilibrium

Dynamic equilibrium in chemical reactions is a fascinating
concept where the forward and reverse reactions occur at the
same rate, leading to a constant composition of reactants and
products over time, even though the individual molecules
continue to react with each other. This state is achieved in a
closed system when reversible reactions are allowed to proceed.

Signi�icance of Dynamic Equilibrium

Predicting Reaction Outcomes: Understanding dynamic equilibrium allows chemists to predict how
changes in conditions (like concentration, temperature, and pressure) will affect the position of
equilibrium and, consequently, the concentrations of reactants and products.

Chemical Industry: Many industrial processes, such as the Haber process for ammonia synthesis, rely
on shifting equilibria to maximize product yields.

Biological Systems: Dynamic equilibrium is essential in biological systems, where many reactions, such
as enzyme activities and oxygen-carbon dioxide exchange in blood, need to be tightly regulated.

Dynamic equilibrium illustrates the balance and interplay between the forces driving chemical reactions,
highlighting the delicate balance nature maintains in both synthetic and natural systems.
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Key Features of Dynamic Equilibrium

Reversible Reactions Dynamic equilibrium occurs in reversible reactions, where the reactants
can form products, and the products can similarly revert to reactants.

Rate Equality At equilibrium, the rate of the forward reaction (reactants converting to
products) is equal to the rate of the reverse reaction (products converting
back to reactants). This balance of rates ensures that the concentrations
of reactants and products remain constant over time.

Closed System The system must be closed, meaning no substances can enter or leave.
This condition is crucial for maintaining the constant ratios of reactants to
products.

Dynamic Nature Despite the overall constant concentrations of reactants and products,
the reaction is dynamic. Molecules continuously react, forming products
and re-forming reactants.



Equilibrium Constant

The equilibrium constant is a numerical measure in chemistry that reveals the balance between product
and reactant concentrations at equilibrium in a reversible reaction. It offers valuable information about
whether the reaction favors the formation of products or the reverse process (reactants).

aA + bB ⇄ cC + dD

Where:

● [A], [B], [C], and [D] are the concentrations of the reactants and products at equilibrium.
● a, b, c, and d are the stoichiometric coefficients of the reactants and products in the balanced

equation.

According to the values of K (or Kc, Keq), we can deduce whether the reaction will shift to the right (favors
reactants) or to the left (favors products).

● K > 1: it indicates that at equilibrium, the concentration of products is higher than that of
reactants. In other words, the reaction favors the formation of products.

● K = 1: the concentrations of products and reactants at equilibrium are equal. The reaction is
considered to be at a balanced equilibrium.

● K < 1: it signifies that at equilibrium, the concentration of reactants is higher than that of
products. The reaction predominantly favors the reverse process.
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Example

Since k < 1, this means that the concentrations of the reactants are greater than that of the products,
then the reaction favors the reverse direction.

Le Chatelier’s Principle

If a system at equilibrium is subjected to a disturbance, such as a change in temperature, pressure, or
concentration of reactants or products, the system will adjust to counteract the imposed change and aim
to restore a new state of equilibrium.

Change in Temperature: For changes in temperature, the influence on a reaction depends on whether
the reaction is exothermic or endothermic.

● Endothermic reactions: Endothermic reactions absorb energy (heat); energy is considered as a
reactant.

● Increasing the temperature absorbed will lead to an increase in the reactants; the
reaction will shift to the right to produce more products to counteract this imposed
increase.

NH4Cl + heat ⇄ NH4
+ + Cl-

● Decreasing the temperature absorbed will lead to a decrease in the reactants, and the
reaction will then shift to the left (reverse process) to oppose this decrease.

● Exothermic reactions: Exothermic reactions release energy, and energy is considered a product.

● Increasing the temperature released will lead to an increase in the products, and the
reaction will shift to the left (reverse process).

CH4 + 2O2 ⇄ CO2 + 2H2O + heat

● Decreasing the temperature means decreasing the products; the reactions will shift to
the right to oppose this change.

Change in Pressure: generally, change in pressure is mostly included in gaseous reactions.
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● Increased pressure: In this reaction, you can see there are four moles of gas on the left side and
two on the right side. Increasing the pressure will drive the reaction to favor the side with fewer
moles to oppose this change, which, in this case, is the right side.

N2 + 3H2 ⟶ 2NH3

● Decreased pressure: If you decrease the pressure, the system would try to shift the equilibrium
to the left, favoring the side with more moles of gas.

Change of Concentration:

● Adding more reactants (increasing the
concentration) will cause the reaction to
shift to the right (products) to oppose
this change.

● Adding more products will cause the
reaction to shift to the left (reactants) to
oppose this change.

Reaction Quotient

The equilibrium constant K expresses the concentrations at the point of equilibrium. To represent the
concentrations at any given moment t, the reaction quotient comes in handy. It has the same expression
as that of the equilibrium constant.

aA + bB ⇄ cC + dD

Q < K, there are fewer products than at equilibrium, and the reaction will shift to the right.

➔ Q = K, reaction is at equilibrium. No shifting.

➔ Q > K, there are more products than at equilibrium, and the reaction will shift to the left.
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Example

Q > K, the reaction will shift to the left to attain equilibrium.

H. Dissolution Rate

The dissolution rate is a key metric in chemistry and pharmaceuticals,
describing how quickly a substance (solute) dissolves in a solvent to form
a solution. This rate can significantly impact the effectiveness of
medications and the quality of chemical products. By understanding and
controlling the dissolution rate, scientists and manufacturers can ensure
that products deliver their intended effects efficiently and safely.

Solutions

A solution is a type of homogeneous mixture where two or more substances are uniformly distributed at
the molecular level. Homogeneous mixtures are characterized by their uniform composition and
appearance throughout, which means you cannot distinguish one component from another with the
naked eye.

Components of a Solution

Solute: The solute is the substance that dissolves in the solution. It can exist in various phases—solid
(like salt), liquid (like alcohol), or gas (like carbon dioxide in carbonated water). The solute’s particles are
dispersed uniformly throughout the solvent, making them indistinguishable from the solvent at the
macroscopic level.

Solvent: The solvent is the component of the solution that dissolves the solute. It’s usually present in a
larger amount than the solute. While solvents can be solid or gas, they are most commonly liquids. The
solvent’s primary characteristic is its ability to dissolve other substances, forming a solution.

Interaction at the Molecular Level

Solute and solvent molecules interact in solution through various intermolecular forces, such as
hydrogen bonding, dipole-dipole interactions, and London dispersion forces. These interactions help to
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distribute solute particles evenly throughout the solvent, leading to a stable mixture that doesn’t
separate over time.

Dissolution Rate

The dissolution rate refers to the speed at which a substance dissolves in a solvent. When a solid solute
dissolves, it breaks down into its constituent atoms/particles.

Plenty of factors affect the dissolution rate of a solute in the solution, most importantly are:

● Surface area
● Temperature
● Like compounds.

The dissolution rate is mostly discussed when talking about solid solutes.
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Key Factors A�ecting Dissolution Rate

Nature of the Solute and
Solvent

The chemical and physical properties of both the solute and solvent
play significant roles. For instance, polar solutes tend to dissolve
faster in polar solvents due to the attraction between molecules. The
principle of “like dissolves like” often applies.

Surface Area The greater the surface area of the solute exposed to the solvent,
the faster the dissolution rate. This is why powders dissolve faster
than solid blocks of the same substance.

Temperature Generally, increasing the temperature increases the dissolution rate.
Higher temperatures provide molecules with more kinetic energy,
increasing their interactions and the energy available to overcome
forces keeping the solute particles together.

Agitation Stirring or shaking a solution increases the dissolution rate by
dispersing the solute particles throughout the solvent, facilitating
more effective solute-solvent interactions.



Practical Implications

● Pharmaceuticals: Understanding and controlling the dissolution rate of drugs is vital for
achieving the desired therapeutic effect. It affects how quickly a drug becomes available in the
bloodstream after ingestion.

● Food Industry: The dissolution rate of ingredients affects the flavor release and texture of food
products. For instance, the rate at which sugar dissolves in a beverage can alter the perceived
sweetness.

● Environmental Concerns: The rate at which pollutants dissolve in water bodies can impact their
dispersal and the effectiveness of clean-up efforts.

Measuring Dissolution Rate

The dissolution rate can be quantitatively measured in a laboratory setting using various methods, such
as spectrophotometry, to track the concentration of the solute in the solvent over time. The results help
formulate products with desired dissolution characteristics, which is crucial for quality control in
manufacturing processes.

In conclusion, the dissolution rate is a key concept in chemistry with broad implications across many
industries and applications. By manipulating the factors that affect this rate, scientists and engineers
can design more effective drug delivery systems, create better food products, and manage
environmental pollution more effectively.

Miscible vs. Immiscible Liquids and Their Connection to Dissolution Rate

The concepts of miscibility and immiscibility describe how well two liquids mix together, and these
properties can influence the dissolution rate of substances in those liquids. Understanding these
concepts is crucial in various fields, including chemistry, pharmacology, and environmental science, as
they affect the behavior of solutions and mixtures.

Miscible Liquids Immiscible Liquids

Miscible liquids can mix in any proportion
without forming two separate phases. When

Immiscible liquids do not mix together to form a
homogeneous solution but instead form
separate layers when combined. Each liquid
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Presence of Other
Substances

Adding other substances can either increase or decrease the
dissolution rate, depending on the interactions between the
molecules of the solute, solvent, and the added substances. For
example, in a process known as “salting out,” adding a salt can
decrease the solubility of another solute by changing the solvent
properties.



mixed, they form a single homogeneous phase,
regardless of the amount added.

Example: Alcohol and water are classic
examples of miscible liquids. They can mix in all
proportions to form a uniform solution.

Dissolution Rate Connection: In miscible liquid
mixtures, the dissolution rate of a solute can be
significantly affected by the properties of both
liquids in the mixture. Because the liquids mix
uniformly, the solute can dissolve more evenly
and possibly more rapidly, depending on the
nature of the solute and the solvent mixture.

retains its properties, and a clear boundary
exists between them.

Example: Oil and water are well-known
examples of immiscible liquids. When mixed,
they separate into two distinct layers due to
their different densities and types of
intermolecular forces.

Dissolution Rate Connection: For immiscible
liquid mixtures, the dissolution rate of a solute
can be complex. A solute may dissolve in one of
the liquids, but not the other, or it may have
different solubilities in each liquid. The interface
between the immiscible liquids can also affect
the dissolution rate, as solute particles must
navigate through this boundary to dissolve.

Connection to Dissolution Rate

Miscibility and Solubility: The miscibility of liquids directly influences the solubility of a solute. A solute
is more likely to dissolve quickly in a solvent mixture if the solvents are miscible and the solute is
compatible with the solvent’s polarity and intermolecular forces.

Temperature and Agitation: Both factors can also affect miscible and immiscible systems differently.
For miscible liquids, temperature and agitation uniformly affect the dissolution rate. In contrast, for
immiscible liquids, these factors might only affect the layer in which the solute is soluble, potentially
leading to a gradient of solute concentration across the boundary.

Application in Separation Techniques: Understanding the miscibility of liquids is crucial in designing
separation techniques, such as liquid-liquid extraction, where the goal is often to maximize the
difference in solubility of a solute in two immiscible liquids.

In summary, the concepts of miscibility and immiscibility are fundamental in predicting and
understanding how substances will behave when mixed. These properties determine whether a
homogeneous or heterogeneous mixture will form and influence the rate and extent to which a solute
can dissolve in a solvent or solvent mixture, directly impacting the dissolution rate and the mixture’s
effectiveness for a given application.

Henry’s Law

Henry’s law describes the relationship between the solubility of a gas in a liquid and the pressure of that
gas above the liquid. It states that at a constant temperature, the concentration of a gas dissolved in a
liquid is directly proportional to the partial pressure of that gas above the liquid.
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Mathematical Expression:

P = kC

● C is the concentration of the gas in the liquid (usually in mol/L or Molarity).
● k is Henry’s law constant, which is specific to the gas and the solvent at a given temperature.
● P is the partial pressure of the gas above the liquid.

Example

The partial pressure of carbon dioxide at sea level is 0.0004 atm.
The Henry’s law constant for carbon dioxide is 32.0 L atm/mol at
25 °C. What is the molar concentration of carbon dioxide in a
glass of water at sea level?

= = 1.25 x 10 -5M𝐶 = 𝑃
𝑘

0.0004 𝑎𝑡𝑚 𝑚𝑜𝑙
32.0 𝐿 𝑎𝑡𝑚

I. Solubility Constant & Solubility Rules

Solubility Constant (Ksp)

The solubility constant, or Ksp, is a specific type of equilibrium constant that applies to the dissolution of
sparingly soluble salts. It quantifies the degree to which a compound can dissolve in water, providing a
numerical value that represents the maximum amount of solute that can dissolve in a solution to reach a
saturated state without precipitating. The Ksp value is determined at a specific temperature for a
saturated solute solution.

Definition: Ksp = [A+]m [B-]n, where [A+] and [B-] are the molar concentrations of the ions in a saturated
solution, and m and n are the stoichiometric coefficients of the ions in the balanced dissolution equation.

Usage: Ksp values allow chemists to predict whether a precipitate will form when certain solutions are
mixed. A comparison of the ion product (Q, the actual concentration of ions in solution) to the Ksp

determines if a solution is unsaturated (Q < Ksp), saturated (Q = Ksp), or supersaturated (Q > Ksp), which
would lead to precipitation.

Solubility is how much a substance can dissolve into a liquid, usually water. A large solubility constant
(Ksp) means this substance dissolves easily, while a small one means it doesn’t dissolve well.
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Example

AgBr ⇄ Ag+ + Br-

[Ag+] = 0.1 M [Br-] = 0.1 M

Ksp = [Ag+]1 [Br-]1 = 0.1 M × 0.1 M = 0.01

1. Solubility Rules

Solubility rules are important because they define whether a compound can be dissolved in water. Ions
are classified into soluble, mostly soluble, and insoluble ions.

Always Soluble:

● Group 1 cations (Li⁺, Na⁺, K⁺, etc.)
● Ammonium ion (NH₄⁺)
● Nitrate ion (NO₃⁻)

Mostly Soluble:

● Acetates (C₂H₃O₂⁻)
● Chlorides (Cl⁻), except for silver (Ag⁺), lead (Pb²⁺), and mercury (Hg₂²⁺)
● Sulfates (SO₄²⁻), except for lead (Pb²⁺), barium (Ba²⁺), and calcium (Ca²⁺) in some cases.

Mostly Insoluble:

● Carbonates (CO₃²⁻), except for group 1 cations and ammonium ion
● Phosphates (PO₄³⁻), except for group 1 cations and ammonium ion
● Sulfides (S²⁻), except for group 1 and group 2 (except Be²⁺, Mg²⁺) cations and ammonium ion.

2. The Saturation Point

The saturation point is the maximum concentration of a solute that can dissolve in a solvent under
specific conditions, beyond which any additional solute will not further dissolve and will precipitate or
remain undissolved in the solution.

Based on the concentration of the solute in a solution relative to its saturation point, we can classify the
solution as diluted, saturated, or supersaturated:
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● Diluted Solution: If the concentration of the solute is below the saturation point, the solution is
considered diluted (or unsaturated), meaning there is still capacity for more solute to dissolve.

● Saturated Solution: When the concentration of the solute equals the saturation point under
specific conditions (usually temperature), the solution is saturated. At this point, further addition
of solute will not result in additional dissolution.

● Supersaturated Solution: Supersaturated solutions transcend normal solubility limits by
dissolving more solute than typically possible, often achieved by dissolving excess solute at an
elevated temperature and subsequently cooling the solution.

3. Dilution

Dilution is the process of reducing the concentration of a solution by adding more solvent, resulting in a
lower amount of solute per unit volume.

The dilution formula is derived from the principle of conservation of mass. In the context of solutions,
this principle means that the total amount (number of moles) of solute before and after dilution remains
the same.

Example: What volume V1 of a 2.50 M NaOH solution is required to make 525 ml of a 0.150 M NaOH
solution?

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 137



4. Ionic Equations

An ionic equation represents a chemical reaction in which the electrolytes in an aqueous solution are
expressed as dissociated ions.

Example: Let’s consider the reaction between sodium chloride (NaCl) and silver nitrate (AgNO3) to form
silver chloride (AgCl) and sodium nitrate (NaNO3).

The balanced molecular equation is:

Let’s represent this equation as an ionic equation, emphasizing the dissociation of ions.

The total ionic equation is:

● Spectator Ions: Spectator ions are identified in a chemical reaction by observing that they
appear on both sides of the chemical equation, remaining unchanged and not actively
participating in forming the products.

In this ionic equation, we can see the active participation of ions, while spectator ions (Na⁺ and
NO₃⁻) are excluded from the reaction.

The net ionic equation is:

A precipitation reaction occurs when two solutions are mixed, and a solid substance
(precipitate) forms as a result of the chemical reaction between the dissolved ions in the
solutions. The solid precipitate is insoluble and separates from the solution.

Mixing silver nitrate and sodium chloride solutions produces a solid substance (precipitate),
AgCl, due to a chemical reaction between certain ions. This solid is usually insoluble in water
and separates from the solution.

MixingNaCl andAgNO3 The AgCl Precipitate
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5. Common Ion Effect

The common ion effect occurs when a solution with an ion already present is added to a compound that
also contains that same ion. When this happens, the solubility of another compound containing that ion
decreases. It’s like adding more of something that’s already there, which reduces the ability of the
second compound to dissolve. This effect is important in understanding how solutions behave and can
influence the precipitation of certain substances.

When ammonia NH₃ dissolves in water, it reacts with water molecules to establish the following
equilibrium:

AmmoniaNH₃ + WaterH₂O⇄ Ammonium ionNH₄⁺ + Hydroxide ionOH⁻

If additional hydroxide ions OH⁻ are added to the solution:

Addition of OH⁻ ions: More hydroxide ions (OH⁻) are introduced into the solution.

Reaction with NH₄⁺: hydroxide ions OH⁻ react with ammonium ions NH₄⁺.

Ammonium ion NH₄⁺ + Hydroxide ionOH⁻⟶ AmmoniaNH₃ + Water H₂O

This reaction consumes ammonium ionsNH₄⁺ and produces ammonia NH₃ and water H₂O.

Shift in Equilibrium: The consumption of ammonium ions NH₄⁺ due to their reaction with hydroxide ions
(OH⁻) disrupts the equilibrium. According to Le Chatelier’s principle, the equilibrium shifts to the left to
compensate for the decrease in NH₄⁺ concentration. Consequently, more ammonia NH₃ is produced
from the reaction of water with the remaining ammonia molecules.

Therefore, the addition of hydroxide ions OH⁻ to the solution containing ammonia NH₃ leads to a
reduction in the concentration of ammonium ions NH₄⁺ and a shift in equilibrium towards the formation
of more ammonia NH₃ and water H₂O.
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J. Acid and Base

Acids and bases are two of the most fundamental concepts in chemistry, playing pivotal roles in
theoretical studies and practical applications across various scientific fields. Acids and bases, at their
core, represent two distinct classes of compounds with opposing chemical properties defined by their
ability to donate or accept protons, or, in a broader sense, their ability to exchange electrons. The
interaction between acids and bases is central to understanding chemical reactions, from the simple
neutralization processes in everyday life to the complex mechanisms driving biological systems and
industrial chemistry.

Acids Bases

Acids are substances that donate protons (H⁺
ions) in a solution, according to the
Brønsted-Lowry definition, or accept electron
pairs, according to the Lewis definition.

Properties: Acids have a sour taste, can turn
blue litmus paper red, and are capable of
reacting with metals to produce hydrogen gas.
They also react with bases to form water and
salts in a neutralization reaction.

Uses: Acids are used in various industries for
cleaning, etching, and as reactants in
synthesizing other substances. For instance,
sulfuric acid is used in battery acid and fertilizer
manufacturing.

Examples: Hydrochloric acid (HCl), sulfuric acid
(H₂SO₄), and acetic acid (CH₃COOH) are
common examples.

Bases are substances that accept protons
according to the Brønsted-Lowry definition or
donate a pair of valence electrons to form a bond
according to the Lewis definition.

Properties: Bases taste bitter, can turn red
litmus paper blue, and feel slippery. They react
with acids in neutralization reactions to form
water and salts.

Uses: Bases are used in cleaning products, as
catalysts in industrial processes, and in the
manufacture of soap and paper.

Examples: Sodium hydroxide (NaOH),
potassium hydroxide (KOH), and ammonia (NH₃)
are common examples.

Theories of acids and bases provide frameworks for understanding the behavior of these substances in
various chemical contexts. Over the years, several theories have been developed, each building upon or
complementing the others. The most prominent theories include the Arrhenius, Brønsted-Lowry, and
Lewis theories.

Arrhenius Theory

Developed in the late 19th century by Svante Arrhenius, this theory was the first to define acids and
bases in terms of their behavior in aqueous solution. According to the Arrhenius theory:

● Acids are substances that increase the concentration of hydrogen ions (H+), now more
accurately represented as hydronium ions (H3O+)in water.

● Bases are substances that increase the concentration of hydroxide ions (OH-) in water.
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This theory, while useful, is limited to aqueous solutions and does not explain acid-base behavior in
non-aqueous environments.

Brønsted-Lowry Theory

In 1923, Johannes Nicolaus Brønsted and Thomas Martin Lowry independently proposed a more
general theory of acids and bases that applies beyond aqueous solutions:

● Acids are proton (hydrogen ion, H+) donors.
● Bases are proton (hydrogen ion, H+) acceptors.

This theory expanded the concept of acids and bases to include non-aqueous reactions and those
involving substances that do not necessarily produce OH- ions.

Lewis Theory

Gilbert N. Lewis proposed an even broader theory in 1923 that focuses on electron pairs:

● Acids are electron pair acceptors.
● Bases are electron pair donors.

The Lewis theory encompasses all reactions of the Brønsted-Lowry theory. Further, it includes reactions
that do not involve the transfer of protons but rather involve the transfer or sharing of electron pairs. This
theory allows for the inclusion of a wider variety of chemical reactions, including those involving complex
ions and coordination compounds.

Comparison and Application

Arrhenius theory is most applicable to aqueous solutions and is useful for explaining the behavior of
many common acids and bases.

Brønsted-Lowry theory is more versatile, applicable to reactions in both aqueous and non-aqueous
solutions, and introduces the concept of conjugate acid-base pairs.

Lewis theory is the most general, covering all aspects of the Brønsted-Lowry theory and including a
wider array of chemical reactions, making it invaluable in understanding organic chemistry, coordination
chemistry, and various other fields.

Each theory offers a unique perspective, enhancing our understanding of acid-base behavior across
different chemical contexts and enabling us to more accurately predict the outcomes of chemical
reactions.

How do the chemical properties of acids and bases di�er regarding their ability to donate or accept
protons (H+), and how does this distinction influence their pH levels?

A base is a chemical substance that can accept protons H+ or donate electron pairs, characterized by a
pH greater than 7. In contrast, an acid is a substance with the ability to donate protons H+, resulting in a
lower pH, typically below 7 on the pH scale.
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Conjugate Acids and Bases

The concept of conjugate acid-base pairs is fundamental to understanding how acids and bases react in
solution. This concept hinges on the transfer of protons (H⁺ ions) between substances.

Conjugate Base Conjugate Acid

When an acid donates a proton (H⁺), the
remaining species is known as the conjugate
base of that acid. The conjugate base is
essentially what the acid becomes after it
loses a proton. This transformation illustrates
the reversible nature of acid-base reactions. For
example, when hydrochloric acid (HCl) donates a
proton, it becomes its conjugate base, chloride
ion (Cl⁻).

Conversely, when a base accepts a proton (H⁺), it
transforms into its conjugate acid. The conjugate
acid is what the base becomes after gaining a
proton. This concept underscores the role of
bases as proton acceptors. For instance, when
ammonia (NH₃) accepts a proton, it becomes its
conjugate acid, ammonium ion (NH₄⁺).

This duality of acid-base behavior is captured in the Brønsted-Lowry theory of acids and bases, which
defines acids as proton donors and bases as proton acceptors. The formation of conjugate acid-base
pairs during a reaction demonstrates the reversible nature of many acid-base reactions, where the
direction of the reaction can shift to favor the production of either the reactants or the products based on
the conditions of the reaction environment.

H2S (acid) HS- (conjugate base) NH3 (base) NH4
+ ( conjugate acid)
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Strong Acids

 Complete Ionization:

● Strong acids ionize completely in water, meaning that all acid molecules dissociate into
ions. For example, HCl (hydrochloric acid) ionizes completely into H⁺ and Cl⁻ ions in
water.

 High Conductivity:

● Due to the complete ionization, solutions of strong acids have a high electrical
conductivity because of the abundance of ions.

 Low pH:

● The presence of a high concentration of H⁺ ions leads to a low pH in the solution.
Typically, the pH of a strong acid solution is close to 0.

 No Reversibility:

● The ionization of strong acids is considered irreversible because essentially all acid
molecules dissociate.

Strong Bases

 Complete Ionization:

● Strong bases ionize completely in water, leading to the formation of hydroxide ions
(OH⁻). For example, NaOH (sodium hydroxide) dissociates into Na⁺ and OH⁻ ions in
water.

 High Conductivity:

● Similar to strong acids, solutions of strong bases have high electrical conductivity due to
the complete ionization.

 High pH:

● The presence of a high concentration of OH⁻ ions leads to a high pH in the solution.
Typically, the pH of a strong base solution is close to 14.

 No Reversibility:

● The ionization of strong bases is considered irreversible because all base molecules
dissociate.
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Weak Acids and Weak Bases

In contrast, weak acids and weak bases do not ionize
completely in water, resulting in a partial dissociation.

● pH Scale: The pH scale, ranging from 0 to 14,
quantifies the acidity or basicity of a solution,
with lower values indicating acidity, higher
values indicating basicity, and a midpoint of 7
representing neutrality.

Indicators are substances that undergo distinct color changes in response to variations in the acidity or
basicity of a solution. They serve as valuable tools in qualitative pH assessments.

Example

Thymol blue is a pH indicator that transitions from yellow to red in acidic solutions (pH 1.2 to 2.8) and
from yellow to blue in basic solutions (pH 8.0 to 9.6).

Mathematically, the pH value of a solution can be determined by the pH equation, which depends on the
concentration ofH+ or H3O+. (usually, H+doesn’t exist alone).

Example: [H3O+] = 1 × 10-3

At the same time, we can determine [H3O+] from pH by using the following rule:

Notable

pH Scale: The pH scale measures how acidic or basic a solution is, ranging from 0 (very acidic)
to 14 (very basic), with 7 being neutral.
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Acid-Base Reactions: When acids and bases react together, they undergo a neutralization
reaction, producing water and salt. This is a fundamental reaction in chemistry with wide
practical applications.

Acid-Base Theories: Several theories help explain the behavior of acids and bases, including the
Arrhenius theory (focuses on the formation of ions in water), the Brønsted-Lowry theory
(focuses on the transfer of protons), and the Lewis theory (focuses on the transfer of electron
pairs).

Indicators: Substances that change color in the presence of an acid or a base, called indicators,
are used to determine the pH of a solution. Examples include litmus, phenolphthalein, and
bromothymol blue.

Bu�er

A buffer solution is a chemical mixture containing a weak acid/base and its corresponding conjugate
base/acid. It acts as a pH stabilizer by resisting significant changes in acidity or basicity when an acid or
base is added, helping to maintain a consistent pH level.

In everyday life, weak acids and bases are more prevalent than their strong counterparts. Both acids and
bases can exist in either a weak or strong form. Still, common household substances often involve weak
acids like acetic acid in vinegar or weak bases such as baking soda.

All types of vinegar contain acetic acid Baking soda contains sodium bicarbonate

● Henderson-Hasselbalch Equation:

The Henderson-Hasselbalch equation is a mathematical expression that relates the pH of a
buffer solution to the pKa (acid dissociation constant) of the weak acid component and the ratio
of the concentrations of its conjugate base to the weak acid.

𝑝𝐻 = 𝑝𝑘𝑎 + 𝑙𝑜𝑔( 𝐻−

𝐻𝐴 )

The pKa, or acid dissociation constant, is a quantitative measure of the strength of an acid in
solution. It represents the equilibrium constant for the dissociation reaction of an acid, where a
larger pKa value indicates a weaker acid.
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Ka typically refers to the acid dissociation constant. This constant measures the extent to which
an acid donates protons (H⁺) when dissolved in water. It’s an important parameter in
understanding the behavior of acids in solution.

The expression for the acid dissociation constant Ka is:

𝐻𝐴 ⟶ 𝐴− + 𝐻+

𝐾𝑎 = [𝐴−][𝐻+]
𝐴𝐻

𝑝𝑘𝑎 =− 𝑙𝑜𝑔(𝐾𝑎)

Example

What is the pH of the buffer solution created by combining 100 mL of 0.2 M of acetic acid and
400 mL of 0.10 M of sodium acetate? (Ka = 1.8 × 10-5)

K. Acid-Base Reactions

Acid-base reactions are a cornerstone of chemical science, showcasing the interaction between
substances that can donate protons (acids) and those that can accept them (bases). The nature of the
reacting acid and base—whether they are strong or weak—determines the outcome and characteristics
of the reaction, including the pH of the resulting solution.

Here’s a deeper look into the four types of acid-base reactions, with notable information added:

1. Strong Acid-Strong Base Reactions

Neutralization Complete Ionization

This type of reaction typically results in a
neutral pH (around 7), as the strong acid
and strong base completely neutralize each
other’s effects.

Both strong acids and strong bases fully
dissociate into their ions in water, making
the reaction complete.
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Example Equation

HCl + NaOH ⟶ NaCl + H2O

Let’s break down the equation and explain what happens during the reaction.

Reactants:

● Hydrochloric Acid (HCl): A strong acid that completely dissociates in water to form hydrogen
ions (H+) and chloride ions (Cl-).

● Sodium Hydroxide (NaOH): A strong base that fully dissociates in water to produce sodium ions
(Na+) and hydroxide ions (OH-).

Complete Ionization: When dissolved in water, HCl and NaOH ionize completely, releasing all their ions
into the solution. There are no remaining molecules of HCl or NaOH in the solution; they exist purely as
ions.

Reaction Process: The hydrogen ions (H+) from the hydrochloric acid react with the hydroxide ions (OH-)
from the sodium hydroxide to form water (H2O), a neutral molecule.

The sodium ions (Na+) from the sodium hydroxide and the chloride ions (Cl-) from the hydrochloric acid
remain in the solution and do not react with each other. Instead, they form the salt sodium chloride
(NaCl), which remains dissolved in the water as ions.

Products:

● Neutral salt—Sodium Chloride (NaCl): The salt formed from the cation of the base (Na+) and the
anion of the acid (Cl-).

● Water (H2O): The product of the reaction between hydrogen ions and hydroxide ions.

Neutral pH: The reaction typically results in a solution with a neutral pH of around 7 because the strong
acid and strong base completely neutralize each other. The H+ ions, which contribute to acidity, and the
OH- ions, which contribute to basicity, combine to form water, which is neutral.
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In summary, this reaction demonstrates the principle of acid-base neutralization, where a strong acid
and a strong base react to form salt and water, with no excess hydrogen or hydroxide ions left in the
solution.

2. Strong Acid-Weak Base Reactions

Partial Dissociation Acidic Salt Formation

The weak base only partially dissociates in
water, resulting in a slightly acidic solution.

The product salt reflects the nature of the weak
base, leading to an acidic solution.

Example Equation

HCl + NH4OH ⟶ NH4Cl + H2O

Let’s break down the equation and explain what happens during the reaction.

Reactants:

● Hydrochloric Acid (HCl): A strong acid that completely dissociates in water to form hydrogen
ions (H+) and chloride ions (Cl-).

● Ammonium Hydroxide (NH4OH): A weak base that only partially dissociates in water to form
ammonium ions (NH4

+) and hydroxide ions (OH-).

Partial Dissociation: In the case of NH4OH, the weak base does not fully dissociate in water: Not all
NH4OH molecules will release OH- ions; some will remain as NH4OH.

Reaction Process: The hydrogen ions (H+) from HCl react with the hydroxide ions (OH-) from NH4OH to
form water (H2O).

Since NH4OH is a weak base and does not completely dissociate, the reaction can result in excess H+

ions, making the resulting solution slightly acidic.

Products:

● Acidic salt—Ammonium Chloride (NH4Cl): The salt formed from the reaction, consisting of
ammonium ions from the weak base and chloride ions from the acid.

● Water (H2O): The reaction product between the available hydrogen and hydroxide ions.

Acidic Salt Formation: The salt NH4Cl formed in this reaction is acidic. This is because NH4
+ can release

H+ upon dissolving in water, contributing to the acidity of the solution.

The resulting solution is acidic due to the presence of excess H+ ions and the nature of the ammonium
ion as a weak acid in water.

In summary, the reaction between a strong acid and a weak base (like NH4OH) typically results in an
acidic solution due to the partial dissociation of the weak base and the formation of an acidic salt. The
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weak base does not neutralize all the hydrogen ions provided by the strong acid, hence the slight acidity
in the final solution.

3. Weak Acid-Strong Base Reactions

Basic Medium Basic Salt Formation

Due to the complete dissociation of the strong
base and the partial ionization of the weak acid,
the resulting medium is basic.

The salt formed has a basic nature due to the
predominance of the strong base’s
characteristics.

Example Equation

CH3COOH + NaOH ⟶ CH3COONa + H2O

Let’s break down the equation and explain what happens during the reaction.

Reactants:

● Acetic Acid (CH3COOH): A weak acid that partially ionizes in water to form acetate ions
(CH3COO-) and hydrogen ions (H+).

● Sodium Hydroxide (NaOH): A strong base that completely dissociates in water to form sodium
ions (Na+) and hydroxide ions (OH-).

Reaction Process: The hydrogen ions (H+) from acetic acid react with the hydroxide ions (OH-) from
sodium hydroxide to form water (H2O).

Since NaOH is a strong base, it fully dissociates in the solution, providing enough OH- ions to react with
all available H+ ions from acetic acid.

Products:

● Basic salt—Sodium Acetate (CH3COONa): The salt formed from the weak acid’s acetate ions and
the strong base’s sodium ions.

● Water (H2O): The product of the reaction between hydrogen ions and hydroxide ions.

Basic Medium: Because the weak acid only partially ionizes, there will not be as many H+ ions available
to react with OH- ions.

The strong base NaOH fully dissociates, providing an excess of OH- ions after the neutralization of
available H+ ions, resulting in a basic medium.

Basic Salt Formation: The salt formed in this reaction, sodium acetate (CH3COONa), has a basic nature
because it derives from a strong base (NaOH) and a weak acid (CH3COOH).

In solution, sodium acetate can hydrolyze, slightly increasing the concentration of OH- ions, which
contributes to the basicity of the solution.
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In summary, the reaction between a weak acid and a strong base usually results in a basic solution. This
is because the strong base fully dissociates, providing an excess of OH- ions, while the weak acid only
partially ionizes, leaving fewer H+ ions to neutralize. The resulting salt, derived predominantly from the
strong base, often exhibits basic properties.

4. Weak Acid-Weak Base Reactions

Limited Ionization Equilibrium

Both reactants partially ionize, leading to an
equilibrium state where not all molecules
dissociate.

The reaction is reversible, and the extent of the
reaction depends on the strength of the acid
and base.

Example Equation

CH3COOH + NH3 ⟶ CH3COO- + NH4
+

Let’s break down the equation and explain what happens during the reaction.

Reactants:

● Acetic Acid (CH3COOH): A weak acid that only partially ionizes in water to form acetate ions
(CH3COO-) and hydrogen ions (H+).

● Ammonia (NH3): As a weak base, it reacts with water to form ammonium ions (NH4
+) and

hydroxide ions (OH-), but only to a limited extent.

Reaction Process: The acetic acid donates a proton (H+) to the ammonia molecule. The proton from
acetic acid combines with the lone pair of electrons on ammonia, forming the ammonium ion (NH4

+).

The acetate ion (CH3COO-) is what remains of the acetic acid after it donates the proton.

Products:

● Ammonium Acetate (CH3COONH4): The neutral salt formed from this reaction. It exists in water
mostly as separate ammonium (NH4

+) and acetate (CH3COO-) ions.
● Water (H2O): Water is typically formed in neutralization reactions, but since both reactants are

weak, water formation is minimal and not the focus of this reaction.

Limited Ionization and Equilibrium: Because both acetic acid and ammonia are weak, they only
partially ionize in solution. This means the reaction is incomplete, and an equilibrium between the
reactants and products is established.

The extent of the reaction depends on the relative strengths of the acetic acid and the ammonia. In an
aqueous solution, some ammonium ions (NH4

+) can donate a proton back to the acetate ions (CH3COO-),
re-forming the weak acid and weak base.
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pH of the Solution: The pH of the resulting solution is not necessarily neutral (pH 7). It will depend on
the relative strengths of the weak acid and weak base involved in the reaction.

In summary, the reaction between a weak acid and a weak base results in a dynamic equilibrium where
the reactants and products are interconverted, and the solution’s pH depends on the particular weak
acid and weak base’s ionization constants (Ka and Kb).

Notable

● pH of the Solution: The final pH of the solution in these reactions depends on the relative
strengths of the acids and bases involved. Strong acid-strong base reactions typically result in a
neutral pH, whereas the pH will lean towards acidic or basic in reactions involving weak acids or
bases.

● Amphoteric Substances: Certain substances, like water (H₂O), can act as both an acid and a
base, depending on the reaction conditions. This dual capability is known as amphoterism.
Amphoteric substances are crucial in many biological and chemical processes, offering flexibility
in reaction pathways.

● Application: These reactions have wide applications, including titration methods for
determining concentrations, wastewater treatment to neutralize acids or bases, and biological
systems where buffers maintain pH levels vital for life processes.

Understanding these four types of reactions provides a comprehensive framework for predicting the
outcome of acid-base interactions, which is crucial for both theoretical and applied chemistry.

L. Redox Reactions

Redox reactions, short for reduction-oxidation reactions, are a class of chemical reactions characterized
by the transfer of electrons between two substances. These reactions are fundamental to numerous
processes in both the natural world and industrial applications, including cellular respiration,
photosynthesis, corrosion, and battery operation.

Key Concepts in Redox Reactions

Oxidation and Reduction Oxidizing and Reducing Agents Oxidation Numbers

Oxidation is the process of
losing electrons, while reduction
is the process of gaining
electrons. In every redox
reaction, one substance is
oxidized (loses electrons), and
another is reduced (gains
electrons).

The substance that gains electrons
(and is reduced) is called the
oxidizing agent because it causes
another substance to be oxidized.
Conversely, the substance that
loses electrons (and is oxidized) is
called the reducing agent because
it causes another substance to be
reduced.

An oxidation number (or
state) is a theoretical charge
on an atom if all bonds were
completely ionic. Changes in
oxidation numbers in a
reaction indicate that
oxidation and reduction have
occurred.

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 151



Examples of Redox Reactions

Combustion: Combustion of fuels, such as hydrocarbons burning in oxygen to produce carbon dioxide
and water, involves the oxidation of carbon.

CxHy + O2 ⟶ CO2 + H2O

Corrosion: Rusting of iron, where iron is oxidized to iron oxide by oxygen in the presence of water or
moisture.

4Fe + 3O2 + 6H2O ⟶ 4Fe(OH)3

Electrochemical Reactions: In batteries, redox reactions occur between the cathode and anode, driving
the flow of electrons through an external circuit to produce electrical energy.

Zn + Cu2+ ⟶ Zn2+ + Cu

What de�ines a redox (oxidation-reduction) reaction, and how does the transfer of electrons
between species determine which substance is oxidized and which is reduced?

A redox (oxidation-reduction) reaction involves the transfer of electrons between reacting species. One
substance loses electrons (oxidation), while another gains electrons (reduction).

● The species that loses electrons is oxidized.
● The species that gains electrons is reduced.

This electron transfer can happen between elements within compounds or between different
compounds.
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1. Oxidation Number/State

The oxidation number (or oxidation state) of an element in a compound is a measure of how many
electrons it tends to gain or lose. It helps to identify whether an element is oxidized (loses electrons),
reduced (gains electrons), or remains unchanged in a chemical reaction.

Although oxidation number varies in different compounds, especially for transition metals, there are
oxidation numbers that are more consistent and can serve as a general guide:

● Alkali metals: always +1
● Alkaline earth metals: always +2
● Fluorine: -1
● Hydrogen: +1 in all compounds except with metals (groups 1 and 2), where it becomes -1.
● Oxygen: -2 in all compounds except in peroxide (H2O2) and with fluorine (which has another

value we calculate).

Element Simple Ions Neutral
Compounds Polyatomic Ions Diatomic

Elements

Oxidation
Number

= Charge of the
Ion Sum = 0 Sum = Charge of

the Ion 0

Example 1

Oxidation number of:

● O2: It’s 0 since it’s a diatomic element.
● PO4

3-: The total oxidation number is -3, which corresponds to the overall charge of the
compound.

● H2O: It’s 0 since it’s a neutral molecule.
● Mg2+: It’s +2 since it’s a simple ion.
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Example 2

The oxidation number of certain elements can vary depending on the compound in which they are
present. In different compounds, an element may change in its oxidation state. Therefore, oxidation
numbers are not fixed for an element and can be calculated.

Consider the compound potassium oxide PO4
3-, given the oxidation number of oxygen is -2. The oxidation

number of potassium can be deduced from the following:

Oxidation number of P + 4 × oxidation number of 0 = Total oxidation number

Oxidation number of P + 4 × (-2) = -3

Oxidation number of P - 8 = -3

Oxidation number of P = -3 + 8

Oxidation number of P = +5

2. Reducing and Oxidizing Agent

The concept of oxidizing and reducing agents is fundamental to understanding and predicting chemical
reactions, especially redox (reduction-oxidation) reactions.

● Reducing Agent: A reducing agent is a substance that causes another substance to be reduced.
It achieves this by donating electrons to the substance being reduced. Reduction involves the
gain of electrons or a decrease in oxidation state.

● Oxidizing Agent: An oxidizing agent is a
substance that causes another
substance to be oxidized. It achieves
this by accepting electrons from the
substance being oxidized. Oxidation
involves the loss of electrons or an
increase in the oxidation state.

A is the reducing agent.

B is the oxidizing agent.

Example

In this example, we have two chemical processes that have taken place—oxidation and reduction:
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● Mg lost 2 electrons and went from neutral to being a cation, Mg²⁺. So, it has been oxidized.
(increase in oxidation number)

● Cu²⁺, on the other hand, gained these 2 electrons and went back to being a neutral atom. So, it
has been reduced. (decrease in oxidation number)

3. Oxidation/Reduction Half-reactions

The redox reactions are often divided into two half-reactions to clearly show which species is losing
electrons (oxidation) and which is gaining electrons (reduction).

Oxidation Half-Equation:

● Shows the loss of electrons by a species (atom or ion).
● Typically, it begins with the reactant and ends with the product.
● Electrons are shown on the product side.

Example: In the oxidation of zinc Zn to form zinc ions Zn²⁺.

Reduction Half-Equation:

● Shows the gain of electrons by a species (atom or ion).
● Typically, it begins with the reactant and ends with the product.
● Electrons are shown on the reactant side.

Example: In the reduction of copper ions (Cu²⁺) to form copper metal (Cu):

Cu2+ + 2e- ⟶ Cu

Both oxidation and reduction half-reactions sum up to the overall redox reaction. Balancing these
reactions involves ensuring that the number of electrons lost in the oxidation half-reaction equals the
number gained in the reduction half-reaction, achieving overall charge neutrality in the reaction.

Redox reactions are essential for life and industry:

● Biological Processes: Cellular respiration and photosynthesis are redox processes essential for
life. In respiration, glucose is oxidized to release energy, while carbon dioxide is reduced to form
glucose in photosynthesis.

● Energy Production: Redox reactions are the basis for fuel cells and batteries, converting
chemical energy into electrical energy.

● Environmental Chemistry: Redox reactions play a key role in the biogeochemical cycles,
including the carbon and nitrogen cycles, influencing environmental dynamics and ecosystems.
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The study of redox reactions bridges the gap between chemical theory and practical application,
illustrating how the fundamental processes of electron transfer underpin a vast array of chemical
phenomena.

Balancing Redox Reactions

Balancing redox reactions is a fundamental skill in chemistry that ensures the conservation of mass and
charge in chemical equations involving oxidation-reduction processes. To master the art of balancing
these vital reactions, chemists employ two primary methods: the Oxidation Number Method and the
Half-Reaction Method. Each offers a unique approach to restoring equilibrium to the equations that
describe these electron exchanges.

Here’s a step-by-step guide on balancing redox reactions using the half-reaction method. This method is
particularly useful for complex reactions, especially those occurring in aqueous solutions:

1. Identify the Oxidation and Reduction Half-Reactions:

● Separate the overall reaction into two half-reactions: one for oxidation (loss of electrons)
and one for reduction (gain of electrons).

2. Balance Atoms Other Than Oxygen and Hydrogen:

● For each half-reaction, balance all atoms except for oxygen and hydrogen. This might
involve adding coefficients to the reactants and products.

3. Balance Oxygen Atoms:

● Add water molecules H2O to the side lacking oxygen to balance the oxygen atoms in
each half-reaction.

4. Balance Hydrogen Atoms:

● For reactions in acidic solutions, add hydrogen ions H+ to balance the hydrogen atoms.
In basic solutions, add water molecules to the side lacking hydrogen, and then add
hydroxide ions OH- to the opposite side to balance the added hydrogen ions.

5. Balance the Charges:

● To balance the electrical charge, add electrons e- to one side of each half-reaction. The
number of electrons added should equal the difference in charge between the reactants
and products.

6. Make the Electron Transfer Equal:

● Multiply the half-reactions by appropriate coefficients so that the number of electrons
lost in the oxidation half-reaction equals the number of electrons gained in the reduction
half-reaction.
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7. Combine the Half-Reactions:

● Add the balanced half-reactions together. Cancel out any species that appear on both
sides of the equation, including the electrons, to get the balanced overall redox reaction.

8. Verify:

● Check that both mass and charge are balanced in the final equation to ensure that the
reaction adheres to the laws of conservation.

Let’s apply the half-reaction method to balance a redox reaction in an acidic solution, step by step.

Given reaction:

MnO4
- + Fe2+ ⟶ Mn2+ + Fe3+

1. Identify the Oxidation and Reduction Half-Reactions:

Oxidation: Fe2+⟶ Fe3+ (Fe loses an electron)

Reduction: MnO4
-⟶Mn2+ (Mn gains electrons)

2. Balance Atoms Other Than Oxygen and Hydrogen:

Oxidation: Fe2+⟶ Fe3+ (Already balanced)

Reduction: Needs to balance oxygen next.

3. Balance Oxygen Atoms:

Reduction: Add water to balance O.

MnO4
-⟶Mn2+ + 4H2O

4. Balance Hydrogen Atoms:

Add H⁺ to the reduction side to balance H from H₂O.

MnO4
- + 8H+⟶Mn2+ + 4H2O

5. Balance the Charges:

Oxidation: Add 1 e⁻ to the product side.

Fe2+⟶ Fe3+ + e-

Reduction: Add 5 e⁻ to the reactant side to balance the charge.

MnO4
- + 8H+ + 5e-⟶Mn2+ + 4H2O
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6. Make the Electron Transfer Equal:

Oxidation needs to be multiplied by 5 to have 5 e⁻ lost.

5(Fe2+⟶ Fe3+ + e-)

Reduction is already set to gain 5 e⁻.

7. Combine the Half-Reactions:

Combine and cancel electrons.

5Fe2+ + MnO4
- + 8H+⟶ 5Fe3+ + Mn2+ + 4H2O

8. Verify:

Check that atoms and charges are balanced

● Atoms: 5 Fe on both sides, 1 Mn on both sides, 8 H on both sides, 4 O on both sides.

● Change: 5(+2) + (-1) + 8(+1) = +17 on the reactants side, 5(+3) + (+2) = +17 on the products
side.

The reaction is correctly balanced, illustrating how the half-reaction method systematically
tackles the complexities of balancing redox reactions.

Example

MnO4
- + I- ⟶ I2 + Mn2+

1. Identify the Oxidation and Reduction Half-Reactions:

The only elements involved in the redox reaction are Mn and I-:

● Given the oxidation number of Mn = +7, it decreased from +7 to +2, which means it gained
electrons and underwent reduction.

● I- oxidation number was -1; it underwent oxidation and lost an electron to be 0.

Oxidation: I-⟶ I2

Reduction: MnO4
-⟶ Mn2+

2. Balance Atoms Other Than Oxygen and Hydrogen:

2I-⟶ I 2

3. Balance Oxygen Atoms:

MnO4
-⟶Mn2+ + 4H2O
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4. Balance Hydrogen Atoms:

MnO4
- + 8H+⟶Mn2+ + 4H2O (now, all elements are balanced)

5. Balance the Charges:

2I-⟶ I 2 + 2e-

MnO4
- + 8H+ + 5e-⟶Mn2+ + 4H2O

6. Make the Electron Transfer Equal:

(2I-⟶ I2 + 2e-) × 5

(MnO4
- + 8H+ + 5e-⟶Mn2+ + 4H2O) × 2

This will lead us to:

10I-⟶ 5I2 + 10e-

2MnO4
- + 16H+ + 10e-⟶ 2Mn2+ + 8H2O

7. Combine the Half-Reactions:

10I-⟶ 5I2 + 10e-

2MnO4
- + 16H+ + 10e-⟶ 2Mn2+ + 8H2O

10I- + 2MnO4
- + 16H+⟶ 5I2 + 2Mn2+ + 8H2O

8. Verify.

This methodical approach ensures the accurate balancing of redox reactions, which is crucial for
understanding chemical processes, predicting reaction outcomes, and designing experiments and
industrial processes.

M. Electrochemical Cell

An electrochemical cell is a device that converts chemical energy into electrical energy or vice versa
through a chemical reaction involving the transfer of electrons. These cells are the foundational
components of batteries, fuel cells, and electrolysis systems, playing a crucial role in various
technological applications, from powering portable electronics to generating clean energy.
Electrochemical cells are categorized mainly into galvanic (or voltaic) cells and electrolytic cells.
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Galvanic (Voltaic) Cells Electrolytic Cells

Function: Galvanic cells transform chemical
energy into electrical energy through
spontaneous redox reactions.

Structure: Comprises two different metals
(electrodes) immersed in electrolyte solutions,
connected by a salt bridge or a porous
membrane that allows ions to move between the
two solutions.

Process: The oxidation reaction occurs at the
anode, releasing electrons, while the reduction
reaction occurs at the cathode, accepting
electrons. This flow of electrons from the anode
to the cathode through an external circuit
generates an electric current.

Example: A common example is the zinc-copper
battery, where zinc serves as the anode and
copper as the cathode.

Function: Electrolytic cells use electrical energy
to drive non-spontaneous chemical reactions.

Structure: Similar to galvanic cells, with two
electrodes placed in an electrolyte solution.
However, an external voltage source is applied in
electrolytic cells to force the reaction to occur.

Process: The external voltage source causes
electrons to be forced into the cathode, where a
reduction reaction occurs, and electrons are
pulled from the anode, where an oxidation
reaction occurs, driving the chemical reaction in
the opposite direction of a galvanic cell.

Example: Electroplating and the electrolysis of
water are common applications of electrolytic
cells.

What are the main components of an electrochemical cell, and how do they contribute to the
conversion of chemical energy into electrical energy?

During the chemical reactions at the electrodes,
electrons are transferred, creating an electric current
that can be used to power electronic devices. Common
examples include batteries, where chemical reactions
generate electrical energy for various applications.

This setup represents a typical electrochemical cell
used in laboratories. It consists of multiple
compartments, each with a specific function, allowing
for controlled experimentation in the field of electrochemistry.

An electrochemical cell typically consists of three main
compartments:

Electrode: Electrodes are conductive materials in
electrochemical cells. They’re designed for redox
reactions, either gaining or losing electrons. Immersed
in an electrolyte, they act as either anode or cathode:
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● Anode: The anode electrode is the site of oxidation.
● Cathode: the cathode electrode is the site of reduction.

Electrolyte: It is a conductive solution in which the electrodes are immersed. It facilitates the flow of ions
between the anode and cathode compartments and helps maintain charge balance during the
electrochemical reactions.

● Salt Bridge: It allows the flow of ions to
balance charges between the half-cells.

● The Voltmeter: It measures the electric
potential difference, or voltage, between the two
electrodes (anode and cathode).

Explanation

● At the Zinc Anode: Zinc undergoes oxidation, releasing electrons. According to the
half-reaction:

Zn ⟶ Zn2+ + 2e-

● Electron Flow: Electrons flow through the external circuit from zinc to copper.

● At the Copper Cathode: Upon the arrival of electrons, copper ions from the solution gain these
electrons and deposit them as copper metal.

Cu2+ + 2e- ⟶ Cu

● Ions in the Salt Bridge: Ions within the salt
bridge migrate towards the anode and cathode
compartments, serving to equalize charges and
prevent their accumulation, thus maintaining
electrochemical equilibrium.

● Completion of Circuit: The electron flow
generates an electric current. The voltmeter
measures the voltage across the whole system.
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● Overall Process: Zinc oxidizes, and copper ions are reduced, producing an overall reaction.

● Over Time, Observable Changes Will Occur: Copper metal will accumulate as deposits,
resulting from the reduction of Cu2+ cations, whereas zinc metal will undergo partial
disintegration owing to its oxidation process.

The electrochemical cell representation is a simple way to show what’s happening inside a battery or a
similar device.

Understanding electrochemical cells is vital for advancing energy technologies, particularly in the quest
for sustainable and portable energy solutions.

N. Electrolytic Cell

An electrolytic cell utilizes electrical energy to drive nonspontaneous chemical reactions. It employs two
electrodes immersed in an electrolyte solution. When an external electric current is applied, ions
migrate towards the electrodes, undergoing reduction at the cathode and oxidation at the anode,
facilitating desired chemical transformations or metal deposition.

It can be understood that it functions opposite to the electrochemical cell that we just explained.
Spontaneous chemical reactions produce electrical energy in electrochemical cells (such as galvanic or
voltaic cells). In contrast, electrolytic cells use electrical energy to drive non-spontaneous chemical
reactions.
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Set up:

● Electrolyte solution (e.g., water with sulfuric acid
added)

● Two electrodes (cathode and anode)
● Power supply (battery or other source of direct

current)
● External circuit connecting the electrodes to the

power supply

An example of electrolysis is the decomposition of water H2O
into hydrogen gas H2and oxygen gas O2.

How does the direction of electron flow in an Electrolytic Cell compare to that in a Galvanic Cell, and
what implications does this have for the cell’s operation and applications?

Electrolytic cells and Galvanic (or voltaic) cells are two types of electrochemical cells that utilize redox
reactions to either consume or produce electrical energy. Despite their similar basic components
(electrodes and electrolytes), they operate based on different principles and are used for different
purposes. Here are the key differences between them:

Galvanic Cells Electrolytic Cells

Energy
Conversion

Galvanic cells convert chemical energy
into electrical energy. They do this
spontaneously, meaning the redox
reaction naturally occurs without any
external energy source.

Electrolytic cells convert electrical
energy into chemical energy. This
non-spontaneous process requires an
external voltage to drive the redox
reaction.

Electrode
Function

In galvanic cells, the anode is the
negative electrode where oxidation
occurs, and the cathode is the positive
electrode where reduction occurs.

In electrolytic cells, the anode is the
positive electrode, and the cathode is
the negative electrode due to the
external voltage applied. This external
voltage reverses the natural flow of
electrons.

Cell Setup Galvanic cells typically consist of two
different metals connected by a salt
bridge or a porous membrane that
allows ions to flow between the two
half-cells, maintaining electrical
neutrality.

Electrolytic cells can be set up in a
single container without the need for a
salt bridge or membrane, as the
external power source drives the ion
flow.

Purpose and
Application

Galvanic cells are used in batteries,
where the spontaneous redox reaction
produces electrical energy to power
devices.

Electrolytic cells are used in
electroplating and electrolysis to
produce chemicals like chlorine and
sodium hydroxide and to refine metals.
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Energy
Requirement

Galvanic cells generate electrical
energy as long as the redox reaction is
spontaneous and continues to occur.

Electrolytic cells require a continuous
supply of external electrical energy to
maintain the redox reaction.

These differences highlight the distinct roles and mechanisms of galvanic and electrolytic cells in
electrochemistry, demonstrating the versatility of redox reactions in both energy production and
chemical synthesis.

O. Spontaneity

What Is the Spontaneous Redox Reaction?

Spontaneous redox reactions occur naturally without the need for external energy to drive them. The
direction and spontaneity of these reactions can be predicted by the standard electrode
potential—positive values indicate that the reaction is likely to proceed forward spontaneously. This
principle underlies the working of galvanic cells, which harness spontaneous redox reactions to generate
electrical energy.

Mathematically, the criteria for spontaneity in redox reactions involve evaluating the standard electrode
potentials to determine if the overall process will release energy and proceed without external
intervention. This concept is pivotal in electrochemistry, playing a crucial role in designing batteries and
understanding various biochemical processes.

Spontaneity in Redox Reactions Through Standard Reduction Potentials

The determination of spontaneity in these reactions is based on the comparison of standard reduction
potentials (E°) of the reactants and products. The standard reduction potential is a measure of the
tendency of a chemical species to gain electrons and thus be reduced. These values are tabulated
under standard conditions (1 M concentration, 1 atm pressure, and 25 °C) for various half-reactions.

Understanding standard reduction potentials:

Positive E° Value Negative E° Value

A higher (more positive) standard reduction
potential indicates a greater tendency of the
substance to gain electrons and be reduced.

A lower (more negative) standard reduction
potential suggests a lower tendency to gain
electrons.

Determining Spontaneity

Identify Half-Reactions: Break down the overall redox reaction into its reduction and oxidation
half-reactions, each with its own standard reduction potential.
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Calculate Cell Potential: The overall cell potential for the reaction is calculated by subtracting the
standard reduction potential of the anode (oxidation half-reaction) from the standard reduction potential
of the cathode (reduction half-reaction):

-𝐸
𝑐𝑒𝑙𝑙
0 = 𝐸

𝑐𝑎𝑡ℎ𝑜𝑑𝑒
0  𝐸

𝑎𝑛𝑜𝑑𝑒
0

Determine Spontaneity: If E0
cell > 0, the reaction is spontaneous. This positive value indicates that the

reduction process at the cathode has a stronger tendency to occur than the oxidation process at the
anode.

If E0
cell < 0, the reaction is non-spontaneous under standard conditions, meaning external energy (like

electrical energy) would be required to drive the reaction.

Example

Consider a simple redox reaction between zinc metal and copper (II) ions:

Zinc has a standard reduction potential of -0.76 V (for the half-reaction Zn2+ + 2e-⟶ Zn).

Copper (II) ions have a standard reduction potential of +0.34 V (for the half-reaction Cu2+ + 2e-⟶ Cu).

In this case, copper has a higher tendency to be reduced compared to zinc. When calculating the cell
potential:

𝐸
𝑐𝑒𝑙𝑙
◦  = (+ 0. 34 𝑉) − (− 0. 76 𝑉) =+ 1. 10 𝑉

Since E0
cell > 0, the reaction is spontaneous.

This method of using standard reduction potentials provides a quantitative way to predict the
spontaneity of redox reactions, which is crucial for understanding the feasibility of chemical processes,
electrochemical cells, and battery operation.

The Nernst Equation is used to calculate the cell voltage under nonstandard conditions.

Ecell = E°cell - RT / nF ln Q

Ecell = E°cell - 0.06 / n ln Q

Ecell: Cell voltage under non-standard conditions, Volts
E°cell: Cell voltage under non-standard conditions, Volts
R: Ideal gas constant, 8.31 V C/mol K
T: Absolute temperature,K
n:Moles of electrons transferred in the reaction, mol
F: Faraday’s constant, 96,486 C/mol
Q: Reaction quotient for the reduction half-reaction

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 165



Notable

● Under non-standard conditions, such as when the concentrations of reactants and products in
an electrochemical cell are not at their standard state (1 M for solutions, 1 atm for gases, and
pure solids and liquids), the cell voltage can be calculated using the Nernst equation.

● In the context of Ernest equation, the reaction Coefficient Q is
taken to be the ratio of the ions of products to the reactants

Example

Let’s consider the following redox reaction:

Cu2+ + Zn ⟶ Cu + Zn2+

What is the total cell voltage for the reaction, when [Zn2+] = 0.20 M and [Cu2+] = 3.0 M (nonstandard
conditions)? The standard cell potential for this E॰ = +1.10 V. (T = 25℃ = 298 K)

2 electrons are transferred in this reaction so, n = 2.

𝑄 = [𝐶𝑢2+]
[𝑍𝑛2+] = 3.0 𝑀

0.20 𝑀 = 15

𝐸 = 𝐸॰ − 0.06
2 𝑙𝑛(15)

𝐸 =+ 1. 10 𝑉 − 0. 08𝑉

𝐸 =+ 1. 02 𝑉

Faraday’s Law states that the amount of chemical charge produced during electrolysis is directly
proportional to the number of moles of electrons that have passed in the electrolytic cell.

● Current I: Current is defined as the rate of flow of electric charge. The unit of current is ampere
A. Mathematically, it is represented by:

𝐼 = 𝑄
𝑡

● Charge Q: Charge can be described as a property of matter that determines how strongly it
interacts with electromagnetic fields. It comes in two types:

● Positive: Positive charge arises from particles that have an excess of protons.

● Negative: Negative charge arises from particles that have an excess of electrons.

The unit of charge is the Coulomb C, named after the French physicist Charles-Augustin de
Coulomb, and it is defined as the charge transported by a constant current of one ampere in one
second.

𝑄 = 𝐼 × 𝑡
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Mathematically, Faraday’s law can be expressed:

𝑄 = 𝑛 × 𝐹

● Q: Total charge passed in the circuit, Coulombs C.
● n: Number of moles of electrons transferred in a redox reaction, Mol
● F: Faraday’s constant. F ≅ 9.689 × 104 C/mol
● 1 F = 1 n = 96,486 Coulombs

Example

A current of 3.0 A passes through a closed circuit for 20 seconds in an electrolyte cell containing an
aqueous solution of silver nitrate. What is the total number of moles of electrons transferred in this
redox reaction?

𝑄 = 𝑛 × 𝐹

We need n.

𝑛 = 𝑄 
𝐹

Knowing the current, we can calculate the charge:

𝑄 = 𝐼 × 𝑡

𝑄 = 3. 0 𝐴 × 20 𝑠

60 C𝑄 =  

As a result, using Faraday’s law:

𝑛 = 𝑄
𝐹 = 60 𝐶

9.689 × 104 = 6. 1925 × 10−4 𝑚𝑜𝑙
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Quiz

1. What is the first step in balancing a chemical equation?

A) Balance the most complex molecule.
B) Balance the least complex molecule.
C) Balance hydrogen and oxygen atoms.
D) Balance all atoms except for hydrogen and oxygen.

2. What does stoichiometry study?

A) Reaction speeds.
B) The mass relationships between reactants and products.
C) The color changes in reactions.
D) The heat released in chemical reactions.

3. What is molarity (M)?

A) The number of moles of solute per kilogram of solvent.
B) The number of moles of solute per liter of solution.
C) The mass of the solute per liter of solution.
D) The volume of the solute per liter of solution.

4. In a chemical reaction, the substance that is completely used up first is called the:

A) Catalyst.
B) Product.
C) Limiting reactant.
D) Excess reactant.

5. Which type of reaction is characterized by the formation of precipitate or gas or a color change?

A) Redox reaction.
B) Acid-base reaction.
C) Reversible reaction.
D) Irreversible reaction.

6. What does the term ‘dynamic equilibrium’ refer to?

A) A state where reactants are fully converted to products.
B) A state where the concentration of reactants and products does not change over time.
C) A state where no reactants remain.
D) A state where the reaction speed is the fastest.
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7. The rate at which a solid dissolves in a liquid is called the:

A) Solubility.
B) Dissolution rate.
C) Reaction rate.
D) Precipitation rate.

8. The solubility constant (Ksp) is used to:

A) Measure how fast a solute dissolves.
B) Predict whether a precipitate will form in a solution.
C) Determine the pH of a solution.
D) Calculate the energy change in a reaction.

9. An acid is a substance that:

A) Increases the OH- concentration in water.
B) Decreases the H+ concentration in water.
C) Increases the H+ concentration in water.
D) Is neutral in water.

10. Which statement best describes an electrolytic cell?

A) It converts electrical energy into chemical energy.
B) It operates spontaneously.
C) It requires a catalyst to function.
D) It is used to recharge batteries.

11. What does a positive E°cell value indicate about a redox reaction?

A) It is non-spontaneous.
B) It is spontaneous.
C) It is at equilibrium.
D) It cannot occur.

12. What is the main characteristic of a redox reaction?

A) Electron transfer.
B) Proton transfer.
C) Neutron transfer.
D) No transfer of particles.
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13. When balancing redox reactions in an acidic solution, which species is often added to balance
hydrogen atoms?

A)H+

B)H2O
C)OH-

D) H2

14. A spontaneous chemical reaction:

A) Always requires an input of energy to proceed.
B) Will proceed on its own without needing an external energy source.
C) Cannot proceed under any circumstances.
D) Only occurs at high temperatures.

15. The dissolution rate of a solute increases with:

A) Decrease in surface area of the solute.
B) Decrease in temperature.
C) Increase in surface area of the solute.
D) Presence of a catalyst.

16. Which is not a factor that affects solubility?

A) Temperature.
B) Pressure.
C) Catalyst.
D) Nature of the solute and solvent.

17. What does the ‘C’ in the formulaMCV=mcv stand for in dilution calculations?

A) Concentration.
B) Capacity.
C) Catalyst.
D) Calorimetry.

18. A reversible reaction is one in which:

A) The forward reaction is favored.
B) The reverse reaction is favored.
C) The products can react to reform the reactants.
D) The reaction only proceeds in one direction.
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19. Which of the following is not a strong acid?

A) HCl
B) HNO3

C) H2CO3

D) H2SO4

20. Which element is commonly used as the cathode material in a standard electrochemical cell?

A) Hydrogen.
B) Copper.
C) Sodium.
D) Lithium.

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 171



Chapter 6: States of Matter
States of matter refer to the distinct forms in which matter can exist: solid, liquid, and gas. Each state is
characterized by the arrangement and motion of its constituent particles, offering unique properties and
behaviors.

Overview

This chapter explores the fascinating realm of the states of matter, delving into the physical forms that
different phases of matter take: solid, liquid, and gas. By examining the distinctive characteristics of
each state, from the rigid structure of solids to the fluidity of liquids and the expansiveness of gases, we
gain insights into the fundamental properties that define matter in our universe. The chapter introduces
the kinetic molecular theory to explain the behavior of particles in these states and how temperature
and pressure influence their properties. It further covers the essential gas laws that govern the behavior
of gases under various conditions. A significant portion is dedicated to phase changes, including melting,
freezing, vaporization, condensation, sublimation, and deposition, complemented by illustrative phase
change diagrams, heating curves, and cooling curves. Through these discussions, the chapter aims to
provide a comprehensive understanding of how matter changes between different states and the
principles underlying these transformations.

Objectives

At the end of this chapter, you should be able to:

● Describe the Three States of Matter: Understand and characterize the properties of solids,
liquids, and gases.

● Explain the Kinetic Molecular Theory: Relate the behavior of matter’s particles to their energy
and movement in different states.

● Apply Gas Laws: Use the basic gas laws (Boyle’s, Charles’s, and Avogadro’s laws) to predict the
behavior of gases under varying conditions of temperature, volume, and pressure.

● Understand Phase Changes: Identify the conditions under which matter transitions between
solid, liquid, and gas states, including the processes of melting, freezing, vaporization,
condensation, sublimation, and deposition.

● Interpret Phase Change Diagrams: Analyze diagrams that represent the phase changes of a
substance as temperature and pressure vary.

● Analyze Heating and Cooling Curves: Understand how energy changes during phase transitions
are depicted in heating and cooling curves.

● Predict the Outcomes of Phase Changes: Based on understanding kinetic energy and
intermolecular forces, predict how changes in external conditions like temperature and pressure
influence the state of matter.
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A. Solid, Liquid, and Gas

The world around us is composed of matter, which can exist in various states, each with distinct
characteristics and behaviors. These states are commonly known as the states of matter, and they
include solids, liquids, gases, and plasma, with a few more exotic states recognized under extreme
conditions, such as Bose-Einstein condensates and Fermionic condensates. Understanding these states
is fundamental to grasping how matter interacts in different environmental conditions, affecting
everything from the water cycle to the technology that powers our daily lives.

1. Solids are characterized by their fixed shape and volume, with particles closely packed together
in a specific arrangement. The particles vibrate in place but do not move from their fixed
positions, giving solids a definite shape and a rigid structure.

2. Liquids have a definite volume but take the shape of their container, with particles that are close
together but not in a fixed position. This allows liquids to flow and take the shape of their
container at the surface level.

3. Gases have neither a fixed shape nor a fixed volume, expanding to fill any container they are in.
The particles in a gas are much farther apart than in solids or liquids and move freely, allowing
gases to be compressed or expanded easily.

4. Plasma is a state of matter where gases are energized to the point that electrons are freed from
atoms, creating a collection of ions and free electrons. Plasma is found in stars, including the
sun, and is created in certain high-energy environments on Earth, such as neon lights or plasma
TVs.

Each state of matter can transition to another state through physical processes:melting (solid to liquid),
freezing (liquid to solid), vaporization (liquid to gas), condensation (gas to liquid), and sublimation
(solid to gas). These transitions are influenced by temperature and pressure conditions, demonstrating
the dynamic and versatile nature of matter in the universe.

Solid, liquid, and gas are the three primary states of matter:

A solid has a fixed shape and volume, with particles tightly packed
and vibrating in place.
(Example: ice)

A liquid takes the shape of its container, maintaining a constant
volume while allowing particles to move past each other.
(Example: water)
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A gas has neither fixed shape nor volume, spreading out to fill the
available space and exhibiting high particle mobility.
(Example: water vapor)

As matter changes from solid to liquid to gas, the space between particles increases.

B. Solid

Solids, along with liquids and gases, represent one of the three fundamental states of matter. This state
is characterized by its definite shape and volume, which result from the close packing and fixed positions
of its constituent particles, which include atoms, ions, or molecules. The unique properties of solids
result from the strong intermolecular forces that hold these particles tightly together in a well-defined
arrangement.

Characteristics of Solids

● Definite Shape and Volume: Unlike liquids and gases, solids maintain a constant shape and
volume that are not easily changed by external pressures or container shapes.

● Fixed Particle Positions: The particles in a solid are bound in fixed locations by intermolecular
forces. Although these particles may vibrate, they do not move freely from their positions,
leading to the solid’s rigid structure.

● High Density: Solids generally have higher densities than liquids and gases due to the close
packing of their particles.

● Low Compressibility: Because their particles are already tightly packed, solids cannot be easily
compressed further.

Arrangement of Glass Particles Under the Microscope
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Solid structures constitute a fundamental aspect of material science, defining the physical properties
and behaviors of countless substances. Two primary classifications of solid structures exist: crystalline
and amorphous. Each type exhibits distinct characteristics stemming from their atomic or molecular
arrangements.

Types of Solids

Solids are further classified into two main types based on the arrangement of their particles:

Crystalline Solids Amorphous Solids

These solids have particles arranged in a highly
ordered and repeating pattern, extending in all
three spatial dimensions. Crystalline solids
include metals, ionic compounds, and certain
molecular compounds, exhibiting sharp melting
points and well-defined geometric shapes.

In contrast, amorphous solids lack a long-range
order in their particle arrangement. Examples
include glass and many plastics. These solids do
not have a definite melting point; instead, they
soften over a range of temperatures.

Crystalline Structure:

● Highly ordered arrangement of atoms or molecules.
● Formed by a repeating pattern known as a crystal lattice.
● Examples include salt (sodium chloride), diamond.
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Amorphous Structure:

● Lack a regular, repeating crystal lattice.
● Atoms or molecules are arranged randomly.
● Exhibit properties such as isotropy, with uniform characteristics in all directions.
● Examples include glass, rubber, and coil.

Understanding the properties of solids is crucial across various scientific disciplines and practical
applications, from designing materials with specific mechanical properties to understanding geological
processes that shape our planet. The study of solids, known as solid-state physics or solid-state
chemistry, contributes significantly to technological advancements, materials science, and engineering.

C. Liquids

Liquids represent a fascinating state of matter that exists between the rigid
structure of solids and the expansive freedom of gases.
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Characteristics of Liquids

● Indefinite Shape and Definite Volume: Unlike solids, liquids do not have a fixed shape but take
on the shape of their container up to the surface level. However, they maintain a constant
volume that doesn’t easily compress under standard conditions.

● Fluidity: Liquids can flow, allowing them to conform to the
contours of their container. This fluidity results from the balance
between the forces holding the liquid’s particles together and
the energy that enables them to move past each other.

● Viscosity: This property describes a liquid’s resistance to flow.
Viscosity is influenced by the type of intermolecular forces
present and the temperature of the liquid. Substances with
strong intermolecular forces, like honey, have higher viscosities
than those with weaker forces, like water or alcohol.

● Surface Tension: Liquids exhibit surface tension due to the
cohesive forces among their molecules. This creates a “skin” on the surface, allowing insects to
walk on water and droplets to form beads on surfaces.

● Evaporation and Boiling: Liquids can transition to gases at temperatures below their boiling
point through evaporation. Boiling occurs when a liquid is heated to a temperature where its
vapor pressure equals the atmospheric pressure, causing the liquid to form bubbles and turn
into vapor.

● Capillary Action: This phenomenon occurs when a liquid moves up against gravity through a
narrow space, such as in a thin tube, due to the forces of adhesion and cohesion. Capillary action
is essential for the movement of water and nutrients in plants.

In summary, the chemical properties of liquids, such as their structural cohesion, behavior against
container surfaces, and capacity to conduct electricity and heat, are determined by the nature of
molecular interactions and the presence of impurities within the liquid.

D. Gases

Gases represent one of the fundamental states of matter,
characterized by their remarkable ability to fill any container they
occupy and to expand indefinitely.

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 177



Properties of Gases:

● No fixed shape or volume
● Highly compressible
● Particles in constant, randommotion
● Fill the entire volume of their container
● Behavior influenced by temperature, pressure, and volume
● Weak intermolecular forces

Water vapor is an example of a gas, water vapor when food is cooking fills the whole room rather than
staying in the pot.

Gases can be compressed into smaller volumes or allowed to expand into larger ones, making them
essential in numerous industrial, commercial, and everyday applications, from inflating balloons to
powering engines.

Temperature and Pressure E�ects

The behavior of gases is significantly influenced by changes in temperature and pressure, as described
by the gas laws (Boyle’s law, Charles’s law, Gay-Lussac’s law, and Avogadro’s law). These laws help
predict how gases will respond to changes in physical conditions.

Notable

● Elastic collision: An elastic collision is when two objects collide and bounce off each other
without losing any kinetic energy. It means that kinetic energy is conserved during the collision.

Kinetic energy is the energy associated with an
object due to its motion. It depends on the mass
of the object and its velocity.
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As long as the object is in motion with a
non-zero velocity, it will have kinetic energy.

In an elastic collision between two billiard
balls, each ball initially moves with speeds  v1i

and v2i. Following the collision, the balls
separate, traveling in opposite directions, with
final speeds v1f and v2f  that are identical to
their initial speeds. It will result in identical
final and initial kinetic energies.

This means that particles in ideal gas only
interact with each other by elastic collisions.

Gases play vital roles in various natural processes and
human-made systems, from the air we breathe and the
atmosphere that protects us to industrial processes and the
functioning of engines. Understanding the properties and behavior
of gases is crucial in chemistry, physics, engineering, and
environmental science.

E. Kinetic Molecular Theory

John Dalton formulated the kinetic molecular theory, in which “kinetic” refers to the motion of particles,
“molecular” describes the behavior of gas molecules.

The Kinetic Molecular Theory of Gases assumes that all gases behave the same way. While this is not
entirely true, it does help a person understand the behavior of gases in general much more clearly.

Here are the basic assumptions of the Kinetic Molecular Theory:

1. Random and Continuous Motion: Gas molecules are in constant, straight-line motion until they
collide with either another molecule or the walls of their container.

2. Negligible Attractive Forces: There are no forces of attraction or repulsion between individual gas
molecules, which implies that they don’t stick together or actively push away from each other.

3. Empty Space: The actual volume occupied by gas molecules is minuscule compared to the
volume of the container they are in, which is mostly empty space.

4. Elastic Collisions: When gas molecules collide, they do so without losing kinetic energy; the total
kinetic energy before and after the collision remains constant.

5. Temperature and Kinetic Energy: The average kinetic energy of gas molecules is directly related
to the temperature of the gas in Kelvin. Higher temperatures correspond to higher average
kinetic energies.
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As Dalton tried to organize his thoughts into concise beliefs
above, he had to make several generalizations that do not
necessarily apply to each and every gas on Earth. He, therefore,
referred to the gases that kinetic molecular theory described as
ideal gases.

Standard Temperature and Pressure STP is a set of reference
conditions commonly used for comparing and measuring the
properties of gases.

● The standard temperature is 0℃ or 273.15 K.
● The standard pressure is 1 atm (atmosphere) or 101.3

kilopascals.

At STP, gases are expected to behave in a predictable manner based on the Kinetic Molecular Theory,
which describes the behavior of gases in terms of the motion of their molecules. The behavior of gases at
STP is typically well-described by the ideal gas law, which assumes that gas molecules have negligible
volume and do not interact with each other (except for collisions). This simplification allows for
straightforward calculations of gas properties such as pressure, volume, and temperature.

Real vs. Ideal Gases

While the ideal gas law provides a good approximation of gas behavior under many conditions, real
gases deviate from ideal behavior at high pressures and low temperatures. This is due to the effects of
intermolecular forces and the finite volume of gas particles, which are not accounted for in the ideal gas
model.

Ideal Gas Real Gas

The concept of an ideal gas was created by John
Dalton in order to try to simplify his explanations
to describe the behavior of gases under certain
conditions:

Real gases behave differently than ideal gases
under certain conditions. These factors become
more significant at high pressures or low
temperatures.
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● Ideal gas particles do not interact with
each other except during elastic
collisions.

● Ideal gas particles have no volume.
● Assumes low-pressure and

high-temperature conditions.
● Follows the ideal gas law: PV = nRT

(Pressure times Volume equals the
Number of Moles times Gas Constant
times Temperature).

● Real gases experience intermolecular
forces.

● They occupy physical space due to finite
molecular size.

● Real gases deviate from ideal behavior,
especially at extreme pressures or low
temperatures.

● Real gas behavior is described by
equations like the van der Waals
equation.

Notable

● While ideal gases don’t exist, real gases approximate ideal behavior under many conditions. The
differences become significant at very high pressures and very low temperatures.

● The KMT underpins the derivation of gas laws such as Boyle’s law, Charles’s law, and Avogadro’s
law, culminating in the ideal gas law (PV = nRT).

● Understanding the behavior of gases is crucial in various fields, from designing engines and
predicting weather patterns to industrial synthesis of chemicals.

● The distribution of kinetic energies among gas molecules at a given temperature is described by
the Maxwell-Boltzmann distribution.

Kinetic Molecular Theory remains a fundamental concept in the understanding of the gaseous state,
despite its simplifications, and it provides a solid foundation for more advanced studies in
thermodynamics and statistical mechanics.

F. Gas Laws

Gas laws are a set of fundamental principles that describe the behavior of gases under different
conditions. These laws, formulated based on empirical observations and theoretical understanding,
govern properties such as pressure, volume, temperature, and the number of gas particles. Scientists
can predict and explain how gases behave in various situations by studying gas laws. These laws can be
summarized as the following:

● Boyle’s law
● Charles’s law
● Laws of Gay-Lussac
● Dalton’s law
● Henry’s law
● Avogadro’s law
● Ideal gas law

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 181



Note

These laws are fundamental principles that exclusively apply to ideal gases. It’s crucial to acknowledge
that deviations from ideal behavior occur, necessitating the consideration of additional factors beyond
those encompassed by Charles’s law, Dalton’s law, and Avogadro’s law.

1. Boyle’s Law

Boyle’s law states that at constant temperature, the volume of a given amount of gas is inversely
proportional to its pressure. In simpler terms, if you increase the pressure on a gas, its volume will
decrease, and vice versa, as long as the temperature remains constant.

Explanation of Boyle’s Law

Boyle’s law can be mathematically expressed as:

P × V = constant

or

P1 × V2 = P2 × V2

Where:

● P represents the pressure of the gas,
● V represents the volume of the gas,
● P1 and V1 represent the initial pressure and volume, and
● P2 and V2 represent the final pressure and volume.

Given the experimental observation that increasing the pressure of gas from 1.0 atm to 2.0 atm,
while keeping the temperature constant at 300 K decreased the volume from 4 L to 2 L, how does
this outcome exemplify Boyle’s law?

In the experiment described, when we raised the pressure of the gas from 1.0 atm to 2.0 atm while
keeping the temperature steady at 300 K, we observed that the volume decreased from 4 L to 2 L. This
observation supports Boyle’s law.
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Example

We have gas at a constant
temperature of 300 K. Initially, the
gas occupies a volume of 4 L at a
pressure of 1 atm. According to
Boyle’s law, the volume will
decrease when the pressure is
doubled to 2 atm.

Notable

● On a graph plotting pressure (P) against volume (V), Boyle’s law is represented by a hyperbolic
curve, showing the inverse relationship between the two variables.

● Boyle’s law has practical applications in various fields. For instance, it explains the working
principle of syringes, pneumatic pumps, and the behavior of air in the human lungs during
breathing. Scuba divers must also understand Boyle’s law to avoid the dangers of
decompression sickness as they ascend and the pressure decreases.

● Boyle’s law was one of the first to describe gas behavior quantitatively. Its formulation in the
mid-17th century marked a significant step forward in the development of chemistry and physics
as empirical sciences.

● While Boyle’s law provides a good approximation of the behavior of real gases at low pressures
and moderate temperatures, deviations occur at high pressures and low temperatures due to
intermolecular forces and the volume occupied by the gas molecules themselves. The ideal gas
law and the real gas equations address these deviations.

2. Charles’s Law

Charles’s law, also known as the law of volumes, describes the relationship between the volume and
temperature of a gas when pressure remains constant. Simply put, it states that as the temperature of a

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 183



gas increases, its volume also increases proportionally, and conversely, as the temperature decreases,
the volume decreases proportionally.

In the experiment described, when we raised the temperature of the gas while keeping the pressure
steady at 1 atm, we observed that the volume increased.

Charles’s law can be mathematically expressed as:

Example

We have a balloon filled with a certain amount of gas at a constant pressure of 1 atm. According to
Charles’s law, if we heat the balloon, the volume of the gas inside will increase. The initial volume of a
gas-filled balloon is 2 L at a temperature of 273 K, and when heated to 373 K, the volume will increase
according to the Charles’s law formula:

Notable

Mathematical Expression: Charles’s law can be mathematically represented as

V ⍺ T or V / T = k,
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where:

● V is the volume of the gas,
● T is its temperature in Kelvin, and
● k is a constant for a given amount of gas at constant pressure.

Real-world Application: Charles’s law explains the working principle behind hot air balloons. Heating
the air inside the balloon increases its volume, making the balloon buoyant because the density of the
heated air inside the balloon becomes less than the cooler air outside.

Graphical Representation: A plot of the volume of a gas against its temperature (in Kelvin) at constant
pressure will yield a straight line, indicating the direct proportionality between volume and temperature.

3. Gay-Lussac’s Law

Gay-Lussac’s law, also known as the pressure-temperature law, states that the pressure of a given
amount of gas held at constant volume is directly proportional to its absolute temperature. This means
that if you increase the temperature of a gas (while keeping the volume constant), the pressure will
increase proportionally, and vice versa. This is explained by the fact that the kinetic energy of the gas
particles increases as they move faster and collide more frequently and forcefully with the walls of their
container.

An example of its application is in pressure cookers, where heating the cooker increases the
temperature inside, leading to an increase in pressure due to the gas molecules (steam) moving more
rapidly and colliding with the walls of the cooker more forcefully.

Note

Gay-Lussac’s law states that the pressure of a fixed amount of gas at constant volume is directly
proportional to its absolute temperature, provided the volume remains constant.

In the experiment described, when we raised the temperature of the gas while keeping the volume
steady, we observed that the pressure increased. This observation supports Gay-Lussac’s law.
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Gay-Lussac’s law can be mathematically expressed as:

Example

If the initial pressure of a gas is 2 atm at a temperature of 273 K, what is the final pressure of the gas
when the temperature increases to 373 K? The final pressure can be calculated using the equation:

Notable

● The law can be mathematically expressed as P1 / T1 = P2 / T2, where P represents pressure, T
represents temperature in Kelvin, and the subscripts 1 and 2 refer to the initial and final states of
the gas, respectively.

● This relationship assumes that the amount of gas and the volume in which it is contained do not
change.

● It’s one of the gas laws derived from the kinetic molecular theory of gases, which explains the
behavior of ideal gases.

● Gay-Lussac’s law is widely used in various applications, including calculating the pressure
changes in gas-filled containers subject to temperature variations and understanding the
behavior of gases in the atmosphere.

4. Dalton’s Law

Dalton’s law, formulated by the English chemist John Dalton in the early 19th century, states that in a
mixture of non-reacting gases, the total pressure exerted by the mixture is equal to the sum of the
partial pressures of each individual gas in the mixture.

In simpler terms, it means that the pressure of a gas mixture is the sum of the pressures that each gas
would exert if it were alone in the container under the same conditions.
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In Dalton’s law of gases, the temperature and volume of the container are typically kept constant.

Notable

● Partial Pressure: The partial pressure of a gas is the pressure that it would exert if it alone
occupied the entire volume of the mixture at the same temperature. It is directly proportional to
the mole fraction of the gas in the mixture.

● Applications: Dalton’s law is fundamental in various scientific fields, including chemistry,
environmental science, and medicine. It is used to calculate the pressures of gases collected
over water (where water vapor contributes to the total pressure), determine the composition of
gas mixtures, and understand the behavior of gases in the human body, such as in calculating of
oxygen partial pressures in blood.

● Relevance to Ideal Gas Behavior: Dalton’s law assumes that the gases in the mixture do not
interact with each other, a condition that closely aligns with the behavior of ideal gases. For real
gases, especially at high pressures or low temperatures where intermolecular forces become
significant, deviations from Dalton’s law may occur.

Example 1

We have a container with a volume of 1 liter. Inside this container is a mixture of two gases: oxygen O2

and nitrogen N2. Assume the partial pressure of oxygen POxygen is 0.2 Kpa and the partial pressure of
nitrogen PNitrogen is 0.3 Kpa.

According to Dalton’s law of gases, the total pressure PTotal exerted by the mixture of gases is the sum of
the partial pressures of each gas:
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PTotal = POxygen + PNitrogen

= O.2 Kpa + 0.3 Kpa

= 0.5 Kpa

Example 2

Suppose we have a container with a total of 5 moles of gas. Of these, 2 moles are oxygen O2 and 3 moles
are nitrogen N2. Assume the total pressure PTotal of the mixture is 1 atm.

The mole fractions of each gas are:

● Partial pressure of oxygen: POxygen= 0.4 × 1 atm = 0.4 atm
● Partial Pressure of nitrogen: PNitrogen= 0.6 × 1 atm = 0.6 atm

Example 3

A gas cylinder contains oxygen, nitrogen, and helium with partial pressures of 300 mmHg, 500 mmHg,
and 200 mmHg, respectively. Dalton’s law allows us to calculate the total pressure in the cylinder as the
sum of these partial pressures:

Ptotal = 300 mmHg + 500 mmHg + 200 mmHg = 1000 mmHgP

Dalton’s law of partial pressures is essential for understanding and predicting the behavior of gas
mixtures. It plays a crucial role in both theoretical studies and practical applications across science and
engineering.

5. Avogadro’s Law

Avogadro’s law, named after Amedeo Avogadro, is a fundamental gas law that establishes a direct
relationship between the volume of a gas and the number of gas particles (usually expressed in moles).
Avogadro’s hypothesis, formulated in 1811, states that equal volumes of gases at the same temperature
and pressure contain an equal number of particles. This principle is crucial for understanding the
behavior of gases under different conditions and lays the groundwork for the molar concept in chemistry.
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Avogadro’s Law Formula

Mathematical Expression:

V ⍺ nV

or, when comparing two conditions,

𝑉
1

𝑛
1

=
𝑉

2

𝑛
2

Where:

● V is the volume of the gas,
● n is the amount of substance in moles,
● V1 and V2 are the volumes of the gas at two different amounts,
● n1 and n2 are the amounts of the gas in moles at two different conditions.

Example 1

Imagine you have a 1.00 L balloon filled with helium gas at
room temperature and atmospheric pressure, and it
contains 0.0446 moles of helium (the molar volume of a
gas at standard temperature and pressure is
approximately 22.4 L/mol). According to Avogadro’s law, if
you were to double the amount of helium to 0.0892 moles
(while keeping the temperature and pressure constant),
the volume of the balloon would also double to 2.00 L.

This example demonstrates how, under the same
conditions of temperature and pressure, doubling the amount of gas (in moles) results in a doubling of
the volume. This direct proportionality between the number of moles and volume is a powerful tool in
the field of chemistry, allowing for the prediction of gas behavior during reactions and processes.

Example 2

Suppose we have two containers, A and B, each containing a gas at the same temperature and pressure.
Container A contains 2 liters of oxygen gas O2,while container B contains 4 liters of nitrogen gas N2.

According to Avogadro’s law ratios, at the same temperature and pressure, we have:
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Assume we have 1 mole of oxygen in container A. The number of moles of Nitrogen in container B is:

If we double the volume of gas while keeping the temperature and pressure constant, we’ll also double
the number of molecules present in that volume.

6. Ideal Gas Law

The ideal gas law is a fundamental equation in chemistry and physics that describes the behavior of an
ideal gas by relating its pressure, volume, temperature, and the number of particles (moles) in a single
coherent framework. This law combines the principles of Boyle’s law, Charles’s law, Avogadro’s law, and
Gay-Lussac’s law into one comprehensive equation:

PV = nRT

Ideal gases obey ideal gas law.

● P: Pressure of the gas.
● V: Volume of the gas.
● n: Number of moles of the gas.
● R:Universal gas constant ≃0.0821 L·atm/(mol·K)
● T: The temperature in Kelvin.

Example 1

We have a container with a volume of 2 liters, containing 0.5 moles of a gas at a temperature of 300 K.
We want to calculate the pressure exerted by the gas inside the container.

𝑃𝑉 = 𝑛𝑅𝑇

𝑃 = 𝑛𝑅𝑇
𝑉 = 0.5 𝑚𝑜𝑙𝑒×0.0821 ×300

2 = 6. 15 𝑎𝑡𝑚
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● Van Der Waals Equation: The van der Waals equation is a modification of the ideal gas law that
accounts for the volume occupied by gas molecules and the attractive forces between them.

In simpler terms, the van der Waals equation adjusts the ideal gas law to better describe the
behavior of real gases by considering the finite size of gas molecules and the attractive forces
between them.

● P: Pressure of the gas
● V: Volume of the gas
● N: Number of moles of gas
● a & b are constants specific to each gas
● R: Gas constant
● T: Temperature

Here are more examples of problems that illustrate the application of gas laws:

Example 2: Calculating the Number of Moles in a Container

Suppose a 5.00 L container holds nitrogen gas at a pressure of 3.00 atm and a temperature of 298 K.
How many moles of nitrogen are in the container?

Solution:

Rearrange the ideal gas law to solve for .𝑛: 𝑛 = 𝑃𝑉
𝑅𝑇

Given

P = 3.00 atm, V = 5.00, T = 298 K, and R = 0.0821 L·atm/(mol·K)
(the value of R depends on the units of P and V).

𝑛 = (3.00 𝑎𝑡𝑚) × (5.00 𝐿)
(0.0821 𝐿.𝑎𝑡𝑚/(𝑚𝑜𝑙.𝐾)) × (298 𝐾)

≈ 0. 61 𝑚𝑜𝑙𝑒𝑠

Example 3: Finding the Volume of Gas at Different Conditions

A sample of carbon dioxide gas occupies 2.50 L at standard temperature and pressure (STP, 0 °C, and
1 atm). What volume will the same amount of gas occupy at 20 °C and 2 atm?
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Solution:

First, convert temperatures to Kelvin: T1 = 237 K, T2 = 293 K.

Since n and R are constants, you can use P1 V1 / T1 = P2 V2 / T2.

Solve for V2:

= =𝑉
2
 

𝑃
1
𝑉

1
 /𝑇

2

𝑃
2
𝑇

1

(1 𝑎𝑡𝑚) × (2.50 𝐿) × (293 𝐾)
(2 𝑎𝑡𝑚) × (273 𝐾)

𝑉 ≈ 1. 34 𝐿

Example 4: Calculating Pressure Change with Temperature

How will the pressure of a gas change if the volume is kept constant, the temperature is increased
from 25 °C to 50 °C, and the initial pressure is 1 atm?

Solution:

Convert temperatures to Kelvin: T1 = 298 K (25 °C + 273), T2 = 323 K (50 °C + 273).

Use the relation P1 / T1 = P2 / T2 to solve for P2:

𝑃
2
=

𝑃
1
 𝑇

2

𝑇
1

= (1 𝑎𝑡𝑚) × (323 𝐾)
(298 𝐾)

𝑃
2
 ≈ 1. 08 𝑎𝑡𝑚

These examples demonstrate how the ideal gas law can be applied to solve a variety of problems
involving the properties of gases under different conditions.

Ideal Gas and Density: The ideal gas law can be expressed also in terms of density. The density of a gas
is a measure of its mass per unit volume. It is typically expressed in units such as grams per liter (g/L) or
kilograms per cubic meter (kg/m³).

PM = dRT

● P: Pressure of the gas
● d: density of gas
● R: Universal gas constant ≃0.0821 L·atm/(mol·K)
● T: The temperature in Kelvin
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Let’s say we have a gas with a pressure of 1 atmosphere (1 atm), a temperature of 273 K, and a molar
mass of 28 g/mol. We can calculate the density of this gas using the relationship

PM = dRT

𝑑 = 𝑃𝑀
𝑅𝑇 = 1 𝑎𝑡𝑚 × 28 𝑔/𝑚𝑜𝑙

0.0821 𝐿.𝑎𝑡𝑚/(𝑚𝑜𝑙.𝐾) × 273 𝐾 = 28 𝑔
22.413 𝑙 = 1. 249 𝑔/𝑙

Summary

G. Colligative Properties

Colligative properties are a set of physical properties of solutions that depend solely on the
concentration of solute particles, regardless of their identity. These properties include lowering the
vapor pressure, elevation of boiling point, depression of freezing point, and osmotic pressure. Colligative
properties arise due to the disruption of solvent-solvent interactions by the presence of solute particles,
leading to changes in the behavior of the solution compared to the pure solvent.

1. Raoult’s Law

Raoult’s law states that in an ideal solution, the vapor pressure of each component is directly
proportional to its mole fraction in the solution and the vapor pressure of the pure component.

P = XP°

● P: Vapor pressure the solution, atm
● P°: Vapor pressure of the pure solvent, atm
● X: Mole fraction of the solvent
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Example

What is the vapor pressure of an aqueous solution created when 250.0 g of sucrose C12H22O11 is dissolved
in 300.0 g of water at 25 °C? (The vapor pressure of pure water at 25 °C is 0.031 atm.) The molecular
weight of sucrose is 342.3 g/mol, and that of water is 18 g/mol.

P = XP°

First, we have to calculate the mole fraction of the solvent, which is water in this case.

𝑋 = 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟
𝑇𝑜𝑡𝑎𝑙 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑖𝑛 𝑡ℎ𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛

𝑛 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟 = 𝑚
𝑀 = 300.0 𝑔

18 𝑔/𝑚𝑜𝑙 = 16. 66 𝑚𝑜𝑙

𝑛 𝑜𝑓 𝑠𝑢𝑐𝑟𝑜𝑠𝑒 = 𝑚
𝑀 = 250.0 𝑔

342.3 𝑔/𝑚𝑜𝑙 = 0. 73 𝑚𝑜𝑙

𝑡𝑜𝑡𝑎𝑙 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 =  16. 66 𝑚𝑜𝑙 + 0. 73 𝑚𝑜𝑙 = 17. 39 𝑚𝑜𝑙

𝑋 = 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟
𝑇𝑜𝑡𝑎𝑙 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑖𝑛 𝑡ℎ𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 16.66 𝑚𝑜𝑙

17.39 𝑚𝑜𝑙 = 0. 96

Finally, the vapor pressure of the solution is:

𝑃 = 𝑋𝑃० = 0. 96 × 0. 031 = 0. 03 𝑎𝑡𝑚

2. Boiling Point Elevation

Boiling point elevation occurs when a non-volatile solute is dissolved in a solvent, causing the boiling
point of the solution to increase compared to the pure solvent. This phenomenon arises due to the
decrease in vapor pressure of the solution caused by the presence of the solute particles.

The van ’t Hoff factor (i) is used to calculate boiling point elevation. It represents the ratio of the actual
number of particles in solution to the number of formula units added. When one mole of dissolved solute
creates one mole of particles in solution (as in a non-electrolyte), the van ’t Hoff factor would be 1.0.
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When two moles of particles are put into solution for every mole of solute dissolved, such as with NaCl in
water, then the van ’t Hoff factor would be 2.0.

Mathematically, the boiling point elevation ΔT can be calculated using the formula:

ΔT = i × kb × m

● ΔT : Change in solvents boiling point °C
● kb :Molal boiling point constant of the solvent, °C Kg/mol
● m:Molality of the solute,mol/Kg
● i: Van ’t Hoff’s factor of solute

Example

Let’s compare the boiling points of two solutions: one with a nonelectrolyte solute (sucrose) and the
other with an electrolyte solute (sodium chloride) at the same molality. We’ll assume the same amount
of solvent for both solutions.

Solution 1: Sucrose (Non-electrolyte)

● Solvent: Water
● Solute: Sucrose C₁₂H₂₂O₁₁
● Mass of solvent: 1.00 kg
● Molality of sucrose solution: 0.0500 mol/kg
● Van ’t Hoff factor i: 1 (since sucrose does not dissociate)
● Boiling point elevation constant Kb for water: 0.512 °C Kg/mol

Solution 2: Sodium Chloride (Electrolyte)

● Solvent: Water
● Solute: Sodium Chloride NaCl
● Mass of solvent: 1.00 kg
● Molality of NaCl solution: 0.0500 mol/kg
● Van ’t Hoff factor i: 2 (since NaCl dissociates into two ions)
● Boiling point elevation constant Kb for water: 0.512 °C Kg/mol

Now, let’s calculate the boiling point elevation for each solution using the formula:

ΔT = i × kb × m

Solution 1: Sucrose

ΔT = i × kb × m

ΔT = 1 × 0.512 °C Kg/mol × 0.0500 mol/Kg
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ΔT = 0.0256 °C

Solution 2: Sodium Chloride

ΔT = i × kb × m

ΔT = 2 × 0.512 °C Kg/mol × 0.0500 mol/Kg

ΔT = 0.0512 °C

Comparing the two solutions, we see that the boiling point elevation is twice as high for the sodium
chloride solution than the sucrose solution. This difference arises due to the presence of more solute
particles in the solution for sodium chloride (due to its dissociation) compared to sucrose.

3. Freezing Point Depression

When a non-volatile solute is added to a solvent, the solution’s freezing point decreases compared to
that of the pure solvent.

This phenomenon occurs because the presence of solute particles disrupts the formation of the regular
crystalline structure of the solvent, making it more difficult for the solvent molecules to arrange
themselves into the ordered pattern required for freezing.

Mathematically, the freezing point depression can be expressed as:

ΔT = i × kf × m

● ΔT: Change in solvents freezing point. °C
● kf: Molal freezing point constant of the solvent, °C Kg/ mol
● m: Molality of the solute, mol/Kg
● i: Van ’t Hoff’s factor of solute

Example

On a cold, wet road in Snowflake Valley, a certain amount of magnesium chloride is spread to prevent ice
formation. It’s known that the freezing point depression constant for water kf is 1.86°C kg/mol.

If enough magnesium chloride is used to create a 2.5 molal solution with the water on the road, at what
temperature will ice begin to form on the road?

It dissociates into three ions (one magnesium ion and two chloride ions). Hence, for magnesium
chloride, the van ’t Hoff factor is i = 3.

ΔT = i × kf × m

ΔT = 3 × 1.86°C kg/mol × 2.5 mol/Kg

ΔT = 13.95 °C

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 196



So, ice will begin to form on the road when the temperature drops by 13.95 °C.

4. Osmotic Pressure

The osmotic pressure is the “push” exerted by solvent molecules as they move across a barrier to
equalize the concentration of solute particles on both sides of the membrane. The more solute particles
present in the solution, the greater the osmotic pressure because there are more solvent molecules
trying to dilute the solution.

πV = nRTi

● π:Osmotic pressure
● V: Volume of the solution, L
● N:Moles of the solute,mol
● i: Van ’t Hoff’s factor of solute
● T: Temperature,K
● R:Universal gas constant ≃0.0821 L·atm/(mol·K)

Example

Imagine you have a container divided into two sections by a
semipermeable membrane. On one side of the membrane, you have
pure water (solvent), and on the other side, you have a solution of
sugar dissolved in water.

Let’s say the number of moles of sugar is 1 mol, in 1 L solution at 25 °C
(298 K). For a sugar solution, i is 1 because sugar molecules do not
dissociate in water.

The osmotic pressure:

π = 𝑖𝑅𝑇𝑛
𝑉 = 1×0.0821×298×1 

1 = 24. 48 𝑎𝑡𝑚

5. Non Ideal Solutions

Ideal Solutions and Raoult’s Law: Ideal solutions behave exactly as predicted by Raoult’s law. According
to Raoult’s law, the vapor pressure of a solution is directly proportional to the mole fraction of the
solvent in the solution. This means that the more solvent there is in the solution, the higher the vapor
pressure should be.

Nonideal Solutions and Deviations From Raoult’s Law: Nonideal solutions deviate from the predictions
of Raoult’s law due to various factors, such as interactions between solute and solvent molecules.

Negative Deviations: Negative deviations occur when the vapor pressure of the solution is lower than
predicted by Raoult’s law. This can happen when stronger solute-solvent attractions, like hydrogen
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bonding, prevent solvent molecules from escaping into the vapor phase. Negative deviations can also
occur when the enthalpy of solution is large and exothermic, meaning that heat is released when the
solute dissolves in the solvent.

Positive Deviations: Positive deviations occur when the vapor pressure of the solution is higher than
predicted by Raoult’s law. This can happen when solute and solvent are very volatile, meaning they
evaporate easily. Positive deviations can also occur when the enthalpy of solution is large and
endothermic, meaning that heat is absorbed when the solute dissolves in the solvent.

H. Phase Changes

Phase changes, also known as phase transitions, are physical transformations that occur when a
substance transitions between different states of matter, such as solid, liquid, and gas. These transitions
are governed by temperature and pressure changes, which affect the arrangement and movement of
particles within the substance.

During phase changes, energy is typically either absorbed or released, leading to alterations in the
internal energy of the system. Common phase changes include melting, freezing, evaporation,
condensation, sublimation, and deposition.

Melting Freezing Evaporation Condensation Sublimation Deposition

Solid to Liquid Liquid to Solid Liquid to Gas Gas to Liquid Solid to Gas Gas to Solid

1. Melting

A solid substance absorbs heat energy. As a result,
intermolecular forces weaken, allowing particles to
overcome their fixed positions and gain mobility. When
particles gain enough energy to overcome the
intermolecular forces that hold them in fixed positions in
the solid state, they begin to flow past one another, leading
to the formation of a liquid.
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● Melting Point: The temperature at which a solid substance changes into a liquid state. The
melting point of water, for example, is 0 °C (32 degrees Fahrenheit) at standard atmospheric
pressure STP.

2. Freezing

A liquid substance loses heat energy. Intermolecular forces strengthen,
causing particles to lose mobility and adopt fixed positions. When mobility
decreases, they begin to settle into fixed positions, forming a solid structure.

● Freezing Point: The temperature at which a liquid substance changes
into a solid state. It’s the same as the melting point but in the opposite
direction.

3. Evaporation

A liquid substance absorbs heat energy. As a
result, Intermolecular forces weaken significantly,
allowing particles to break free from the liquid
phase and become a gas. Vaporization can occur
either through boiling (at the boiling point) or
evaporation (at temperatures below the boiling
point).

● Boiling Point: The temperature at which a liquid substance changes into a gas state, usually
under standard atmospheric pressure. The boiling point of water is 100 °C (212 °F degrees
Fahrenheit).

4. Condensation

Gas substance loses heat energy. As a result, intermolecular forces
strengthen, causing gas particles to come closer together and form a liquid.
Condensation typically occurs when the temperature of the gas decreases
below its condensation point.

● Condensation Point: The temperature at which a gas changes into a
liquid state. It’s the same as the boiling point but in the opposite direction.

5. Sublimation

Solid substance absorbs a significant amount of heat energy. As a result, Intermolecular forces weaken
significantly, allowing particles to transition directly from the solid phase to the gas phase without
passing through the liquid phase. Sublimation occurs under specific temperature and pressure
conditions.
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Dry ice, a solid carbon dioxide CO2, is a common example of
sublimation. At normal atmospheric pressure, dry ice does not melt
into a liquid form like water ice does; instead, it undergoes
sublimation directly from the solid phase to the gas phase. This
means that when dry ice is exposed to room temperature, it
sublimes, transitioning directly into carbon dioxide gas .

● Sublimation Point: The temperature at which a solid
substance changes directly into a gas state without passing
through the liquid state.

6. Deposition

Gas substance loses heat energy. As a result, intermolecular forces
strengthen significantly, causing gas particles to come closer
together and form a solid. Deposition occurs when a gas transitions
directly into a solid without passing through the liquid phase.

A common example of deposition is the formation of frost on
surfaces during cold weather conditions. When water vapor in the air
comes into contact with a cold surface, such as a window pane or a
metal railing.

● Deposition Point: The temperature at which a gas changes directly into a solid state without
passing through the liquid state.

7. Energy and Phase Changes

Endothermic Processes Exothermic Processes

Phase changes that require the absorption of
energy (heat) from the surroundings, such as
melting, vaporization, and sublimation.

Phase changes that release energy (heat) to the
surroundings, such as freezing, condensation,
and deposition.

When there is a temperature change in a substance, the heat energy takes the form of

Q = m × c × ∆T

● m:mass of the substance
● c: specific heat capacity (J/mol°C)
● ∆T: difference in temperature between two points. In other words, it is the temperature

decrease or increase between two points.
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Example

Suppose we have 500 grams of water and want to calculate the amount of heat energy required to raise
its temperature by 10 °C. The specific heat capacity of water c = 4.18 J/grams°C.

Calculating the amount of heat energy required to raise the temperature of a substance. The formula
Q = mc∆T quantifies the heat energy (Q) needed, where m is the mass of the substance, c is the specific
heat capacity, and ΔT is the temperature change.

For 500 grams of water with a specific heat capacity of 4.18 J/grams°C and wanting to increase the
temperature by 10 °C, the calculation is as follows:

𝑄 = 500 𝑔𝑟𝑎𝑚𝑠 ×  4. 18 𝐽/𝑔𝑟𝑎𝑚𝑠℃ × 10 ℃
𝑄 = 20, 900 𝐽

This means that to raise the temperature of 500 grams of water by 10 °C, you would need to supply
20,900 joules of heat energy. The positive value of Q indicates that heat is absorbed by the water (an
endothermic process), leading to an increase in temperature. This calculation highlights the concept of
specific heat capacity, which is the amount of heat per unit mass required to raise the temperature of a
substance by one degree Celsius.

Water’s high specific heat capacity explains why water is effective at absorbing and storing heat, playing
a crucial role in Earth’s climate and the human body’s ability to regulate temperature.

Latent Heat

Each phase change involves a specific quantity of energy known as latent heat, which is absorbed or
released at a constant temperature. Latent heat is the energy required to change the phase of a
substance without changing its temperature and varies depending on the substance and the phase
change involved.

Latent Heat of Fusion Latent Heat of Vaporization

The amount of heat required to convert a unit
mass of a substance from solid to liquid at its
melting point.

The amount of heat required to convert a unit
mass of a substance from liquid to gas at its
boiling point.

The formula to calculate the latent heat Q absorbed or released during a phase change is given by:

Q = n × ∆H

● Q: Latent heat
● n: Number of moles of the substance
● ∆H: Specific (fusion or vaporization) latent heat of each substance
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Example 1

Suppose we have 27 moles of ice (solid water) at its melting point of 0 °C. We want to calculate the
amount of heat energy required to completely melt the ice. (solid to liquid)

Latent heat of fusion of water, ∆H = 6.0 kJ/mol (at 0 °C)

Q = n × ∆H

= 27 mol × 6.0 Kj/mol

= 162 Kj

Understanding phase changes is crucial in various scientific and engineering fields. It underpins
technologies such as refrigeration, heating systems, and the distillation process in chemical
manufacturing. Moreover, phase changes play a vital role in natural processes, including the water cycle,
which is essential for life on Earth. Phase changes illustrate the dynamic interactions between particles
in different states of matter and the role of thermal energy in driving these transformations.

I. Phase Changes Diagram

A phase diagram is a graphical representation of the phases of a substance under different conditions of
temperature and pressure. It illustrates how a substance’s phases (solid, liquid, and gas) change as
temperature and pressure vary.

Phase change diagrams consist of various components, including phase boundaries delineating
transitions between solid, liquid, and gas states, critical points marking the end of distinct phases, and
triple points where all three phases coexist simultaneously.

How do phase diagrams help determine the state of a substance at speci�ic temperature and
pressure conditions?

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 202



● Axes: Typically, temperature is plotted on the x-axis and pressure on the y-axis.

● Phases: The diagram shows the boundaries between different phases (solid, liquid, and gas
phases.)

● Phase Transitions: Phase transitions occur along these boundaries (at the melting point, boiling
point, etc.)

● Critical Point: At a certain combination of temperature and pressure, there’s a critical point
beyond which distinct liquid and gas phases cease to exist, and the substance becomes a
supercritical fluid.

● Supercritical: When a substance is in a supercritical state, it’s neither fully a liquid nor a gas but
a bit of both at the same time. Imagine it like this: it’s as if the substance is a super-powered
version of a liquid and a gas combined.

● Triple Point: This is the point where all three phases (solid, liquid, gas) coexist in equilibrium. It
represents a specific temperature and pressure where the substance can exist in all three
phases simultaneously.

● Phase Regions: The areas enclosed by the phase boundaries represent regions where a single
phase is stable. For example, within the solid phase region, the substance exists only as a solid
under certain temperature and pressure conditions.

Example

The Phase Diagram of Water:Mapping the transformations ofH2O across temperature and pressure.

The phase change of water, as depicted in its phase diagram, showcases the remarkable transformations
H2O undergoes with changes in temperature and pressure. From the solid ice phase to the liquid water
phase, and further to the gaseous vapor phase, each transition represents a delicate balance of
molecular forces and energy exchange.
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Critical Point: According to the graph, the critical point of water occurs at a temperature of 373.99 °C
(647 K) and a pressure of 217.75 atm. Beyond this point, water exists as a supercritical fluid, possessing
properties of both a liquid and a gas.

One example where water exists in a supercritical state is in the production of decaffeinated coffee. In
this process, coffee beans are soaked in water at high pressure and temperature. The water reaches its
supercritical state, where it behaves like both a liquid and a gas. This supercritical water effectively
removes caffeine from the coffee beans while keeping most of the flavor compounds intact.

Triple Point: At this precise point, water exists simultaneously as ice, liquid water, and water vapor. The
triple point occurs at a temperature of 0.01 °C (273.16 K) and a pressure of 0.0060 atm. This exact
combination of temperature and pressure is where the phase boundaries between ice, liquid water, and
water vapor meet.

J. Heating Curve

A heating curve is a graphical representation showing how the temperature of a substance changes over
time as it gains heat and heats up. It typically depicts a gradual increase in temperature until the
substance reaches its melting or boiling point, at which point its temperature momentarily stabilizes as
it undergoes a phase change. After the phase change is complete, the temperature continues to increase
until it reaches its final desired temperature.

Key Features:

● Initial Phase (Solid): The curve begins with the substance in its solid state. As heat is added,
the temperature of the solid rises linearly due to the increase in the kinetic energy of its
particles.

● Melting Point Plateau: Upon reaching the melting point, the temperature stabilizes, and the
curve plateaus. During this phase, all added heat breaks the intermolecular forces holding the
solid structure together, converting the solid into a liquid. This is an example of latent heat of
fusion, where heat is absorbed without a temperature change.

● Liquid Phase: Once the substance has completely melted, the temperature begins to rise again,
as it is now in the liquid phase. The temperature increase is linear because the added heat
increases the kinetic energy of the particles.

● Boiling Point Plateau: At the boiling point, another plateau occurs on the curve. Like the melting
point, the temperature remains constant during this phase as the added heat is used to
overcome the forces of attraction between the liquid particles, turning the liquid into a gas. This
phase transition involves the latent heat of vaporization.

● Gas Phase: After the substance has fully transitioned into a gas, further addition of heat
increases the temperature of the gas. This final rise in temperature reflects the increase in
kinetic energy of the gas particles.
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Example

Consider the heating curve of water. How much heat (Q)
should be added to heat 100 g of ice at -10 celsius to boil it at
100 °C?

● The specific heat capacity cwater = 4.18 J/grams°C
● The specific heat capacity cice = 2.1 J/grams°C
● Latent heat of fusion of water, ∆H = 6.0 kJ/mol
● Latent heat of vaporization of water, ∆H = 40.7 kJ/mol
● The molar mass of water M = 18 g/mol

We have 4 intervals - 10 °C to 100 °C; AB, BC, CD, and DE.

1. Interval AB (-10 °C to 0 °C): Heating up ice to get it to the melting point (0 °C), where the phase
transition from ice to water starts. Q1 needed to raise the temperature of water from -10 °C to 0
is: (specific heat capacity of ice used)

𝑄1 = 𝑚𝑐∆𝑇

∆𝑇 = 𝑓𝑖𝑛𝑎𝑙 𝑡𝑒𝑚𝑝𝑒𝑟𝑎𝑡𝑢𝑟𝑒 − 𝑖𝑛𝑖𝑡𝑖𝑎𝑙 𝑡𝑒𝑚𝑝𝑒𝑟𝑎𝑡𝑢𝑟𝑒

𝑄1 = 100 × 2. 1 𝐽/𝑔𝑟𝑎𝑚𝑠. ℃ × 10 ∆𝑇 = 0 ℃ − (− 10 ℃) =+ 10 ℃ 

𝑄1 = 2100 𝐽 = 2. 1 𝑘𝑗

2. Interval BC (0 °C): The first plateau, the ice absorbs heat to break the intermolecular forces and
transition to water. The heat required for this process is latent heat Q2:

𝑄2 = 𝑛 × ∆𝐻 𝑛 = 𝑚
𝑀 = 100 𝑔

18 𝑔/𝑚𝑜𝑙 = 5. 55 𝑚𝑜𝑙

𝑄2 = 5. 55 × 6. 0 𝑘𝑗
𝑄2 = 33. 33 𝑘𝑗
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3. Interval CD (0 °C to 100 °C): Heating water to get it to the boiling point (100 °C), the phase
transition from water to ice starts. Q3 needed to raise the temperature of water from 0 °C to 100
°C is: (specific heat capacity of water used)

𝑄3 = 𝑚𝑐∆𝑇                                                                   ∆𝑇 = 0 ℃ − (− 10 ℃) =+ 10 ℃ 

𝑄3 = 100 𝑔 ×  4. 18 𝐽/𝑔𝑟𝑎𝑚𝑠℃ × 100℃

𝑄3 = 41, 800 𝐽 = 41. 8 𝑘𝐽

4. Interval DE (100 °C): The second plateau, the water absorbs heat to break the intermolecular
forces and transition to water vapor (starts to boil). The heat required for this process is latent
heat Q4:

𝑄4 = 𝑛 × ∆𝐻

𝑄4 = 5. 55 𝑚𝑜𝑙 × 40. 7 𝑘𝐽/𝑚𝑜𝑙

𝑄4 =  226. 111 𝑘𝐽

𝑇𝑜𝑡𝑎𝑙 ℎ𝑒𝑎𝑡 𝑔𝑎𝑖𝑛𝑒𝑑 𝑄 = 𝑄1 + 𝑄2 + 𝑄3 + 𝑄4

𝑇𝑜𝑡𝑎𝑙 ℎ𝑒𝑎𝑡 𝑔𝑎𝑖𝑛𝑒𝑑 𝑄 = 2. 1 𝑘𝐽 + 33. 33 𝑘𝐽 + 41. 8 𝑘𝐽 + 226. 111 𝑘𝐽

𝑇𝑜𝑡𝑎𝑙 ℎ𝑒𝑎𝑡 𝑔𝑎𝑖𝑛𝑒𝑑 𝑄 = 303. 341 𝑘𝐽

Notable

● The number of moles of a substance remains constant during physical phase changes.
● The process of heating ice at -10 °C to boiling water at 100 °C beautifully illustrates the concepts

of specific heat capacity and latent heat, which are fundamental in thermodynamics and
physical chemistry.

K. Cooling Curve

Opposite the heating curve, a cooling curve illustrates the
change in temperature of a substance as it loses heat. It
typically starts at a higher temperature and shows a gradual
decrease in temperature over time. During this cooling process,
the substance may undergo phase transitions, such as from a
gas to a liquid or from a liquid to a solid. These phase
transitions are often characterized by plateaus or flat sections
on the cooling curve where the temperature remains constant
as the substance transitions between phases.

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 206



Key Features:

● Initial High-Temperature Phase (Gas): The curve starts with the substance in its gaseous state
at a high temperature. As the substance loses heat, its temperature decreases.

● Condensation Point: The curve plateaus when the substance reaches its condensation point,
the temperature at which it transitions from gas to liquid. During this phase change, the
temperature remains constant as the substance releases latent heat of vaporization.

● Liquid Phase: After condensation, the substance, now in liquid form, continues to cool and lose
temperature linearly as it releases heat to the environment.

● Freezing Point: Another plateau occurs at the freezing point, where the liquid becomes a solid.
The temperature stays constant during this transition as the substance releases the latent heat
of fusion.

● Solid Phase: Once the substance has solidified, it continues to cool, but now as a solid. The
temperature decreases linearly as the solid releases heat until it reaches the ambient
temperature or until the cooling process is halted.

Examples:

● Cooling of Molten Metal: In metallurgy, cooling curves are used to analyze the solidification
process of molten metals. By observing the plateaus and changes in the slope of the curve,
metallurgists can infer the crystallization process and purity of the metal.

● Making of Candle Wax: The cooling curve of wax as it solidifies from liquid to solid can be used
to determine the optimal time for adding dyes or fragrances during candle making.

● Chocolate Tempering: In the culinary industry, particularly in chocolate making, cooling curves
are crucial for tempering chocolate. The curve helps chocolatiers control the temperature
precisely to ensure the formation of stable cocoa butter crystals, resulting in a glossy finish and
proper snap.

Cooling Curve Calculation

Calculating the details of a cooling curve involves understanding how much energy is lost from a
substance as it cools and transitions through different phases (e.g., from liquid to solid). While the
specific calculations can get complex, involving thermodynamics and heat transfer principles, here’s a
simplified approach to calculating aspects of a cooling curve, using the example of water cooling and
freezing into ice.

1. Identify Key Temperatures and Phases:

● Start temperature (Tstart): The initial temperature of the liquid above its freezing point.
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● Freezing point (Tfreez): The temperature at which the liquid begins to solidify.
● End temperature (Tend): The final temperature after the substance has fully solidified and cooled

further.

2. Calculate Heat Loss During Cooling to Freezing Point:

Use Q = mc∆T to calculate the heat loss as the substance cools from Tstart to Tfreez. q is the heat
lost, m is the mass of the substance, c is the specific heat capacity of the substance in its initial
phase (liquid for water), and ∆T is the change in temperature. (Q must be negative since it is
cooling.)

Example: Cooling 500 g of water from 25 °C to 0 °C (freezing point).

● 𝑚 = 500 𝑔

●
𝐶𝑤𝑎𝑡𝑒𝑟 = 4. 18 𝐽/𝑔°𝐶

● Δ𝑇 = 0 °𝐶 − 25 °𝐶 =− 25 °𝐶

● 𝑄 =− 500𝑔 × 4. 18 𝐽/𝑔°𝐶 × 25 °𝐶 =− 52, 250 𝐽

3. Calculate Heat Loss During Phase Change:

Use Q = nΔH to calculate the heat loss during the phase change from liquid to solid, where L is the
latent heat of fusion (for water,ΔHfusion = 6.0 kJ/mol).

Example: Freezing 500 g of water.

● 𝑚 = 500𝑔

● ΔHfusion = 6.0 kJ/mol

● 𝑄 = (500𝑔 ÷ 18𝑔/𝑚𝑜𝑙)× 6. 0 𝑘𝐽/𝑚𝑜𝑙 =− 167 𝑘𝐽 =− 167000 𝐽

( Qfreezing= - Qmelting)

4. Calculate Further Cooling After Phase Change

If the substance cools further after the phase change, use Q = mc∆T again with the specific heat
capacity of the solid phase to calculate additional heat loss.

Example: Cooling ice from 0 °C to -10 °C.

● 𝑚 = 500 𝑔

● 𝐶
𝑖𝑐𝑒

= 2. 09 𝐽/𝑔°𝐶 (𝑠𝑝𝑒𝑐𝑖𝑓𝑖𝑐 ℎ𝑒𝑎𝑡 𝑜𝑓 𝑖𝑐𝑒)
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● Δ𝑇 =− 10 °𝐶 − 0 °𝐶 =− 10 °𝐶

● 𝑄 =− 500 𝑔 × 2. 09 𝐽/𝑔°𝐶 × 10 °𝐶 =− 10, 450 𝐽

5. Combine Calculations for Total Heat Loss

Add the heat lost during each stage to find the total heat removed from the substance as it cools
and changes phase.

𝑇𝑜𝑡𝑎𝑙 ℎ𝑒𝑎𝑡 𝑙𝑜𝑠𝑠 =− 52, 250 𝐽 − 167, 000 𝐽 − 10, 450 𝐽 =− 229, 700 𝐽

This example simplifies calculating a cooling curve but demonstrates the essential concept of
heat loss during cooling and phase change. In practice, cooling curves can be more complex and
may require more detailed thermodynamic calculations, especially for substances with
non-linear cooling rates or those undergoing multiple phase changes.
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Quiz

1. Which state of matter has a definite shape and volume?

A) Liquid
B) Gas
C) Solid
D) Plasma

2. In which state of matter are particles most closely packed together?

A) Solid
B) Liquid
C) Gas
D) All are equally packed

3. Which state of matter takes the shape of its container but has a definite volume?

A) Solid
B) Liquid
C) Gas
D) Plasma

4. According to the kinetic molecular theory, gas particles:

A) Attract each other strongly
B) Are stationary
C) Move randomly and constantly
D) Have a definite shape

5. Boyle’s law relates which two properties of a gas?

A) Temperature and volume
B) Pressure and volume
C) Volume and moles
D) Pressure and temperature
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6. What happens to the kinetic energy of particles as a substance changes from solid to liquid?

A) Increases
B) Decreases
C) Remains the same
D) Drops to zero

7. During which phase change does a substance go directly from a solid to a gas?

A) Freezing
B) Melting
C) Sublimation
D) Condensation

8. What is represented on the x-axis of a phase change diagram?

A) Pressure
B) Volume
C) Temperature
D) Time

9. On a heating curve, what does a plateau represent?

A) Constant temperature
B) Phase change
C) Increase in kinetic energy
D) Both A and B

10. What is true about the particles of a gas compared to those of a liquid?

A) More densely packed
B) Higher kinetic energy
C) Lower kinetic energy
D) More ordered

11. Charles’s law relates the volume of a gas to its:

A) Pressure
B) Number of moles
C) Temperature
D) Mass
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12. During condensation, a substance changes from:

A) Solid to liquid
B) Liquid to gas
C) Gas to liquid
D) Liquid to solid

13. What is not a phase change?

A) Vaporization
B) Sublimation
C) Ionization
D) Deposition

14. What property is conserved during a cooling curve?

A) Mass
B) Volume
C) Pressure
D) Energy

15. The equation represents the ideal gas law:

A) PV = nRT
B) PV = nR
C) P1V1 = P2V2

D) V / T = constant

16. In which phase do particles have the least amount of kinetic energy?

A) Solid
B) Liquid
C) Gas
D) Plasma

17. What does the triple point on a phase diagram represent?

A) Where solid, liquid, and gas phases coexist
B) Where only solid and liquid phases coexist
C) The critical point for a substance
D) The end of the gas phase
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18. What is the primary difference between evaporation and boiling?

A) Evaporation occurs at the surface, boiling throughout the liquid
B) Evaporation is a cooling process; boiling is not
C) Boiling occurs only at high temperatures
D) Evaporation cannot occur under pressure

19. Which phase change involves heat absorption?

A) Freezing
B) Condensation
C) Vaporization
D) Deposition

20. What effect does increasing pressure have on the boiling point of water?

A) Increases the boiling point
B) Decreases the boiling point
C) No effect
D) Turns water into ice
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Chapter 7: Thermodynamics

Overview

This chapter delves into the captivating world of thermodynamics, a branch of physical chemistry that
studies energy, heat, and work and their interrelation in chemical processes. It begins with an
introduction to the fundamental concepts of thermodynamics in chemistry. Then, the chapter progresses
to explore key thermodynamic quantities such as enthalpy (H), entropy (S), and Gibbs free energy (G),
which are essential for predicting the spontaneity and feasibility of chemical reactions. The narrative
then navigates through the core laws of thermodynamics: the first law, which deals with the
conservation of energy; the second law, which addresses the direction of spontaneous processes and
the increase in entropy; and the third law, which relates to the entropy of a perfect crystal at absolute
zero temperature. Additionally, the chapter elucidates the relationship between the electromotive force
of a cell (Ecell), Gibbs free energy change (ΔG), and the equilibrium constant (K), offering insights into
electrochemistry and the energetics of reactions.

Objectives

At the end of this chapter, you should be able to:

● Comprehend the Basics of Thermodynamics: Understand the fundamental principles of
thermodynamics and their application in chemistry.

● Identify Key Thermodynamic Quantities: Describe the significance of enthalpy, entropy, and
Gibbs free energy in determining the spontaneity and equilibrium of chemical reactions.

● Apply the First Law of Thermodynamics: Recognize the principle of energy conservation and its
implications for chemical systems.

● Explain the Second Law of Thermodynamics: Understand the concept of entropy and its
importance in predicting the direction of chemical and physical processes.

● Understand the Third Law of Thermodynamics: Grasp the significance of absolute zero and its
impact on the entropy of a system.

● Interpret the Relationship between Ecell, ΔG, and K: Analyze how the electromotive force of a cell
is related to Gibbs free energy change and the equilibrium constant, deepening your
understanding of electrochemical reactions.

● Predict Reaction Spontaneity: Use thermodynamic principles to assess the feasibility and
spontaneity of chemical reactions.

A. Introduction to Thermodynamics in Chemistry

In chemistry, thermodynamics is a fundamental branch that deals with energy transformations and the
principles governing the direction of these transformations in chemical processes. It provides a deep
understanding of how energy exchanges occur, how they can be predicted, and how they influence the
behavior of matter in various chemical reactions and states of matter. Thermodynamics lays the
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foundation for explaining the feasibility and spontaneity of chemical reactions and the efficiency of
energy conversion in these processes.

At the heart of chemical thermodynamics are several key concepts and laws that describe the behavior
of systems in terms of energy, entropy, enthalpy, and equilibrium.

B. Thermodynamics Quantities

Thermodynamics explores how heat, work, and other forms of energy interact within physical and
chemical systems.

In chemistry, thermodynamics plays a fundamental role in understanding the energy changes that occur
during chemical reactions and processes. It helps explain why certain reactions occur spontaneously
while others require external energy input.

Systems are classified in chemical reactions and processes into:

Open System: In chemistry, an open system allows both matter and energy
to exchange with its surroundings. For example, a beaker containing a
reaction mixture that is open to the atmosphere, allowing reactants and
products to be added or removed, and heat exchange with the
surroundings, is an open system.

Closed System: A closed system allows energy exchange (usually in the
form of heat) with its surroundings but does not allow the exchange of
matter. For instance, a sealed reaction vessel where only heat can enter or
leave, but not reactants or products, is a closed system.
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Isolated System: In chemistry, an isolated system does not exchange
matter or energy with its surroundings. It is an idealized concept used for
theoretical purposes. For example, a perfectly insulated reaction vessel
that is completely sealed off from the surroundings, preventing both heat
exchange and the exchange of matter, would be considered an isolated
system in chemistry.

Key Thermodynamic Quantities and Their Role in Energy Dynamics

Thermodynamic quantities are pivotal in understanding how energy and heat flow within and around
systems, offering a comprehensive view of their energetic states and processes. These quantities are the
backbone of thermodynamics, the branch of physics that deals with heat, work, and temperature and
their relation to energy and force. Here’s a closer look at some of the key thermodynamic quantities:

Internal Energy (U): This is the total sum of all types of energy present in a system, encompassing both
the kinetic energy of particles moving and vibrating and any potential energy resulting from interparticle
forces.

Enthalpy (H): Enthalpy is a broader measure of a system’s energy, including its internal energy plus the
product of its volume and the pressure exerted on it by its surroundings. It’s particularly useful in
processes occurring at constant pressure.

Entropy (S): Entropy quantifies the disorder or randomness within a system. It’s a fundamental concept
in determining the direction of heat transfer and the feasibility of chemical reactions.

Gibbs Free Energy (G): Gibbs free energy measures the maximum amount of work a system can
perform at constant temperature and pressure, excluding expansion work. It’s crucial for predicting the
spontaneity of reactions.

Helmholtz Free Energy (A): This quantity assesses the work a system can do at constant volume and
temperature, making it useful in scenarios where pressure might vary.

Heat Capacity (C): Heat capacity represents how much heat energy is needed to increase a system’s
temperature by a certain amount, reflecting how substances absorb and store heat.

Heat Transfer (Q): Heat transfer is the movement of heat energy into or out of a system, a key process in
understanding how systems interact with their environment.

Work (W): In thermodynamics, work refers to energy transferred when a force is applied over a
distance. It’s a way systems can exchange energy with their surroundings besides heat transfer.
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C. Enthalpy H

Enthalpy (H) tells us how much heat is involved in a process, like when things heat up or cool down or
when substances change from one form to another, like melting or evaporating. In other words, enthalpy
is the total heat content of a system.

Not every system inherently possesses heat. Heat is a form of energy that can be transferred to or from
a system. Heat transfer occurs when there’s a temperature difference between the system and its
surroundings, causing thermal energy to flow from the warmer object to the cooler one.

● Internal Energy U includes the kinetic energy of particles due to their motion and the potential
energy associated with their intermolecular forces.

H = U + PV

H: Enthalpy
U: Internal energy
P: Pressure
V: Volume

While the formula for enthalpy allows us to calculate it indirectly by knowing the internal energy,
pressure, and volume of the system, it is not directly measurable in the same way as temperature or
pressure.

Scientists use “enthalpy difference” ∆H o to measure enthalpy change.

Changes in Enthalpy (ΔH)

The change in enthalpy ΔH during a reaction is more commonly measured in chemistry than the
absolute enthalpy. It is given by:

ΔH = Hproducts - Hreactants

A negative ΔH (exothermic reaction) indicates that heat is released to the surroundings, while a positive
ΔH (endothermic reaction) means that heat is absorbed from the surroundings.

Exothermic Reactions Endothermic Reactions

Thermodynamics explains reactions that release
heat energy to the surroundings. For example,
the combustion of fuels like gasoline or the
reaction between acids and bases to form water
and salts are exothermic processes. These
reactions involve a decrease in the enthalpy
(heat content) of the system, resulting in the
release of heat.

Conversely, endothermic reactions absorb heat
energy from the surroundings. An example is the
dissolution of ammonium nitrate in water, which
absorbs heat from the surroundings, causing the
solution to become cold. Endothermic reactions
result in an increase in the enthalpy of the
system.
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Example

Calculate the enthalpy change for the following reaction:

CH4 (g) + 2O2 (g)⟶ CO2 (g) + 2H2O (l)

Given:

The enthalpy of formation of CH4 = − 74.8 kJ/mol

The enthalpy of formation of CO2 = − 393.5 kJ/mol

The enthalpy of formation of H2O = − 286 kJ/mol

The enthalpy of formation of O2 = 0 kJ/mol (by convention)

Before doing anything, we must ensure that the reaction is balanced. After checking all the numbers, it
looks like it is given balanced:

● ΔH < 0 : Exothermic Reaction (the enthalpy of the products is higher than the enthalpy of the
reactants; the reaction releases energy into its surroundings).

Standard Enthalpy of Formation (ΔHf
0)

The standard enthalpy of formation is the change in enthalpy when one mole of a compound is formed
from its elements in their standard states (at 1 atm pressure and a specified temperature, typically 298 K
(25 °C)).

For elemental forms in their standard states, ΔHf
0 is defined as zero.

Enthalpy and Phase Changes

Enthalpy changes accompany phase changes; the enthalpy of fusion (ΔHfus) is the heat absorbed by a
unit mass of a substance to change its state from solid to liquid at constant temperature and pressure.

Similarly, the enthalpy of vaporization (ΔHvap) is the heat required to convert a unit mass of a liquid to
vapor.
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Understanding enthalpy is crucial for predicting and manipulating the heat exchange that accompanies
chemical reactions and phase changes, making it a foundational concept in chemistry, especially in
thermodynamics and physical chemistry.

Hess’s Law

Hess’s law states that the overall enthalpy change for a chemical reaction is the same, regardless of
whether the reaction occurs in one step or multiple steps. In other words, the enthalpy change of a
reaction is dependent only on the initial and final states of the system and not on the pathway taken.

This principle allows the calculation of ΔH for complex reactions through the summation of ΔH values
for individual steps.

Example:

Using Hess’s law, calculating the ΔH of the following complex reaction requires the addition of ΔH values
of the individual steps.

ΔHtotal = ΔH1 + ΔH2+ ΔH3

ΔHtotal = 153 kJ - 696 kJ + 572 kJ

ΔHtotal = 29 kJ

Notable

● ΔH०: it’s the symbol of enthalpy difference at STP conditions.

Bond Energy

Bond energy refers to the amount of energy required to break a chemical bond between atoms in a
molecule or compound. It is typically measured in kilojoules per mole (kJ/mol) and represents the
strength of the bond. Higher bond energy indicates a stronger bond, meaning more energy is required to
break it.

Bond energy is influenced by factors such as bond type (single, double, or triple bonds), bond length,
and the nature of the atoms involved. It plays a crucial role in understanding and predicting the stability
of molecules and the energy changes associated with chemical reactions.
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The difference in bond energies between the bonds broken and the bonds formed determines the
reaction’s overall enthalpy change.

ΔH°reaction = ∑H°bond (broken) − ∑H°bond (bonds created)

Example

CH4 (g) + 2O2 (g)⟶ CO2 (g) + 2H2O (l)

The bonds broken are:

● In methane CH4, there are 4 C–H bonds broken.
● In oxygen O2, there are 2 O＝O bonds broken.

The bonds created are:

● 2 bonds formed in CO2: C＝O
● 4 bonds formed in H2O: O–H

Bond Bond Energy

C–H 413 kJ/mol

O=O 498 kJ/mol

C=O 805 kJ/mol

O–H 464 kJ/mol

ΔH°reaction = ∑H°bond (broken) − ∑H°bond (bonds made)

ΔH°reaction = (4 × 413 kJ/mol + 2 × 498 kJ/mol) - (2 × 805 kJ/mol + 4 × 464 kJ/mol)

ΔH°reaction = 2648 kJ/mol - 3466 kJ/mol

ΔH°reaction = -818 kJ/mol (exothermic reaction)

The numerical difference between the bond energy method (-818 kJ/mol) and the standard enthalpies of
the formation method (-890.7 kJ/mol) arises from variations in methodology, assumptions, and data
accuracy. While it’s normal for the numerical values obtained to differ, it’s important that both methods
yield results of the same sign (either both negative or both positive).

D. Entropy S

Entropy S is a measure of the randomness or disorder in a system. It quantifies the number of possible
arrangements or microstates that the particles of a system can occupy, given its energy and volume. In
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other words, entropy represents the degree of chaos or randomness within a system. Systems tend to
naturally evolve towards states with higher entropy, as these states have more possible arrangements
and are therefore more probable.

Example 1

When a gas expands into a larger volume, such as when you pop a balloon, the gas particles are liberated
and spread out to fill the entire room. In this scenario, the particles are no longer confined to the limited
space within the balloon but instead disperse freely throughout the expanded volume. This expansion
results in more possible arrangements for the gas particles, leading to a more random distribution of
their positions and velocities. As a result, the entropy of the gas increases due to the increased disorder
and randomness in its arrangement.

Example 2

When ice melts into water, the system’s entropy increases because the water molecules have more
freedom to move around compared to the more ordered arrangement of molecules in the solid ice.

This change in entropy can be calculated by subtracting the initial entropy from the final entropy of the
system.

∆𝑆 = 𝑆 𝑜𝑓 𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠 − 𝑆 𝑜𝑓 𝑟𝑒𝑎𝑐𝑡𝑎𝑛𝑡𝑠

If ΔS > 0, it indicates an increase in the disorder or randomness of a system.

If ΔS < 0, it indicates a decrease in the disorder or randomness of a system.
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E. Free Energy G

Free energy is a measure of the energy available to do work during a chemical reaction. It accounts
for the system’s enthalpy (heat content) and entropy (degree of disorder) changes.

G = H - TS

Like enthalpy, it isn’t feasible to determine the absolute value of free energy directly. Instead, scientists
focus on comparing the differences in free energy ΔG between different states of a system.

ΔG = ΔH - TΔS

ΔG is crucial because it tells us whether the reaction will occur spontaneously under certain conditions
and in which direction it will proceed.

Spontaneity Prediction: ΔG allows us to predict whether a reaction will occur spontaneously without
external intervention.

● ΔG < 0 indicates a spontaneous reaction (exergonic).
● ΔG > 0 indicates a non-spontaneous reaction (endergonic).

Direction of Reaction: For reversible reaction, ΔG helps to determine the direction of the reaction:

● ΔG < 0, the forward reaction is favored.
● ΔG > 0, the reverse reaction is favored.

Example

Let’s consider the decomposition of hydrogen peroxide (H2O2) into water (H2O) and oxygen (O2) as an
example to illustrate the concept of free energy change ΔG:

For this reaction, assume the following values for enthalpy change (ΔH) and entropy change (ΔS) at a
certain temperature (T):

● ΔH0 = −196.0 kJ/mol (enthalpy change, indicating the reaction releases heat)

● ΔS0 = +0.125 kJ/(mol·K) (entropy change, indicating an increase in disorder)

● Temperature (T) = 298 K (25 °C, standard temperature)

To calculate the free energy change (ΔG), we use the formula:

ΔG0 = ΔH0 − TΔS0

Substituting the given values:

ΔG0 = (−196.0 kJ/mol) − (298 K) × (0.125 kJ/mol.K)

ΔG0 = −196.0 kJ/mol − 37.25 kJ/mol
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ΔG0 = −233.25 kJ/mol

Since ΔG < 0, this calculation indicates that the decomposition of hydrogen peroxide into water and
oxygen is a spontaneous (exergonic) reaction under the given conditions. The negative value of ΔG
suggests that the reaction can proceed without the need for external energy input and that the forward
reaction (the decomposition of H2O2) is favored.

Calorimetry

Calorimetry is a branch of science that deals with the measurement of heat changes in physical or
chemical processes. It involves using a calorimeter, a device designed to accurately measure the heat
exchanged between a system and its surroundings.

The heat given off by the reaction equals the heat absorbed by the calorimeter. Likewise, the heat
absorbed by the reaction equals the heat given off by the calorimeter.

There are several techniques, each suited to different applications and levels of precision. Some
techniques include:

● Bomb Calorimetry: Bomb calorimetry is a technique used to measure a substance’s combustion
heat. It involves burning a sample of the substance in a sealed container (the bomb) surrounded
by water and measuring the temperature change of the water. This allows scientists to calculate
the amount of energy released during the combustion reaction, which can provide insights into
the chemical composition and energy content of the substance being studied. Bomb calorimetry
finds applications in various fields including chemistry, biochemistry, and food science.

Mathematically:

ΔHreaction = -q = -CΔT

● ΔHreaction: Heat given off (or absorbed) by the
reaction, J.

● q: heat added (or subtracted) from the reaction,
J.

● C: heat capacity of the bomb calorimeter, J/°C

Example

Suppose we have a bomb calorimeter setup with a known heat capacity of 2000 J/°C. We want
to determine the heat of combustion of a sample of glucose C6H12O6.

➔ The initial temperature of the calorimeter Ti = 25 °C
➔ The final temperature of the calorimeter Tf = 35 °C

ΔHreaction = -q = -CΔT = -(2000 J/°C) (10) = -20,000 J (negative sign indicates heat is being released
from the system)
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● Cup of coffee calorimetry: A coffee cup calorimeter is a basic tool used in thermodynamics
experiments to measure heat changes associated with chemical reactions or physical processes.
It typically consists of two nested Styrofoam cups, with the inner cup holding the reaction vessel
and the outer cup acting as insulation. By monitoring temperature changes using thermometers
inserted through the lid of the inner cup, researchers can calculate the heat exchange occurring
during the reaction or process.

Mathematically:

ΔHreaction = -q = -mcΔT

m: Mass of needed substance in the calorimetry, g
ΔHreaction:Heat given off (or absorbed) by the reaction, J
q:Heat added (or subtracted) from the reaction, J
c:Heat capacity of water in calorimetry, J/°C

Example

Let’s say we want to measure the temperature change when we dissolve 1 gram of table salt
(NaCl) in 100 grams of water using a coffee cup calorimeter.

● Mass of NaCl (m) = 1 gram
● Specific heat of water = 4.18 J/g°C
● Mass of water (m) = 100 grams
● Initial temperature of water (Ti) = 25 °C
● Final temperature of water (Tf) = 35 °C

ΔHreaction = -q = -mcΔT = - (1g) (4.18 J/g°C) (10 °C) = - 41.8 J

F. Laws of Thermodynamics

The laws of thermodynamics are fundamental principles that describe how energy moves within physical
systems.

● The Zeroth Law of Thermodynamics: Establishes the basis for temperature as a fundamental
and measurable physical property. It states that if two systems are each in thermal equilibrium
with a third system, they are in thermal equilibrium with each other. This principle allows for the
concept of temperature to be quantitatively defined and forms the foundation for the creation of
thermometers and temperature scales. Essentially, the zeroth law underpins the idea that
temperature is a universal property that can be used to predict the flow of heat between objects
in thermal contact.

● First Law (Law of Energy Conservation): Energy cannot be created or destroyed; it can only be
transformed from one form to another. The total energy of an isolated system is constant.
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● Second Law: In any energy exchange, if no energy enters or leaves the system, the potential
energy of the state will always be less than that of the initial state. This is often interpreted as
the disorder (entropy) of an isolated system will tend to increase over time.

● Third Law: As the temperature of a system approaches absolute zero, the entropy of the system
approaches a minimum value.

G. Zeroth Law of Thermodynamics

The law states that if two systems, System A and System B, are both in thermal equilibrium with a third
system, System C, then Systems A and B are also in thermal equilibrium with each other. This implies
that all three systems share a common property, which we recognize as temperature. The zeroth law
allows for the definition of an empirical temperature scale, making temperature measurement possible
by comparison rather than by calculating some property of the system.

The zeroth law’s significance lies in its implicit definition of temperature as an observable and
measurable physical quantity. It is “zeroth” because it was recognized after the first and second laws of
thermodynamics were established, but its fundamental nature places it logically before the other laws.

Example

Imagine three containers of water: Container A, Container B, and
Container C. Container A and Container C have been left in the same
room and reached room temperature. Separately, Container B,
initially at a different temperature, is brought into the room and
allowed to sit until it reaches room temperature, now matching that of
Container C.

According to the zeroth law, since Container A is in thermal
equilibrium with Container C (they are both at room temperature) and
Container B has also reached thermal equilibrium with Container C, Container A and Container B must be
in thermal equilibrium with each other. Therefore, all three containers have the same temperature,
even though A and B were never in direct contact or directly compared.

What is the di�erence between Heat and Temperature?

Heat and temperature are closely related concepts in thermodynamics but differ fundamentally in their
definitions and how they describe energy and its transfer.

Heat Temperature

Heat is a form of energy that flows between
systems or objects due to a temperature
difference.

Temperature is a measure of the average kinetic
energy of the particles in a substance.
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It is measured in joules (J) in the International
System of Units (SI).

Heat represents the total kinetic and potential
energy of the particles in a substance; it
depends on the substance’s mass, specific heat,
and temperature change amount.

Heat is a transferable energy that can move from
one object to another or from a system to its
surroundings.

It is measured in degrees Celsius (°C), Kelvin
(K), or Fahrenheit (°F).

Temperature indicates a substance’s degree of
hotness or coldness and does not depend on the
size or type of object.

Temperature is a property that determines the
direction of heat flow; heat flows from a
higher-temperature object to a
lower-temperature object until thermal
equilibrium is reached.

In summary, heat is energy in transit due to a
temperature difference, whereas temperature is
a measure of a system’s thermal state,
independent of its mass.

H. First Law of Thermodynamics

The first law of thermodynamics, also known as the law of conservation of energy, asserts that in any
process involving energy transfer, the total energy of a closed system remains constant. This means that
energy cannot be created nor destroyed but can change forms.

The expression of the first law of thermodynamics,
often referred to as the energy conservation
equation, relates the change in internal energy ΔU
of a system to the heat Q added to the system and
the work W done on the system. Mathematically, it
is expressed as:

ΔU = Q + W

Internal Energy U

The internal energy U of a system refers to the total energy contained within that system, encompassing
both the kinetic energy of its constituent particles due to their motion and the potential energy
associated with their interactions. It represents the sum of all microscopic forms of energy present
within the system, including the vibrational, rotational, and translational energies of its particles. This
energy contributes to the system’s overall temperature and pressure.

Changes in internal energy ΔU can occur through heat transfer, such as heating or cooling, as well as
through work done on or by the system, such as compression or expansion. Understanding the internal
energy of a system is fundamental in thermodynamics for analyzing energy transformations and system
behaviors.
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Heat TransferQ

Heat is the transfer of energy between a system and its surroundings due to a temperature difference.
When heat is added to a system (Q > 0), it implies that the system gains energy from its surroundings.
Conversely, when heat leaves the system (Q < 0), it loses energy to its surroundings.

Work W

The expression of work done often involves the expansion or compression of gases. The most common
type of work encountered in chemical reactions is pressure-volume work, also known as PV work.

W = -PΔV

● W = -PΔV > 0 ⟶ P∆V < 0: This indicates that ∆V = V2 - V1 < 0. So, work is done on the system
(compression).

● W = -PΔV < 0 ⟶ P∆V > 0: This indicates that ∆V = V2 - V1 > 0. So, work is done by the system
(expansion).

Any system without external interference tends to have
increasing entropy ∆S > 0. So, it will naturally expand to
increase randomness, increasing its volume.

When external work is exerted on the system, like in the case
of gas 2, it is compelled to undergo compression, reducing its
volume.

Example

An ideal gas confined within a piston-cylinder assembly undergoes a process where 1500 J of heat is
added to the system, and the gas performs 1000 J of work on its surroundings. Determine the change in
internal energy of the gas during this process.

Given:

● Work W = -1000 J (work done by the gas).
● Heat transfer Q = +1500 (heat added to the system).

We use the first law of thermodynamics to calculate ΔU.

ΔU = Q + W

ΔU = 1500 J + (-1000 J)

ΔU = 500 J
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I. Second Law of Thermodynamics

The second law of thermodynamics states that the total entropy of an isolated system will tend to
increase over time ΔS ≥ 0. This principle underlines the inevitability of energy spreading out and
becoming more uniformly distributed .

Example 1

Consider a cup of hot coffee placed on a table in a room at a lower temperature.
Initially, the coffee is hotter than its surroundings. Over time, heat energy from the
coffee spreads out into the cooler air of the room until the temperature becomes
uniform throughout the room. This process represents an increase in entropy ΔS >
0 as the heat becomes more evenly distributed.

Example 2

Consider a gas in one side of a partitioned container,
initially separated from a vacuum on the other side.
When the partition is removed, the gas molecules
disperse into the vacuum. The gas molecules are
initially confined to one side of the container,
representing a lower entropy state. However, when
the partition is removed, the gas molecules spread
out throughout the entire volume of the container,
resulting in a higher entropy state. This process
represents an increase in entropy ΔS > 0 as the
molecules become more randomly distributed in
space.

J. Third Law of Thermodynamics

The third law of thermodynamics, a cornerstone principle in the study of energy and entropy, asserts
that as a system approaches absolute zero temperature, its entropy, or disorder, approaches a minimum
or constant value. Specifically, it posits that a perfect crystal at absolute zero possesses zero entropy,
indicating a state of perfect order.

What is Absolute Zero?

Absolute zero is the lowest possible temperature that can be theoretically achieved, where the thermal
motion of particles ceases completely. It is defined as 0 Kelvin (0 K) on the Kelvin temperature scale,
equivalent to approximately -273.15 degrees Celsius or -459.67 degrees Fahrenheit. At absolute zero,
the atoms and molecules in a substance would have minimal energy and be in their lowest possible
energy state. It represents the point at which the entropy of a perfect crystal is at a minimum. However,
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reaching absolute zero is not practically achievable, although scientists have been able to approach it
very closely in laboratory settings using techniques such as laser cooling and magnetic cooling.

In other words, absolute zero is the coldest temperature possible at which point nothing could be colder,
and no heat energy is left in the system.

The volume and the pressure of gas seem to reduce to 0 at the absolute zero temperature.

K. Ecell, ΔG, and K

In electrochemistry, the relationship between cell potential Gibbs free energy change and the
equilibrium constant provides crucial insights into the thermodynamics and spontaneity of
electrochemical reactions.

ΔG° = -nFE°cell

● ΔG: Free energy change
● n: Number of moles of electrons
● E°: Standard cell potential
● F: Faraday’s constant
● K: The equilibrium constant

We can predict the spontaneity of a redox reaction based on the measured cell potential.

To illustrate the relationship between cell potential and Gibbs free energy in the context of
electrochemistry, let’s examine a classic example involving the Daniell cell, a type of electrochemical
cell composed of a zinc electrode in a zinc sulfate solution and a copper electrode in a copper sulfate
solution.

Example: Daniell Cell

Reactions at Electrodes:

Anode (Oxidation): Zn(s)⟶ Zn2+
(aq) + 2e-

Cathode (Reduction): Cu2+
(aq) + 2e-⟶ Cu(s)
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Overall Cell Reaction: Zn(s) + Cu2+
(aq)⟶ Zn2+

(aq) + Cu(s)

Given Data:

Standard cell potential, E° = +1.10 V

Number of moles of electrons transferred, n = 2 mol

Faraday’s constant, F = 96,485 C/mol

Calculating Gibbs Free Energy Change (ΔG°)

The relationship between ΔG°, E°, and n is given by:

ΔG° = -nFE°

Substituting the given values:

ΔG° = -(2 mol) (96,485 C/mol) (1.10 V)

ΔG° = -212,265 J/mol = -212.27 kJ/mol

Since ΔG° < 0, the reaction is spontaneous under standard conditions.

Gibbs free energy can also be related to the equilibrium constant K:

∆G° = -RT ln K

Let’s consider the reaction of hydrogen gas (H2) with iodine gas (I2) to form hydrogen iodide gas
(2HI):

H2(g) + I2(g) ⇄ 2HI(g)

The equilibrium constant (K) for this reaction is given by:

K = [HI]2 / [H2] [I2]

Let’s say we want to calculate the change in Gibbs free energy (ΔG) for this reaction at a certain
temperature. We can use the Gibbs free energy equation:

ΔG = -RT ln (K)

Let’s assume the temperature T is 298 Kelvin (25 °C), and the equilibrium constant K is 54
(hypothetical value).

Using the gas constant R = 8.314 J/mol·K, we can calculate:

ΔG = - (8.314 J/mol·K) × (298 K) × ln(54)

ΔG = - (8.314 J/mol·K) × (298 K) × 3.988
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ΔG ≈ -9913 J/mol

This negative value of ΔG indicates that the forward reaction (formation of 2HI from H2 and I2) is
spontaneous under the given conditions. In other words, at 298 K, the products are favored over
the reactants for this reaction, which is consistent with K > 1 for this equilibrium.

So, in this example, we’ve related the free energy change (ΔG) to the equilibrium constant (K) for
a chemical reaction.

Notable

● The ability to calculate ΔG and K from E° highlights the deep connection between
electrochemistry and thermodynamics.

● In practical applications, these relationships guide the design and optimization of batteries, fuel
cells, and electrolysis processes.

● Understanding the thermodynamics of electrochemical cells is crucial for developing energy
conversion and storage technologies.
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Quiz

1. What does the First Law of Thermodynamics state?

A) Energy is neither created nor destroyed.
B) The entropy of the universe always increases.
C) Absolute zero cannot be reached.
D) Energy transfer involves work and heat.

2. The Second Law of Thermodynamics implies that:

A) The total entropy of an isolated system can decrease.
B) The entropy of the universe remains constant.
C) In any process, the total entropy of the universe increases.
D) Energy is destroyed in the process.

3. What is the significance of the Third Law of Thermodynamics?

A) It defines the absolute zero of temperature.
B) It implies that absolute zero is achievable.
C) It states that the entropy of a perfect crystal at absolute zero is zero.
D) It negates the First Law of Thermodynamics.

4. Enthalpy (H) is defined as:

A) The total kinetic energy of a system.
B) The heat content at constant pressure.
C) The disorder or randomness of a system.
D) The usable energy in a system.

5. Entropy (S) is a measure of:

A) Heat transferred at constant volume.
B) Disorder or randomness in a system.
C) Energy lost as heat.
D) Pressure-volume work.

6. Gibbs Free Energy (G) indicates:

A) The total energy of a system.
B) The enthalpy change of a reaction.
C) The spontaneity of a process.
D) The energy required to break bonds.
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7. A reaction is considered spontaneous if:

A) ΔG > 0
B) ΔG < 0
C) ΔH > TΔS
D) ΔH = TΔS

8. The relationship between Ecell, ΔG, and K in electrochemistry indicates:

A) The potential energy of a system.
B) The voltage at standard conditions.
C) The spontaneity and equilibrium position of a redox reaction.
D) The rate of a reaction.

9. What does a positive Ecell value imply about a reaction?

A) It is non-spontaneous.
B) It requires external energy to proceed.
C) It is spontaneous.
D) It has no change in free energy.

10. A negative ΔSmeans:

A) The system becomes more disordered.
B) The system becomes more ordered.
C) The temperature of the system increases.
D) The reaction is exothermic.

11. Under which condition is ΔH equivalent to qp?

A) Constant volume
B) Constant pressure
C) Constant temperature
D) Constant entropy

12. The standard conditions for thermodynamic measurements are:

A) 0 °C and 1 atm
B) 25 °C and 1 atm
C) 0 K and 101.3 kPa
D) 298 K and 100 kPa
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13. Which is not a state function?

A) Entropy (S)
B) Enthalpy (H)
C) Work (W)
D) Internal energy (U)

14. What role does a catalyst play in a chemical reaction?

A) Increases the ΔG of the reaction
B) Lowers the activation energy
C) Changes the equilibrium constant (K)
D) Increases the entropy change (ΔS)

15. For an endothermic process:

A) ΔH < 0
B)ΔS > 0
C) ΔG < 0
D) ΔH > 0

16. An increase in the entropy of the surroundings (ΔSsurroundings) is typically associated with:

A) Endothermic processes
B) Exothermic processes
C) Isothermal processes
D) Adiabatic processes

17. Which is a direct application of the Third Law of Thermodynamics?

A) Predicting reaction spontaneity
B) Calculating zero-point energy
C) Determining absolute entropies
D) Measuring reaction rates

18. If the reaction quotient (Q) is greater than the equilibrium constant (K):

A) The reaction proceeds to the right.
B) The reaction is at equilibrium.
C) The reaction proceeds to the left.
D) No reaction occurs.
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19. Absolute zero is significant because:

A) It is the temperature at which all motion stops.
B) It represents the highest possible temperature.
C) It is the only temperature where ΔG = 0.
D) It is the temperature where Ecell = 0.

20. The following chart contains thermodynamic information about reactants and products in the
combustion reaction for acetylene, C2H2. Which of the following quantities cannot be calculated
from the information given in the chat?

Substance S° (J/K mol) ΔHf
0 (kJ/mol)

C2H2(s) 201 227

CO2(g) 213.6 -393.3

H2O(l) 69.96 -285.85

O2(g) 205.0 0

A) The equilibrium constant for the total reaction
B) The specific heat of acetylene
C) The change in enthalpy for the entire reaction
D) The change in entropy for the entire reaction
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Chapter 8: Dimensional Analysis

In the realm of physics and engineering, dimensional analysis serves as a fundamental tool, offering a
systematic approach to understanding the relationships between physical quantities. In this chapter, we
embark on a journey through the principles and applications of dimensional analysis, delving into its
significance in problem-solving, modeling, and experimental design. By exploring the fundamental
concepts of units, dimensions, and dimensionless quantities, we unlock the power of dimensional
analysis to simplify complex problems, reveal hidden relationships, and pave the way for insightful
discoveries across various disciplines. Through clear explanations, illustrative examples, and practical
exercises, this chapter aims to equip readers with the necessary skills to harness the full potential of
dimensional analysis in tackling real-world challenges and advancing scientific understanding.

Overview

This chapter delves into the foundational elements of scientific measurements and laboratory practices,
providing a comprehensive overview of the tools and principles essential for conducting precise and safe
scientific research. Covering a broad spectrum from the theoretical underpinnings of dimensional
analysis and SI Units to the practical applications of laboratory techniques and safety procedures, this
chapter serves as a crucial guide for anyone engaged in scientific inquiry. Through detailed exploration of
concepts such as temperature conversion, dimensional formulas, significant figures, and scientific
notation, readers will gain a deep understanding of how to accurately measure and analyze data.
Additionally, the chapter emphasizes the importance of proficiency in laboratory techniques and
adherence to safety protocols, ensuring effective and responsible experimentation.

Objectives

At the end of this chapter, you should be able to:

● Describe how dimensional analysis ensures the consistency of units within physical equations
and its significance in scientific calculations.

● List the seven base SI units and explain their importance in creating a worldwide unified system
for scientific measurements.

● Convert temperatures between Celsius, Fahrenheit, and Kelvin using the appropriate formulas.
● Use dimensional formulas to understand the relationship between different physical quantities

and verify the correctness of physical equations.
● Identify and apply the rules for determining the number of significant figures in a measurement

or calculation.
● Round numerical values correctly according to the rules of significant figures.
● Convert numbers into and out of scientific notation, simplifying the expression of very large or

very small numbers.
● Demonstrate proficiency in basic and advanced laboratory techniques, including measuring,

mixing, chromatography, and spectroscopy.
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● Understand and implement essential safety procedures to prevent accidents and maintain a safe
working environment in the laboratory.

● Recognize the importance of practical laboratory work in the scientific method and the
development of scientific knowledge.

A. Ensuring Unit Consistency in Physical Equations

How does dimensional analysis contribute to ensuring the consistency of units in physical
equations, and why?

Dimensional analysis is a powerful mathematical technique used in physics and engineering to check the
consistency of units within physical equations. This method involves analyzing the dimensions of each
quantity involved in an equation to ensure they align correctly. Essentially, it’s like making sure the
language spoken on both sides of an equation is the same, providing a coherent and meaningful
conversation.

When performing dimensional analysis, each physical quantity is broken down into its basic dimensions,
which are typically mass (M), length (L), time (T), electric current (I), temperature (θ), amount of
substance (N), and luminous intensity (J). By expressing each side of an equation in terms of these
fundamental dimensions, one can verify that the equation is dimensionally consistent. This means that
for an equation to be correct, the dimensions on one side must match those on the other side. For
example, in the equation for force (F = ma), the dimensions of force (MLT⁻²) must match the dimensions
obtained by multiplying mass (M) by acceleration (LT⁻²).

The significance of dimensional analysis in scientific calculations cannot be overstated. It serves several
critical purposes:

● Ensures Physical Meaningfulness: An equation must be dimensionally consistent to be
physically meaningful. The equation likely contains a conceptual error if the dimensions don’t
match.

● Guides Derivation of Formulas: Dimensional analysis can help derive formulas based on known
relationships between physical quantities, even if the exact formula is not memorized.

● Facilitates Unit Conversion: It aids in converting quantities from one unit system to another,
ensuring accuracy in calculations across different measurement systems.

● Checks Calculations: It provides a quick and effective way to check the plausibility of calculated
results, helping to catch errors in complex derivations and calculations.

● Universal Application: Its applicability across various fields of science and engineering makes it
a universally valuable tool in understanding and applying physical laws.

In essence, dimensional analysis acts as a gatekeeper for the integrity of scientific equations, ensuring
that every step of a calculation is rooted in physical reality. Its role in maintaining the precision and
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accuracy of scientific work is indispensable, making it a fundamental skill for anyone involved in
scientific research and engineering.

B. SI Units

SI units, short for the International System of Units (Système International d’Unités in French), are the
standard units of measurement used in science, engineering, and everyday life worldwide. The SI
system defines seven base units from which all other units are derived. These base units are:

1. Meterm: The unit of length.

2. Kilogram kg: The unit of mass, originally defined by a physical prototype, but now defined in
terms of the Planck constant.

3. Second s: The unit of time.

4. Ampere A: The unit of electric current, defined as the force between two parallel conductors
carrying the same current.

5. KelvinK: The unit of temperature.

6. Molemol: The unit of amount of substance.

7. Candela cd: The unit of luminous intensity, defined in terms of the luminous intensity of a
specified reference source.

These base units can be combined to derive units for other physical quantities. For example, the unit of
area is the square meter m2, the unit of volume is the cubic meter m3, and the unit of velocity is the
meter per second m/s. SI also includes prefixes to denote multiples or fractions of the base units, such
as kilo- (103), centi- (10-2), and mega- (106).

peta P 1015 1 000 000 000 000 000

tera T 1012 1 000 000 000 000

giga G 109 1 000 000 000

mega M 106 1 000 000

kilo k 103 1 000

hecto h 102 100

deka da 101 10

base unit 100 1
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deci d 10-1 1/10 0.1

centi c 10-2 1/100 0.01

milli m 10-3 1/1 000 0.001

micro µ 10-6 1/1 000 000 0.000 001

nano n 10-9 1/1 000 000 000 0.000 000 001

ångström Å 10-10 1/10 000 000 000 0.000 000 000 1

pico p 10-12 1/1 000 000 000 000 0.000 000 000 001

In the United States Customary System (USCS), commonly known as the imperial system, length is
typically measured in inches, feet, yards, and miles. Here are some common conversions from meters to
USCS units:

Meter Conversion of Meter

1 m = 39.37 in

1 m = 3.28 ft

1 m = 1.094 yd

Example 1

Howmany inches are there in 5 meters?

If 1 𝑚 ⟶ 39. 37 𝑖𝑛

5 𝑚 ⟶ 𝑖𝑛 =  ?

𝑖𝑛 = 39.37 𝑖𝑛 ×5 𝑚
1 𝑚 = 196. 85 

Therefore, 5 m = 196.85 in.

Example 2

Howmany hours are there in 2 days? We have 24 hours in 1 day.

1 𝑑𝑎𝑦 ⟶ 24 ℎ𝑜𝑢𝑟𝑠
3 𝑑𝑎𝑦𝑠 ⟶ ℎ𝑜𝑢𝑟𝑠 =  ?
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ℎ𝑜𝑢𝑟𝑠 = 3 𝑑𝑎𝑦𝑠 ×24 ℎ𝑜𝑢𝑟𝑠 
1 𝑑𝑎𝑦 = 72 ℎ𝑜𝑢𝑟𝑠

So, 3 days = 72 hours.

Notable

● Global Standardization: Adopting SI units worldwide facilitates international collaboration in
science, technology, and commerce, eliminating confusion caused by multiple measurement
systems.

● Precision and Evolution: The definitions of SI units have evolved with advances in
measurement precision. For example, the kilogram was redefined in 2019 based on the Planck
constant, a fundamental physical constant, moving away from a physical artifact standard.

● Derived Units: Beyond the base units, the SI system includes derived units, such as the newton
for force and the joule for energy, constructed from the base units through mathematical
relationships.

● Supplementary Units: The SI system also encompasses units like radians and steradians for
angular measurements, further extending its applicability across different fields.

The SI system is not just a technical convenience but a fundamental element for progress in global
knowledge, trade, and communication. It underscores the importance of standardized measurements in
fostering innovation, safety, and efficiency in a connected world.

C. Conversation of Temperature

In the International System of Units (SI), temperature is measured in Kelvin K. The Kelvin scale is based
on absolute zero, the theoretical point at which all molecular motion ceases. In SI, temperature is a
fundamental unit, and Kelvin is the primary unit for temperature measurement. The two most commonly
used temperature scales are Celsius °C and Fahrenheit °F.
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Example

Today’s temperature is 30 °C, how much is this temperature in Fahrenheit °F, and Kelvin Κ.

Celsius to Kelvin:

D. Signi�icant Figures

Significant figures, also known as significant digits, serve as a crucial indicator of precision in numerical
data. They encompass all the digits in a number that contribute meaningfully to its measurement
accuracy, excluding any non-influential leading zeros that precede the number and trailing zeros that are
not indicative of measured precision.

● Non-zero digits are always significant.
● Zeros between nonzero digits are always significant.
● Leading zeros (zeros to the left of all non-zero digits) are not significant.
● Trailing zeros (zeros to the right of all non-zero digits) are significant only if there is a decimal

point in the number.
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Example

235.6: This number has four significant figures because all digits are non-zero.

0.0042: This number has two significant figures because the leading zeros are not significant.

120.05: This number has five significant figures because all digits, including the trailing zeros after the
decimal point, are significant.

500: This number has one significant figure because the trailing zeros are not significant unless there is
a decimal point present to indicate precision.

3.00: This number has three significant figures because the trailing zeros are significant due to the
presence of the decimal point, which indicates precision to the hundredths place.

Number Number of Signi�icant Digits/Figures

50000 One

0.008 One

89 Two

340 Two

6700 Two

0.012 Two

1002 Four

4.9210 Five
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E. Rounding

Rounding is a mathematical process used to approximate a number to a specified level of precision or a
certain number of significant figures. When rounding, you typically adjust the value of a number to a
nearby value that is easier to work with or better suits the context of the problem. The rules for rounding
involve determining which digit to look at and deciding whether to increase or keep it based on the value
of the next digit.

● If the next digit is 5 or greater, you round up.

● If it’s less than 5, we keep it as it is.

Example 1

Rounding to a specified number of decimal places:

● 3.14159 rounded to two decimal places is 3.14. (We look at the number after the second decimal
place (4), which is (1). 1 is less than 5, so we keep 4 as it is.)

● 8.786 rounded to one decimal place is 8.8. (We look at the number after the first decimal place (7),
which is (8). 8 is greater than 5, so we round 7 up to 8.)

Example 2

Let’s consider the number 23.56789 (all the numbers here are significant).

If we want to round it to:

 One significant figure:

● The first significant figure is 2. So, rounding to one significant figure gives 20. (We look at
the next digit which is 3. 3 < 5, so 2 stays 2.)

 Two significant figures:

● The first two significant figures are 23. So, rounding to two significant figures gives 24.
(We look at the next digit which is 5, so we round 3 to 4.)

 Three significant figures:

● The first three significant figures are 23.5. So, rounding to three significant figures gives
23.6.
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Example 3

Let’s consider the number 0.0760.

If we want to round:

● Two significant figures: we have two significant figures (7 and 6). We look at the number next to
the second significant figure (6), which is 0. 0 is less than 5, so 6 stays the same. The answer is
0.076.

● One significant figure: the first significant figure (7), we look at the next digit, which is 6. 6 > 5, so
we round 7 up to 8. The answer is 0.08.

F. Scienti�ic Notation

Scientific notation, also known as exponential notation, is a way of expressing very large or very small
numbers in a more compact form. In scientific notation, a number is expressed as the product of a
coefficient and a power of 10.

Here’s the general form of a number expressed in scientific notation:

a × 10n

● a is a number greater than or equal to 1 and less than 10, known as the coefficient.
● n is an integer representing the power of 10 by which.
● a is multiplied or divided to obtain the original.

To write in scientific notation, simply follow these points:

● Identify the coefficient, a number greater than or equal to 1 and less than 10.
● Identify the power of 10, which indicates how many places the decimal point should be moved.
● Write the coefficient followed by the multiplication sign (×) and 10 raised to the power of the

exponent.

● If we move the decimal point to the left, the exponent will be positive, whereas if we move the
decimal point to the right, then the exponent will be negative.

Example 1

Original number: 300,000,000

To convert this number into scientific notation, we need to express it as a number between 1 and 10
multiplied by a power of 10.

1. Move the decimal point: First, we move the decimal point in the original number to the left or
right until there is only one non-zero digit to the left of the decimal point.
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300,000,000(.) becomes 3.00000000

 In the whole number, the decimal point is always implicitly located at the end of the number,
hidden to the right of the rightmost digit. In this case, we move the decimal point 8 places to the
left, to make the number 3.

2. Determine the exponent: Count the number of places the decimal point was moved. In this case,
it was moved 8 places to the left. The exponent will be positive since we moved the decimal
point to the left.

The final notation is 3 × 108.

Example 2

Original number: 450,000,000

● Coefficient: 4.5 (it must be a number greater than or equal to 1 and less than 10).

● Exponent: 8 (because the decimal point is moved 8 places to the left).

● Scientific notation: 4 × 108.

Example 3

Original number: 0.000000067

1. Move the decimal point: Move the decimal point to make the number between 1 and 10. We

move the decimal point 8 places to the right to get 6.7.

2. Determine the exponent: Count the number of places the decimal point was moved. In this case,
it was moved 8 places to the right. Since we moved the decimal point to the right, the exponent
will be negative.

The scientific notation will be 6.7 × 10-8.

Example 4

Original number: 0.00000000235

1. Move the decimal point: Move the decimal point to make the number between 1 and 10. We
move the decimal point 9 places to the right to get 2.35.

2. Determine the exponent: Count the number of places the decimal point was moved. In this case,
it was moved 9 places to the right. Since we moved the decimal point to the right, the exponent
will be negative.

The scientific notation is 2.35 × 10-9.
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Example 5

Calculate the number of moles n of oxygen gas O2, given the mass m of the sample is 5.00 g, and the
molar mass M of oxygen is 32.00 g/mol.

We have studied that the number of moles 𝑛 = 𝑚𝑎𝑠𝑠
𝑀𝑜𝑙𝑎𝑟 𝑚𝑎𝑠𝑠 = 5.00 𝑔

32.00 𝑔/𝑚𝑜𝑙 = 0. 15625 𝑚𝑜𝑙

● Express the answer in scientific notation:

Original number: 0.15625

1. Move the decimal point: Move the decimal point to make the number between 1 and 10. We

move the decimal point 1 place to the right to get 1.5.

2. Determine the exponent: Count the number of places the decimal point was moved. In this case,
it was moved 1 place to the right. Since we moved the decimal point to the right, the exponent
will be negative.

Therefore, the scientific notation of the number of moles is n = 1.5625 × 10-1 mol.

G. Laboratory

A laboratory, often referred to as a lab, is a controlled
environment equipped with specialized apparatus,
instruments, and facilities where scientific experiments,
research, and investigations are conducted. Laboratories
are integral to various scientific disciplines, including
chemistry, biology, physics, and engineering. The primary
purpose of a laboratory is to facilitate scientific inquiry,
experimentation, and discovery. It serves as a space
where researchers, scientists, and students can conduct
controlled experiments, test hypotheses, and gather
empirical data to advance knowledge and understanding
in their respective fields.

Laboratory apparatus refers to the various instruments, tools, and equipment used in scientific
experiments and research within a laboratory setting. These apparatuses are specifically designed to
perform specific tasks, measurements, or manipulations required to conduct experiments accurately
and safely. Here are some common examples of laboratory apparatus:

Beakers: Cylindrical containers with a lip for pouring, used to hold, mix, and
heat liquids in experiments.

© 2024 ACHIEVE ULTIMATE CREDIT-BY-EXAM GUIDE | CHEMISTRY 246



Flasks: Various types of flasks, such as Erlenmeyer flasks and volumetric
flasks, are used for holding, measuring, and mixing liquids.

Watch Glass: Used to cover beakers or hold small amounts of substances
for observation.

Test Tubes: Small cylindrical tubes, usually made of glass, used to hold and
heat small quantities of liquids or solids.

Pipettes and Burettes: Instruments used for precise measurement and
transfer of liquids in volumetric analysis and titration experiments.

Bunsen Burner: A gas burner used for heating, sterilizing, and carrying out
various chemical reactions in the laboratory.

Spatula: Used for transferring small amounts of solid substances.

Tongs: Grasping and holding hot glassware or other items.

Microscopes: Optical instruments used to magnify and observe small
objects or specimens, such as cells, microorganisms, and tissue samples.

Balances: Devices used for accurate measurement of mass, including
analytical balances, top-loading balances, and triple-beam balances.
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Filter Paper: Special paper used to separate solids from liquids.

Wash Bottle: Used to rinse various pieces of laboratory glassware.

Mortar and Pestle: Used to grind up materials.

Funnel: Used for pouring liquid or other substance through a small opening.

Stopwatch/Timer: Provides a simple and accurate means of measuring
time intervals.

Stand: Used to securely hold your laboratory items upright.

White Tile: Placed under the flask during the titration to help visualize the
color change.

H. Laboratory Techniques

Laboratory techniques are essential skills in scientific research and experimentation. They encompass
various methods used to perform experiments, analyze data, and obtain results in chemistry, biology,
physics, and engineering. These techniques are employed to manipulate materials, measure quantities,
separate components, and observe phenomena under controlled conditions.. Here are some of the
simplest laboratory techniques:

● Mixing and Stirring: Basic mixing and stirring techniques are used to combine substances
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evenly. This can be achieved using stirring rods, magnetic stirrers, or vortex mixers.

● Measuring: Laboratory techniques employ various instruments like graduated cylinders,
beakers, and pipettes to measure liquid volumes accurately. Measurement methods can be
categorized as either direct or indirect. Direct measurement involves directly assessing the
quantity of interest using tools such as rulers, thermometers, or voltmeters. Conversely, indirect
measurement involves determining the desired value by measuring related quantities and
applying mathematical relationships. For instance, calculating distance by combining speed and
time measurements exemplifies an indirect measurement technique.

● Weighing: Balances are used to measure the mass of substances. Simple balances, such as
triple-beam balances or electronic balances, are commonly used in laboratories.

● Heating: A fundamental technique used to accelerate reactions or evaporate solvents. This can
be done using Bunsen burners, hot plates, or water baths.

● Filtration: Used to separate solid particles from a liquid or gas using a filter medium. Common
filtration setups include gravity filtration and vacuum filtration.

● Observation: Direct observation of samples under a microscope or magnifying glass is a simple
technique for examining sample morphology and structure.

● Titration: A common technique for determining the concentration of a substance in a solution. It
involves slowly adding a solution of known concentration (the titrant) to a solution of the
substance being analyzed (the analyte) until the reaction between the two is complete. This
completion is often indicated by a color change or other observable change, known as the
endpoint or equivalence point.

An acid-base titration is a common type of titration used in laboratories to determine the concentration
of an acid or a base in a solution. In acid-base titrations, a solution of known concentration (the titrant) is
slowly added to a solution of the acid or base being analyzed (the analyte) until the reaction between the
two is complete. This reaction typically involves the transfer of protons (H⁺ ions) from the acid to the
base or vice versa.

The endpoint of an acid-base titration is
often determined using an indicator, a
substance that changes color when the
solution’s pH reaches a certain value.
Common indicators for acid-base
titrations include phenolphthalein, methyl
orange, and bromothymol blue.
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1. Equation of the Reaction:

The balanced chemical equation for the reaction between HCl and NaOH is:

 HCl(aq) + NaOH(aq) ⟶ NaCl(aq) + H2O(l)

2. Stoichiometry:

 From the balanced equation, we see that the ratio of moles of HCl to moles of NaOH is 1:1.

3. Equivalence Point:

 At the equivalence point, the moles of acid are equal to the moles of base added. This means
that the moles of HCl equal the added moles of NaOH.

 𝑛 𝑎𝑐𝑖𝑑 = 𝑛 𝑏𝑎𝑠𝑒

 𝐶𝑎 × 𝑉𝑎 = 𝐶𝑏 × 𝑉𝑏

4. Calculating Moles of Titrant:

 To find the moles of NaOH added, you use its known concentration and volume added. This is
calculated as the product of concentration and volume.

5. Determining Concentration of Unknown:

 Once you know the moles of NaOH added at the equivalence point, you can use this information
to calculate the concentration of the unknown HCl solution. Since the ratio of moles of HCl to
NaOH is 1:1, the moles of HCl present in the solution are equal to the moles of NaOH added.

● If Vb is the volume of NaOH solution added at the equivalence point, and Cb is its
concentration, then the moles of NaOH added would be:

𝑛𝑏 = 𝐶𝑏 × 𝑉𝑏

● Since the ratio of HCl to NaOH is 1:1, the moles of HCl in the solution would also be
equal to the number of NaOH moles.

● If Va is the volume of the HCl solution (in liters), then the concentration of the HCl
solution Ca can be calculated using the formula:

𝐶𝑎 = 𝐶𝑏×𝑉𝑏
𝑉𝑏
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Example

Let’s say we have a 50.0 mL sample of hydrochloric acid HCl of unknown concentration Ca = ?, and we
want to determine its concentration by titrating it with a 0.100 M solution of sodium hydroxide NaOH.
We’ll use phenolphthalein as an indicator, which changes color at the endpoint of the titration.

Equivalence Point: At the equivalence point, the moles ofHCl are equal to the moles of NaOH added.

Given Information:

● Volume of NaOH solution Vb = 25.0 mL = 0.0250 L

● Concentration of NaOH solution Cb = 0.100 M

● Volume ofHCl solutionVa = 50.0 mL = 0.0500 L

Calculations:

● Moles of NaOH added = Concentration × Volume = 0.100 mol/L × 0.0250 L = 0.00250 mol

● Since the ratio of HCl to NaOH is 1:1, moles of HCl = 0.00250 mol

Concentration of HCl solution (C2) = Moles of HCl / Volume of HCl solution

● Ca = 0.00250 mol / 0.0500 L = 0.0500 M

I. Laboratory Safety Procedures

Safety procedures in any setting, including laboratories, are rules, guidelines, and practices designed to
protect the health, well-being, and safety of individuals working in that environment. Laboratory safety
procedures are specifically tailored to address the unique hazards associated with handling chemicals,
biological materials, and complex equipment in a laboratory setting. Here’s a general introduction to
laboratory safety procedures:

● Safety Data Sheets (SDS): Safety data sheets are documents prepared by chemical
manufacturers, suppliers, or importers that provide detailed information about a substance’s
physical and chemical properties, hazards, safe handling practices, and emergency response
procedures. SDSs typically include sections on hazard identification, composition, first-aid
measures, handling and storage, exposure controls, and disposal considerations.

● Laboratory Safety Manuals and Guidelines: Many organizations, institutions, and regulatory
agencies publish laboratory safety manuals, guidelines, and handbooks that outline best
practices, procedures, and safety precautions for laboratory work.
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● Evaluating risk: Evaluating risks involves systematically assessing potential hazards,
considering factors such as the likelihood of occurrence and the severity of potential
consequences, and determining the level of risk associated with each hazard. This process
typically includes identifying hazards relevant to the task or activity, evaluating their
characteristics and potential impacts, and prioritizing risks based on their risk rating.

● Laboratory Safety Equipments: Laboratory protective equipment is essential for ensuring the
safety of personnel working with hazardous materials or in potentially dangerous environments.

Here are some common types of laboratory protective equipment:

Lab Coat: Provides a barrier against spills and splashes, protecting
clothing from contamination.

Safety Glasses/Goggles: Protect the eyes from chemical splashes, flying
particles, and other hazards.
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Gloves: Various types are available depending on the specific hazards
present, such as nitrile gloves for chemical resistance or latex gloves for
general laboratory work.

Closed-toe Shoes: Prevent injuries from falling objects, spills, or other
accidents in the laboratory.

Safety Cabinets and Fume Hoods: Provide containment and ventilation
for hazardous materials, protecting personnel from exposure to toxic
fumes, vapors, or airborne particles.

Fire Extinguishers: Essential for quickly responding to fires or chemical
spills.

In most laboratory settings, they are typically required to ensure the safety of laboratory personnel.
Additional equipment may be necessary depending on the specific hazards present in a particular
laboratory environment.

Emergency Procedure: Laboratory emergencies can pose significant risks to personnel and require swift
and coordinated responses to ensure safety and minimize harm. Here are key emergency procedures to
follow in the event of different scenarios:

● Evacuation: Leave immediately upon alarm, following designated routes.
● Medical Emergencies: Call emergency services and administer first aid if trained.
● Chemical Spills: Contain spill if safe, notify management, and wear appropriate PPE.
● Fire Emergencies: Activate the alarm, evacuate, and attempt to extinguish small fires.
● Gas Leaks: Evacuate, do not create sparks, notify management.
● Power Outages: Safely shut down equipment and use emergency lighting.
● Radiation Emergencies:Minimize exposure, evacuate if necessary, and notify management.
● Reporting: Report incidents to management for investigation and improvement.
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Quiz

1. Dimensional Analysis is primarily used to:

A) Determine the chemical composition of a substance.
B) Predict the outcome of chemical reactions.
C) Check the consistency of units in equations.
D) Identify the pH level of solutions.

2. Which of the following is NOT a base unit in the SI system?

A) Kelvin
B) Mole
C) Pound
D) Candela

3. To convert Celsius to Kelvin, you should:

A) Add 273.15 to the Celsius temperature.
B) Subtract 273.15 from the Celsius temperature.
C) Multiply the Celsius temperature by 273.15.
D) Divide the Celsius temperature by 273.15.

4. The decimal number 0.02030 has:

A) 4 significant figures
B) 1 significant figure
C) 2 significant figures
D) 5 significant figures

5. In a measurement of 20.005, the number of significant figures is:

A) 2
B) 4
C) 5
D) 3

6. Rounding off 3.786 to two decimal places gives:

A) 3.78
B) 3.79
C) 3.80
D) 4.00
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7. The expression 4.01 x 10³ in standard form represents:

A) 4010
B) 0.00401
C) 401,000
D) 4.01

8. Which of the following is NOT a basic laboratory technique?

A) Titration
B) Chromatography
C) Algebraic equation solving
D) Spectroscopy

9. An important laboratory safety procedure is to:

A) Eat and drink in the laboratory.
B) Wear personal protective equipment.
C) Run experiments without supervision.
D) Dispose of chemicals down the sink.

10. The process of separating a mixture into its components based on their movement through a
stationary phase is called:

A) Filtration
B) Distillation
C) Chromatography
D) Centrifugation

11. Which principle does not directly relate to laboratory safety?

A) Always label chemical containers.
B) Perform hand calculations near open flames.
C) Know the location of the safety shower.
D) Use fume hoods when handling volatile chemicals.

12. What unit is used to measure the amount of substance?

A) Candela
B) Kilogram
C) Mole
D) Ampere
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13. Which of the following is an example of a scalar quantity?

A) Velocity
B) Force
C) Temperature
D) Acceleration

14. The accuracy of a scientific measurement refers to:

A) How close it is to other measured values.
B) How close it is to the true value.
C) The number of significant figures it contains.
D) Its reproducibility over time.

15. When using scientific notation, the number 0.000305 is correctly written as:

A) 3.05 x 10⁻⁴
B) 305 x 10⁻⁶
C) 3.05 x 10⁻⁴
D) 305 x 10⁻⁵

16. What digits are considered insignificant in a number:

A) Nonzero digits
B) The leading zeros
C) Zeros between nonzero digits
D) Zeros to the right of the decimal number

17. The concept of molar mass is important in chemistry because it:

A) Measures the intensity of a chemical reaction.
B) Allows conversion between grams and moles of a substance.
C) Determines the electrical charge of molecules.
D) Indicates the temperature at which a substance boils.

18. Today’s temperature is 35 °C, how much is this temperature in Kelvin Κ.

A) 273.15 K
B) 308.15 K
C) 0 K
D) 400.15 K
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19. For safety, when diluting acid with water, we should add:

A) Acid first then water.
B) Water first then acid.
C) Add them together.
D) The order doesn’t matter.

20. The SI system defines seven base units from which all other units are derived. One of These
base units is:

A) Newton N.
B) Candela cd.
C) Pascal Pa.
D) Meter per second m/s.
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Answers

Chapter 1
1. B 2. D 3. B 4. A 5. C 6. A 7. B 8. C 9. A 10. C

11. D 12. C 13. C 14. D 15. C 16. D 17. C 18. C 19. A 20. C

Chapter 2
1. B 2. B 3. C 4. B 5. B 6. C 7. C 8. C 9. B 10. D

11. B 12. B 13. C 14. D 15. B 16. B 17. B 18. A 19. C 20. A

Chapter 3 1. D 2. C 3. D 4. B 5. C 6. C 7. D 8. A

Chapter 4
1. C 2. A 3. B 4. C 5. C 6. C 7. B 8. D 9. C 10. B

11. B 12. C 13. B 14. B 15. D 16. B 17. C 18. B 19. C 20. A

Chapter 5
1. D 2. B 3. B 4. C 5. B 6. B 7. B 8. B 9. C 10. A

11. B 12. A 13. A 14. B 15. C 16. C 17. A 18. C 19. C 20. B

Chapter 6
1. C 2. A 3. B 4. C 5. B 6. A 7. C 8. C 9. D 10. B

11. C 12. C 13. C 14. D 15. A 16. A 17. A 18. A 19. C 20. A

Chapter 7
1. A 2. C 3. C 4. B 5. B 6. C 7. B 8. C 9. C 10. B

11. B 12. D 13. C 14. B 15.D 16. B 17. C 18. C 19. B 20. B

Chapter 8
1. C 2. C 3. A 4. A 5. C 6. B 7. A 8. C 9. B 10. C

11. B 12. C 13. C 14. B 15. C 16. B 17. B 18. B 19. C 20. A
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