Chapter 8 – Bonding: General Concepts

Chemical Bonds are forces that hold groups of atoms or ions together and make them function as a unit
8.1  Types of Chemical Bonds

· Ionic bonds - electrostatic attractions between cations and anions in ionic crystals;

· Covalent bonds – shared electron-pairs that hold two atoms (usually two nonmetal atoms or a semimetal and nonmetal) together.

Ionic Bonds

In the formation of an ionic compound, one or more electrons are transferred from the metal to nonmetal atoms.  For example, in the reaction between sodium and chlorine, an electron is transferred from a Na to Cl atoms.  Electrostatic attractions between the resulting ions constitutes ionic bonds.  

The Formation of Stable Ions and Electron Configurations of Ions

With the exception of helium, each of the other noble gas atom has eight (8) electrons in the outermost shell with the electron configuration ns2np6, where n is the principal quantum number of the outermost shell. G.N. Lewis believed that this configuration, where the s- and p-subshells of the outermost shell are completely filled (with eight electrons), represents the most stable state for an element. It is called an octet state.  Lewis introduced the electron-dot symbols which show the number of valence electrons in atoms.

Lewis "Electron-dot" Symbols for Atoms of the Second Period

——————————————————————————————————————————————

IA
IIA
IIIA
IVA
VA
VIA
VIIA
VIIIA

——————————————————————————————————————————————

Li
 Be
 B
 C
 N
 O
 F
 Ne


2s1
2s2
2s22p1
2s22p2 
2s22p3
2s22p4 
2s22p5 
2s22p6 


Na
Mg
 Al
 Si
 P
 S
 Cl
Ar


3s1
3s2
3s2 3p1
3s2 3p2 
3s2 3p3
3s2 3p4 
3s2 3p5 
3s2 3p6 

——————————————————————————————————————————————

To acquire the octet state, an atom of the main group element may lose or gains a certain number of electrons and becomes ion. Electrons are lost from or added to the valence shell. For example:



  Na (Ne]3s1)  (  Na+ ([Ne]  +  e-;


Cl ([Ne]3s23p5) + e-  (  Cl- ([Ar])



—————————————————————

Species:     
  Na    +      Cl
 (   Na+  +   Cl-    
(  NaCl

e-config.:
[Ne]3s1 +  [Ne]3s23p5     [Ne]  +  [Ar] 

Thus, an atom loses or gains one or more electrons to become an ion and acquires the noble gas electron configuration - ns2np6. Isoelectronic ions that have acquired the octet state and the noble gas electron configurations are listed below:

Ions isoelectronic to [Ne] = 1s2 2s2 2p6 :  Na+, Mg2+, Al3+, F-, O2-, and N3-;

Ions isoelectronic to [Ar] = 1s22s22p63s23p6 :  K+, Ca2+, Sc3+, Cl-, S2-, and P3-
Ions isoelectronic to [Kr] = 1s22s22p63s23p64s23d104p6 : Rb+, Sr2+, Y3+, Br-, and Se2-;

Ions isoelectronic to [Xe] = 1s22s22p63s23p64s23d104p65s24d105p5: Cs+, Ba2+, La3+, I-, and Te2-;

Exercise-1:  

1.
Determine which noble gas is isoelectronic to each of the following ions:

H+, H-, Li+, Rb+, Cs+, Ba2+, La3+, Se2-, Br-, and I-.

2.
Write the electron configuration for each of the following species:


(a) Br;

(b) Br-

(c) Ca

(d) Ca2+

(e) S2- 

__________________________________________________________________________

Ionic Sizes

Like atomic sizes, the size of ions with similar charges increases down the group. For isoelectronic ions, the size decreases with increasing positive charges and increases with increasing negative charges. For example, the trend of ionic sizes for the following group of ions is: O2- > F- > Na+ > Mg2+ > Al3+. That is, for isoelectronic species, ion with the most negative charge is the largest and one with the most positive charge is the smallest. In going from O2- to Al3+, effective nuclear charges increase while electron-electron repulsions remains fairly constant. Therefore, ionic sizes decreases as a result of increasing effective nuclear charge, which pulls electron cloud closer to the nucleus.

The Formation of Binary Ionic Compounds – The Born-Haber Cycle

The formation of an ionic compound such as NaCl(s) involve several steps and the enthalpy of formation, Hof, of NaCl(s) can be calculated by applying the Hess's Law of summation.  Processes in the Born-Haber cycle can be summed up as follows:

1.

Na(s)   (  Na(g);

Ho1  =   92 kJ;  
(endothermic)

2.

½ Cl2(g)  ( Cl(g);

Ho2  =  121 kJ; 
(endothermic)

3.

Na(g)    ( Na+ + e-;

Ho3  =  496 kJ; 
(endothermic)

4.
Cl(g)   +   e-   (  Cl-(g);

Ho4  = -349 kJ; 
(exothermic)

5.
Na+(g) + Cl-(g) ( NaCl(s);

Ho5  = -771 kJ; 
(exothermic)

————————————————————————————————————————


Na(s) + ½ Cl2(g) ( NaCl(s);
Hof  = -411 kJ; 
(exothermic)

————————————————————————————————————————

The energy released in Step 5 is numerically equivalent (but opposite in sign) to the lattice energy (HoL) for NaCl(s).  The lattice energy (HoL) is defined as the energy required to dissociate a mole of solid ionic compound to gaseous ions (which is the reverse of step 5):


NaCl(s)  (  Na+(g) + Cl-(g);

HoL = +771 kJ/mol;

For binary ionic compounds, lattice energy increases as ionic sizes decrease and ionic charges increase. For example, in halides of alkali metals, the trend of lattice energy is as follows: 


LiCl > NaCl > KCl > RbCl > CsCl;

NaF > NaCl > NaBr > NaI;

The strength of ionic bonds is directly related to the lattice energy and, therefore, is dependent on the ionic charges and ionic sizes, such that greater charges and smaller ionic sizes lead to stronger bonds.

Compounds with high lattice energies also have very high melting points. The melting points of ionic halides increase in the following order:


CsCl < RbCl < KCl < NaCl < LiCl;
  

NaCl < MgCl2 < AlCl3;


NaI < NaBr < NaCl < NaF

Energy changes associated with the formation of NaCl can also be presented graphically using the energy diagram of Born-Haber cycle (shown below).

The Born-Haber Energy Diagram:
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Exercise-2:

1.
Calculate the lattice energy of NaI(s) and CsCl(s), respectively, using the following data (in kJ/mol): 

 Hof[NaI(s)] = -288;  Hs(Na) = +108; Ip(Na) = +496; Hs(I2) = +62; D(I—I) = +149; 

EA[I(g)] = -295; Hof[CsCl(s)] = -443; Hs(Cs) = +78; Ip(Cs) = +376; D(Cl—Cl) = +243; EA = -349.

__________________________________________________________________________

Transition Metal Ions

The ionization of a transition element involves the removal of electrons in the ns- and (n – d) orbitals, where n is the valence-shell principal quantum number; the ionization of ns electrons occurs before the (n – 1)d electrons. For examples:

Fe ([Ar]4s2 3d6)  (  Fe2+ ([Ar]3d6) + 2e-;
( removal of two 4s electrons

Fe2+ ([Ar] 3d6)  (  Fe3+ ([Ar]3d5) + e-; ( removal of one 3d electron

Orbital diagrams for valence-shell in Fe, Fe2+ and Fe3+:



Fe
= [Ar]  _((_   _((_ _(_ _(_ _(_ _(_ 


     
  4s

     3d

Fe2+
= [Ar]  ____   _((_ _(_ _(_ _(_ _(_ 


  
    
  4s

     3d


Fe3+
= [Ar]  ____   _(_ _(_ _(_ _(_ _(_ 

  
    

  4s

     3d

Most transition elements form cations with partially filled (n-1)d subshell. For examples:



Cr2+ = [Ar]3d4;
Fe2+
= [Ar]3d6;
  Co2+
= [Ar] 3d7;



Cr3+ = [Ar]3d3;
Fe3+
= [Ar]3d5;
  Co3+
= [Ar] 3d6;

Cations derived from the transition metals generally do not acquire the noble gas configurations, although cations such as Cu+, Ag+, Zn2+, Cd2+, and Hg2+ have a completely filled outer shell (ns2np6nd10). They are said to acquire the pseudo-octet state or pseudo noble gas configuration.


Cu+
= [Ar] 3d10;

Zn2+ 
= [Ar] 3d10;



Ag+
= [Kr] 4d10;

Cd2+ 
= [Ar] 4d10;

Exercise-3:
1.
Write the electron configuration and orbital “box” diagram for each of the following atoms or ions using the noble gas short-hand method. Indicate which atom or ion is (i) the most paramagnetic; (ii) the least paramagnetic.



Cr, Mn, Mn2+, Ni, Ni2+, Ti and Ti2+.

_______________________________________________________________________

Types of Covalent Bonds:

1.
Polar covalent bond - occurs when bonded atoms have different electronegativity and bonding electrons are displaced towards the more electronegative atom, thus creating a dipole moment and partial ionic character.

2.
Nonpolar covalent bond - formed between atoms with the same electronegativity, so that the bonding electrons are equally shared and the bonds have no dipole moment.

3.
Coordination covalent bond – this is a type of covalent bonds in which the pair of bonding electrons originate from one of the bonded atoms (or molecule) rather than each atom contributes an electron to the bonding pair.

The Formation of Covalent Bonds and The Lewis Structures

According to G.N. Lewis, a covalent bond is formed when two atoms (usually nonmetals) share one or more pairs of valence electrons. The number of covalent bonds that an atom could form is equal to the number of unpaired electrons in its valence shell. The following examples illustrate the relationship between the number of unpaired valence electrons on atoms and the number of covalent bonds the atoms are capable of forming. In the Lewis (electron-dot) structures, a pair of bonding electrons constitutes a covalent bond.  


H  +  Cl:    (   H : Cl:
or   H—Cl:


Be  +  2 ( Cl: )   (   Cl:Be:Cl:
or   : Cl—Be—Cl:




    
 : F:


   : F:


   B  + 3 ( F:)  (     F : B : F:
  or     :F—B—F:


 3 H  +    N   (    H:N:H
 or 
 H—N—H

                                        H




           

      H







  H

 



H


4 H  +    C    (     H:C:H
or     H—C—H

                                         H







   H

Unlike ionic bond, covalent bonds may be formed between identical atoms:



 H  +  H  (  H:H
or  H—H  


         :Cl  +  Cl:  (  :Cl:Cl:   or    :Cl—Cl:

A pair of atoms may share more than a pair of electrons to form a multiple (double or triple) covalent bonds:



    :O  +  O:  (  :O::O:    or   :O—O:




    :N  +   N:   (  :N:::N:  or    :N—N:



2 (H ) +  2( C )  (   H:C:::C:H   or   H—C—C—H


Polar and Nonpolar Covalent Bonds

Covalent bonds can be polar or nonpolar. In a nonpolar covalent bond the charge distribution between the two bonded atoms is symmetrical; that is, the electrons are equally shared between the two atoms. Nonpolar covalent bonds are normally formed between identical atoms, such as in H2, F2, O2, N2, Cl2, Br2, I2, or between atoms with similar electronegativity, such as in NCl3 and CS2 molecules. These bonds have “zero” dipole moment. 


In a polar covalent bond electrons are not equally shared between the two bonded atoms – the charge density is displaced towards the more electronegative atom. Such bonds have dipole moments, which magnitude depends on the electronegativity differences of the two atoms.

Electronegativity 

The polarity of a covalent bond is determined by the difference in the atomic property known as electronegativity, which is the relative ability of a bonded atom to compete for electrons with another to which it is bonded.  It is a relative measure of the different affinities of atoms for the bonding electrons. 

The most widely used electronegativity values are those introduced by Linus Pauling (1901 – 1995), in which fluorine, which is the most electronegative atom in the periodic table, is given an electronegativity value of 4.0. In general, electronegativity increases from left to right across periods and decreases from top to bottom down groups. It increases as atomic sizes decrease. Thus, nonmetals generally have greater electronegativity than metals.

Bond Polarity and Dipole Moments

The electronegativity difference (EN) between two covalently bonded atoms determines the bond polarity and the magnitude of the dipole moment, . Bond polarity and bond dipoles increases with EN.  When EN = 0, the bond is nonpolar and  = 0;  a bond with EN > 0 but < 1.8 is a polar covalent bond; that is, covalent bonds with partial ionic character. If EN > 1.8 the bond is considered an ionic bond. 

Dipole Moment, , is equal to partial ionic charge () times the distance (x) separating the two charge centers – that is the internuclear distance or bond length.  Therefore,  = x..  The unit for dipole moment is called debye (D), where, 1 D = 3.34 x 10-30 C.m.

The direction of bond dipole moment is shown by a cross-tailed arrow, with the arrow pointing towards the more electronegative atom. It can also be shown by indicating partial charges (+ and -) on the bonded atoms, such that s partial negative charge is placed on the more electronegative atom. For example,




  +
-

+    -



  H——Cl

Cl——F




  +——>

+——>

In polar bonds, electrons are displaced towards the more electronegative atom. The relative bond polarity can be determined from the electronegativity differences (EN) - larger EN's means more polar. Since there is a partial charge separation, a polar covalent bonds is said to have a partial ionic characteristic.  The extent of ionic character of a covalent bond depends on its EN.  Thus, partial ionic character of covalent bonds between hydrogen and other atoms shows: 

· an increasing trend from left to right across periods, and 

· a decreasing trend from top to bottom down groups. 

For example, the following trends are observed on partial ionic character:


H—C < H—N < H—O < H—F;
H—F > H—Cl >  H—Br > H—I 

Using Pauling's relative electronegativity, a covalent bond with EN greater than 1.8 is basically considered to be an ionic bond.   

The following empirical rules may be used to predict whether a compound is ionic or covalent:

1.
Compounds of Group IA and IIA metals (except Be and Mg) and the lanthanide metal series with nonmetals are mainly ionic.

2.
Most metal fluorides and oxides are essentially ionic.  Exceptions to this rule are compounds such as BeF2, BeO, TiO2, MnO2, SnO2, PbO2, WF6, OsF6, OsO4. Beryllium has a very high ionization energy and the formation of Be2+ requires too much energy, making Be2+ ion not very stable. Thus compounds of beryllium are essentially covalent. Similarly, the formation of highly charged cations such as Ti4+, Mn4+, Sn2+, Pb4+,  W6+, Os6+ and Os8+ also would require too much energy that makes these ions unstable, and therefore, compounds such as TiO2, MnO2, SnO2, PbO2, WF6, OsF6, OsO4 cannot be ionic.

3.
Compounds consisting solely of nonmetals are covalent (except the ammonium compounds, which are ionic)

Lewis Structures of Covalent Molecules and Polyatomic Ions

The objective of writing Lewis structures is to show that most atoms in covalent molecules and polyatomic ions achieve an octet state (except for hydrogen atom which achieves the duet state). To determine the Lewis structure of a covalent molecules or polyatomic ion, the following steps are used:

1.
Count the total number of valence electrons in the molecule or polyatomic ion by adding up the valence electrons of each atom in the formula. For polyatomic ions, subtract one extra electron for every positive charge or add one extra electron for every negative charge.

2.
Choose a central atom - normally an atom that is multivalent (can form more than one covalent bond), which is usually the largest and/or the least electronegative in the group.

[Note: H  and F atoms  cannot be the central atom - a hydrogen atom cannot form more than one covalent bond with another atom; while fluorine is most electronegative, and the formation of a multiple bonds will lead to a positive formal charge positive on fluorine.]

3.
Write the skeleton structure by connecting other atoms to the central atom with single covalent bonds.

4.
Complete the octets of the non-central atoms by placing three additional non-bonding pairs around each atom.  [Note that hydrogen is an exception.] If more electron-pairs left, place them on the central atom as nonbonding pairs.

5.
If the central atom has not acquired the octet state but there is no more valence electrons available, move one or more non-bonding pairs from one or more terminal (non-central) atoms to form bond-pairs with the central atom until its octet is complete.

[Note that, if the central atom is beryllium or boron, leave all bonds as single bonds and their octets left as incomplete. The formation of multiple bonds are usually not favorable when if it involves atoms of the fourth period or greater.]

6.
Evaluate the formal charges (fc) on each atom in the molecule.  


Formal charge is the apparent charge of an atom in a Lewis formula; it is determined as follows:



fc = (no. of v.e. of isolated atom) - (no. of bonds on atom) - (no. lone-pair e on atom)

The following rules are used when evaluating Lewis formulas with favorable formal charges.

1.
Lewis formulas in which each atom has zero formal charge are favored over those with non-zero formal charge.

2.
When a structure with zero formal charge is not possible, one in which each atom has the smallest  formal charge is chosen.

3.
A Lewis structure in which opposite charges occur on adjacent atoms are favored over those with opposite charges farther apart.

4.
Lewis structure in which like charges occur on adjacent atoms are not favorable.

Exceptions to the Octet Rule
1.
Species with odd number of electrons, such as NO and NO2. 

2.
Species with less than 8 electrons around an atom - this is referred to as incomplete octet.  Examples are species such as BeCl2 and BF3, which central atoms contain 4 and 6 electrons, respectively. Species with incomplete octets are called Lewis acids (electron-pair seekers)

3.
Species with more than 8 electrons around an atom - this is referred to as  an expanded octet.  Examples are: PCl5, SF4, SF6, BrF5, XeF2, and XeF4.  They involve species containing elements of the third period or higher which have empty (n-1)d orbitals in their valence shell.

Resonance Structures
Sometimes more than one Lewis structure may be written to represent the correct bonding in a molecule or a polyatomic ion.  The different Lewis structures that represents the same species (molecules or ions) are referred to as resonance structures.  In resonance structures, the position of each atom in the formula does not change, but the distribution of electrons changes.  A double-headed arrow is used between resonance structures.  For example, sulfur dioxide, SO2, and nitrate ion, NO3-, have the following resonance Lewis structures:

Exercise-4:  

1.
Draw Lewis structures for the following species. Suggest which molecules obey the octet rule and which do not, and indicate whether it is an odd-electron species, an incomplete octet, or an expanded octet.

CO, CO2, BeCl2, BF3, NO, N2O, NOBr, POCl3, PCl5, SF4, SF6, XeF4, C2H6, C2H4, and C2H2
2.
How many valence electrons are present around the following atoms: Beryllium in BeCl2; boron atom in BF3; phosphorus in PCl5, and atom sulfur in SF6 ?

3.
Draw all possible resonance Lewis structures for the following species:

CO32-, NO2, N2O, SO42-, and PO43

__________________________________________________________________________

Bond Length, Bond Order, and Bond Energy

Measurements of bond lengths and bond energies can be used to distinguish between single and multiple bonds. Bond length is defined as the distance between nuclei of two bonded atoms. Bond order is the number of bonds between two atoms in a molecule or polyatomic ion. For single bonds, the bond order is one, for double bonds, the bond order is two, and for a triple bond, the bond order is three.  For a pair of atoms, bond length decreases as the bond order increases.  For example, the bond length of carbon-carbon bonds decreases in the following order:



           C—C  >  C(C  >  C(C

Bond energy or bond dissociation energy is defined as the average amount energy needed to break a mole of covalent bonds in a gaseous molecule.  For a given type of covalent bonds, bond energy increases as the bond order increases.  The bond energy of carbon-carbon bonds increases in the following order:

       D(C—C) <  D(C(C)  <  D(C(C)

Bond Length and Bond Energy for Carbon-Carbon Bonds



————————————————————————————————


 Bond Length 
    Bond Energy
Structural

Bonds
   (pm)
      
      kJ/mol

Formula
Name

————————————————————————————————

 C—C
   154

       347

H3C—CH3
ethane

 C(C
   134

       615

H2C(CH2
ethylene (ethene)

 C(C
   120

       812

 HC(CH
acetylene (ethyne)

—————————————————————————————————

For the same group molecules, such as the halogens, bond energies increase from F2 to Cl2 and then decrease down the group towards I2. Because of its small size and shorter internuclear distance, the nuclear-nuclear and electron-electron repulsions in F2 molecule is very large. This results in a low net attraction of the nuclei on the shared electrons and a low bond energy. Chlorine molecule is larger and the net nuclear attraction of the shared electrons is relatively stronger as repulsion energy, either between nuclei or electrons decrease. However, as one goes down the group, molecular size increases and effective nuclear attraction on the shared electrons also decreases, making the bonds weaker. 

Bond energies for hydrogen halides (HX) decrease down the group: 

Bonds:

D(H—F) > D(H—Cl) > D(H—Br) > D(H—I)

Bond energy:     565
  
427
      363
  295  kJ/mol

H—F bond is the most polar and has the highest ionic character, making the bond very strong; while H—I bond is the least polar and has the least ionic character, and the bond is not as strong. Note that, there is an inverse relationship between bond length and bond energies – that is, as bond lengths increase down the group, bond energies decrease.

The formation of bonds is an exothermic process - heat is given off; while the breaking of bonds is an endothermic process because it requires energy. For a given bond, the same value of energy is given off during bond formation as that needed to break it.

Bond breaking:    H2(g) (  2H(g);
H =  D(H—H) = +436 kJ/mol;

Bond formation:  2H(g)  ( H2(g);
H = -D(H—H) = -436 kJ/mol;

Bond energy can be used to estimate the enthalpy of a reaction in the gas phase, that is where all reactant and product molecules are gases. The enthalpy of reaction is estimated using the expression:

  Hrxn = D(reactants) - D(products);


(D ( bond dissociation energy, which are always given as positive values)

On the reactants’ side bonds are broken and energy is absorbed, while on the products’ side bonds are formed and energy is given off. If more energy is given off than absorbed, the overall enthalpy of the reaction has a negative value, indicating an exothermic reaction. On the other hand, if more energy is absorbed than given off the overall enthalpy will have a positive value, which indicate an endothermic reaction. For example,

For example, the enthalpy change for the following reaction can be estimated from their bond dissociation energies.




   H2(g)  +  F2(g)  (   HF(g)

   Bond dissociation energy (kJ/mol): D(H—H) = 436; D(F—F) = 158; D(H—F) = 568

   Total reactants’ bond energy = D(H—H) + D(F—F) = 436 + 158 = 594 kJ

   Total products’ bond formation energy = 2 x D(H—F) = 2 x (568 kJ/mol) = 1136 kJ

   Enthalpy of reaction, Hrxn = 594 kJ - 1136 kJ = - 542 kJ

Exercise-5:
1.
Using the following bond energy (in kJ/mol): 

D(H—H) = 436; D(Cl—Cl) = 244; D(H—Cl) = 432, 

calculate the enthalpy change for the reaction:  H2(g)  +  Cl2(g)  (  2 HCl(g), 

2. 
Use the following bond energies (in kJ/mol): 



  D(C—C) = 347; D(C(C) = 614;  D(C—H) = 413; D(H—H) = 432;  D(Cl—Cl) = 239.


and calculate the Hrxn for the following reaction in the gaseous phase:



H2C(CH2(g) + H2(g) ( C2H6(g);
(C2H6 = H3C—CH3)

3.
Using the following bond energies (in kJ/mol):


D(O—H) = 467;  D(O(O) = 495;
D(Cl—Cl) = 239;   D(H—Cl) = 432,

determine whether the following reaction is exothermic or endothermic and calculate its enthalpy change.




   2H2O(g) + 2Cl2(g) (  O2(g) + 4HCl(g).

___________________________________________________________________________

Molecular Geometry

Valence-Shell Electron-Pair Repulsion (VSEPR) Theory

· VSEPR Theory focuses on molecular shapes based on the geometrical orientations of electron-pairs about the central atom in covalent molecules. 

· It is based on the concept that electron-pairs repel one another, 

The order of repulsion is such that: 

(Lone-pair vs. Lone-pair) > (Lone-pair vs. Bond-pair) > (Bond-pair vs. Bond-pair)

· Electron pairs assume orientations about the central atom in such a way that repulsions are minimized. Thus, a molecular shape with minimum electron-pair repulsions is the most favored.

Geometrical Orientations of Electron-pairs:

——————————————————————————————
     Number of

Geometrical 

     Electron pairs
Orientations

——————————————————————————————


2

linear


3

trigonal planar (plane triangle)


4

tetrahedral


5

trigonal bipyramidal


6

octahedral

_______________________________________________

Determination of Molecular Shape by The VSEPR Method

1.
Count the total number of valence electrons and electron pairs.

2.
Draw most probable Lewis structure for the molecule (or ion) - with "correct" octet.

3.
Determine the total number of pairs of valence electrons about the central atom - bonding as well as nonbonding pairs.

4.
Establish the electron-pair geometry around the central atom - linear, trigonal planar, tetrahedral, trigonal bipyramidal, or octahedral. 

5.
From the number of bonding and nonbonding pairs, determine the preferred molecular shape according the table below:

—————————————————————————————————————————————

No. of 
       e-pair

No. of 

No. of

Molecular

e-pairs
       geometry
bond-pairs 
lone-pairs
Shape


Examples__
 
2
linear
2
0
linear
BeCl2 


3
trigonal 
2
1
V-shape
GeCl2 



planar


3
  ..
3
0
trigonal planar
BF3 


4
tetrahedral
2
2
V-shape
H2O


4
  ..
3
1
trigonal pyramid
NH3 


4
  ..
4
0
tetrahedral
CH4 

—————————————————————————————————————————————

No. of 
       e-pair

No. of 

No. of

Molecular

e-pairs
       geometry
bond-pairs 
lone-pairs
Shape


Examples__

5
trigonal
2
3
linear
XeF2 




bipyramidal


5
   ..
3
2
T-shape
ClF3 


5
   ..
4
1
see-saw
SF4 


5
   ..
5
0
trigonal bipyramidal
PCl5  


6
octahedral
4
2
square-planar
XeF4 


6
   ..
5
1
square-pyramidal
BrF5 


6
   ..
6
0
octahedral
SF6 

______________________________________________________________________ 




Exercise-6:

1.
Predict and draw the molecular geometry of the following molecules or ions



NF3, PCl3, CCl4, SiF4, ICl4-, ICl5, PCl4-, and H2S.

_________________________________________________________________________

Effects of Molecular Shape on Dipole Moments

1. 
Diatomic molecules such as HCl has a polar bond and the molecule has a dipole moment. Those with nonpolar bonds have no dipole moment.

2. 
Molecules containing three atoms or more are nonpolar if they contain only bond-pair electrons and all non-central atoms are identical, so that the charge distribution around the central atom is symmetrical. For example, molecules such as BeCl2, BF3, CH4, CO2, SiF4, PCl5, SF6, and XeF4, have symmetrical charge distribution around the central atoms. These molecules are non-polar. 

3.
Molecules that contain at least one lone-pair electrons on the central atoms or have non-symmetrical charge distribution, such as H2O, SO2, NH3, COCl2, PCl3, and SF4, have net dipole moment and they are polar molecules.

4.
If one of the terminal atoms in a symmetrical molecule is replaced with another atom, the charge distribution becomes non-symmetrical and the molecule becomes a polar one. For example, CH4 is a nonpolar molecule, but if one of the H-atoms is replaced with a Cl-atom, the charge distribution around the central carbon atom becomes non-symmetrical and resulting in a polar molecule. 

Exercise-7:

1.
Determine whether each of the following molecules is polar or nonpolar?



CCl4, SF2, XeF2, CHCl3 and CH2Cl2 

2.
Explain why PCl5 molecule is nonpolar, whereas BrF5 is a polar molecule?  
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