Chapter: Periodic Properties

Periodic properties are fundamental characteristics of elements that exhibit predictable trends as we
move across periods (rows) or down groups (columns) in the periodic table. Understanding these

properties is essential for explaining chemical reactivity, bonding, and other behaviors of elements.

1. Introduction to Periodic Properties

The periodic table, developed by Dmitri Mendeleev and later refined by modern quantum theory,
organizes elements in a way that highlights periodic trends in their physical and chemical properties.
These trends arise from the electronic configuration of elements and the effective nuclear charge

experienced by electrons.
Periodic properties include:
» Atomic and lonic Radii
* lonization Energy
» Electron Affinity
» Electronegativity
» Metallic and Nonmetallic Character

* Chemical Reactivity

These properties are crucial for understanding phenomena such as bond formation, acid-base

behavior, and redox reactions.

2. Atomic and lonic Radii

2.1 Atomic Radius

Definition:
The atomic radius is the distance from the nucleus of an atom to the outermost electron. It can be

thought of as the "size” of an atom.

Types of Atomic Radii:
1. Covalent Radius: Half the distance between the nuclei of two covalently bonded atoms.
2. Van der Waals Radius: Half the distance between the nuclei of two non-bonded atoms.

3. Meitallic Radius: Half the distance between nuclei in a metallic lattice.

Methods of Determination:
» Spectroscopy: Measures electron transitions and gives insights into atomic sizes.
» X-ray Crystallography: Provides accurate measurements of bond lengths in molecules and
crystal lattices.
Trends in the Periodic Table:
1. Across a Period:

» Atomic radius decreases from left to right due to increasing effective nuclear charge, which

pulls electrons closer to the nucleus.
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« Example: Li (152 pm) = Be (112 pm) = B (85 pm).
Down a Group:

* Atomic radius increases as new electron shells are added, increasing the distance between

the nucleus and the outermost electron.

« Example: F (42 pm) < Cl (79 pm) < Br (94 pm).

2.2 lonic Radius

Definition:

The ionic radius is the size of an ion and depends on the charge of the ion:

Cations: Smaller than their parent atoms due to loss of electrons and reduced electron-electron

repulsion.

Anions: Larger than their parent atoms due to gain of electrons and increased repulsion.

Trends:
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Across a Period: lonic radii decrease as effective nuclear charge increases.

Down a Group: lonic radii increase due to the addition of electron shells.

Applications:

Predicting lattice energy in ionic compounds.

Understanding ionic bonding and crystal structures.

3. lonization Energy

Definition

lonization energy (IE) is the energy required to remove one mole of electrons from one mole of

gaseous atoms to form cations.
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ccessive lonization Energies:
First lonization Energy (IE.): Energy to remove the first electron.

Second lonization Energy (IEz): Energy to remove a second electron.

Factors Affecting lonization Energy:
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Nuclear Charge: Higher nuclear charge increases IE.
. Atomic Radius: Larger atoms have lower IE due to weaker nuclear attraction.
. Electron Shielding: Inner electrons reduce the effective nuclear charge felt by outer electrons.

Subshell Configuration: Stable configurations (e.g. noble gases) require more energy to ionize.



Trends in the Periodic Table:

1. Across a Period:

+ lonization energy increases due to decreasing atomic radius and increasing nuclear charge.
* Example: Na (496 kJ/mol) < Mg (737 kJ/mol) < Al (577 kl/mal).

2. Down a Group:

* lonization energy decreases as atomic size increases and outer electrons are further from

the nucleus.

* Example: Li (520 kl/mol) = Na (496 ki/mol) = K (419 lkJ/mol).

Applications:
* Explains reactivity of metals (low IE) and nonmetals (high IE).

¢ Helps predict formation of ionic bonds.

4. Electron Affinity
Definition

Electron affinity (EA) is the energy change when one mole of electrans is added to one mole of

gaseous atoms to form anions.

M(g) +e — M (g) + AE

Factors Affecting Electron Affinity:
1. Atomic Size: Smaller atoms have higher EA due to stronger nuclear attraction.
2. Nuclear Charge: Higher nuclear charge increases EA.

3. Subshell Configuration: Atoms with stable configurations (e.g., noble gases) have low EA.

Trends in the Periodic Table:
1. Across a Period:
» Electron affinity becomes more negative as nuclear charge increases.

» Example: F (-328 kKJ/mol) = O (-141 kJ/mol).

2. Down a Group:

» Electron affinity becomes less negative due to increasing atomic size and electron shielding.

» Example: Cl (-349 kJ/mol) = Br (-325 kJ/mol).
Significance:

» Explains the tendency of nonmetals to form anions.

» |mportant in predicting acid-base behavior.



5. Electronegativity
Definition
Electronegativity is the ability of an atom to attract shared electrons in a chemical bond.
Determination:
» Pauling Scale: Based on bond energies.

» Mulliken Scale: Uses ionization energy and electron affinity.

» Allred-Rochow Scale: Relates to effective nuclear charge.

Trends in the Periodic Table:
1. Across a Period:
» Electronegativity increases due to higher nuclear charge.

e Example: Li (0.98) < Be (1.57) < F (3.98).

2. Down a Group:
» Electronegativity decreases due to increased atomic size.

e Example: F (3.98) > CI (3.16) > Br (2.96).

Applications:
» Predicts bond polarity and type (ionic vs covalent).

» Explains molecular shapes and dipole moments.

6. Additional Periodic Trends

6.1 Metallic and Nonmetallic Character

» Metallic Character: Tendency of an element to lose electrons.

* Increases down a group and decreases across a period.

* Nonmetallic Character: Tendency of an element to gain electrons.

» Decreases down a group and increases across a period.



6.2 Reactivity ot Metals and Nonmetals
» Metals: Reactivity increases down a group due to lower ionization energy.

* Nonmetals: Reactivity decreases down a group due to lower electron affinity.

6.3 Oxidation States
» The oxidation state of an element is influenced by its position in the periodic table.

« Example: Transition metals exhibit multiple oxidation states.

7. Applications of Periodic Properties

» Predicting Reactivity: Understanding trends helps predict chemical behavior (e.g., alkali metals

are highly reactive).

+ Designing Compounds: Knowledge of electronegativity aids in designing molecules with

desired properties.

+ Biological Applications: Explains the role of essential elements like sodium, potassium, and

calcium in biological systems.

8. Summary and Conclusion

Periodic properties reveal the systematic nature of chemical elements. By understanding these
trends, chemists can predict and explain the behavior of elements in reactions, compounds, and

various states of matter.

9. Practice Prcblems and Examples

1. Compare the ionization energies of Na, Mg, and Al. Explain the trend.
2. Why is the electron affinity of chlorine more negative than that of oxygen?

3. Predict the type of bond formed between potassium and fluorine. Justify your answer using

pericdic properties.



Disclaimer:
These notes are intended to serve as a quick reference or revision guide for recalling important
concepts. They summarize key topics to help users understand and retain information efficiently.

However, for a more comprehensive understanding, detailed study, and in-depth learning, it is highly
recommended to consult subject matter experts or refer to standard textbooks and authoritative

sources.

While we have worked meticulously to ensure accuracy and relevance in these notes, we cannot
guarantee they are free of errors. Users are advised to cross-check the information and use these
notes at their own discretion. We take no responsibility for any inaccuracies or their consequences.

Best wishes for your learning journey!



