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CHAPTER 4 - FORCES BETWEEN PARTICLES
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· Intermolecular Forces

Noble Gas Configurations

In 1916, G.N. Lewis proposed the octet rule, which suggests that the electronic configuration of the noble gas represents the most stable state for an atom. With the exception of helium, which can have 2 electrons only, other noble gas atom has eight valence electrons in the outermost shell (the valence shell). The general valence-shell electron configuration of the noble gas (except He) is ns2 np6 – n being the quantum number of the outermost shell. Other elements tend to acquire this stable state by losing, gaining, or sharing of a certain number of electrons through chemical reactions. 

G.N. Lewis introduced chemical symbols of element that would help us determine whether an atom acquires the octet state, either in its single neutral state, as an ion, or in molecules. In the Lewis symbols of elements, each letter symbol represents the nucleus and the inner shell electrons. While the valence shell electrons are indicated as dots, hence the name Lewis electron-dots symbol.

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

Group No.
IA
IIA
IIIA
IVA
VA
VIA
VIIA
VIIIA

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

Lewis symbol:
Li
Be
 B
 C
 N 
 O
 F
 Ne

Lewis symbol:
Na
Mg
 Al
 Si
 P
 S
 Cl
 Ar

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

In chemical reactions involving metals and nonmetals, the metal atom transfer its valence electrons to the nonmetal, so that each atom achieves the octet state and acquires the electron configuration of the nearest noble gas.

Exercise-1: Write the Lewis electron-dots symbols for the following elements:


Al, Ar, Be, C, F, Ge, H, K, N, O, Rb, and Si

__________________________________________________________________________

4.2 Ionic Bonding

Chemical bonds are electrical forces, which hold atoms together and function as a unit.

The Ionic & Covalent Bonds

Ionic bonds occur in ionic compounds, such as NaCl, MgO, KBr, etc. It is formed when a metal atom loses one or more of its valence electrons to become a cation, while the nonmetal atom gain electron(s) to become anions. Attraction between cations and anions constitute ionic bonds. These are strong electrostatic forces, which results in the formation of ionic crystals with characteristic high melting points.

Ions such as Na+, Mg2+, Al3+, F-, O2-, and N3- are isoelectronic to the atom Ne (each of them contains 10 electrons) and they have the same electron configuration. Ionic radii of isoelectronic species decrease in the following order:



N3- > O2- > F- > Ne > Na+ > Mg2+ > Al3+
That is, ionic radii decrease as ions become more positively charged and increase as they become more negatively charged.

4.3 Ionic Compounds

Reactions involving metals and nonmetals form ionic compounds, in which ions are arranged in regular crystal lattices. Ionic compounds are characterized by high melting point; the solids do not conduct electricity, but the molten compounds can conduct electricity quite readily because the ions are motile. Aqueous solutions of ionic compounds also contain freely moving ions and, therefore, are strong electrolytes. 

Formation of Ions

Neutral atoms contain equal number of protons and electrons.  In a chemical reaction, an atom may gain or lose electrons to become an ion that has the same electron configuration as a noble gas.  A cation (positively charged ion) is formed if an atom loses one or more electrons, and an anion (negatively charged ion) is formed if the atom gains one or more electrons. The magnitude of the charge on an ion is dependent on the number of electrons gained or lost.  The number of protons and neutrons does not change during reactions. 

For example, when sodium reacts with chlorine gas, each sodium atom loses its single valence electrons and become Na+ ion, while the chlorine atom gains an electron to become Cl- ion: 


Na (1s2 2s2 2p6 3s1)  (  Na+ (1s2 2s2 2p6)  +  e-;


Cl (1s2 2s2 2p6 3s2 3p5) + e-  (  Cl- (1s2 2s2 2p6 3s2 3p6) ( Ar

Each atom of the alkali metals (Li, Na, K, Rb, and Cs) loses only one electron to become the following cations: Li+, Na+, K+, Rb+, and Cs+, which have a noble gas configuration. 

Elements of the halogen family (F, Cl, Br, and I) gain an electron per atom to achieve the noble gas configuration, as demonstrated by chlorine in the above example.

Each atom of the alkaline earth metals (Group IIA elements) loses two electrons to form cations with “2+” charges, such as the formation of Mg2+ and Ca2+ ions:


Mg (1s2 2s2 2p6 3s2)  (  Mg2+ (1s2 2s2 2p6)  + 2 e-;


Ca (1s2 2s2 2p6 3s2 3p6 4s2)  (  Ca2+ (1s2 2s2 2p6 3s2 3p6) + 2e-;

Oxygen and sulfur, which are Group VIA(16) elements, need to gain two electrons per atom to achieve the noble gas electron configuration.


O (1s2 2s2 2p4)  +  2 e-  (  O2- (1s2 2s2 2p6)  ( Ne


S (1s2 2s2 2p6 3s2 3p4) + 2e-  (   S2- (1s2 2s2 2p6 3s2 3p6) ( Ar
Ions isoelectronic to Ne: O2, F-, Na+, Mg2+, Al3+; isoelectronic to Ar: S2-, Cl-, K+, Ca2+, Sc3+;

4.4  Naming Ionic and Covalent Compounds

Writing Formulas of Ionic Compounds

The cation is always written first and followed by the anion. Cations and anions are combined in such a way that their total charges cancel out, giving a net zero charge. The formula must represent the simplest whole number ratio of the ion pair. For example,

Na+ + Cl-  (  NaCl;

Mg2+  +  O2-  (  MgO;


      Mg2+ + 2Cl- (  MgCl2;

3Mg2+  +  2N3-  (  Mg3N2;

Naming Ions and Ionic Compounds

When naming ionic compounds, the name of cation (metal) is written first, followed by anion (nonmetal). For Type I cations the name of cation is the same as the element. The name of anion is derived by taking the first syllable of the element’s name and adding -ide as the ending. For example,


F- = fluoride;

Cl- = chloride;

Br- = bromide;
I- = iodide;


O2- = oxide;

S2- = sulfide;

Se2- = selenide;
Te2- = telluride 

H- = hydride;

N3- = nitride;

P3- = phosphide.


Some examples of formulas and names of ionic compounds are:


NaCl = sodium chloride;

MgCl2 = magnesium chloride;


Al2O3 = aluminum oxide;

KBr = potassium bromide.

Certain metals form cations with variable charges. For example, iron forms Fe2+ and Fe3+ ions; copper forms Cu+ and Cu2+ ions, lead forms Pb2+ and Pb4+ ions,  etc. To differentiate between the same types of cations with different charges, a Roman numeral equal to the charge on the ion is added to the name. The following are some of these types of cations: 


Elements
Cations
Names______________________


Chromium
Cr2+; Cr3+
chromium(II); chromium(III) 


Manganese
Mn2+; Mn3+
manganese(II); manganese(III)


Iron

Fe2+; Fe3+
iron(II); iron(III)


Cobalt

Co2+; Co3+
cobalt(II); cobalt(III)


Copper

Cu+; Cu2+
copper(I); copper(II)


Mercury
Hg22+; Hg2+
mercury(I); mercury(II)


Lead

Pb2+; Pb4+
lead(II); lead(IV)


—————————————————————————————

Examples compounds containing these types of cations:



FeS = iron(II) sulfide;

Fe2S3 = iron(III) sulfide;



Cu2O = copper(I) oxide;

CuO = copper(II) oxide;



PbCl2 = lead(II) chloride;

PbCl4 = lead(IV) chloride.

In the old system, ending -ous and -ic are used to differentiate the same type of cation, but one with a lower charge than the other. For example,



FeS = ferrous sulfide

and
Fe2S3 = ferric sulfide;



Cu2O = cuprous oxide
and
CuO = cupric oxide;



PbCl2 = plumbous chloride
and
PbCl4 = plumbic chloride

Naming Binary Molecular Compounds

Binary molecular compounds are those compounds formed between two elements that are both nonmetals or between semimetals and nonmetals. Compounds such as H2O, CO2, SO2, SO3, NO2, etc., are examples of molecular compounds. These type of compounds contain molecules, within which atoms are covalently bonded

Writing Formulas and Naming for Molecular Compounds

Although there is no cation or anion in molecular compounds, the atom that is less electronegative is treated and named like a cation; while the more electronegative atoms are treated and named like anions. Additionally, the number of each type of atoms is indicated in the name by using prefixes such as, mono-, di-, tri-, tetra-, penta-, and hexa- (note: prefix mono- is not used for the first element in the formula. For example,


N2O = dinitrogen monoxide;

CO2 = carbon dioxide;


NO = nitrogen monoxide; 

SO2 = sulfur dioxide;


NO2 = nitrogen monoxide;

SO3 = sulfur trioxide;


N2O3 = dinitrogen trioxide;

CCl4 = carbon tetrachloride;


N2O4 = dinitrogen tetroxide;

SiF4 = silicon tetrafluoride;


N2O5 = dinitrogen pentoxide;
P2O5 = diphosphorus pentoxide;


NF3 = nitrogen trifluoride;

SF6 = sulfur hexafluoride;

(Note: H2O is water, NOT dihydrogen monoxide; NH3 is ammonia, NOT nitrogen trihydride.)

Unlike ionic compounds, the formula of molecular compounds indicates the actual number of atoms of each type in the molecule; the subscripts do not represent the simplest ratio of the atoms. For example, while NO2 and N2O4 bear the same atomic ratio between nitrogen and oxygen atoms, they represent different compounds.

Naming Ionic Compounds Containing Polyatomic Ions

Polyatomic ions have specific formulas, charges, and names given to them. Some examples of common polyatomic ions are as follows:


Formulas
 Names


Formula
Names        _ 


NH4+

ammonium ion;

SO42-

sulfate


C2H3O2-
acetate ion


HSO4-

hydrogen sulfate


CO32-

carbonate


PO43-

phosphate


HCO3-

hydrogen carbonate

HPO42-

hydrogen phosphate




(bicarbonate)


H2PO4-

dihydrogen phosphate


OH-

hydroxide


ClO-

hypochlorite


NO3-

nitrate



ClO2-

chlorite

NO2-

nitrite



ClO3-

chlorate

CrO42-

chromate


ClO4-

perchlorate

Cr2O72-

dichromate


C2O42-

oxalate

MnO4-

permanganate

CN-

cyanide


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

Writing Formulas and naming Compounds containing polyatomic ions

(a) Na+ and CO32- = Na2CO3 - sodium carbonate

(b) Na+ and  HCO3-  = NaHCO3  - sodium hydrogen carbonate

(c) Mg2+ and HPO42- =  MgHPO4 - magnesium hydrogen phosphate

(d) K+ and NO3-  =  KNO3 - potassium nitrate

(e) Ca2+ and CO32-  = CaCO3 - calcium carbonate

(f) Ca2+ and C2O42-  = CaC2O4  - calcium oxalate

(g) Ba2+ and SO43- =  BaSO4 – barium sulfate

(h) Ba2+ and OH- =  Ba(OH)2 – calcium hydroxide

(i) NH4+ and PO43- = (NH4)3PO4 - ammonium phosphate

(j) NH4+ and HPO42- =  (NH4)2HPO4 – ammonium hydrogen phosphate

4.6 The Formation of Covalent Bonds 

Covalent bonds exist in molecular compounds such as H2O, SO2, CH4, PCl3, etc., and they are formed by sharing one or more pairs of electrons between atoms.  This type of bonds also occurs in homoatomic as well as heteroatomic molecules.  Atoms form molecules in order to acquire a more stable state and this is achieved through sharing of electrons.  A pair of electrons shared between two atoms constitute one covalent bond:


H : H or H—H;  H : Cl   or H—Cl  ;  Cl : Cl   or    Cl—Cl  

More than one pair of electrons may be shared, thus forming a double or triple bonds, such as in O2 and N2.


:O::O:  or  :O=O:  and   :N:::N:  or  :N(N:
Lewis Structure For Covalent Molecules


In the Lewis structures for covalent molecules, a pair of electrons shared between two atoms represents a single covalent bond.  Double and triple covalent bonds are represented by two and three pairs of shared electrons, respectively.  Each atom contributes one-half the total number of electrons shared.  Unshared valence electrons are also shown as dot-pairs around the atoms.

Examples:


H  +   H   (    H : H   or   H—H   (a "dash" represents a pair of electrons)


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

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

:N   +   N:  (   :N:::N:   or   :N(N:
Atoms in covalent molecules acquire the octet state through sharing of one or more pairs of electrons, except hydrogen, which achieves the duet state.  

Guide to Writing Lewis Structures

The following steps would help you how to write Lewis structures of molecules containing more than two atoms:

Step 1:
Count the total number of valence electrons. For neutral molecules, this is equal to the sum of valence electrons of the atoms in the molecule.  

For polyatomic ions, add one additional electron for each negative charge, or subtract an electron for each positive charge.

Step 2:
Divide by two to obtain the number of valence electron pairs.

Step 3:
Select a central atom - this is normally an atom that is the least electronegative, or from the one that is likely to form more than one bond.  Hydrogen and fluorine atom cannot be the central atom. 

Step 4:
Connect the central atom to each of the other atoms with single bonds. 

Step 5:
Use the remaining electrons pairs to complete the octet of each non-central atom (except hydrogen).

Step 6:
If more electron pairs are available, assign them to the central atom.

Step 7:
Count the number of electrons (bonding and nonbonding) on the central atom.  


If the central atom has not achieved the octet state, and if it is not Be or B, move a pair of nonbonding electrons from one of the terminal atoms at a time to become a bonding pair with the central atom until the octet state is satisfied.  (This is normally done if one of the terminal atoms is oxygen, nitrogen or sulfur).  Note exception to this rule: DO NOT move a nonbonding pair from a terminal atom to a bonding pair if the atom is a halogen (F, Cl, Br, I).

__________________________________________________________________________

In writing Lewis structures for covalent molecules, the following rules must be observed:

· All valence electrons from all atoms in the molecule must be included.

· A pair of bonded atoms may share one or more pairs of electrons.

· Electron pairs are arranged in such a way that each atom in the molecule acquires the octet state.

Exercises:

1.  Write the Lewis structures for the following molecules:


(a) H2O

(b) NH3

(c) CH4

(d) PCl3



(e) COCl2

(f) CO2


(g) SO2

(h) C2H6



(i) C2H4

(j) C2H2

(k) SO42-

(l) CO32-


________________________________________________________________________

Types of Covalent Bonds

1.
Nonpolar covalent bonds:  These are covalent bonds in which the bonding electrons are equally shared between the two atoms.  They occur in molecules where both atoms are identical or have the same electronegativity.  Examples:  H—H, Cl—Cl,  O(O, etc

2.
Polar covalent bonds: In this type of covalent bonds the bonding electrons are unequally shared- the electron charge density is displaced towards the more electronegative atom.  

Electronegativity is the relative ability of an atom in a molecule to pull shared electrons closer to it.  

The electronegativity of atoms increases from LEFT  to RIGHT across a period, and decreases from TOP to BOTTOM down a group in the Periodic Table. Thus, electronegativity increases as atomic size decreases.  



B < C < N < O < F,     and  I < Br < Cl < F

Fluorine is the most electronegative atom in the periodic table.

Examples of polar covalent bonds are:  H—F, H—Cl,  H—Br, H—O, H—N, etc.  Bond polarity increases as the difference in electronegativity (EN) increases.  Therefore, bond polarity increases in the following order: 


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

For diatomic molecules such as HF, HCl, HBr, etc., the polarity of the molecules is directly dependent on the polarity of the covalent bonds. However, for molecules with three or more atoms, the polarity of the molecules is influenced by the molecular shapes. Regardless of the molecular shape, symmetrically shaped molecules are generally nonpolar, while nonsymmetrical molecules are polar.

4.8 Predicting the Shapes of Covalent Molecules Using the VSEPR Method

The shape of a molecule can be predicted from the Lewis structure using the valence-shell electron-pair repulsion theory, or VSEPR theory. According to this theory, electron pairs in the valence shell of an atom repel each other and they try to get as far apart from one another as possible. Accordingly, electron pairs around the central atom in a covalent molecule will assume an orientation (shape) that will minimize the electron pair-electron pair repulsions. From this electron-pair distribution and the positions of the bonding and nonbonding pairs around the central atom, the molecular shape can be determined. Two rules are applied:

1.
All valence-shell electron pairs around the central atom are treated equally, regardless of whether they are bonding or nonbonding pairs.

2.
Double or triple bonds between atoms are treated like a single pair of electrons when predicting molecular shapes.


Some molecular shapes derived using the VSEPR method.


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


No. of 

No. of 

No. of non-




electron
bonding
bonding
Molecular


pair

pairs

pairs

Shape


Example


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


2

2

0

linear


BeCl2, CO2

3

3

0

trigonal planar
BF3

3

2

1

V-shape

GeCl2 


4

4

0

tetrahedral

CH4, SO42-

4

3

1

trigonal pyramid
NH3, PCl3 


4

2

2

V-shape

H2O


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


Molecules
Lewis Structure
Molecular Shape 
Polarity                 _


H2O
  
 H
   H

V-shape 

polar




      O


BeCl2

Cl—Be—Cl

Linear 


nonpolar


CO2

O(C(O

Linear 


nonpolar


SO2

O        O

V-shape

polar




     S


NH3

     N


Trigonal 

polar




H
H

   pyramidal




       H


BF3
  
F
 F

trigonal planar 
nonpolar




     B


(flat triangle)




     F




     H


CH4

H—C—H

Tetrahedron 

nonpolar




     H


___________________________________________________________________

The Polarity of Covalent Molecules


Homoatomic molecules, such as H2, O2, Cl2, etc., nonpolar because the electron density are symmetrically distributed in the molecules. However, heteroatomic molecules such as HF, HCl, CO, etc., are polar molecules because the bonding pair electrons are NOT shared equally between the two atoms and the electron density is non-symmetrically distributed. The polarity of the bonds and the molecule depends on the electronegativity difference (EN). 

For heteroatomic molecules containing three or more atoms, the polarity of molecules is influenced by their shapes. For example, while molecules such as H2O, SO2, and SCl2 are polar, molecules such as BeCl2 and CO2 are nonpolar. This is because, H2O, SO2, and SCl2 molecules all have a V-shaped geometry, whereas BeCl2 and CO2 are linear. 



H   


       +    O- ,  (bond polarity does not cancel out; molecule is polar)



H


      -+——>  (arrow points toward negative end of polarity)



-   2+  -



O==C==O;  (bond polarity cancels out; molecule is nonpolar)


         <—+-+—>

Molecules such as BF3, which has a trigonal planar (flat triangle) shape is nonpolar; while NH3 and NF3 that are trigonal pyramidal, are polar molecules.  In molecules such as CH4, CCl4, SiF4, etc., the four covalent bonds are symmetrically arranged in a tetrahedral manner around the central atom. Such molecules have symmetrical shapes with four identical atoms arranged in tetrahedral orientation around the central atoms, giving nonpolar molecules.

4.11  Other Interparticle Forces - Intermolecular Forces
Intermolecular forces are attractive forces between molecules that determine the physical state of a substance - that is, whether a particular substance will exist as a solid, liquid or gas under normal conditions.  Intermolecular forces are important when molecules are closer together as they are in liquids and solids.  Their significance is negligible in the gaseous state because, on average, molecules are very far apart from each other. Intermolecular forces are responsible for certain properties of liquids, such as surface tension, viscosity, capillary action, vapor pressure, boiling point, and enthalpy of vaporization, Hvap.

Types of Intermolecular Forces in Liquids:

· Permanent dipole-dipole attractions;

· Dispersion (London) forces; 

· Hydrogen bonds;

Permanent Dipole-dipole Attractions


Polar molecules have permanent dipole moments – they have positive and negative ends. Such molecules can attract each other electrostatically by lining up so that the positive and negative ends are close to each other. This electrostatic force is called dipole-dipole attraction. In the liquid state, polar molecules orient themselves in such a way that attractions between opposite charged ends of the molecules are maximized, while the repulsions of the like charged ends are minimized. Permanent dipole-dipole attractions are important intermolecular forces in substances containing small molecules where the dipole moments are relatively large. Dipole moment and permanent dipole-dipole attractions decreases with increasing molecular size, such as in the following molecules: HF > HCl > HBr > HI

London Dispersion Forces


Molecules without permanent dipole moments also exhibit intermolecular attractions on each another when they are close together. The electron charge density in molecules can be dispersed and polarized, regardless whether the molecule is polar or nonpolar. For example, a nonpolar molecule like Br2 will acquire an instantaneous (non-permanent) dipole moment as a result of charge dispersion and polarization. As one molecule is polarized, it induces the neighboring molecules to become polarized and chain processes of charge polarization and dipole induction occur. Intermolecular forces that result from induced dipole-induced dipole attractions are called London dispersion forces. Dispersion and charge density polarization occur in all substances, but in those substances containing nonpolar molecules, they are the only type of intermolecular interactions.


The strength of dispersion forces depends on the polarizability of the molecules. Larger molecules tend to be more easily polarized because the valence electrons are not firmly held by the nuclei.  Substances containing large molecules are expected to exhibit higher boiling points than those containing small molecules. For example, dispersion forces and boiling points increase down the group among the noble gases and the halogen:

     
He < Ne < Ar < Kr < Xe;   
F2 < Cl2 < Br2 < I2;  

CH4 < CF4 < CCl4;  and   
CH4 < SiH4 < GeH4 < SnH4 

The strength of dispersion forces in hydrocarbons increase as their molecular masses increase, and their boiling points also increase as follows: 


  
CH4   <   C2H6   <  C4H10   <   C6H14   <  C8H18   <  C10H22 


     methane
  ethane     butane
  hexane     octane
  decane                    

(B.p., oC): 
-162
   -89

-1
     69

126         174                                 

As molecules become larger, the contribution of permanent dipole-dipole forces to the intermolecular attractions decreases while the contribution from London dispersion forces increases. 

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

Substances
MM

 (D)
Dispersion
% Permanent

Hv

B.Pt.




  

Forces (%)
    dipole-dipole
(kJ/mol)
(K)

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

F2

38.00
 
0
  100
 

0
 
6.86

85.01


HCl

36.46

1.08
  81.4


18.6

16.15

188.11


HBr
80.92

0.82
  94.5


5.5

17.61

206.43


HI

127.91

0.44
  99.5


0.5

19.77

237.80

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

Hydrogen Bonding


A special type of permanent dipole-dipole attractions, called hydrogen bonding, occur between molecules containing N—H, O—H, or H—F bonds. Hydrogen bonds are relatively strong dipole-dipole forces with energy in the range of 15 - 40 kJ/mol. Substances containing hydrogen bonds usually occur as liquids (under normal conditions) with relatively high boiling point. For example, H2O, NH3 and HF, though contain the smallest molecules, exhibit the highest boiling points in their respective groups. The high melting and boiling point of water are due to the extensive hydrogen bonding in ice and in water. Each water molecule is capable of forming four hydrogen bonds with four other molecules. In fact, hydrogen bonds are also responsible for other special properties of water – such as specific heat, heat of vaporization, surface tension, density, viscosity, and capillary action. 

Hydrogen bonds are very important intra- and inter-molecular forces in biological macromolecules.  Collectively, they are responsible for maintaining the native and functional structures of proteins, DNA, RNA, as well as carbohydrates and celluloses.  


