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Introduction

The rich diversity of chemical behavior of different elements can be traced to the differences in the
internal structure of atoms. While Dalton's atomic theory regarded atoms as ultimate indivisible
particles, experimental discoveries at the end of the 19th and beginning of the 20th century

established that atoms are made of sub-atomic particles: electrons, protons, and neutrons.

2.1 Discovery of Sub-atomic Particles

Basic Rule for Charged Particles:

"Like charges repel each other and unlike charges attract each other”

2.1.1 Discovery of Electron

Historical Timeline:

¢ 1830: Michael Faraday showed particulate nature of electricity through electrolyte experiments

e Mid-1850s: Scientists studied electrical discharge in partially evacuated tubes

Cathode Ray Discharge Tube:

e Structure: Glass tube with two thin metal electrodes (cathode and anode)

e Operating Conditions: Very low pressure + very high voltage



¢ Observation: Stream of particles from cathode (negative) to anode (positive)

Key Experimental Results:

1. Direction: Cathode rays travel from cathode to anode 2. Detection: Not visible but detected by
fluorescent/phosphorescent materials 3. Straight Path: Travel in straight lines in absence of
electric/magnetic fields 4. Deflection: Behave like negatively charged particles in electric/magnetic

fields 5. Universal Nature: Properties independent of electrode material and gas type

Conclusion:

Electrons are basic constituents of all atoms

2.1.2 Charge-to-Mass Ratio of Electron
J.J. Thomson's Experiment (1897):
e Method: Applied perpendicular electric and magnetic fields to cathode rays
¢ Principle: Balanced electric and magnetic forces to determine e/me ratio
Factors Affecting Deflection:

1. Charge magnitude: Greater charge — greater deflection
2. Particle mass: Lighter particle — greater deflection

3. Field strength: Stronger field — greater deflection
Result:

e/me = 1.758820 x 10" C kg™

2.1.3 Charge on Electron (Millikan's Oil Drop Experiment, 1906-14)

Method:



e Setup: Oil droplets in electric field between charged plates

e Observation: Droplets acquire charge through ion collisions

e Measurement: Effect of electric field on droplet motion
Key Finding:

Charge is always integral multiple of elementary charge q = ne, wheren = 1, 2, 3...

Results:

e Electron charge: -1.602176 x 107"° C

e Electron mass: me = e/(e/me) = 9.1094 x 107*" kg
2.1.4 Discovery of Protons and Neutrons
Canal Rays (Positive Rays):
Characteristics:

1. Mass dependence: Depends on gas in tube
2. Charge-to-mass ratio: Varies with gas source
3. Charge multiples: Carry multiples of fundamental charge

4. Field behavior: Opposite to electrons

Proton Discovery:

e Source: Lightest positive ion from hydrogen
¢ Identification: 1919

e Properties: Equal but opposite charge to electron

Neutron Discovery (Chadwick, 1932):



¢ Method: Bombarded beryllium with a-particles

¢ Properties: Electrically neutral, mass slightly > proton

Properties of Fundamental Particles:

Particle Symbol Absolute Charge (C) Relative Charge Mass (kg) Mass (u)
Electron e -1.602176x107"° -1 9.109382x107* 0.00054
Proton p +1.602176x 107" +1 1.6726216x107% 1.00727
Neutron | n 0 0 1.674927x107% 1.00867

2.2 Atomic Models

2.2.1 Thomson Model (1898)

Key Features:

e Shape: Spherical atom (radius ~107"° m)

¢ Positive charge: Uniformly distributed

e Electrons: Embedded to give stable electrostatic arrangement

¢ Analogies: "Plum pudding,” "raisin pudding,” or "watermelon" model

Achievements:

e Explained overall neutrality of atom

¢ Nobel Prize: Thomson awarded in 1906

Limitations:

e Could not explain later experimental results

¢ Inconsistent with Rutherford's scattering experiment




2.2.2 Rutherford's Nuclear Model
Alpha-Particle Scattering Experiment:

e Setup: a-particles bombarded thin gold foil (~100 nm thick)
e Detection: Fluorescent ZnS screen around foil

e Expected: Small angle deflections based on Thomson model

Experimental Results:

1. Most a-particles: Passed through undeflected
2. Few a-particles: Deflected by small angles

3. Very few: Deflected by ~180° (1 in 20,000)

Conclusions:

1. Most space empty: Most a-particles pass through
2. Concentrated positive charge: Causes large deflections

3. Nucleus size: Volume negligible compared to atom

e Atomic radius: ~10"° m
¢ Nuclear radius: ~10"° m

¢ Analogy: If cricket ball = nucleus, atomic radius = 5 km

Rutherford's Nuclear Model:

1. Nucleus: Dense concentration of positive charge and mass
2. Electrons: Revolve around nucleus in circular paths (orbits)
3. Forces: Electrostatic attraction between nucleus and electrons

4. Analogy: Solar system model (nucleus = sun, electrons = planets)



2.2.3 Atomic Number and Mass Number
Definitions:
Atomic Number (2):

e Number of protons in nucleus
e Number of electrons in neutral atom

e Z = number of protons = number of electrons
Mass Number (A):

e Total number of nucleons (protons + neutrons)

e A =7Z + n (where n = number of neutrons)

Notation:

AX where X = element symbol

2.2.4 Isobars and Isotopes

Isobars:

¢ Definition: Same mass number, different atomic number

e Example: "*C and "*N

Isotopes:

e Definition: Same atomic number, different mass number
e Cause: Different numbers of neutrons

e Chemical properties: Identical (determined by electron number)

Examples:



Hydrogen Isotopes:

e Protium: "H (99.985%)
e Deuterium: °D (0.015%)

e Tritium: 3T (trace amounts)
Carbon Isotopes:

° 12C 13C 14C
Chlorine Isotopes:

° 35cl, 37cl

2.2.5 Drawbacks of Rutherford Model

Major Problems:
1. Stability Issue:

e Classical mechanics: Orbiting electron should accelerate
e Maxwell's theory: Accelerated charged particles emit electromagnetic radiation
e Consequence: Electron should spiral into nucleus in ~107% s

e Reality: Atoms are stable
2. Energy Distribution:

e Model silent about electron distribution around nucleus

e No explanation for electron energies
3. Spectral Lines:

e Could not explain atomic spectra



e No theoretical basis for discrete emission lines

2.3 Developments Leading to Bohr's Model

Two Major Developments:
1. Dual character of electromagnetic radiation

2. Experimental results on atomic spectra

2.3.1 Wave Nature of Electromagnetic Radiation

James Maxwell's Contributions (1870):

¢ Electromagnetic waves: Generated by accelerating charged particles
¢ Characteristics: Oscillating electric and magnetic fields

¢ Propagation: Perpendicular fields, no medium required
Properties of Electromagnetic Waves:
1. Field Orientation:

e Electric and magnetic fields perpendicular to each other

e Both perpendicular to direction of propagation
2. Medium Independence:

e Can travel through vacuum

e Speed in vacuum: c = 3.0 x 108 m/s
3. Electromagnetic Spectrum:

¢ Radio waves: ~10° Hz

e Microwaves: ~10'° Hz



Infrared: ~10"® Hz

Visible light: ~10" Hz

Ultraviolet: ~10'® Hz

X-rays: Higher frequencies

e Gamma rays: Highest frequencies
4. Wave Characteristics:

¢ Frequency (v): Waves passing a point per second (Hz)
e Wavelength (A): Distance between successive peaks (m)
¢ Relationship: c = VA

e Wavenumber (V): Number of wavelengths per unit length (cm™)
2.3.2 Particle Nature: Planck's Quantum Theory
Classical Physics Limitations:
Could not explain:

1. Black-body radiation
2. Photoelectric effect
3. Heat capacity variation with temperature

4. Line spectra of atoms

Black-Body Radiation:

e Black body: Perfect absorber and emitter of radiation
e Characteristics: Emission depends only on temperature

¢ Classical failure: Could not predict intensity vs wavelength relationship



Planck’s Solution (1900):
Key Assumptions:

1. Quantized energy: Atoms emit/absorb energy in discrete packets

2. Quantum: Smallest energy packet

3. Energy formula: E = hv
e h: Planck's constant = 6.626 x 1073* J-s

e v: Frequency of radiation

Quantization Concept:

e Energy like steps on staircase
e Allowed energies: E = 0, hy, 2hv, 3hv, .., nhv

¢ No intermediate values possible
Photoelectric Effect:

Experimental Observations:

1. Instantaneous emission: No time lag between light and electron emission
2. Intensity dependence: Number of electrons o light intensity
3. Threshold frequency: Minimum frequency (vo) required

4. Kinetic energy: Depends on frequency, not intensity
Einstein's Explanation (1905):

e Light as photons: Discrete energy packets E = hv
e Energy conservation: hv = hy, + 2mev?

e Work function: W, = hv, (minimum energy to remove electron)



Dual Nature of Light:

e Wave properties: Interference, diffraction
¢ Particle properties: Photoelectric effect, black-body radiation

e Conclusion: Light exhibits wave-particle duality

2.3.3 Atomic Spectra
Types of Spectra:

1. Continuous Spectrum:

e Example: White light through prism
e Characteristic: All wavelengths present (violet to red)

e Source: Hot solid objects
2. Line Spectrum:

e Emission spectrum: Bright lines at specific wavelengths

e Absorption spectrum: Dark lines at specific wavelengths

e Characteristic: Each element has unique line spectrum

¢ Application: Elemental identification ("fingerprint" method)

Hydrogen Spectrum:

Most important for atomic theory development
Balmer Series (1885):

¢ Visible region of hydrogen spectrum

e Formula: vV = R[1/22- 1/n*] wheren = 3,4, 5, ...



Rydberg Formula (General):

Hydrogen Spectral Series:

Vv = R[1/n:% - 1/n2%]

ni=12345..

n=n{+1,n+2,..

R: Rydberg constant = 109,677 cm™

Series ny n; Region
Lyman 1 2,34,.. Ultraviolet
Balmer 2 345,. Visible
Paschen 3 456.,.. Infrared
Brackett 4 5,6,7,.. Infrared
Pfund 5 6,7,8,... Infrared

2.4 Bohr's Model for Hydrogen Atom (1913)

Bohr's Postulates:

1. Stationary Orbits:

¢ Electrons move in circular orbits of fixed radius and energy

e (alled stationary states or allowed energy states

e Arranged concentrically around nucleus

2. Energy Conservation:

e Electron energy constant in given orbit

¢ Energy absorption: Lower — higher orbit




¢ Energy emission: Higher — lower orbit

¢ No continuous energy change
3. Frequency Rule:

e v=(E2-E)/h
e Frequency of emitted/absorbed radiation

e AE: Energy difference between states
4. Angular Momentum Quantization:

e mvr = nh/2twheren=1,2, 3, ..
e Only specific orbits allowed

e Quantum condition: Angular momentum quantized
Mathematical Results:
Orbital Radii:

e r, = n?a, where a, = 52.9 pm (Bohr radius)

e First orbit radius = 52.9 pm
Energy Levels:

e E,=-R,/n*>whereR, =218 x 1078
e Ground state (n=1): E; =-2.18 x 1078 )
o Excited states (n>1): Higher energy (less negative)

Negative Energy Significance:

e Reference: Free electron at rest = 0 energy

¢ Bound electron: Lower energy than free electron



¢ Most stable: Most negative energy (ground state)

Hydrogen-like lons:

e Energy:.E,=-218 x 107® x Z*/n*)
e Radii: r, = 52.9 x n’/Z pm

e Examples: He', Li**, Be**
2.4.1 Explanation of Hydrogen Spectrum
Energy Transitions:

e AE = Ef - Ei = R,[1/ni? - 1/nf?]
e Emission: ni > nf (energy released)

e Absorption: ni < nf (energy absorbed)
Frequency Calculation:

e v = AE/h = 3.29 x 10"°[1/ni? - 1/nf?] Hz
Success:

e Perfectly explained hydrogen spectrum
¢ Rydberg constant: Theoretically calculated matches experimental value

e Each spectral line corresponds to specific transition

2.4.2 Limitations of Bohr Model

Major Drawbacks:

1. Fine structure: Could not explain doublet lines in hydrogen spectrum

2. Multi-electron atoms: Failed for atoms with more than one electron



3. Zeeman effect: No explanation for spectral line splitting in magnetic field
4. Stark effect: No explanation for splitting in electric field
5. Chemical bonding: Could not explain molecule formation

6. Wave nature: Ignored wave nature of electron

2.5 Towards Quantum Mechanical Model

Two Key Developments:
1. Dual behavior of matter (de Broglie)

2. Heisenberg uncertainty principle

2.5.1 Dual Behavior of Matter

de Broglie Hypothesis (1924):

"Matter, like radiation, exhibits both particle and wave properties”

de Broglie Relationship:

A =h/p =h/mv

A: wavelength
e p: momentum (mv)

e m: mass, v: velocity

Experimental Confirmation:

e Electron diffraction: Confirmed wave nature
¢ Electron microscope: Practical application

e Magnification: ~15 million times



Applications:

Large objects: Wave properties negligible due to large mass Sub-atomic particles: Wave

properties detectable due to small mass

2.5.2 Heisenberg's Uncertainty Principle (1927)

Statement:

"It is impossible to determine simultaneously the exact position and exact momentum of an

electron”
Mathematical Expression:
e Ax-Ap 2 h/4m
e Ax: Uncertainty in position
e Ap: Uncertainty in momentum
Significance:
e High precision in position — High uncertainty in momentum
¢ High precision in momentum — High uncertainty in position
Implications:

1. No definite paths: Trajectories cannot be determined
2. Probability concept: Replace definite paths with probabilities

3. Bohr model failure: Fixed orbits violate uncertainty principle

Scale Effects:

e Macroscopic objects: Uncertainty negligible



¢ Microscopic particles: Uncertainty significant

2.6 Quantum Mechanical Model of Atom

Fundamental Equation: Schrodinger Equation (1926)

Hy = Ep
Where:

¢ H: Hamiltonian operator (total energy)
e : Wave function

e E: Energy eigenvalue
Key Features:
1. Energy Quantization:

e Electron energies can only have specific values

¢ Natural consequence of wave equation solutions
2. Wave Functions (y):

¢ Mathematical functions describing electron
¢ No direct physical meaning

e |P|% Probability density

3. Uncertainty Principle:

e Exact position and velocity cannot be known simultaneously

¢ Only probability of finding electron

4. Atomic Orbitals:



¢ Orbital = wave function for electron in atom
¢ Different orbitals = different energies, shapes, orientations

e Maximum 2 electrons per orbital
5. Quantum Numbers:

e Three quantum numbers (n, |, ml) arise naturally

e Fourth quantum number (ms) for electron spin

2.6.1 Orbitals and Quantum Numbers

Four Quantum Numbers:
1. Principal Quantum Number (n):

e Valuessn=1,2234, ..
e Determines: Size and energy of orbital
e Shell designation: K, L, M, N, .. (forn =1, 2, 3,4, ..)

¢ Number of orbitals in shell: n?
2. Azimuthal Quantum Number (l):

e Values:1=0,1,2, .., (n-1)
e Determines: Shape of orbital

e Subshell notation:

e | =0 - ssubshell
e | =1 - psubshell
e | =2 — dsubshell
e | =3 - fsubshell



3. Magnetic Quantum Number (ml):

e Values: ml = -, -(I-1), ..., O, ..., +(I-1), +I
e Determines: Spatial orientation

e Number of orbitals: 2| + 1
4. Spin Quantum Number (ms):

¢ Values: +'2 or -2
e Determines: Electron spin orientation

e Representations: T (spin up) or | (spin down)

Orbital Summary:

Subshell | Value Number of Orbitals Maximum Electrons
s 0 1 2

P 1 3 6

d 2 5 10

f 3 7 14

2.6.2 Shapes of Atomic Orbitals
s Orbitals:
e Shape: Spherical
e Symmetry: Spherically symmetric around nucleus

e Size order: 1s < 2s < 3s < 4s

¢ Nodes: (n-1) radial nodes

p Orbitals:



Shape: Two lobes separated by nodal plane

Types: px, py, pz (mutually perpendicular)

Nodal plane: Passes through nucleus

Angular nodes: 1

d Orbitals:

e Number: 5 orbitals
e Types: dxy, dyz, dxz, dx*-y?, dz
e Shape: Four lobes (except dz°)

e Angular nodes: 2

Node Summary:

e Total nodes: n - 1
e Angular nodes: |

e Radial nodes: n -1 -1
2.6.3 Energies of Orbitals

Hydrogen Atom:

e Energy depends only on n
e Order:1s<2s=2p<3s=3p=3d<..

e Degenerate orbitals: Same energy orbitals

Multi-electron Atoms:

e Energy depends on both n and |

e Order withinshell:s <p <d <f



¢ Shielding effect: Inner electrons shield outer electrons

o Effective nuclear charge: Zeff < Z
Penetration Order: s > p > d > f (for same n)

Energy Order: 1s < 2s < 2p <3s<3p <4s<3d <4p <55<4d <5p <6s<4f<5dx<..

2.6.4 Filling of Orbitals

Three Principles:
1. Aufbau Principle:

e "Building up" principle
¢ Electrons fill lower energy orbitals first

e Order: 1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, ...

2. Pauli Exclusion Principle:

¢ "No two electrons can have same set of four quantum numbers'
e Maximum 2 electrons per orbital

¢ Must have opposite spins
3. Hund’s Rule:

¢ "Single occupancy before pairing”
¢ Electrons singly occupy degenerate orbitals first

¢ Pairing starts after single occupancy

2.6.5 Electronic Configuration

Notation Methods:



1. Subshell Notation:

e Example: 1s® 2s® 2p°® 3s? 3p°® 4s% 3d"? 4p°
2. Noble Gas Notation:

e Example: [Ar] 4s* 3d"° 4p°®
3. Orbital Diagram:

e Boxes represent orbitals

e Arrows represent electrons

Examples:

Hydrogen (Z=1): 1s' Helium (Z=2): 1s* Carbon (Z=6): 1s* 2s*> 2p® Nitrogen (Z=7): 1s* 2s* 2p’
Neon (Z=10): 1s® 2s* 2p°

2.6.6 Stability of Half-filled and Fully-filled Subshells

Examples:

e Chromium: [Ar] 4s" 3d° (not 4s? 3d*%
e Copper: [Ar] 45" 3d"° (not 4s? 3d°)

Reasons for Extra Stability:
1. Symmetrical Distribution:

e Symmetry leads to stability
e Equal energy electrons in same subshell

e Reduced electron-electron repulsion

2. Exchange Energy:



e Energy released when electrons exchange positions
¢ Maximum exchange in half-filled/fully-filled subshells

¢ Maximum stabilization

NEET-Specific Important Points
High-Yield Topics:
1. Atomic Models:

e Thomson, Rutherford, and Bohr models
e Limitations and improvements

e Historical experiments and conclusions

2. Quantum Numbers:

e Four quantum numbers and their significance
e Orbital shapes and orientations

o Electronic configuration rules

3. Photoelectric Effect:

e Einstein's equation: hv = W, + KE
e Threshold frequency concept

e Work function calculations

4. Hydrogen Spectrum:

e Balmer, Lyman, Paschen series

e Rydberg formula applications



e Energy level transitions

5. Electronic Configuration:

e Aufbau principle, Pauli exclusion, Hund's rule
e Exceptional configurations (Cr, Cu)

e Orbital filling order

Common NEET Question Patterns:
1. Numerical Problems:

e de Broglie wavelength calculations

e Photoelectric effect problems

e Energy transition calculations

e Quantum number combinations

2. Conceptual Questions:

e Atomic model comparisons
¢ Orbital shape identification

e Electronic configuration writing

3. Graph Interpretation:

e Photoelectric effect graphs
e Radial probability distributions

¢ Energy level diagrams




Memory Aids and Mnemonics

Electronic Configuration Order:

"1s 2s 2p 3s 3p 4s 3d 4p 5s 4d 5p 6s 4f 5d 6p 7s"

Quantum Numbers:

"nl mlms"

n: Principal (size, energy)

I: Azimuthal (shape)

ml: Magnetic (orientation)

ms: Spin (electron spin)

Subshell Notation:

"s p d f' = "Sharp Principal Diffuse Fundamental”

Orbital Capacity:
e s: 2 electrons
e p: 6 electrons
e d: 10 electrons

e f: 14 electrons

Practice Questions for NEET

Multiple Choice Questions:

1. The number of electrons in an atom with quantum numbers n=3, |=2is:a) 2 b) 6 ¢) 10 d) 14



2. Which electronic configuration represents an atom in excited state? a) 1s* 2s* 2p° b) 1s? 2s* 2p°
) 1s? 25" 2p° d) 1s? 2s* 2p*

3. The de Broglie wavelength of an electron moving with velocity 2.05x10” m/s is: a) 3.55x10™"" m
b) 3.55x107"" m c) 3.55x10° m d) 3.55x10® m
Short Answer Questions:

1. Explain why Bohr's model failed for multi-electron atoms.
2. State and explain Heisenberg's uncertainty principle.

3. What are the limitations of Thomson's atomic model?

Long Answer Questions:

1. Derive the expression for energy of electron in nth orbit of hydrogen atom using Bohr's model.

2. Explain the dual nature of matter with suitable examples.

3. Write the electronic configurations of first 30 elements following Aufbau principle.

Summary Tables

Atomic Models Comparison:

Model Year | Key Features Achievements Limitations

Thomson 1898 | Uniform positive sphere Explained neutrality Failed with scattering
Rutherford 1911 | Nuclear atom Explained scattering No stability

Bohr 1913 | Quantized orbits Explained H spectrum Failed for multi-electron
Quantum 1926 | Wave mechanics Complete description Mathematical complexity




Spectral Series of Hydrogen:

Series n, n; Region Discoverer
Lyman 1 2,34,.. uv Theodore Lyman
Balmer 2 34,5,.. Visible Johann Balmer
Paschen 3 45,6,.. IR Friedrich Paschen
Brackett 4 56,7,.. IR Frederick Brackett
Pfund 5 6,7,8,.. IR August Pfund

EXAM SPRINT - Master Structure of Atom with focused study on quantum numbers, electronic

configurations, and atomic models. Regular practice with numerical problems involving

photoelectric effect, de Broglie wavelength, and energy calculations is essential for NEET success.

Key Success Strategy: Focus on understanding the evolution of atomic models and the reasons for

their failures. Master the three electronic configuration rules and practice writing configurations for

elements and ions. Numerical problems require careful attention to significant figures and units.
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