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THE ATOMIC STRUCTURE

INTRODUCTION

The theory that matter was made from small indivisible particles called
atoms dates back to some five centuries B.C. to Democritos.and acentury B.Cto

a Roman Poet Leukiphos. This theory was put on a sound scientific basis by John
Dalton in 1808.

Today it is well established that atoms are complex organizations of matter
and energy. Many particles have been discovered within the atom. These sub-
atomic particles include electron, proton, neutron, positron, neutrino and several
types of mesons and hyprons etc. Since electrons, protons and neutrons in
atom play a major role in determining the chemical and physical properties
of matter, we will, therefore, restrict ourselves to the study of these particles.

Evidence for the presence of electrons, protons and neutrons in the atom is
derived through many experiments such as:

(i) Faraday's experiment indicates the existence of electrons.
(ii) Crooke's tube experiments show the presence of electron and protons in the

atoms. :
(iii) Radioactivity further confirms the presence of electrons and protons.
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(iv) Chadwick experiment shows the presence of neutrons.

(v) Spectroscopic experiments reveal the electronic structure of atoms. These
are discussed one by one. o |

3.1 FARADAY'S EXPERIMENT - Passage of Electricity throughsolutions

Clue about Electrons: We first consider the passage of electricity through
chemical solutions called electrolyres. Earlier Davy had noticed th?t electric
charges appear when solutions decompose by the passage of an electric current.
Later this phenomenon was studied in greater details by Faraday.

Faraday observed that, when two metal plates called electrodes, are placed
in an electrolytic solution and an electric current is passed, the solution breaks up
into charged particles called ions. There are positive ions and negative ions,
depending upon the type of charge they carry. These ions travel to the oppositely
cparged electrodes, give up their charge and are liberated as neutral particles. He
also determined the charges carried by different ions and also the amount of
different elements liberated from the electrolytic solution when a given amount

9f charge passes through different electrolytic solutions. What is of interest here,
is that there is some elementary unit of electric charge associated with these ions

vulrhich can be c.alcu'lated. Thte ions were observed to carry some integral multiple of this
charge. The basicunit ofelectric charge was later named by Stoney (1891),as“ELECTRON".

32 CROOKES'S TUBE OR DISCHARGE TUBE EXPERL
MENTS—Passage of electricity through gases at low pressure

s work was later extended by W. CROOKES

To appreciate wha

th :
gas, imagine two metal ;:) ' Fclric current passes through so™
containing some gas. The tube ts ... electrodes sealed in a glass (¥
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and fewer molecules inside make it convenient for the spark to pass.

When the pressure inside the tube is reduced to a centimetre of Hg, a
potential difference of a few thousand volts would be enough for the spark to pass
like a flash of lightening (Fig: 3.1) At further reducing pressure to about a few

Anode (+)
\

High Voltage Source
FIGURE 3.1
Gas discharge tube. The gas is seen to glow in the region between the electrodes

m.m of Hg, the spark disappears, the two electrodes are seen to glow and the rest
of the discharge stream is dark. At about one m.m. of Hg, the tube is mostly filled
with a glow extending from the positive electrode and is called positive column.
The colour of this glow depends upon the gas filled in the tube. As the pressure
is continuously lowered, beautiful phenomena are seen. When the pressure inside
the tube is lowered o about 0.001 m.m of Hg, the glow disappears and the walls
of the glass tube begin to glow with a brilliant green light (Fig. 3.2)

It is obvious that some sort of radiation is passing between the two

rodes. This radiation consisted of a vast swarm of particles emitted by the

Cathode ang were called Cathode Rays. Variousexperiments were thus performed
by various researchers like Hertz, Lenard, Gold stein, Perrin and J.J. Thomson to
e"’""iﬂ_e the properties of these cathode rays.

elect

M.
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Cathode (-)

lowing gas

Anode (+)

High Voltage Source

FIGURE : 3.2
Gas discharge tube. At sufficiently low gas pressures, the glass wall opposite the

cathode glows.

RS oA =

S
‘__-1

Metal object

FIGURE : 3.3

Cathode ray tube.. :‘"
: object in the beam of €
High Voltage Source cathode rays casts '

shadow.
/
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The cathode rays were seen to possess the following properties:

The rays travel in straight lines, as they produce sharp shadows of objects
placed in their path.

The rays emerge normally from the cathode and can be focused by using
a concave cathode.

The rays penetrate small thicknesses of matter, like aluminium or gold foil
without producing any perforations in the foils.

The cathode rays are easily deflected by a magnetic field, which can be
shown by bringing a magnet close to them. .

FIGURE 3.4
The behaviour of the negatively charged
electron in a magnetic field.

The rays carry a negative charge.

The rays can also be easily deflected by an electrostatic field.

The rays can exert mechanical pressure, showing they possess kinetic
energy. :

The rays were seen neither to depend upon the material of which the
electrodes were made nor upon‘the gas which is filled in the tube.

These rays consist of particles now called E lectrons carrying a fixed unit of
Charge and a fixed mass.

|
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Different discharge tubes with different electrodes and rcsi.dual gases were
tried by a number of workers besides Thomson. All the experiments gave the
same value for charge to mass ratio (¢/m). This shows that electrons _could be
produced from any kind of matter and hence perhaps were constituent of
all matter.

3.3 POSITIVE RAYS - Protons

During the study of the passage of electricity through gases at low pressure,
it was observed by Goldstein that if thin holes are made in thecathode, then some
radiations appear behind the cathode (Fig. 3.5). These rays were found to be
positively charged and hence called positive rays. It was found that these rays

ceasistof atoms and jons of the various gases present in the discharge tube.
They carry positive charges which are either equal to or some integral multiple
of the electronic charge 'e'.

Perforated cathode

High Valtage Source

FIGURE 3.5

Cathode ray tube with a perforated cathode. Positi
m“m“d“’wbm -Pmimmnycpaummghu

——

J.J. Thomson discovered that positive rays, unlike cathode rays, have values
of ¢/m dependent on the gas present in the Crookes's tube. The lightest
particle found, was that from hydrogen, This particle, which has a mass
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1836 times that of the electron is now known as proton (Greek, "first").

3.4 RADIOACTIVITY - Confirmation of Electrons and Protons

It was thought that the electrons are emitted by atoms of various substances.
When they are subjected to an external field or heated to high temperatures then
a new phenomenon was observed. A new mineral pitchblende was found to
produce a clear image of itself even when the photographic plate was wrapped in
a thick black paper and there was no light. Henry Becqueral repeated his
experiments under different conditions and found that only when the mineral
pitchblende was wrapped in lead sheet, the radiation coming out of it could be
stopped. The pitchblende could be heated or cooled, it might be compressed or
made into thin sheet. All these changes had no effect on the radiations that were
coming out of this mineral. This emission of charge went on at a uniform rate.
Later it was found that most of the radiation given out by pitchblende were
electrons.

Pierrie Curie and Marie Curie after great labour isolated a new element-
Radium from the mineral. This element radium was found to be extremely active
in giving out invisible radiations. This phenomenon in which certain elements

‘emit invisible radiation is called radioactivity and the elements which give out -
these radiations are called radioactive elements. Most of the elements after lead
in the periodic table are naturally radioactive. '

The radiation emitted by radium was subjected to a magnetic field
prependicular to the direction of emission. If the magnetic field was.strong
enough, the radiations emitted were found to split up into three different streams
of rays, which were labelled a, B and y - rays.

The a-rays were found to carry positive charge and the B-rays a negative
charge. The third, the y-rays, remained undeflected no matter how strong was

the magnetic field and hence were considered to be uncharged. The y-rays were
found to be extremely penetrating and hence identified with x-rays.

An element after giving out radiations breaks downtoa more stable element.
For example 28U on emission of o - particles would be converted to SETh
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Photographic
film

FIGURE 3.8

Rays given off by a radioactive material

arp separated In a magnetic field. The

negatively charged frays are deflectadin

one direction, the positively charged £

mu;&ﬂedadhﬂnoppomdhcﬁon.
-] ed y- rays are not
. uncharged y. ray

Ll 24
nU e ”Th + ‘ZHC
o - Particle

The emission of radiation would conti i :
stable end product. continue until the formation of lead as

Properties of these radiations are summarized below ;

1. a-rays are fast moving helium nuclei. They ionize ajr i e. they knock out
electrons from other atoms. They produce bright flashes on fluorescent
screenand have avery small range (1-2 cm) in air, before they are completely

stopped.
2. -raysare fast moving electrons with a range of (1-2 m) in ai o
through small thickness of matter. D&l god can p
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3. y-rays are very penetrating, These are short wave electro-magnetic
radiations like x-rays, only thatthese are much more penetrating, These rays will
pass through (15-20 cm) of lead. On passing through matter, Y-rays would eject
high speed electrons from the matter.

The evidence of radioactivity shows that the atom is not an indivisible

particle. If it can emit electrons and helium nuclei, it must have a sub structure of
its own.

3.5 CHADWICK EXPERIMENT — Discovery of Neutron

Chadwick investigated the effect of the radiation on other elements bothin
the solid and in the gaseous form. During his studies with beryllium, Chadwick
found that very penetrating radiations were given out when beryllium was
bombarded with o - particles. Chadwick put forward the suggestion that these
penetrating radiations were due to material particles with mass comparable with
that of an atom of hydrogen but carrying no charge. These particles were called
neutrons. The-neutrons must have come out from atoms on disintegration of the
bombarded element. This is indicated by the equation.

Be’+ He! = C4 '

We have so far seen three particles which come out of atoms on their
disintegration and these are:

() Electrons, which carry a negative charge of 4.803 X 10-Pesu
=1.602 x 10~ coulombs with e/m = 1,758 x 10° Clg
andm_ =9,115 x 10~ Kg = 0.000550 amu.

(b) Proton carries a positive charge equal to that of an electron
m, = 1,008 amu

©) Neutron carries no charge but has a mass m_= 1.009 amu

- S
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3.6 SPECTROSCOPIC EXPERIMENTS — Spectroscopy
Electronic Structure of Atom:

Once the presence of fundamental particles was established, the next
question concemed the electronic structure of atom. This objective was mainly
achieved through spectroscopic experiments which investigate the electromegnetic
radiation emitted or absorbed by the substances. At this point, it is appropriate tc
describe briefly the Planck’s Quantum Theory which had tremendous impacton
the development of the theory of structure of atom.

3.7 PLANCK'S QUANTUM THEORY - Quantization of Energy

This theory was proposed in 1900 by the German physicist Max Planck t0
account for the observed radiations from heated bodies.

Max Planck suggested that the energy could not be absorbed or emitted by
the atoms in any arbitrary quantity, but only in specified amounts called quan:a.
Thatistosay, an atom cannot change its energy continuously but only by a series

of steps. The amount of energy depends upon the frequency ( v ) of radiation
absorbed or emitted. It is given by relation:

E= h v where h = Planck's constant (6.625 x 10 J.S.
=6.625 x 107 erg.S)

The main consequence of Planck's quantum theory is that the amount of

energy gained or lost is quantized i.e., energy change occurs in small packets Of
multiple of those packets, hv,2hv, 3hv and so on.

3.8 SPECTRA

Ourknowledge of the way in which electrons are distri butcd in atoms cOme?
largely from the evidence of spectra.

When an element absorbs sufficient energy, for example, from a flame of g
electric arc, itemits radiant energy, When this radiation is passed througha pnsn
in a spectroscope, it is separated into component wave lengths to form an 1m32

4
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called an Emission spectrum. Emission spectra are of two types, continuous and
line spectrum.

Continuous Spectrum: When white light from sun or any incandescent lamp s
allowed to pass through a prism, the light is not only deviated, but also breaks up
into its constituent colours, a phenomenon called dispersion. The band of colours
into which the incident light breaks up is called spectrum.

LAMP SLIT

FIGURE 3.7
Continuous spectrum.

The white light gives a continuous band of colours. On one end the least
deviated is red and at the otherend is violet which suffers the maximumdeviation.

The colours of the spectrum are so mixed up that there is no line of demarcation
between different colours. Such spectrum is called cantinuous spectrum. It is
given not only by sunlight but also by the light from any hot solid or liquid body. -
The colour of light depends on its wave length. Violet has the shortest wave
length (about 40004), and red light the longest (about 7000 A). Light of a single
Wave length is called monochromatic.

Line Spectrum : A different kind of spectrum may be obtained when light

emitted from a gas source passes through a prism. In order to emit light, the gas

Must be excited in some way. A common, way of doing this is to pass an electric

current through the gas at low pressure (Crookes's tube experiment). The neon

lights used i advertisement make use of this method for producing light and so
‘» 0 Sodium vapour street lights. If the light from the discharge tube is allowed to
Pass through 2 prism, some discrete sharp lines on an otherwise
cOmpletely dark back ground are obtained. Such spectrumis called line spectrum.

ach line corresponds to a definite wave length.

.
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|

Gas discharge Slit Prism Line Spectrum
tube

FIGURE 3.8
Dispersion of the light emitted in a gas discharge tube into a line spectrum.

e ———

On analysis of the sodium vapour light through a prism, it is found
that the spectrum consists of a series of lines. The dominant lines in this
area are the two yellow lines which give sodium vapour lamps their char-
acteristic colour. Each element produces a characteristic set of lines, 0
line spectra came 10 SEIVeE as “finger prints" for the identification of ele-
ments.

The facts are that (1) samples of the same element always emit the sa™
wave lengths of radiation and (2) under the right conditions only certain wave
lengths are emitted by any one element. This leads to the belief that electrons are
arranged around the nucleus in definite energy levels, E, and when they ar
excited they go todefinite excited levels E,. This means that the difference in ;‘hc
energy of electrons, E, - E, is same for a given transition and this exp!
the fact that the energies emitted by a given excited element always have the sam*

wave lengths.

39 RUTHERFORD'S MODEL OF AN ATOM - Evidence for Nucle??
and Arrangement of Particles.

Though the nature of the proton was well established by 1900, the rol¢ 0:
this positive particle in the structure of atom was uncertain. A clue oV

A
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arrangement of positive and negative particles within atoms was firially provided
by the experiments of Rutherford.

Rutherford and his co-workersperformed several experiments on the
scattering of a-particles by thin films. In one of such experiments a-par-
ticles emitted from polonium bombarded on thin gold foil, it was found
that most of the a-particles penetrated the foil and emerged undeflected on the
other side. However, one particle in 8000 suffered a deflection greater than 90°
and remerged on the same side. A number of particles suffered deflections of
varying degrees.

very few

beam of

alpha particles

low deflected
FIGURE 3.9

W Rutherford's interpretation

of the scattering of alpha
particles by a gold foil. The
dots on the right represent
the nuclei of the gold
atoms greatly magnified
relative to the sizes of the
atoms.

To explain this scattering of o-rays, Rutherford made some basic
Ssumptions;
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(a) The mass of the atom is concentrated in its nucleus, the dimensions of
which are negligible in comparison with the radius of the atom.

(b) The nucleus carries a positive charge,+ Ze'

(c) There must be ‘z’ number of negatively charged electrons outside the nucleus
and at fairly large distances, arranged in some manner.

(d) The greaterpartof the atomic volume comprises of empty space in which the
electrons revolve and spin.

On these assumptions, Rutherford derived an expression, giving the number
of particles which were deflected through a particular angle.

Chadwick devised experiments to verify these assumptions which were
found to be 'Valid'. Another interesting feature was that in the positive charge 'Z¢'
on the nucleus Z was found to be nearly half the atomic mass.

Weaknesses of Rutherford's Theory .

According to classical theory, any charged particle if accelerated, must emit
energy. If the revolving electron emits energy, its energy contents would
decrease and the radius of the orbit would become smaller. This would goon till
the electron falls into the nucleus, charting a spiral path. In actual practice this
does not happen. In this respect it is necessary to note that electrons lose energy
in the form of radiations. An electron moving through orbitals of ever decreasing
radii would give rise to radiations of all possible frequencies. In other words, it
would given rise to a continuous spectrum. In actual practice, atom gives

discontinuous spectrum. Thus according to classical principles of physics,
Rutherford model of the atom could not exist.

3.10 X-RAYS AND ATOMIC NUMBER

Ww. R'ocn.tg.en in 1895 found that a photographic plate he developed had bee”
struck by mvnsxble. radiation coming from a cathode ray tube (Crookes's ube
expt.). These previously unknown rays were labelled X-rays. These rays ¥°

4
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come times known as Roentgen rays (after the discoverer). These rays had the
Jhility to penctrate paper, rubbcr: glass, metal and human flesh. X-rays were
i identified as short wave, h_lgh energy electromagnetic radiation. They
were put to medical uses immediately.

The X-rays arise from the anode of the Crookes's tube experiment as it is
struck by the fast moving electrohs from the cathode. X-rays have played a vital
part in the determination of structure at subatomic levels.

X-rays

-)

FIGURE 3.10
An X-ray tube.

Henry Moseley working in Rutherford's laboratory in 1911 studied the
different wave lengths of X-rays produced from anodes of different metals. He
noticed that the wave lengths of the X-rays emitted decreased regularly with -
Increasing atomic mass. On careful examination of his data, Moseley found that
the number of positive charges on the nucleus increases from atom to atom by
Single electronic unit. He called the number of positive charges the atomic
umber. Thus atomic number of an element is the number of protons present in
S nucleus, For the first timc. it became apparent that what distinguishes one
g °m?m from another is not the atomic mass, but the nuclear charge, that is, the
Aomic number, |t js denoted by 'Z'.

Itis worth mentionin g here that Rutherford's theory of the nuclear atom was

su
PPorted by the Moseley's experiment.
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We now have a picture of the atom which can be summarized:

(a) The atom consists of a small, dense, positively charged nucleus, containing
protons,

(b) The nucleus is surrounded by a number of electrons equal to the number of
protons in the nucleus.

(¢) The atomic number 'Z* of an atom is equal to the number of protons in the
nucleus and therefore, also equal to the number of electrons surrounding the
nucleus.

(d) The masses of the fundamental particles on the C'? scale are:

Proton, 1.008 a.m.u, Neutron, 1.009 a.m.u, Electron, 0.00055 a.m.u.
3.11 BOHR'S THEORY

 Inordertoimprove the Rutherford's model and to explain the line spectra of
elements, Niels Bohr (1885-1962) a Danish physicist working in Rutherfords
laboratory proposed a theory for the electronic structure of an atom in 1913.

Bohr assumed that on the basis of the quantum theory, there exists the
possibility thatelectronin certain orbits may not give outradiationand an electron
revolving in any one of such orbits would be completely stable. Such orbits wer®
called ‘Stationary states." Bohr envisioned the stationary states as circular orbits
around the nucleus. He considered that an electron in a certain orbit has a certai?
energy andaslongasitkeepsrevolvingin thatorbit, itneither absorbs norradiat®®
energy. If the electron absorbs energy equal to the energy diff erence between! :
two orbits, the electron is excited, i.e. it jumps to higher energy state. If it fal
back to lower level, it must emit energy equal to the energy difference bet\'Vc‘
the two orbits. (Fig: 3.11). If this energy is absorbed or emitted as light, @ sing
photon (quantum) of absorbed or.emitted light must account for the requif®

energy differences, so that

hv= AE
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Where AE is the difference between the energies of the final and initial

orbits, h'= Planck’s constant (6.625 x 10-* J.S.) which has the dimensions of
energy X time.

P — - . - .-
o - - - - - - -

e - - - -

!' po o - o o - - - t,

FIGURE 3.11 S
Excitation of electrons from low energy levels to higher enargy leves is a process that requires
enargy. When electrons fall from the excited levels, e.g., E,, E,, or E,, radiant energy is given
off, possibly as visible light.

/

Bohr assumed that all the transitions that electrons make between two orbits,
yield a single unique spectral line.

Bohr further assumed that the stationary states were only those orbits in
Which the product momentum (mv) x circumference (2 & r), sometimes called
the action', was equal to the Planck's constant 'h' or some integral multiple of h'
therefore for the first possible orbit.

Momentum x circumference= h
mv x2xr =h

O for any other orbit,

Mvx2nr = nh

__—.A
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Where 'n’ was a simple integer, n = 1 for first orbit, n =2 for the second and so
on.

This equation could be re-written as,

nh
mvr = —
2n
Here 'mvr’ becomes the angular momentum of the electron. Thus Bohr's first
condition defining the stationary states could be stated as,

"Only those orbits were possible in which the angular momentum of the
electrons would be an integral multiple of h/2r". These stationary states
correspond to energy levels in the atom.

- 3.12 BOHR'S THEORY AND HYDROGEN ATOM

The truth of the basic assumptions of Bohr was established when applied 10
hydrogen atom. The hydrogen atom consists of a single electron revolving around
a single positively charged nucleus, each of which would behave as a point
charge, and hence exact calculations of the stationary orbits can be made. Let €
be the charge, m mass of electron, ‘Ze' the positive charge on the nucleus, T
the radius of the orbit in which electron is moving with a velocity 'V"

If we equate the centrifugal force, mv?/rto the centripetal force which is 4
to the attraction between the electrons and the nucleus.

FIGURE 3.12
Nucleus The Bohr model for the hydrogen alom

An electron of mass m moves with velocty
vin an orbitwith radius r from the nuclevs:

RO R Lo

4
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The Bohr’s postulate states that only those orbits are possible in which:

nh
mvr = —
2%
nh
Y . =
2% mr

Substituting the value of 'v' in the above equation, we get

2
m (nh ) ze
r \2mmr/ = R

momel o N S
r\dm’e/ T 2

2 hz .
r = 'n—-—_- ...(2) .
4 m Ze?

Tf'lis equation gives the radii of all the possible stationary states. All the
Quantities on (he right hand side of the equation are known and if we substitute
=lfor hydrogen atom, n = 1 for the first orbit.

If we put the values of the constants,

h=6.625 x 10" erg, sec. (or 6.625 X 10°* 1.8: which is the S.1. unit).
M =9.11 x 102 g (or 9.11 x 10" Kg which is the S.I. unit).
©=4.802 X 101 esu (or 1.602 x 10-°C which is the S.L unit).

We get, r= 0,529 x 10 cm (10 cm =14)
e r=0isognNEL

We o 1= 0.529 A as the radius of the first stationary state for the hydrogen atom,
Malso write the equation 2 for the radius as

—— R ——
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r=n? ( ) = n’ao ..... (3)
4m*mZe?

For the first orbit n = 1 and r = 0.529A. This is the value of the terms in the
bracket sometimes written as a , called Bohr's radius. For the second, third and
so on orbitals, we would take n = 2, 3....

Thus we see that the radii of the orbits are proportional to the squares of the
first natural numbers. To test the validity of these values, the spectrum of the
hydrogen atom offers the best example.

3.13 DETERMINATION OF ENERGY

The single electron of hydrogen atom with mass ‘m’ revolves around the

’

nucleus, its kinetic energy is given by the expression % mv?, ‘v’ being the

velocity of electron in circular motion. The potential energy possessed due tothe
position of isolated electron from the nucleus at a distance ‘¢’ is given by the
2

expression ——-r—-(the energy of electron at infinity being zero) Fig: 3.12.

E, the total energy is given by:
B= g Zfzn_ : @
From equation (1) we have
m:’ = %e:_ & mv?=2
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Substituting the value of mv®in equation (4) we get,

E::-l..._.zea_._ze, "
Znr r
] Ze?

e n?h?
Substituting thg valueof r = (W) from equation (2) in equation (5),

we get,

(6)

‘This is the expression of energy of an electron in any orbit.
Expression for frequency and wave number: |
Energy of anelectron in 2 lower orbit (n, ) and higher orbit (ny)canbe
expressed as follows:
2 xm2Z%e*

By ===

2 ?mZ%e*
and  Ep=-— ma—
' 2

When an atom or gas is electrically heated, its electrons jump to higher

orbit. In this state, it is said to be excited. B
The excited state is unstable. Electron has to come back to original

ground level t')y radiating energy equal 1o the difference of energies of the excited

and ground state. Then
Encigy emitted AE = Eg =By =bv

2”2m22e4 B _2”2mzze4
Ez e E; S nzhs ( n,h
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Rearranging ;
M 2®mZ%e* 2r°mZ2%*
ML nth? nzh®
o2n?mzZ%e*( 1 1 (
- - — 7
or E2 El h2 (n? ng) \ )
~ According to Bohr's postulate
E2 - El = hv
‘ 2.4
hv=27r2mTZe ( 12_ 12}
h ny nj
ym2emziet (1 -
Kr ;?' ng i -( )

This is the expression for frequency of emitted wave or photons therein.

Now v = ¢U where U is called wave number and is defined as numbe
of waves per unit distance.

CD = 2“2m£e4 _1_._ L
h® | nyena
R ximZ3et (1 s
or U= = — (
s @) —
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Where Ry is called Rydberg constant. Its value is 109678 cm™

= 1 1
DA s g i) e el R
H (n{' nﬁ] (10)

This is the expression for wave number, Where for hydrogen Z=1.

3.14 HYDROGEN SPECTRUM -

Historical background:- It is well known that when a gas is heated in a
discharge tube at low pressure, it emits radiation. Balmer in 1885, studied the
spectrum of hydrogen gas. He found aseries of lines in visible region (i.e, having

A between 4000 to 7000 A°). They were called Balmer series. He proposed an
empirical formula to find wave number U of each line.

o ) 5 2 |

Ry, is called Rydberg constant where n,=3,4,5,6,----etc.

Lyman later on discovered another series in ultraviolet region. Wave number of
each line was found by a formula similar to that given by Balmer.

Where n, = 2,3,4,5,—— ¢

Paschen discovered an other such series in infrared region. U of each line was

given by:
o ) R
|

Where n,= 4,5,6,7,— — £t

e ———— ST TR R Y A——
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Brackett found another series infar—infrared region.
Pfund also found another series infar-infrared region.

General expression:- A general expression can give wave number of each line
. of each series. It is:

=5 1 1
=R -
oar31)

Where n, is fixed for each series.n, keeps
increasing (value of Ry = 109678 cm™)

BOHR’S THEORY AND HYDROGEN SPECTRUM

Bohr’s theory success lies in the fact that it

reason for the formation of hydrogen spectrum. According to Bohr’s theory, “At
ordm?ry tempergtum. the electron in hydrogen atom resides in lowest energy
level i.e. first orbit or ground state. When electrically it is heated at low pressure

in a discharge tube, the electrons of different hydrogen atoms absorb different
amount of energy and jum

: P to an appropriate high s are NOW
said to be in excited state, e Blcey el They

provided logical proof and

All the atoms in excited state, due to their high energy, are unstable. S0
now the electrons jum

P back to the original first orbit directly or to some othef
level 9f lower energy. In doing o they emit energy equal to the difference of
encrgies of two levels. These energetic waves are separated by a prism accordi"®
to their wavelength and thus hydrogen spectrum is obtained.
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3.15 HEISENBERG'S UNCERTAINTY PRINCIPLE

An electron in Bohr's theory was considered to be a particle whose
momentum and the path along which it moved was known precisely. Electron
also behaves as a wave, according to de Borglie concept. Thus dual nature of
an electron makes the concept of the circular orbits unclear and meaningless.

Heisenberg in 1925 enunciated a principle known after him and called
Heisenberg's Uncertainty principle. According to this principle, it was not
possible to determine simultaneously the position and momentum of a moving
particle. If one was known exactly, it would be impossible to know the other

exactly. It would therefore be impossible to chase an electron around its path or
to locate it.

In mathematical terms, it was stated as under : If Ap, is the uncertainty in
the determination of the momentum of a particle and A was the uncertainty in the

simultaneous determidation of its position, then the product of these two
uncertainties was of the order of h, the Planck's constant.
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Thus if one of the two i.e. P, or x was known exactly, then the uncertainty
in its determination could be zero and that of the other would become infinite. As

amatter of fact, itis applicable to a very small particle when the ordinary laws of
mechanics are not obeyed.

On this principle, it is impossible to think of an electron or any other particle
to be at rest or to say it possesses zero energy and is at a particular location. The
Bohr's orbits thus lose meaning as a circular path. The Heisenberg's principle,
therefore explains the basic incompleteness of the Bohr-model of atom.

3.16 ENERGY LEVELS AND ENERGY SUB-LEVELS

Bohr suggested the existence of certain circular orbits at definite distance
from the nucleus. These orbits are associated with definite energy of the electron
increasing outwards from the nucleus. Its evidence is given by the line spectra.
The Bohr's circular orbits are usually referred to as "Energy levels" or "Shells".
These are designated as 1, 2, 3, 4. etc. or K. L, M, N. etc. The maximum possible
number of electrons a shell 'n’ can accomodate is given by 2n?, i.e. 2, 8, 18, and
32respectively in the first, second, thirdand fourth energy level. It may be pointed

FIGURE 3.15

Electron orbits or
Energy levels.
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sut that in the outer most shell of any atom, the maximum number of electrons

possible is 8 (Except hydrogen whose outer most orbit being ﬁrst orbit, is to be
filled by “2” electrons).

Table 3.1 Energy Levels and Maximum Electrons.

n 1] 2 1314
Designation K|L|{M|N
Maximum electrons 2158 1418132

The spectral lines, whichcorrespond to the transition of an electron fromone
energy level to another, have for the most par, a fine structure, i.c. each line
actually consists of several separate, close lying lines as doublets, triplets and so
on indicating that some of the electrons of the given energy level have different
energies. That is to say, that the electrons belonging to same energy level may
differ in their energy. The energy levels are accordingly divided into sub energy
" levelsdenoted by theletterss, p, d, f.... for the first four seriesof linesin the spectra
of the alkali metals, based on the terms Sharp, Principal, Diffuse and Funda-
mental. The number of sub level in a given energy level or shell is equal to its

value of ‘n’ for example, with in a principal energy level (n=2) i.e. second energy
level, two sub levels are possible which are s and p.

Table 3.2 Energy levels and sub levels

ENERGY K E M N =
LEVEL (n=1) | (0=2) | (n=3) | (n=4)
SUB-

LEVEL s ;P | s,p,d | spdf

3.17 ORBITALS AND QUANTUM NUMBERS

Although the spectroscopic data indicate that electrons in atoms havé
various energies and that these energies may be described as main energy 1eve"
and sub-levels, these data do not give information about the movement of

A
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clectrons in atoms. Bohr's concept of circular path was disproved by the
Heisenberg's Uncertainty principle.

Through the use of mathematical methods known as wave mechanics,
Schrodi.nger in 1926 was able to calculate the probability of locating the electron
in a region of space about the nucleus. Thus on the basis of wave mechanics, it
would not be proper to have a picture of an orbit or to think of an electron
following a specific path. At best what can be said is that around the nucleus there

are certain regions of space, where the likelihood of finding an electron is
maximun. Such regions around the nucleus are called orbitals.

Each orbital in an atom is completely described by four quantum numbers.
The principal quantum number specifies the size of orbital. This is given the
symbol 'n'. As the value of 'n' increases, the size and also the energy of orbital
increases. The azimuthal or subsidiary quantum number, symbol '/ governs the
shape of the orbital. This can have values =0 to (n- 1). When value of /=0, the
-orbital is called s orbital, when &1, itis 'p' orbital, when =2, d orbital and &3, it
is'f' orbital. The third quantum number is the magnetic quantum number, symbol
'm’. The value of m = —Z to +£through zero e.g. when ¢= 1 (p orbital), m =-1,0,
+1 and if /=2, m=-2, -1,0,+1,+2 and so on. In fact the magnetic quantum
number gives different orientations of an orbital in space in applied magnetic
field. Finally, the spin quantum number, Symbols can have value of either
+ir2 or 122 it specifies the spin of electron in an orbital.

3.18 PAULI'S EXCLUSION PRINCIPLE.

It is an empirical rule but égrees fully with experimental observations. It was
enunciated by Wolfgang Pauli in 1925 and states that:

“In an atom no two electrons can have the same set of four quantum
numbers"

in an atom. therefore,two electrons may have a maxi'mum of three. same
quantum numbers of same values but the fourth would be different. Thus in any

orbital, wher the values of n,£ and m are same, two eléctrons can occupy the same
Orbital only if their spins are opposed or paired, 1.
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Table : 3.3 SUB-DIVISION OF ENERGY LEVELS

Encrgy | Sub-Lovel |  Oricntations Number Number | Maximum|
Level 'n Y of orbitals of of number
(Own-1) 'm' orbitals elecuons of
(+fw-) (n® (Paulis electrons
principle) (2n%)
n= 1(K) ¢=0(s) m=0 1 $? 2
n=2 (L) {=0(s) m=0 1(s) g?
(=1(p) m=1,0,-1 3p P 8
4 (Total orbitals)
n=3 (M) £=0(s) m=0 1(s) ¢?
¢=1(p) m=1,0,-1 3(p) P 18
{=2(d) m=2,1,0,-1,-2 m dw
* | 9 (Total orbitals)
n=4(N) | ¢=0(s) m=0 1(s) @
¢=1(p) m=1,0,-] 3 (p) p* )
{=2(d) m=2,1,0-1,-2 | 5(d) 4o
‘=3(D m=3,21,0, 7 e
-1,-2,-3 T8 (Towl
orbitals)

The first energy level (K) contains only one orbital: therefore it does not
contain more than two electrons,it is not strictly speaking divided into sub levels.
The second energy level (L) consists of four orbitals and maximum of eight
electrons. One of the four orbitals is an s orbital and the other three arc p orbitals.
Thus the second energy level consists of two sub levels, the 25 sub level and 2P
sublevel, the 2 s sublevel consists of asingle s orbital and the 2 p sublevel consists
of three orbitals.
“The third energy level (M), with a maximum of 18 electrons, contains thre®
snb levels consisting of nine orbitals,pne s orbital, three p orbitals, five d orbitals
The fourth energy level (N) consisting of four sub levels, contains 16

orbitals: one s, three p, five d and seven f orbitals. The maximum number o
electrons in the fourth level is 32.

3.19 SHAPES CF ORBITALS

All 's' orbitals are spherical in shape with the nucleus at the cent®
Therefore in an 's' orbital, the proba_bility of finding the electron is uniformly
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distributed
g nude“".l‘ has only one possible orientation in space in the

magnetic field because j :
nodal plane. © 1t spreads over all the three axes uniformly. It has no

thm’lx‘l;i t;:] :ll;;tals aren(clit;mb-bcll-shapcd and they are oriented in space along the
Perpendicular axes (x, y, 2), and are calied P,» P, and p_orbitals.

All the three p orbitals are :
orbitals, that are of equal cl:;:PgC;dlcular to each other. These are degenerate

S~ Orpital

FIGURE 3.16
Shapes of orbitals.

y
— R ——
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Each p orbital has two lobes. One of which is labelled (+) and the other (-),
Eachlobeislikea pear. Itis worthwhile to note that it would be wrong to imagine
an electron moving along from one lobe to another. The point when the two lobes
meet each other is usually referred to as the nodal plane along which the
probability of finding the electorn is zero. Here we are not concerned with the
shapes of d and f orbitals which are rather more complicated.

3.20 ELECTRONIC CONFIGURATION

The distribution of electrons in the available orbitals is governed by certain
rules or principles such as (i) Pauli's exclusion principle (which has-already been
described) (ii) Aufbau principle (iii) (m+ & Rule, (iv) Hund's Rule etc.

() AufbauPrinciple: Itstates that for any given atom, the electrons are filled
10 the orbitals of lowest energy in sequence, two electrons to each orbital. In other

words, the electrons are fed in order of increasing orbital energy starting with the
1s orbital. Pauli called this principle the Aufbau principle( German Aufbau
"building up"). Hypothetically we can build up the electronic configurations of
the atoms by placing the electrons in the lowest available orbitals until the total

number of electrons added is equal to the atomic number 'Z'. For example, the
electronic configuration of the first five elements is given in table 3.4.

Table : 3.4 Electronic Configuration of First Five Elements

Element Atomic No. 'Z" Electronic Configuration o0
: lsl
Hydrogen 1 Is' AT
) 15
Helium 252 1s? (44
Bedg e X
Lithium 9 12 25! [av 1
: , 18 2¢?
Beryllium 4 1s 28 Jav | [av :
; Ty Ez'h]
Boron 5 1 2¢¢  2p  [av v O

The sequence of increasing orbitzl energy is:
1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, Ss, 4d, 5p, 6s, 41, 54, ......
“The scheme for the order of the filling of orbitals is shown in the (e 3.5 «
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The same order of the building up of orbitals may be simplified as shown in
the table 3.6

Table 3.6

Table 3.5 Order of filling of orbitals Order of filling orbitals

I
|
| ——
I

(i) (n+¢) Rule: The order of the filling of orbitals in elements is guided by
(h+¢) rule. . ' :

"In building up the electronic configuration of the elements, the orbital with
the lowest value of (n + Z) fills first; when two orbitals have the same value
of(n+ ¢), the orbital with the lower value of ‘n’ fills first”

Here 'n’ and %2 ' stand for the principal and azimuthal quantum numbers
r"'SPt:ctivcly, This useful rule reminds us that the energy of an orbital of multi
°1°‘_=tron atoms depends upon the value of both the quantum numbers, nand¢, but
Mainly on the value of n. For example, which fills first 3d or 4s orbital? For the
3d0rbi:a| (n=3;¢ = 2); the value of (n +¢) = 5; for the 4s orbital (n = 4; ¢ = (),

value of (n + ¢) = 4. Hence 4 s which has the lower value of (n +¢ ) and thus
Ower energy fills first. Likewise, 4 p orbita! fills before Ss although the (n + )

;:l:,cb for both is same, but 4p orbital has the lower value of the principal quantum
er ‘n’ '
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(i) Hund'sRuleof Maxdmum Muitipiicity: The crbitals whicharedegenerated
(having equal ensrgy) like p, 6, £, where these beginto fill up, they do so according
t0 8 Rule called the Hund's Rule of Maximum Multiplicity. It states:

(3) Theelectrons tend W aveid being in the same orbital. Thus as clectrons are
successively added, & maximum number of electrons will try to occupy
orbitals singly. Only when all the orbitals are singly occupied only then the
pairing of ¢lections commences.

In the ground state, the clectrons occupying the orbitals singly will have their
spin parailel.

(b)

Making use of the above mentioned principles, we could consider in the tavle
3.7 the electronic confipuraiion of the first 11 elements.

Table : 3.7 Elecironic Configurations of Elements 1 to 11,

Atomic Element 1s 25 2p, 2, 2p 3s Electronic

No. Z i configuration . |
H 1 : e

2 He A 1s?

3 Li Abecat ; 1s? 25"

A Be U 4 18 28

5 B A avansil 1?25 2p, !

6 C i B 1 [ 15252 2p,) 2py'

7 YR | L. SR 1929 2p, 2py'

8 o) Abnstdba Sliaiilia . o) 13‘25’2p"2p§‘ 2p,

TR (L, | BERSR VR |t 15 25 2p, 2py* 200

0 Ne oA A A 15,25, 2,7, 20y 205

1 Ma TR TR, (PR, | O { PR 18 257 2pf 3s'

—- /

|

From the above stdies, it is gathered that ;

9 ;

(2) The maximurm pumber of orbitals in a particular energy level is equal ¥
ForcnmpleK,L.Mand N contain 1, 4,9, 16 orbitals. :

(b) An orbital cannot contain more than two electrons (Pauli's principle)
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(c) The .maximux'n'numbcr of electrons that a particular energy level
specified by 'n’ can hold, is given by 2n, For example, K, L, M and N
energy levels can hold 2, 8, 18 and 32 electrons respectively.

(d) Thenumberof sub levelsin an ener : :
- gy level specified by 'n’ g
energy level with n =2 hag o sbleosis pect yn js equal ton.c.g

(¢). The number of orbitals in each sub energy level specified by 7' is given by

(2{ +1). For example s, p, d and f energy sub levels contain 1, 3,5 and 7
orbitals respectively. ‘

() The maxunum number of electrons which can be accomodated in an energy
sub level is given by 2 (2£ + 1). Thus s, p.dand fsublevels contain 2, 6,
10 and 14 electrons respectively: s? p® 4'° f14

(8) The orbitals given by a particular value of ''if ‘n' is same, have the same
encrgy and such orbitals are called degenerate. Like ¢ = 1 gives three p
orvitals specified as p,, p,, p, and the p orbitals are said to be three fold
Gcgenerate. These orbitals are filled according to Hund's Rule.

1) The notation used to indicate the number of electrons presentina given
cuergy level is nl*, where 'n' may be 1,2,3....; I'may bes, p, d... and 'x'rep-
res¢nis the number of electrons actually present forexample, Na has Z = 11;
theee elecons are distributed as 1s? 2s? 2p® 3s'. This indicates that the inner
Uiree orbitais 1s, 2s and 2p are full while the outer mostorbital is 3s and contain

only one eleciron.

*21 ATOMIC RADIUS

Acco ding 10 wave mechanics, an electron could be any where around the
.ﬂf'gt;}‘r‘.{,‘:' benice it would be improper 1o talk of a fixed radius of an atom. The

PIEstiice of other atorns also affects the outer charge distribution. Still itis useful

0alk about the radius of an atom. The radius of an atom is taken as half the bond
& ....uuﬁzLu‘c;MmGNB j : leslike H-H: 0=0:Cl
npth CEtween two hoinonuclear diatomic ITIOICCU eSlKE N -, U=0UCl - Ql

o

v
-]
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etc. The values of the distances between the two nuclei are determined from the
spectroscopic dataand X-ray diffraction measurements. For example the distance
between two atoms of carbon in diamond is 1.54A, giving the radius of
carbon atoms as 0.77A (1A = 10~ cms). Similarly the internuclear distance
between two sulphur atoms is 2.06A, there by giving the radius of sulphur
atom as 1.03A. Some atomic and ionic sizes are shown in the table 3.8

—

- 2r FIGURE 3.17

In case of hctex:ogeneous diatomic molecules i.e. where two different kinds
of atoms A, B are joined together, the bond length is (r, +r,) andif any oneof ¢

fadii is}'.n.own,the qlhcr can be found. The knowledge of the atomic radii is usefv!
in predicting chemical b:.-hnvtour. €-8. phosphorus combines with chlorinetogi¥
PClgbut does not combine with iodine 1o give Pl The reason is that the iodi"®
atom is much bigger than the ~ 1 D

Cl atom and t e 1 be
accomodated around a single phosphorus ato:\ £z guns o e
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TABLE 3.8

Sizes of the atoms and their ions

atoms G N 0 F Na Mg Al Si H

size 0717 530i70 0.66 0.64 1.51 136 .- 125 - K17

ions G N G F Na* Mg® -Al* Siv h

size 260 " 1.71 1.40 1136 095 . 065 0:50 0.41H

IONIC RADII

H~ Li* Be?* B> cY

154 060 031 020 0.IS
OF 5P & oNay I Mphae SAD Gogih s g% . e
140 136 095 065 050 041 031 029 026
S TN G o S T P O T M

'% 181 133 099 081 068 059 052 046
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3,22 IONIC RADIUS.

‘When an electron is removed from a neutral atom, the atom is left with 2n

excess of posnive charge cailed a positive 1on or canon. Insicad of a newwal aom,
takes up an electron it becomes a negative ion or anion.

M—— M'+e
M+e —— M-

. The magnitude of the charge on the, ion depends upon the number of
electrons removed or added to the neutral atom. |

w —_— Mﬂ- +e..
M+e—s M-

.As.in case of atomic radius, the ionic radii are known from X-ray analysis.
The ionic radii are alzo &duced from the way the jons are packed together, The
MONoaLomiC 1ons are considered as spheres and their radii are determined from

the packing in crystals. The value of the ionic radius also depends on the ions tha!
surround it. ‘

(i) Toric radii show that the cations have smaller radii than neutral atoms. "

removal of an electron the effective charge on the nucleus increases and pulls
remaining electrons more firmly e.g.

radinsof Naatom = 1.57A
radius of Nation = 095A

(i) Anions have a larger radii than the neutral atoms as an excess of ng"
| charge results in greater electron'repulsion e.g.

radivsof Clatom = 099A
radivsof Clrion = 1814
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(iii) Incaseofions which have th

A", (Is%, 252, 2p%) the radii g

¢ same electronic configuration like Na*, Mp**
ecrease with increasing nuclear charge.

o ’

Element Na* Mg Al
Atomic No. 11 12 13
lonic radius in A 0.95 (45 0.50

The ions which have the same electronic configuration, as giv

en above, are
called isoelectronic. The ionic sizes are shown in table 3.8.

3.23I0NIZATION POTENTIAL

Itis defined as the minimum amount of energy require to remove the least

gly bound electron from a neutral gaseous atom, ion or molecule. It is called
Ionization potential or ionization Energy.

stron

+ -
M(M _— M(m)+c

Itis possible to remove more than one electron from an atom or ion, giving
 doubly or triply charged ions and the energies needed are called:

M“ ) - M, +¢ AEis the first Ionization potential.
’:“) — M*’u“) +¢~ AE is the Second Ionization potential
M”(‘ M ¢ AE is the third Ionization potential.
us)

The ionization potential is measured in Kilo-Joules per mole and is
determined from spectroscopic methods or by r.ncasurcmcnt of current passing
through a discharge tube. The ionization potcn‘na.l depends upon the dxstancc.of
the electron from the nucleus. Farther the electron s from the nucleus,more easily
itis removed. When one electron is removed, the positive charge on the nuclct:s

Omes unbalanced and binds the remaining electrons more firmly. It is
thcrcforc, becomes more and more difficult to remove the second and mcr;l;he
third ¢]ec tron. Due to their larger distance, itis casier to rc.movc an ?lf:c;rol;n Thm
T shej) than g 'd’ shell and removal from a 'd' shell is easier than a 'p’ shell,, The

"SI, Second and third ionization potentials of first 20 elements are given in
Table 3 9.
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Table 3.9 Ionization Potentials (KJ mol?)

Element Symbol | At. No: Ist 2nd 3rclj
Hydrogen H 1 1312
Helium He 2 2372 5250
Lithium Ly 3 520 7297 11,810
Beryllium Be 4 900 1757 14,850
Boron B 5 800 2427 3658
Carbon C 6 1086 2352 4619
Nitrogen N 7 1403 2858 4578
Oxygen o) 8 1314 3391 5300
Fluorine F 9 1681 3381 6046
Neon Ne | 10 2081 3964 6150
Sodium Na 11 495 4563 6912
Magnesium Mg | 12 738 1450 7730
Aluminium Al 13 577 1816 2745
Silicon Si 14 787 1577 3230
Phosphorus P 15 1060 1896 2908
Sulphur S 16 1000 2258 3381
Chlorine C1 17 1255 2297 3849
Argon Ar |18 1520 2665 3947
. Potassium K 19 418 3069 4439
Calcium Ca |20 590 1146 494] |
3.24 ELECTRON AFFINITY
Itis easy to remove an electron from a metal to form a positive ion according
to the equation ~~ M—e—-M’
e.g.

Na, —¢ — Na', AH = +495 KJ rpolc"

The non metals on the other hand try to g2in an electron to complete

theif
| , al
shells. The energy change accomp ing the gain of an electron by a {w_"" :
'sarao;as atom to form a negative ion is called its electron affinity. The additio”
electron to an atom, is mostly an exothermic change. For example;

4
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Clo+e = O, AH =_348 KJ mole (Electron affinity).

Some non-metallic elements particular]
large amounts of energy, that is, their electr
(Refer Table 3.10). The large values of th
clements are very strong oxidizing agen
halogens are attributed to their small atom
electrons. Moreover, the addition of an el
configuration (i.e. Octet). The value for
. cause the fluorine atom is very small and t
the electrons already present.

y halogens of VIIA group evolve
on affinities are large and negative.
€ electron affinity show thast these
ts. The large electron affinities of
ic radii and greater attraction for the
ectron produces the stable inert gas
fluorine is anomalous, probably be-
he incoming electrons are repelled by

Table 3.10 Electron Affinities (KJ mole“)*
IA IIA ITTA IVA VA VIA VIIA ZERO
H He
13 +54
Li Be B G N 0] F Ne
575 SR 166 -15 -123 +31 -141 -333 +99
Na - Mg Al Si P S C
Dol -26 -135 -60 -196 -348
: | Br
-340
I
-297
e

R0 . ) .
OSitive valyes signify that the reaction A+e—A-'is endothermic.

| Looking at the table 3.10 you might note that the electron affinities of
| sro up.A elements are somewhat negative, even though these elements have
: li:ry litle attraction for the electron. The clements of group IIA, Beryl-

o 20d agnesium have positive electron affinities (change is endother-
| :;l:) Decause the electron is being added to higher energy p-level. In VA
| mu:P Clements gych as Nitrogen, the value is positive because the clc.ctro.n
| ot :n‘enler the half filled p-orbital and becomes paired, a process which is

8etically favourable.
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The addition of second electron to oxygen or sulphur must overcome the
repulsion of the negative charge already present on O and S-. The process is,
therefore,endothermic ¢.g. for O it is + 844 and for S*" it is + 532 KJ mole!

3.25 ELECTRONEGATIVITY (EN)

In a molecule the tendency or power of an atom to attract a shared pair
of electrons to itself, is called the electronegativity of that atom. The
polarity of covalent bond depends upon the electronegativities of held
atoms. The electronegativity values of elements are listed in table 3.1 1,

The numerical values of the electronegativity of fluorine is fixed as 4 which
isthehighestvalue fromthe valueslistedintable 3111tisclearthatthe E.N, values

in general, increase as we gofromlefttorightin any horizontal period, while they
decrease as we go down from top to bottom a group in the periodic table.

TABLE 3.11
Eelectronegativities of representative Elements
H He
2.1 ‘ =
LUSIRBeR| UBRll CioloN ol o F | Ne
O 115 20| 25| 30 | 35 40 | —
Na | Mg | Al | si | F S | Cl| A
09 1 12| 15| 18| 23 2501230 |7 — |
K Ca Ga, Ge | As Se | Br | Kr
08 | 10| 16| 138 20 | 24 | 28| —
Rb | St | mn | sn | g Te | 1 | Xe
08 | 1.0 | 17| 18 2.0 2.5 —
Cs | Ba| Ti | pp | p Po | At | Rn
0.7 [ 09| 18| 18 RORI20: 1022 | —
Fr Ra
0.7 | 09
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On the basts of clectronegativity values. It is predictable that what type of
bond will be formed. If the difference between E.N. values of any two bonded
atoms is less than 1.7 the bond will be covalent. The polarity of covalent bond
alsodepends upon the E.N. values, that s, the covalent bond between two similar
atoms (H—H, O=0, N=Netc), the E.N. are equal, the covalent bond is non-polar
in character. The covalent bond between dissimilar atoms is always polar in
nature, the polarity increase with difference in their E.N- values. For example,
bond between N and H is more polar than bond between C and H, because E.N.
difference in case of N and H is more than E.N. difference between C and H.

PROGRESS TEST 3

1. What is the experimental evidence for the presence of small nucleus
containing most of the mass and all of the positive charge in the atom?

2. What . information about the structure of atom is obtained from the
experiments on the passage of electricity through gases under low pressure?

3. Criticize the following statement, "An electron moves about the nucleus of
an atom in a manner analogous to the movement of a planet about the sun?

4.  Whatinformation about the electron in the atom is obtained from the fact that
the emission spectra of the elements are frequently discontinuous?

5. Explain quantized energy states in terms of Bohr's orbits and electron
transition between the orbits.

6. What principles and rules are followed in the electronic configuration of

atoms?

" Explain the origin of X-rays and relationship between their wave length and

nuclear charge in the atoms from which they originate.
(2) State the restrictions placed on our ability to.know the position and
momentum of an electron.
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(b) Explainthe significance of Pauli's Exclusion principlein relationtothe
clectronic structure of atoms.

(c) Write down the electronic configuration for the ground states of each
of the following (i) Na (Z = 11)(ii) Ca (Z = 20) (iii) Sc (Z = 21)

(iv) Mg* (Z=12) (v) C1'(Z = 17).

Explain the distinction between the following:

(a) cand B - Particles (b) Orbitand orbital (¢) Ground state and excited state
(d) Continuous and discontinuous spectrum.

Describe the contribution made by the following individuals toward the
structure of atom (a) Rutherford (b) Bohr (c) Moseley.

Givc”the numberof protons, neutrons and electrons ineach of the following:
3 A

(@) K () 10 (©)’Li (@) JF (€)' 1Na

Also write down their electronic configuration,

What do you understand by the terms:

(@) Atomic Radius (b) Ionization potential (c) Electron affinity
(d) Electronegativity,

!_ist the four quantum numbers that define the energy state of the electrons
in a hydrogen atom along with their possible values and explain their
significance in terms of orbitals, :

(a) Theionization pot.emial of Lithium and tassium are 5.4 and 4.3 ev.
what do you predict for the LP. of Na_ B RS

(b) Whatis the shape of orbital for which £= (.9 Those for which¢ =17

(2) How isemission of radiation froman atom explained by Bohr's modei?

(b)' Why wasthe nucleusof hydrogenatomwas assy

. med to be a fundamental
particle? :
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