
 
“Atomic Structure -1” 



Defining the Atom 
 The Greek philosopher Democritus (460 B.C. – 370 

B.C.) was among the first to suggest the existence 
of atoms (from the Greek word “atomos” means 
indivisible) 
 He believed that atoms were indivisible and 

indestructible 
 His ideas did agree with later scientific theory, but 

did not explain chemical behavior, and was not 
based on the scientific method – but just 
philosophy 



John Dalton (England 1766-1844) 

 School teacher 
 Studied the ratios in which 

elements combine in 
chemical reactions 

Formulated first modern 
Atomic Theory 



Dalton’s Model 

 John Dalton took what was 
known about chemical 
reactions at his time and 
proposed the first atomic 
model. 

 – Conservation of Mass 
 – Law of Multiple 

Proportions 
 – Law of Definite 

Composition 



Billiard Ball Model 

 Dalton combined the observations into one 
theory which stated that all matter was 
composed of small indivisible particles that he 
called atoms. 

 Demitri Mendeleev used this theory when he 
constructed the first working periodic table. 



Dalton’s Atomic Theory  (experiment based!) 

3) Atoms of different elements combine in 
simple whole-number ratios to form 
chemical compounds. E.g. CO2 

4) In chemical reactions, atoms are combined, 
separated, or rearranged – but never 
changed into atoms of another element. 

1) All elements are composed of tiny 
indivisible particles called atoms 

2) Atoms of the same element are identical.  
Atoms of any one element are different 
from those of any other element. 

 



Sizing up the Atom 
 Elements are able to be subdivided into 
smaller and smaller particles – these are 
the atoms, and they still have properties 
of that element 
If you could line up 100,000,000 
copper atoms in a single file, they 
would be approximately 1 cm long 
Despite their small size, individual 
atoms are observable with instruments 
such as scanning tunneling (electron) 
microscopes 



Scanning Tunneling Microscope 

 



Scanning Tunneling Microscope 



Cathode Rays 

 Crookes worked in the areas 
of chemistry and physics. He 
had many accomplishments, 
one of which was the 
discovery of cathode rays. 



Crookes Tube 

 A source of high potential difference was placed 
across the cathode of a glass tube that had gas at 
a very low pressure inside. 

 Noticed a glow coming from the negative 
terminal 



Properties of Cathode Rays 

 A wide variety of cathodes (different metals) 
were tested and all produced same results. 

 Magnetic fields deflected the rays. 
 The rays produced some chemical reactions 

similar to those produced by light. 



Properties of Cathode Rays 

 The rays traveled in straight lines, perpendicular 
to the surface of the cathode 



History 

 Electron   means “amber” in Greek 
 Properties discovered by the Greek Thales of 

Miletos 600 BC. Rubbed the mineral amber with 
cat fur and attracted feathers. 



J(oseph) J(ohn) Thomson  
(England 1897) 

 He discovered the electron while 
experimenting with cathode rays. 
 



Discovery of the Electron 
In 1897, J.J. Thomson used a cathode ray tube to 
deduce the presence of a negatively charged 
particle: the electron 

His discovery of  the electron won the Nobel Prize in 1906. 



Cathode Rays  

 Thompson showed that the production of 
the cathode ray was not dependent on the 
type of gas in the tube, or the type of metal 
used for the electrodes. 
 

 He concluded that these particles were part 
of every atom. 
 



Thomson’s Charge to Mass Ratio 

 It was noticed that the beam of 
electrons could be bent by a 
magnetic field. This means that 
Fnet = Fm, so : 

 mv2 = Bqvr 
 So q/m = v/Br 



Derivation of Equation 

 Thomson did not have a way of measuring 
the velocity directly, but he knew that he 
could keep the beam traveling in a straight 
line if he balanced the electric and magnetic 
forces acting on it. Fe = Fm 

    |E|q = Bqv so : 
v = |E|/B 



Derivation of Equation 

 By substituting these results into the first 
equation he came to; 

q/m = v/Br = |E|/B2r 
 Thomson calculated the charge to mass ratio of 

the electron to be 1.76 x 1011 C/kg. This ratio is 
constant for all materials. 



Mass of the Electron 

1916 – Robert Millikan determines the mass 
of the electron: 1/1840 the mass of a 
hydrogen atom; has one unit of negative 
charge 

The oil drop apparatus 

Mass of the 
electron is  
9.11 x 10-28 g 

 



Millikan’s Oil Drop Experiment 

Charged droplet can 
move either up or down, 
depending on the 
charge on the plates. 

Magnitude of  charge on 
the plates lets us calculate 
the charge on the droplet. 

Radiation ionizes 
a droplet of  oil. 



Millikan’s “Oil-drop” Experiment  
 Millikan’s oil-drop experiment demonstrated that electric charge is 

quantized and transferred in integral multiples of e.  
     Millikan provided first crude measurement of e.  
     We know now: e = 1.6022 × 10-19 C.  

                           m = 9.109 × 10-28 g. 

It was supposed that the 
positive charges were heavier 
than the electrons –  
The hydrogen ion turned out to 
be 1836 times heavier than the 
electron. 
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Conclusions from the Study 
of the Electron: 

a) Cathode rays have identical properties 
regardless of the element used to 
produce them. All elements must contain 
identically charged electrons. 

b) Atoms are neutral, so there must be 
positive particles in the atom to balance 
the negative charge of the electrons 

c) Electrons have so little mass that atoms 
must contain other particles that account 
for most of the mass 



The Discovery of the Proton 

Discovered by Eugen Goldstein 
(German) in 1886. 
 

He observed “Canal rays” and 
found that they are composed of 
positive particles – protons. 

 



Canal Rays 

 



Conclusions from the Study 
of the Electron: 

 Eugen Goldstein in 1886 observed 
what is now called the “proton” - 
particles with a positive charge, and 
a relative mass of 1 (or 1840 times 
that of an electron) 



Thomson’s Atomic Model 

Thomson believed that the electrons 
were like plums embedded in a 
positively charged “pudding,” thus it 
was called the “plum pudding” model. 

J. J. Thomson 



Problems with Thomson’s Model 

 How does the atom emit radiation? 
 This model soon came into conflict with 

experiments by Rutherford 



Ernest Rutherford (Born in New Zealand 
1871-1937) 

  University of Manchester, England 
 Tested Thomson’s theory of atomic 

structure with the “gold foil” 
experiment in  1910. 



Gold Foil Experiment 

 Bombarded thin gold foil with a beam of 
‘alpha’ particles. 

 If the positive charge was evenly spread 
out, the beam should have easily passed 
through. 

 



Rutherford's Gold Foil Experiment 

Rutherford and coworkers aimed a 
beam of alpha particles at a sheet 
of gold foil surrounded by a 
florescent screen. 



Rutherford 

 Expected 
 
 
 

 Found 

http://upload.wikimedia.org/wikipedia/commons/c/c3/Rutherford_gold_foil_experiment_results.svg�


Rutherford's Experiment 

Most particles passed through with no deflection, while some 
were highly deflected 
Rutherford concluded that most particles passed through 
because the atom is mostly empty space. 



Rutherford’s Conclusions 

 All of the positive charge, and most of the 
mass of an atom are concentrated in a small 
core, called the nucleus. 

 
 

 



Size of Nucleus Compared to the Atom is 
as a Ball Compares to a Football Field. 



Rutherford’s Findings 

a) The nucleus is small 
b) The nucleus is dense 
c) The nucleus is positively 

charged 

 Most of the particles passed right through 
 A few particles were deflected 
 VERY FEW were greatly deflected 

“Like howitzer shells bouncing 
off of tissue paper!” 

 
Conclusions: 



The Rutherford Atomic Model 
 Based on his experimental evidence: 
The atom is mostly empty space 
All the positive charge, and almost all 

the mass is concentrated in a small area 
in the center.  He called this a “nucleus” 

The nucleus is composed of protons 
and neutrons (they make the nucleus!) 

The electrons distributed around the 
nucleus, and occupy most of the volume 

His model was called a “nuclear model” 



The Rutherford Model 
 “Planetary Model” 

 Positive charge in the center of 
the atom with almost  all mass 
concentrated within this 
positive charge - nuclei 

 Electrons - negative charge- are 
attracted to the nucleus about 
which they orbit (just as 
planets orbit the sun due to 
attractive 1/r2 force) 

 Sizes 
 nuclei ~ 10-14 m (calculated from 

fraction of α-particles that scatter 
more than 900 in a foil of given 
thickness) 

 atom  ~ 10-10 m (from the mass 
density and number of atoms in a 
mole – Avogadro’s number) 



Difficulties with the Rutherford Model 
 Since electron travels in a 

circular orbit, it is 
constantly accelerated 
(even though its speed is 
constant.) Thus, the 
electron emits EM 
radiation, which carriers 
away energy. The energy 
of the atoms is reduced. 
Thus the electrons has a 
lower potential energy and 
moves closer to the 
nucleus 
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Thus, classically, the 
Rutherford Atom is Unstable 



Difficulties of the Rutherford Model 
 Another problem is that the spectrum of the 

emitted EM radiation would be continuous. 
Classical approach gives the following expression 
 
 
 

 As r decrease, the emission wavelength changes 
continuously, so this model predicts that the 
emission spectrum of atoms is broad 

 But sharp spectral lines are observed, not a 
continuum 
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The Spectrum of Hydrogen 
 At room temperature, hydrogen gas does not emit 

light 
 When heated to high temperatures, hydrogen 

emits visible radiation  
 distinct spectral lines are observed rather than the 

continuous radiation spectrum expected classically 
 Example of visible part of the spectrum 

http://phet.colorado.edu/new/simulations/sims.php?sim=Models_of_the_Hydrogen_Atom�


The Discovery of the 
Neutron 

 Discovered in 1932  by James 
Chadwick (England 1891-1974).  



The Discovery of the Neutron 

 Chadwick bombarded alpha 
particles(helium nuclei) at Beryllium. 

 Neutrons were emitted and in turn hit 
parafin and ejected protons from the 
parafin. 
 



Discovery of the Neutron 

 



Neutrons 

 Neutrons have mass similar to protons. 
 
 No electrical charge. 

 



Subatomic Particles 

Particle Charge Mass (g) Location 

Electron 
    (e-) 

 
-1 

 
    9.11 x 10-28 

 
Electron 

cloud 

Proton 
    (p+) 

 
+1 

 
    1.67 x 10-24 

 
Nucleus 

Neutron 
    (no) 

 
0 

 
    1.67 x 10-24 

 
Nucleus 



The Spectrum of Hydrogen 

 Several families of such lines were observed 
 They can be fit empirically by the Rydberg-Ritz 

Formula 

 RH is known as the Rydberg constant 
 k and n are integers, and n > k 
 The visible hydrogen emission is known as the 

Balmer series with k = 2 
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The Bohr’s Atom 
Assumption:  

 Electron has, for some yet unknown reason, only 
certain energies in the hydrogen atom  

 Bohr called these allowed energy levels 
 The atom can occasionally jump between energy 

levels, emitting a photon when it makes a transition 
to a lower energy state and absorbing a photon 
when jumping to a higher energy level 

 The difference in the energy between the two levels 
is ∆E = hν 

 So have discrete lines observed in hydrogen 
spectrum 



Bohr’s Postulates 

 Bohr started from the assumption 
that the electron moves in circular 
orbits around the proton under 
the influence of the attractive 
electric field. 

 Postulate 1: Only certain orbits are stable. 
These are stationary or more precisely 
quasi-stationary states. An electron does 
not emit EM radiation when in one of these 
states (orbits) 



Bohr’s Postulates 
 Postulate 2. If the electron is initially in an 

allowed orbit (stationary state), i, having the 
energy, Ei, goes into another allowed orbit, f, 
having energy, Ef  (< Ei), EM radiation is 
emitted, with energy and frequency, 
 
 

 
 

h
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Bohr’s Postulates 
 Postulate 3. The electron can only have an 

orbit for which the angular momentum of the 
electron, L, takes on discrete values (the 
orbits are quantized): 
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Orbits characterized by angular momentum since this depends on 
both the distance of  the electron from nucleus and its velocity 



Electron Orbits in the Bohr Atom 
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The Bohr Model of the Atom 

 Bohr agreed with Rutherford, but differed in the idea of 
electrons. 

 Bohr concluded that electron position effected their 
amounts of energy. 

 The further an electron from the nucleus the greater the 
amounts of energy they posses. 



Electron Orbits in The Bohr’s Atom 

 The radii (orbits) are said to be discrete 
(‘quantized’) 
 
 
 

 rmin= a0 = 0.53×10-10 m = 0.53 Å, is called the 
Bohr radius 

 In this model, the electron and the nucleus in 
the hydrogen atom cannot get closer than the 
distance a0 
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Electron Shells - Bohr 
 Bohr called the different orbits ‘shells’. 
 The shells are called K,L,M,N etc. 
 Electrons fill the lower shells and progress further from the nucleus. 
 The number of electrons held by each shell is equal to 2n2 where 

n=number of shells. 
 Under normal laboratory conditions, the electrons are in their ground 

state. 



Each circle represents an 
allowed energy level for the 
electron. The electron may be 
thought of  as orbiting at a fixed 
distance from the nucleus. 

Excitation: The atom 
absorbs energy that is 
exactly equal to the 
difference between two 
energy levels. 

The Bohr Model of Hydrogen 

When excited, the 
electron is in a higher 
energy level. 

Emission: The atom 
gives off  energy—as 
a photon. 

Upon emission, the 
electron drops to a 
lower energy level. 



Explaining Spectra using Bohr’s 
Model 

 Bohr linked the spectra of elements and the concept of level 
jumping. 

 When electrons are heated they are able to jump to a higher 
level. 

 They then return quickly to their ground state which releases 
photons (light energy). 

 Flame tests can be used to view the release of photons. 



Forming an Emission Spectrum 



Electron Configuration 
 The arrangement of electrons in their shells is 

termed the electron configuration. 
 



Ionization Energy 
 For hydrogen atom, with only one electron, the 

ionization energy has a clear meaning: 
 This is the energy required to remove the electron from a 

hydrogen atom:  
 H0 + 13.6 eV → H+ + e- 

 An atom is now ionized, since now have H+ instead of H0 
 Similarly for any other atom, we can introduce the 

ionization energy  
 The minimum energy required to remove the most energetic 

electron from the atom in its lowest energy state 
 The energy required to remove the second electron is the 

“second ionization energy” 
 Question: Is it larger or smaller than “first” ionization energy? 



Discrete Spectrum 
 Bohr’s Postulates Predicted a Discrete Spectrum 
 Consistent with the spectrum of hydrogen  
 Direct proof found in measurements by James Frank and 

Gustav Hertz in 1914 
 Results consistent with spectra 



Summary 
•The Bohr model accurately explained atomic spectra (emission and 
absorption) 
 
•The energy of  each orbit is quantized 
 
•Explained why atoms are stable  
 
•Explained the chemical and physical properties of  the elements 
 
•Could not explain why electrons could only be found in certain orbits  
 
•Could not explain why some lines in the emission spectra were brighter than 
others 
 
•Worked only for hydrogen and atoms with a single electron (for example He+) 



The Scrödinger Model 
 Spectral analysis of elements 

suggested that electron shells don’t 
have the same amounts of energy. 

 Scrödinger called for sub-shells. 
 Each shell is divided into subshells 

(also called sub-energy levels) - 
regions within a shell that have a 
similar amount of energy 

 These have characteristic shapes 
and different amounts of energy 

s < p < d < f < g 
n = number of subshells 

Sharp (s) =2  
Principal (p) = 6  
Diffuse (d) = 10  

Fine (f) = 14 

Worked Examples 

Sodium – 2,8,1 

1s22s22p63s1 

Potassium – 2,8,8,1 

1s22s22p63s23p64s1 



The Subshells 



Atomic Orbitals 
 Electrons are not confined to circular orbits. 
 Instead they move in regions of space called 

atomic orbitals. Each subshell is made up of 
orbitals. 

 An orbital is the region of space in which the 
electron travels within the subshell. 

 Orbitals are assigned a letter according to the 
subshell it is in   (s, p, d, f, g) 

 There can be: 1 s orbital, 3 p orbitals, 5 d orbitals, 
7 f orbitals, 9 g orbitals. 
 

 





The Energies of Subshells 



Quantum Mechanical Model 
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