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Outline	
  
 
q Atomic structure and electron 

configurations 

q Interatomic bonding: primary and 
secondary 
q Ionic 
q Covalent 
q Metallic 
q Secondary 



WHY	
  STUDY	
  Atomic	
  Structure	
  and	
  Interatomic	
  
Bonding?	
  	
  

Structures	
  of	
  
materials	
  	
  

Proper<es	
  of	
  
materials	
  

Rela<onships	
  
???	
  	
  

Some	
  of	
  the	
  proper<es	
  in	
  solid	
  materials	
  
strongly	
  depend	
  on	
  the	
  type	
  of	
  atomic	
  
structure	
  and	
  interatomic	
  bonding	
  

From	
  Chapter	
  1:	
  



	
  	
  	
  	
  	
  Diamond	
  	
  	
  	
  	
  	
  	
  vs.	
  	
  	
  	
  Graphite	
  

Strong	
  covalent	
  	
  
+	
  weak	
  van	
  der	
  Waals	
  

Interatomic	
  	
  
Bonding:	
  
	
  
ProperWes:	
  

Strong	
  covalent	
  

SoX	
  ,	
  lubricant,	
  
relaWvely	
  high	
  electrical	
  
conducWvity	
  

Extremely	
  hard,	
  very	
  
low	
  electrical	
  
conducWvity	
  

Carbon	
  



Atom 

Nucleus Electron (e-) 
Proton (p+) & neutron (n0) 

-1.6 X 10-9 C 
 9.11 X 10-31 kg 1.6 X 10-9 C 

 1.673 X 10-27 kg 

Fig_02_01	
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Atomic Structure:	
  



X	
  
A	
  

Z	
  

Mass number (A) 	
  

Atomic number (Z)  

Atomic number (Z) = number of protons (np) in nucleus                              
                               = number of electrons in neutral species only 
 
Mass number (A) = number of protons + number of neutron 
 

Example: 	
  

Magnesium	
  
Section 2.2 

Chemical 
Symbol	
  



For	
  all	
  atoms	
  of	
  a	
  given	
  element,	
  the	
  number	
  of	
  protons	
  is	
  the	
  
same	
  but	
  the	
  number	
  of	
  neutrons	
  may	
  be	
  variable.	
  	
  
	
  

Isotopes:	
  Atoms	
  of	
  the	
  same	
  element	
  that	
  have	
  different	
  
number	
  of	
  neutrons.	
  	
  
	
  
Note	
  the	
  following:	
  
1.  Isotopes	
  have	
  the	
  same	
  proton	
  numbers	
  (Because	
  they’re	
  from	
  the	
  

same	
  element)	
  
2.  Isotopes	
  have	
  different	
  atomic	
  masses	
  (Because	
  they’ve	
  different	
  

number	
  of	
  neutrons)	
  
	
  
Example:	
  
Carbon-­‐12,	
  (A=12),	
  Carbon-­‐13,	
  (A=13),	
  Carbon-­‐14,	
  (A=14)	
  	
  
Atomic	
  number	
  (Z)	
  for	
  Carbon=6	
  	
  
!	
  No.	
  of	
  neutrons=	
  6,	
  7,	
  &	
  8	
  for	
  C-­‐12,	
  C-­‐13,	
  &	
  C-­‐14,	
  respecQvely	
   Section 2.2 

Isotopes	
  



q  Atomic mass:  mass of protons + mass of neutron 	
  

q  Atomic	
  mass	
  unit	
  (amu):	
  it	
  is	
  a	
  measure	
  of	
  atomic	
  mass	
  	
  
defined	
  as	
  1/12	
  of	
  the	
  atomic	
  mass	
  of	
  the	
  most	
  common	
  
isotopes	
  of	
  carbon,	
  12C.	
  

	
  

q  Atomic	
  weight	
  (rela<ve	
  atomic	
  mass):	
  The	
  weighted	
  
average	
  of	
  the	
  atomic	
  masses	
  of	
  the	
  atom’s	
  naturally	
  
occurring	
  isotopes	
  

q  In	
  one	
  mole	
  of	
  a	
  substance	
  there	
  are	
  6.023	
  X	
  1023	
  
(Avogadro’s	
  number)	
  atoms	
  or	
  molecules.	
  	
  
1	
  mole	
  è	
  6.023	
  X	
  1023	
  atoms	
  

q  1	
  amu/atom=	
  1	
  g/mole	
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Atomic weight: 
	
  

	
  

Section 2.2 



Example 1 (Problem 2.2)	
  

	
  

Section 2.2 

Atomic_wieght	
  =	
  92.23/100	
  *	
  27.9769	
  	
  
	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  +	
  4.68/100	
  *	
  28.9765	
  	
  
	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  +	
  3.09/100	
  *	
  29.9738	
  
	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  	
  =	
  28.0854	
  amu	
  



Example 2: 
	
  
How	
  many	
  atoms	
  of	
  iron	
  (Fe)	
  in	
  1	
  g	
  of	
  Fe?	
  
	
  	
  
	
  Atomic	
  weight	
  of	
  Fe	
  is	
  55.845	
  	
  g/mol	
  
	
  
	
  Avogadro	
  number	
  =	
  6.023	
  X	
  1023	
  
	
  
	
  
	
  

	
  
See	
  Homework	
  2	
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Electronic Structure 
•  Electrons	
  are	
  assumed	
  to	
  revolve	
  around	
  the	
  atomic	
  	
  
	
  	
  	
  	
  	
  nucleus	
  in	
  discrete	
  orbitals	
  

•  Energies	
  of	
  electrons	
  are	
  quanWzed;	
  that	
  is,	
  electrons	
  are	
  
permiied	
  to	
  have	
  only	
  specific	
  values	
  of	
  energy	
  	
  

	
  
•  Each	
  orbital	
  at	
  discrete	
  energy	
  level	
  is	
  determined	
  by	
  quantum	
  

numbers.	
  
  

Quantum #             Designation   
n = principal (energy level-shell)    K, L, M, N, O  (1, 2, 3, etc.) 
ℓ  = subsidiary (orbitals, subshell)    s, p, d, f   (0, 1, 2, 3,…, n -1) 
ml = magnetic        1, 3, 5, 7 (-ℓ to +ℓ) 
ms = spin         ½, -½  

Section 2.3 

Fig_02_01	
  



Electronic Structure 

Section 2.3 

See Table 2.2 for a list of the electron 
configurations for some common elements	
  



q  Valence	
  electrons:	
  The	
  electrons	
  in	
  the	
  outermost	
  
occupied	
  electron	
  shell,	
  which	
  parWcipate	
  in	
  inter-­‐	
  atomic	
  
bonding.	
  

q Many	
  of	
  the	
  physical	
  and	
  chemical	
  properWes	
  of	
  solids	
  
are	
  based	
  on	
  the	
  valence	
  electrons.	
  	
  

q  Stable	
  electron	
  configuraWons	
  =	
  valence	
  electrons	
  shells	
  
are	
  completely	
  filled	
  (e.g.	
  inert	
  gasses)	
  

	
  

Section 2.3 



•  Most elements:  Electron configuration not stable. 
Element 
Hydrogen  
Helium  
Lithium  
Beryllium  
Boron  
Carbon  
...  
Neon  
Sodium  
Magnesium  
Aluminum  
...  
Argon  
...  
Krypton  

Atomic #
1 
2 
3 
4 
5 
6 
 

10 
11 
12 
13 

 
18 
... 
36 

Electron configuration
1s1

1s2 ! ! !(stable)
1s22s1

1s22s2

1s22s22p1

1s22s22p2

...
1s22s22p6 ! !(stable)
1s22s22p63s1

1s22s22p63s2

1s22s22p63s23p1

...
1s22s22p63s23p6 ! !(stable)
...
1s22s22p63s23p63d104s246 !(stable)

SURVEY	
  OF	
  ELEMENTS	
  

Section 2.4 
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The Periodic Table 
•  Columns:  Similar Valence Structure 

Electropositive elements: 
Readily give up electrons 
to become + ions. 

Electronegative elements: 
Readily acquire electrons 
to become - ions. 
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Ne 
Ar 
Kr 
Xe 
Rn 

F 
Cl S 

Li Be 
H 

Na Mg 

Ba Cs 
Ra Fr 

Ca K Sc 
Sr Rb Y 

Section 2.4 

 
e.g. Mg    1s2 2s2 2p6 3s2 àMg2+  1s2 2s2 2p6 

            



•  Ranges from 0.9 to 4.1, 

Smaller electronegativity Larger electronegativity 

•  Large values:  tendency to acquire electrons. 

Electronegativity 

Section 2.4 



INTERATOMIC	
  BONDING	
  



Ionic 
bonding 

Covalent 
bonding 

Metallic 
bonding 

Primary interatomic 
bonds 

Ø  depends	
  on	
  the	
  electron	
  structures	
  
of	
  the	
  atoms	
  

Ø  Seeks	
  stable	
  electron	
  structures	
  (by	
  
filling	
  the	
  outermost	
  electron	
  shell)	
  

Atomic Bonds	
  

Secondary, 
van der Waals, or 
physical bonds 



Ionic bond  –  metal    +     nonmetal 

            donates              accepts 
          electrons            electrons 
  

Dissimilar electronegativities   
 

ex: MgO  Mg    1s2 2s2 2p6 3s2          O    1s2 2s2 2p4 
                   [Ne] 3s2  
 

Mg2+  1s2 2s2 2p6             O2-  1s2 2s2 2p6  
       [Ne]                [Ne]  

Section 2.6 

1.	
  IONIC	
  BONDING	
  



Na (metal)
unstable 

Cl (nonmetal)
unstable 

electron  

+  -  
Coulombic 
Attraction 

Na (cation)
stable 

Cl (anion)
stable 

•  Occurs between + and - ions. 

•  Requires electron transfer. 

•  Example:  NaCl 

1.	
  IONIC	
  BONDING	
  

Section 2.6 



•  Predominant bonding in Ceramics 

Give up electrons	
   Acquire electrons 

He
-

Ne
-

Ar
-

Kr
-

Xe
-

Rn
-

F
4.0

Cl
3.0

Br
2.8

I
2.5

At
2.2

Li
1.0

Na
0.9

K
0.8

Rb
0.8

Cs
0.7

Fr
0.7

H
2.1

Be
1.5

Mg
1.2

Ca
1.0

Sr
1.0

Ba
0.9

Ra
0.9

Ti
1.5

Cr
1.6

Fe
1.8

Ni
1.8

Zn
1.8

As
2.0

CsCl

MgO

CaF2

NaCl

O
3.5

EXAMPLES:	
  	
  IONIC	
  BONDING	
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Ionic	
  materials	
  (materials	
  with	
  predominate	
  
ionic	
  bonding):	
  

q  Most	
  ceramic	
  materials	
  have	
  ionic	
  bonding	
  

q  Bonding	
  energy	
  is	
  relaWvely	
  large	
  è	
  High	
  

melWng	
  temperature	
  

q  Ionic	
  materials	
  are	
  hard	
  and	
  briile	
  

q  Electrically	
  and	
  thermally	
  insulaWve	
  

q  Covalent	
  bonding	
  is	
  nondirecWonal	
  

Section 2.6 



Each H:  has 1 valence e-, 
               needs 1 more 

Electronegativities 
       are the same. 

2. Covalent Bonding 
•  Requires shared electrons 
•  similar electronegativity ∴ share electrons 
 
Example: H2 

shared 1s electron 
from 2nd hydrogen  
atom  

H 

H2 

shared 1s electron 
from 1st hydrogen  
atom 

H 

Section 2.6 



•  Requires shared electrons 

•  Example:  CH4 

C:  has 4 valence e, 
       needs 4 more 

H:  has 1 valence e, 
       needs 1 more 

Electronegativities 
       are comparable. 

shared electrons
from carbon atom

shared electrons
from hydrogen
atoms

H

H

H

H

C

CH4

2.	
  COVALENT	
  BONDING	
  

Section 2.6 



2.	
  COVALENT	
  BONDING	
  

Section 2.6 

q  Available	
  in	
  	
  
Ø  Most	
  nonmetallic	
  elemental	
  molecules	
  (H2,	
  Cl2,	
  F2,	
  etc)	
  
Ø  CH4,	
  H2O,	
  HF,	
  etc	
  
Ø  Elemental	
  solids	
  such	
  as	
  diamond,	
  silicon,	
  germanium	
  
Ø  Polymers	
  
	
  

q  Bonding	
  may	
  be	
  weak	
  or	
  strong	
  

q  Ionic	
  bonding	
  is	
  direcWonal	
  
	
  
It	
  should	
  be	
  noted	
  that	
  parQally	
  ionic	
  and	
  parQally	
  covalent	
  
bonding	
  are	
  possible	
  



ü  Primary bond for metals and 
their alloys 

ü Arises from a sea of  donated 
valence electrons 

 
①  Metallic elements have 1, 

2, or 3 valence electrons 
è Electron clouds 
(negative charge) 

+ 
②  Non valence electrons 

and atomic nuclei è ions 
cores (positive charge) 

= forms Metallic bonding 
 
    

+ + +

+ + +

+ + +

3.	
  METALLIC	
  BONDING	
  

Section 2.6 



3.	
  METALLIC	
  BONDING	
  

Section 2.6 

q  Primary	
  bond	
  for	
  metals	
  

q  Good	
  electric	
  and	
  thermal	
  conducWviWes	
  (because	
  of	
  

the	
  free	
  electrons)	
  

q  Bonding	
  may	
  be	
  weak	
  or	
  strong	
  

q  Metallic	
  bonding	
  is	
  nondirecWonal	
  



Secondary Bonding or 
 van der Waals Bonding 

Section 2.7 

q  Secondary	
  bonding	
  arise	
  from	
  interacWon	
  between	
  atomic	
  
or	
  molecular	
  dipoles	
  

	
  
q  	
  Weak bonding (10 kJ/mol) 
 
q  Can exist between all atoms or molecules 
 
q  Fluctuating induced dipole bond, polar molecule- induced 

dipole bond, permanent dipole bond, and hydrogen bond (see 
section 2.7) 

Dipole	
  is	
  a	
  pair	
  of	
  equal	
  yet	
  opposite	
  
electrical	
  charges	
  that	
  are	
  separated	
  
by	
  a	
  small	
  distance.	
  	
  



Ionic 
bonding 

Covalent 
bonding 

Metallic 
bonding 

Primary interatomic 
bonds 

Na (metal)
unstable 

Cl (nonmetal)
unstable 

electron  

+  -  
Coulombic 
Attraction 

Na (cation)
stable 

Cl (anion)
stable 

Atoms give up their valence 
electrons to other atoms	
  

	
  share	
  electrons	
  between	
  
adjacent	
  atoms	
  

shared electrons
from carbon atom

shared electrons
from hydrogen
atoms

H

H

H

H

C

CH4

Arises	
  from	
  a	
  sea	
  of	
  
donated	
  valence	
  electrons	
  

+ + +

+ + +

+ + +

Secondary, van der Waals,  
or physical bonds 

Atomic Bonds	
  

Section 2.6 



Type	
  

Ionic	
  

Covalent	
  

Metallic	
  

Secondary	
  

Bond Energy	
  

Large!	
  

Variable	
  
large-Diamond	
  
small-Bismuth	
  

Variable	
  
large-Tungsten	
  
small-Mercury	
  

smallest	
  

Comments	
  

Nondirectional (ceramics) 

Directional	
  

semiconductors, ceramics 

polymer chains) 

Nondirectional (metals) 

Directional	
  
inter-chain (polymer)  

inter-molecular	
  

SUMMARY:	
  	
  BONDING	
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RelaWonships	
  between	
  bonding	
  and	
  
some	
  physical	
  properWes	
  



•  Bond length, r 

•  Bond energy, Eo 

F 
F 

r 

•  Melting Temperature, Tm 

Eo= 

“bond energy”

Energy (r)

ro 
r

unstretched length

r 

larger Tm   

smaller Tm   

Energy (r) 

ro  

Tm is larger if  Eo is larger. 

PROPERTIES	
  FROM	
  BONDING:	
  TM	
  



•  Elastic modulus, E 

•  E ~ curvature at ro 

cross 
sectional 
area Ao 

ΔL 

length, Lo 

F 

undeformed 

deformed 

ΔL F 
Ao 

= E 
Lo 

Elastic modulus 

r 

larger Elastic Modulus   

smaller Elastic Modulus   

Energy 

ro  
unstretched length 

E is larger if  Eo is larger. 

PROPERTIES	
  FROM	
  BONDING:	
  	
  E	
  



•  Coefficient of  thermal expansion, α 

•  α ~ symmetry at ro 

α is larger if  Eo is smaller. 

ΔL 

length, Lo 

unheated, T1 

heated, T2 

 

  = α (T2-T1) ΔL 
Lo 

coeff. thermal expansion 

r 

smaller α   

larger α   

Energy 

ro  

PROPERTIES	
  FROM	
  BONDING:	
  	
  α	
  



Ceramics 

(Ionic & covalent bonding):	
  

Metals 

(Metallic bonding):	
  

Polymers 

(Covalent & Secondary):	
  

secondary bonding

Large bond energy 
large Tm 
large E 
small α	
  

Variable bond energy 
moderate Tm 
moderate E 
moderate α	
  

Directional Properties 
Secondary bonding dominates 

small T 
small E 
large α	
  

SUMMARY:	
  	
  PRIMARY	
  BONDS	
  



Chapter	
  2:	
  Summary	
  
	
  
1)  Atomic	
  structure	
  and	
  electron	
  

configura<ons	
  	
  
	
  	
  

2)	
  Interatomic	
  bonding	
  
	
   	
  (primary	
  &	
  secondary,	
  van	
  der	
  Waals,	
  bonding)	
  

	
  
	
  

	
  


