
 

 

UNIT : 1 
 
CRYSTAL STRUCTURE 
 
 
SPACE LATTICE  A space lattice is an array of points showing how particles (atoms, ions or 
molecules) are arranged at different sites in three dimensional spaces. 
UNIT CELL The smallest repeating unit in space lattice which, when repeated over again, results in 
a crystal of the given substance. 
 Primitive cell is a minimum volume cell 
TRANSLATION VECTOR The primitive translation vectors a→1, a→2, a→3 span a lattice cell of 

smallest volume for a particular three-dimensional lattice, and are used to define a crystal 
translation vector 

  

where u1, u2, u3 are integers translation by which leaves the lattice 

invariant. 

                                                     A parallelepiped is a general primitive 
cell for 3-dimensional space. 

WIGNER-SEITZ PRIMITIVE CELL 

Wigner and Seitz proposed a convenient method for choosing a primitive cell. The procedure is: 

The cell may be chosen by first picking a lattice point. After a point is chosen, lines are drawn to all 
nearby (closest) lattice points. At the midpoint of each line, another line is drawn normal to each of 
the first set of lines. 

In the case of a three-dimensional lattice, a perpendicular plane is drawn at the midpoint of the lines 
between the lattice points. By using this method, the smallest area (or volume) is enclosed in this 
way and is called the Wigner–Seitz primitive cell. All area (or space) within the lattice will be 
filled by this type of primitive cell and will leave no gaps. 

 
 
BASIS: Unit cell assembly of atoms in a crystal. 

Single atom in atomic crystal is called Crystal basis. 

eg. One Na+ ion and one Cl- ion in NaCl crystal is basis of NaCl crystal. 

There are 7 crystal systems which are defined by the lengths a, b, c and angles α, β, γ between the 
primitive translation vectors. Bravais show that they cangive 14 space lattice. 



 

 

 
VARIOUS CRYSTAL SYSTEMS: 

 
Lattice+Basis=Crystal Structure 
 
Co-ordination number:Number of nearest neighbours of a given atom in 
crystal lattice. 
Lattice constant: A parameter, either a measure of length or angle, that defines 
the size and shape of the unit cell of a crystal lattice. 
eg. for cubic we have lattice constant given by: 
(a)^3=(nM)/(Nρ) 

MILLER INDICES 
Miller indices for crystallographic planes 
Miller notation system (hkl)Miller index–the reciprocals of the fractional 
interceptsthat the plane makes with the x, y, and zaxes of the three nonparallel edges of the cubic 
unit cell. 
procedure for determining Miller index: 
(1) choose a plane not pass through (0, 0, 0) 



 

 

(2) determine the intercepts of the plane with x, y, and zaxes 
(3) form the reciprocals of these intercepts 
(4) find the smallest set of whole numbers that are in the same ratio as the intercepts. 
 
direction index 
– the vector components of the direction resolved along each of the 
coordinate axes and reduced to the smallest integers. 
Given by [h k l] 
 
Spacing between Lattice Planes: 
interplanar spacing between two closest parallel planes with the same Miller indices is designated 
dhkl(h, k, l are the Miller indices) 

 
 
 
 
 
 
Packing Fraction It is defined as the ratio of volume occupied by atoms in unit ell to 
the volume of the unit cell. 

Packing fraction for fcc: 
Packing fraction for bcc: 
 
 
 
 
 
 
 
 
 
 
 
 



 

 

 
Packing fraction of simple cubic: 
 
 
 
 
 
 
 
 
 
 
 
 
 
Hexagonal Closed Pack Structure: 
There are two simple regular lattices that achieve this highest average density. They are called face-
centered cubic (fcc) (also called cubic close packed) and hexagonal close-packed (hcp), based on 
their symmetry. Both are based upon sheets of spheres arranged at the vertices of a triangular tiling; 
they differ in how the sheets are stacked upon one another. 
 
In both the fcc and hcp arrangements each sphere has twelve neighbors. For every sphere there is 
one gap surrounded by six spheres (octahedral) and two smaller gaps surrounded by four spheres 
(tetrahedral). The distances to the centers of these gaps from the centers of the surrounding spheres 

is √ 3⁄2 for the tetrahedral, and √2 for the octahedral, when the sphere radius is 1. 

Relative to a reference layer with positioning A, two more positionings B and C are possible. Every 
sequence of A, B, and C without immediate repetition of the same one is possible and gives an 
equally dense packing for spheres of a given radius. 

The most regular ones are 

 fcc = ABCABCA (every third layer is the same) 
 hcp = ABABABA (every other layer is the same). 

NaCl Structure 

 The salient features of its structure are: 

 Chloride ions are ccp type of arrangement, i.e., it contains chloride ions at the corners and at 
the center of each face of the cube. 

 Sodium ions are so located that there are six chloride ions around it. This equivalent to 
saying that sodium ions occupy all the octahedral sites. 

 As there is only one octahedral site for every chloride ion, the stoichiometry is 1 : 1. 
 For sodium ions to occupy octahedral holes and the arrangement of chloride ions to be close 

packed the radius ratio, rNa+/rCl-, should be equal to 0.414. The actual radius ratio 0.525 
exceeds this limit. To accommodate large sodium ions, the arrangement of chloride ions has 
to slightly open up. 

 It is obvious from the diagram that each chloride ion is surrounded by six sodium ions which 
are disposed towards the corners of a regular octahedron. We may say that cations and 



 

 

anions are present in equivalent positions and the structure has 6 : 6 coordination. 

 The structure of sodium chloride consists of eight ions a unit cell, four are Na+ ions and the 

other four are Cl- ions. 

In this structure, each corner ion is shared between eight unit cells, each ion a face of the cell by 
two cells, each ion on a edge by four cells and the ion inside the cell belongs entirely to that unit 
cell. 

 

 
 
  CsCl 

Structure 
 The structure can be described as: 
 The cesium ions from the simple cubic arrangement. Chloride ions occupy the cubic 

interstitial sites, i.e., each chloride ion has eight cesium ions as its nearest neighbours. 
 If we consider the figure at left it can be observed that each cesium ion is surrounded by 

eight chloride ions which are also disposed towards the corners of a cube. 
 It may be concluded that both type of ions are in equivalent positions, and the stoichiometry 

is 1:1. 
The 

coordination is 8:8. 

 
 
 
 



 

 

 
 
 
 
 
 
 
 
 
Diffraction of X-rays by crystal:The dominant effect that occurs when an incident beam of 
monochromatic X-rays interacts with a target material is scattering of those X-rays from atoms 
within the target material. In materials with regular structure (i.e. crystalline), the scattered X-rays 
undergo constructive and destructive interference. This is the process of diffraction. The diffraction 
of X-rays by crystals is described by Bragg’s Law, n(lambda) = 2d sin(theta). The directions of 
possible diffractions depend on the size and shape of the unit cell of the material. The intensities of 
the diffracted waves depend on the kind and arrangement of atoms in the crystal structure. 
 
BRAGG'S LAW: 
Bragg's Law can easily be derived by considering the conditions necessary to make the phases of 
the beams coincide when the incident angle equals and reflecting angle. The rays of the incident 
beam are always in phase and parallel up to the point at which the top beam strikes the top layer at 
atom z (Fig. 1). The second beam continues to the next layer where it is scattered by atom B. The 
second beam must travel the extra distance AB + BC if the two beams are to continue traveling 
adjacent and parallel. This extra distance must be an integral (n) multiple of the wavelength (λ) for 
the phases of the two beams to be the same: 

nλ = AB +BC (2). 

 



 

 

 

Fig. 1 Deriving Bragg's Law using the reflection geometry and applying trigonometry. The lower 
beam must travel the extra distance (AB + BC) to continue traveling parallel and adjacent to the top 
beam. 

 

Recognizing d as the hypotenuse of the right triangle Abz, we can use trigonometry to relate d and  

to the distance (AB + BC). The distance AB is opposite Θ so, 

AB = d sinΘ(3). 

Because AB = BC eq. (2) becomes, 

nλ = 2AB (4) 

Substituting eq. (3) in eq. (4) we have, 

nλ = 2 d sinΘ(1) 

and Bragg's Law has been derived. The location of the surface does not change the derivation of 
Bragg's Law. 

 

Bragg’s X-ray spectrometer 



 

 

Bragg’s spectrometer used to determine the wavelength of X – rays is shown in 

Fig. Bragg’s spectrometer is similar in construction to an ordinary optical 

spectrometer. 

 

X–rays from an X-ray tube are made to pass through two fine slits S1 and S2 which 

collimate it into a fine pencil. This fine X-ray beam is then made to fall upon  the  

crystal  ‘C’ (usually sodium chlo- ride crystal) mounted on the spectrometer table. 

This table is capable of rotation about a vertical axis and its rotation can be read on a 

circular graduated scale S. The reflected beam after passing through the slits S3 and 

S4 enters the ionization chamber. The X-rays entering the ionization chamber ionize 

the gas which causes a current to flow between the electrodes and the current can be 

measured by galvanometer G. The ionization current is a measure of the intensity of 

X-rays reflected by the crystal. 

The ionization current is measured for different values of glancing angle θ. A graph is 

drawn between the glancing angle θ and ionization current (Fig.). 



 

 

 

For certain values of glancing angle,the ionization current increases abruptly. The 

first peak corresponds to first order, the second peak to second order and so on. From 

the graph, the glancing angles for different orders of reflection can be measured. 

Knowing the angle θ and the spacing d for the crystal, wavelength of X–rays can be 

determined. 

LAUE METHOD: 

A single crystal( fixedorientation) is required for this method. The technique use white 

radiation(range of wavelengths), typically un ltered radiation from a X-ray tube. This falls on a 

single crystal that is fixed. Thus, the diffraction angle,is fixed for every direction plane and for that 

particular value a certain wavelength will get diffracted, using equation 2dsinθ =n. Thus, each 

diffracted beam will corre-spond to a certain wavelength which then falls on the film. 

 

 

 
 
 
 
 
 
 
 
 
 
 

Powder Diffraction 

The kinematic theory of diffraction outlined in this section has been explained with single crystals 
in mind. It requires only a small step from here to envisage powder diffraction. With single crystals 



 

 

diffraction is, in effect, an arranged event in which the crystal and incident X-ray beam must be 
configured so that Bragg's law is satisfied and diffraction occurs. If the condition is not satisfied the 
crystal must be rotated, so that the angle θ becomes equal to that given by Bragg's law, for 
diffraction to occur. 

With powder specimens, such rotation is not essential for diffraction. A powder specimen of a single 
material would consist of many small crystallites (typically 1 to 10 micron-sized, ideally imperfect 
crystals) compacted into a powder in which all crystallite orientations are equally likely, the 
opposite of which is a highly undesirable but common condition known as preferred orientation. If 
however there are indeed very many crystallites in random orientations then for any given d spacing 
of the crystal, say d1, there will by chance be a number of crystallites at the correct orientation 

(angled at θ1 to the incident beam) to satisfy Bragg's law for planes spaced d1 apart: 

                λ = 2d1sinθ1 

Two such crystallites are indicated in the plane of the figure below, though there will also be many 
other crystallites angled "azimuthally" at θ1 so that diffraction also occurs out of the plane of the 

figure; altogether a cone of diffracted rays, with a semi-vertex angle of 2θ1, (remember θ is the 

angle between the incident beam and the d-planes whereas 2θ is the angle between the incident and 
diffracted beams) is produced as illustrated in red. 

 

Simultaneously there will also by chance be a number of crystallites at the correct orientation 
(angled at θ2 to the incident beam) to satisfy Bragg's law for planes spaced d2 apart: 

                λ = 2d2 sinθ2 

This will produce another cone of diffracted rays (semi-vertex angle 2θ2) illustrated in green, and 

so on for d3, d4 etc. These cones would intersect a flat photographic plate as circles, known as 

Debye-Scherrer rings after the early powder diffraction camera invented by Debye, Scherrer and 



 

 

Hull. 

The intensity of these diffraction objects will be the centre of our attention next since the intention 
of structural crystallography is to link atomic structure to diffraction intensities via the theory of 
kinematic diffraction as expressed in the structure factor equation . 

DEFECTS IN SOLIDS 

Imperfections or defects: 
Any deviation from the perfect atomic arrangement in a crystal is said to 
contain imperfections or defects. 
Crystal imperfections have strong influence upon many properties 
of crystals, such as strength, electrical 
conductivity. 
Imperfections in crystalline solids are normally classified according to their dimension as follows 
1.Point imperfections (Zero dimensional defects) 
2.Line imperfections (one dimensional defects) 
3.Plane or surface imperfections (Two dimensional defects) 
4.Volume imperfections (three dimensional defects) 
 
SCHOTTKY AND FRENKEL DEFECTS: 
 If in an ionic crystal of type A+B− an equal number of cations and anions are missing from their 
lattice sites (so that electrical neutrality as well as stoichiometry is maintained), then this defect is 
called a Schottky defect. 
 
 
 
 
 
 
 
 
A Frenkel defect is a type of defect in crystalline solids wherein an atom is displaced from its 
lattice position to an interstitial site, creating a vacancy at the original site and an interstitial 
defect at the new location within the same element without any changes in chemical properties. 
 
 
 
 
 
 
 
 
 
 
 
 
 



 

 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 



 

 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 



 

 

 

 
 



 

 

 
 
 



 

 

 
 
 



 

 

 
 
 



 

 

BONDING  IN  SOLIDS 
1.1           INTRODUCTION 

Materials have always been an integral part of human culture and civilization. Their properties 
depend on their internal structure. The properties influence the performance of a material. Closer 
collection of atoms result in bulk materials called as solids. Solids can be broadly classified as 
either crystalline or non-crystalline. 
 

1.2 TYPES OF BONDING IN SOLIDS 
 
     The value of the energy needed to move an atom completely away from its equilibrium 
position is a measure of the binding energy (also called the cohesive energy) between them. This 
energy varies depending on the type of bonding. 
 
    Thus bonds are made up of attractive and repulsive forces. The attractive forces are directly 
associated with the valence electrons. The outer shell contains valence electrons. It can acquire 
more electrons from or lose all its electrons to another atom to become more stable. It can share its 
valence electrons with two or more atoms. This is how atomic bonds are formed. 
 

Different Types of Bonding:- 

1.      Ionic bonding 
2.      Covalent bonding 
3.      Metallic bonding 
4.      Hydrogen bonding 
5.      Van der waals bonding 

1.3  IONIC BONING 
    An ionic bonding is the attractive force existing between a positive ion and a negative ion when 
they are brought into close proximity. These ions are formed when the atoms of different elements 
involved lose or gain electrons in order to stabilize their outer shell electron configurations. 
As an example of ionic bonding, let us consider a molecule of NaCl . when neutral atoms of Na and 
Cl are brought close together, as shown in Fig.1, the outer valence electron of the sodium atom gets 
transferred to the chlorine atom to acquire a stable electronic configuration. There exists an 
electrostatic attraction between positively charged sodium cation and negatively charged chlorine 
anion. 
 
 
    Actually, a positive charge attracts all negative  charges in the neighbourhood , and vice versa. 

Consequently in the crystalline solid, Na+  ions are surrounded by Cl- ions and Cl- ions by Na+ 
ions. The attraction between the neighbouring unlike charges exceeds the repulsion due to like 
charges. The resulting structure of sodium chloride is shown in Fig.2. 
 

   Properties of ionic solids 

1.      Ionic solids are crystalline in nature. 
2.      They are hard and brittle. 



 

 

3.      They have high melting and boiling points. 
4.      Since all the electrons are tightly bound with the ions, ionic solids are good insulators of 

electricity. 
5.      They are soluble in polar solvents and non-polar solvents. 
6.      In an ionic crystal, a carbon is surrounded by as many anions as possible and vice-versa. 

 
 
Examples of ionic solids: 
NaCl , KCl , KBr , MgO , MgCl2 , KOH and Al2O3  are few examples of ionic solids. 

1.4 COVALENT BONDING 

 In covalent bonding the stable arrangement of electrons in an outer shell is achieved by a 
process of valence electron sharing rather than electron transfer. Such sharing results in a 
lowering of the potential energy of the system . the simplest case of covalent bonding occurs in the 

hydrogen molecule in which two hydrogen atoms contribute their 1s1  electrons to form an 
electron-pair covalent bond as shown in the Fig.3.   
  A covalent bond may also be formed when two or more atoms of different non-metals share 

one or more pairs of valence electrons. As shown in Fig.3 the probability of finding the 1s1 
electrons in the atoms is maximum between the nuclei in the hydrogen molecule. In order to comply 
with Pauli’s exclusive principle, the shared two electrons should be of opposite direction. The 
interaction between  these two anti-spin electrons give rise to force of attraction between the two 
atoms. 
     
    The directional nature of the covalent bond results from the restricted orbital motion of the 
electrons. Covalent  bonds are formed  not only due to the overlap of pure  s  orbital or pure  p 
orbitals  but also due to the overlap of  s and  p orbital's. such bonding is called hydrogen bonding. 

Carbon exhibits such a bonding. The electronic configuration of  normal  carbon is 1s2  2s2 2p2.  
The electron  spin distribution of normal carbon atom can be represented as 
 
 
                    1s      2s      2px    2py    2pz  

                            
      In this representation we find that1s and 2s orbital electrons are spin paired while 2p orbital 
electrons remain unpaired. Since these unpaired electrons are responsible for bond formation, two 
bonds are expected to form. But when carbon atoms approach each other, one electron of 2s orbital 
gets excited to 2p orbit resulting in the following spin distribution.            
                              1s     2s      2px    2py    2pz 

     Thus this gives rise to four unpaired electron spin. The favourable bonding directions of these 

orbitals are directed towards four corners of a regular tetrahedron with the bond angles 109.5o as 

shown in Fig.4. These four orbitals are called  sp3 hybrids and this arrangement of orbitals  is called 

 hybridization. In diamond, carbon atoms exhibit sp3 tetrahedral covalent bonding. 
 
    Because of these strong , directional, primary valence forces, the crystal becomes strong with 
high melting point and low thermal expansion coefficient. Since it is extremely hard, it is used as an 



 

 

abrasive. Since valence electrons are strongly locked in covalent bonds, it is an electrical insulator. 
The next two elements in Group IV of the Periodic Table are silicon (Si) and germanium (Ge). 
These are also electrical insulators at 0k. As the temperature increases, the covalent bonds are 
broken up and valence electrons become free to carry electric current. These solids are 
semiconductors. 
   Based on the strength of the covalent bonds, we can group the covalent crystals into three types. 
    
   In one type of crystals, the molecules are small and they are bonded together y weak forces. They 
are soft and have low melting point.  ( Example: Sulphur and  Iodine). 
 
   In the second type of crystals, the atoms are bound by strong covalent bonds and hence they are 
very hard with very high melting point.  ( Example: Diamond, Ge and Si). 
 The third type materials have layer like structure as in the case of graphite. Within the layer, all 
the atoms are bonded strongly with the neighbouring atoms. However there is no strong bonding 
between different layers. Hence these materials are soft. ( Example: graphite). 

PROPERTIES  OF  COVALENT  SOLIDS 
1. Covalent bonds are directional. Change in the direction of the bond results in the formation of 
different substance. 
2. Since different covalent solids have very much different bond strengths, they 
exhibit varying physical properties. For example, the diamond is the hardest 
substance with very high melting point. It is a very good insulator of electricity. 
Tin which is a covalent solid is a good conductor of electricity. It is very soft and has a low melting 
point. We know that silicon and germanium, the covalent solids are semiconductors. 
3. Covalent solids are hard and brittle. They possess crystalline structure. 
4. When compared with ionic solids, these solids have relatively low melting and boiling points. 
5. Pure covalent solids are good insulators of electricity at low temperatures. 
6. When covalent crystals are doped with certain impurities, they become semiconductors. 
Table 1. Comparision between ionic and covalent solids 
 
       Ionic solids                                                             Covalent solids 

 
1. Ionic solids are formed when the                    1. Covalent solids are formed 
  atoms of two different elements                             between the atoms of same                             
                                  
  transfer the electrons among them                        elements by sharing of electrons 
  to become positive and negative ions.                   between them. 
 
2. The bonds are non directional.                        2. The bonds are directional. 
 
3. The bonds are relatively stronger.                   3. The bonds are relatively weaker. 
 
4.possess high melting point and                         4. Comparatively lower 
 high boiling point.                                                   melting point and low boiling  
                                                                                         point. 
5. Soluble in polar solvents.                                    5. Soluble in nonpolar solvents. 



 

 

 
6. Not very hard.                                                        6. Very hard. 
    Examples: NaCl, KBr, Al2O3.                                                         Examples: Diamond, Ge,Si. 

1.5 METALIC BONDING 
   The valence electrons from all the atoms belonging to the crystal are free to move throughout 

the crystal. The crystal may be considered as an array of positive metal ions embedded in a “ 
cloud ” or “ sea ” of free electrons as shown in Fig.6. This type of bonding is called metallic 
bonding.  A metallic structure is therefore determined largely by the packing of the positive ions 
alone; the electron cloud is just a sort of negatively charged glue. 
In general, if an atom has fewer valence electrons that are more loosely held, the bonding is more 
metallic. Sodium, potassium, copper, silver, and gold have high electrical and thermal 
conductivities because their valence electrons are very mobile. As the number of valence electrons 
and the lightness with which they are held to the nucleus increases, the covalent nature of the 
bonding increases. The transition metals such as iron, nickel, tungsten and titanium have a 
significant fraction of covalent bonding. 
 
    A metallic bond may be viewed as an unsaturated covalent bond. Since there are many vacancies 
in their outermost electron shells, their bonds do not exhibit directional preferences. Hence atoms 
can be rearranged in space without loss of strength. Since the electrons can wander from atom to 
atom because of so many unoccupied states in each atom of metal, the valance electrons in a metal 
are similar to that of molecules in a gas. This explains the high electrical and thermal conductivity 
of metals. If the volume of the metal is made to change, the energy of electrons is markedly 
affected. Hence metals have good cleavage strength. But by mere movement of  atoms without any 
change in volume, the energy of electrons is not affected. Hence metals are malleable and ductile. 
 Properties of metallic solids 
 1. Metallic bonds hold the atoms together in metals. 
 2. Metallic bonds are relatively weak. 
 3. Metallic solids are malleable and ductile. 
 4. Metallic bond is non directional. 
 5. They have high number of free electrons. 
 6. They possess high electrical and thermal conductivity. 
 7. Metals are opaque to light. 
 8. Metallic solids are not soluble in polar and non-polar solvents. 
 9. Metallic bonds are weaker than ionic polar and covalent bonds but stronger than van der waals 
bonds. 
Examples of metallic solids: 
                 Sodium, Copper, Gold, Silver, Aluminum. 

 

1.6 Hydrogen Bonding 
Covalently bonded atoms often produce an electric dipole configuration as shown in Fig.7. With 
hydrogen atom as the positive and of the dipole if bonds arise as a result of electrostatic attraction 
between atoms, it is known as hydrogen bonding. Let us consider the example of the water 
molecule H2O.  Because of the greater electronegativity of the oxygen the electrons tend to stay 



 

 

closer to oxygen atom than the hydrogen atoms (Fig.8(a)). Hence the oxygen atom acts as the 
negative end of the dipole while hydrogen atoms act as the positive end. The positive end attracts 
the negative end of another water molecule and thus bonding the molecules together (Fig.8(b)). In 
the hydrogen atom the proton is not shielded by other surrounding electrons and hence it is attracted 
strongly by the negative end of another dipole. Thus the bonding is relatively strong as compared to 
other dipole-dipole interactions. This bond is also directional in nature. Since the most 
electronegative atoms like fluorine, oxygen and nitrogen procedure strong dipoles, hydrogen 
bonding is formed between them. The hydrogen bonding is important in many biological molecules 
such as DNA. 
 

Properties of hydrogen bonded solids 
 1. The hydrogen bonds are directional. 

 2. The bonding is relatively strong as compared to other dipole-dipole interactions. 
 3. Hydrogen bonded solids have low melting points. 
 4. Since no valance electrons are available in such solids they are good insulators  
     of electricity. 
 5. They are soluble in both polar and non-polar solvents. 
 6. They are transparent to light. 
 7. Since elements of low atomic numbers form such solids, they have low 
     densities. 
8. When water is in the form of ice, hydrogen bond results in lower density,  but  
     when it melts, it becomes more closely packed liquid and hence its 
     density increases. 
                     Examples of hydrogen bonded solids: Water molecule in the form of  ice, ammonia 
molecules. 
 
 

1.7  VAN DER WAALS (MOLECULAR) BONDING  

 
   Weak and temporary (fluctuating) dipole bonds between hydrogen are known as van der waals 
bonding and they are nondirectional.. If the symmetrical distribution of electrons around the 
nucleus (Fig.9(a)) is distributed, the centers of positive and negative charges may not coincide at 
that moment (Fig.9(b)) giving rise to weak fluctuating dipole.(b) unsymmetrical distribution 
(real) 
      A weak attractive force exists between the opposite ends of the dipoles in the neighbouring 
atoms. This force only allows inert gas atoms to condense (liquefy and crystallize) at low 
temperatures. Van der waals bonding is typically an order of magnitude weaker than the hydrogen 
bonding. 
 
    Solids with van der waals bonding are electrical insulators since the electrons are localized. They 
cannot respond to electrical conductivity when external electrical field is applied. These solids are 
characterized by low melting points, high thermal expansion coefficients. Due to the presence of 
weak forces they are soft and mechanically weak. 

 



 

 

 
Properties of solids with van der Waals bonding 
1. Van der waals bond are nondirectional. 
2. Van der waals bonding is weaker than the hydrogen bonding. 
3. Van der waals bonded solids have low melting point. 
4. Since no valance electrons are available, such solids are good insulators of electricity. 
5. They are soluble in both polar and non polar liquids. 
6. They are usually transparent to light. 
               Examples of van der Waals bonded solids: 
                                           Solid nein, Solid argon. 
 
 
 


