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UNIT 6 
IONIC BOND 

Structure  6.1 Introduction Expected Learning Outcomes 6.2 Chemical Bonding: Basic Concepts  Effective Nuclear Charge  Ionisation Energy  Electron Affinity  Electronegativity 6.3 Ionic Bond   Properties of Ionic     Compounds   Ionic Radii Lattice Energy 6.4 Solubility and Solvation Energy 6.5  Polarising Power and Ploarisability of Ions  Fajan’s Rules 6.6 The Bonding Continuum 6.7  Bond Polarity  Dipole Moments   Determination of Dipole Moments  Application of Dipole Moment Studies 6.8 Summary 6.9 Terminal Questions  6.10  Answers 6.1 INTRODUCTION In earlier Units 1-5, concepts regarding atomic structure have been discussed in detail. These ideas naturally lead you to think as to why; the atoms of elements combine among themselves or with those of others, to form stable structures, called molecules. Hydrogen gas, for example, consists of H2 molecules, each of which is made up of two atoms of hydrogen. In contrast to this, the He2 molecule is not formed by the combination of two atoms of helium. You may like to know the nature of attractive forces, known as chemical bonds, which are responsible for the stability of some structures. Such an analysis can also help you in correlating the physical and chemical characteristics of molecules to the type of bonding present in them. Many attempts were made in the past to explain the formation of stable molecules. On the basis of electrolysis experiments, Berzelius (1812) 
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6 concluded that some elements   have a positive electric charge and some a negative charge and that the attraction between these opposite charges holds the elements together. This dualistic theory was proposed before the discovery of electrons and protons. But Cannizzaro (1860) showed that the elements like oxygen, hydrogen etc., are diatomic. This fact could not be explained by the dualistic theory of Berzelius. In 1852, Frankland proposed the theory that elements have a definite capacity for combining to which the name valency was given later. It was for Kossel and Lewis (1916) to put forward theories of ionic (electrovalent) and covalent compounds, respectively.  In this unit and the next unit, we shall study the theories of Kossel and Lewis. In this unit we shall also learn the properties of ionic compounds, the importance of the ratio of ionic radii of combining ions in deciding the crystal geometry and the significance of lattice energy, solubility and solvation energy of ionic compounds. We shall explain some of the characteristics associated with the ionic compounds, such as polarising power and polarisability along with Fajan’s rules. Finally we shall discuss the relationship between the bond polarity and dipole moment. In the next unit we will take up another important type of bonding i.e. covalent bond. 
Expected Learning Outcomes  After studying this unit, you should be able to:  define the terms such as effective nuclear charge, ionisation energy, electron affinity, electronegativity and utilise them in predicting bond character;  define ionic bond and list the properties of ionic compounds;   explain the role of ionic radii in deciding crystal geometry;  calculate lattice energy and explain its importance in deciding stoichiometry, stability and solubility of a crystal;  define solubility and solvation energy;   explain the polarising power and polarisability;  state Fajan’s rules; and  correlate bond polarity and dipole moments. 6.2 CHEMICAL BONDING: BASIC CONCEPTS   Atoms can combine with each other in different ways to form a large variety of molecules. Really speaking the description of chemical bonds between atoms in a molecule is essentially the description of electron distribution around nuclei of the atoms in a molecule. There are three main types of bonding in molecules. One of them is ionic bonding and it arises when one or more valence electrons are transferred from one atom to another, resulting in the formation of positively and negatively charged ions. 
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8  The high value for the effective nuclear charge felt by an electron signifies that the nucleus exhibits more attraction towards such an electron and hence more energy is needed in removing that electron from the atom. From effective nuclear charge values given in Table 6.2, you can infer that the loss of valence shell electron is more difficult for Ar than for Na. That is, formation of Na+ is easier than the formation of Ar+. Anyhow values of Z* alone are not sufficient to make generalisation regarding cation or positively charged ion formation. You shall study about other factors concerning cation formation, in Subsec. 6.2.2. Before that, try the following SAQ. 
SAQ 1 Justify the fact that Li+ ion formation is easier than that of Ne+ ion.  6.2.2  Ionisation Energy Ionisation energy is defined as the minimum energy required removing the least tightly bound electron from a gas phase atom. The unit for ionisation energy is kJ mol–1 and we use the symbol ‘I’ for representing ionisation energy of an element. For an element X, the formation of singly charged cation can be represented by the following equation   X(g)  →  X (g)+  + e– The energy required for the above process, I(X), is called first ionisation energy of X. In the case of multielectron atoms, more than one electron can be removed; that is, second, third and higher ionisation energies are also possible. It is also observed that the second ionisation energy is larger than the first ionisation energy, since during the second ionisation, the electron is to be removed from a positively charged ion against forces of attraction. Normally ionisation energy means first ionisation energy only. In Table 6.3, the ionisation energy values of some elements are given. The values with * mark indicate second ionisation energies. Table 6.3: Ionisation Energy Values in kJ mol−1 H 1312       He 2372 Li Be B C N O F Ne 520 900 800 1086 1403 1314 1681 2081  1757*       Na Mg Al Si P S Cl Ar 495 738 577 787 1060 1000 1255 1520  1450*       K      Br Kr 418      1142 1350 Rb      I Xe 403      1007 1170 Cs       Rn 374       1037 Screening constant value for a particular electron indicates how much, the other electrons in the same and lower levels decrease the nuclear charge due to Z protons in the atom. Ionisation energy, in electron volt (eV), is known as ionisation potential.        1 eV = 96.5 kJ mol−1  In a chemical reaction, ‘g’ stands for gaseous state, ‘l ‘for liquid state and ‘s’ for solid state. Energy required to form a dipositive ion in the gaseous state is the sum of first and second ionisation energies. 
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10 The high ionisation energies of noble gases indicate the greatest stability of ns2np6 configuration (except in the case of helium having 1s2 configuration) known, in general, as noble gas configuration. You will soon see that attainment of noble gas configuration is one of the guiding factors in bond formation. When elements of group 1 (except hydrogen) lose their single ns1 electron, their configuration becomes that of the preceding noble gas. Hence ionisation energy is low for alkali metals and they form cations easily. Ionisation energies can be measured experimentally. In Unit 1, you have studied how ionisation energy of hydrogen can be determined from the atomic spectra of hydrogen. 6.2.3  Electron Affinity In the preceding subsection, we studied about ionisation energies which tell us about cation forming tendency of elements. Now we turn our attention to electron affinity values of elements which inform us about the ability of elements to form negatively charged ions, known as anions. The energy change associated with the gain of an electron by a gaseous atom in its ground state is defined as electron affinity of an element. It is expressed in kJ mol-1 and is represented by the symbol Ea. For an element X, the formation of X– can be represented as, X(g) + e–  →  X − (g) Energy change = First electron Affinity of X = Ea(X) The electron affinity value defined above is, in fact, first electron affinity of an element. The second electron affinity is the energy change associated with the formation of X2– ion from X– ion. X − (g) + e–  →  X −2 (g) Energy change = Electron affinity of X − = Second electron affinity of X = Ea(X − ) The electron affinity values of halogens are large and negative indicating that a large amount of energy is evolved in the formation of halide ion from halogen. For example, the electron affinities of chlorine and bromine are – 348 and – 325 kJ mol–1, respectively. This is due to the following factors: i) The addition of an electron to a halogen is relatively easy as it leads to the stable noble gas configuration s2p6.  For example, compare the electron configuration of chloride ion with that of argon. Cl − :  1s22s22p63s23p6       Ar: 1s22s22p63s23p6 ii) The effective nuclear charge of halogens is fairly high (Table 6.2). Therefore, halogens have a rather strong attraction for electrons. The ease of formation of halide ions, especially chloride, explains their abundant occurrence in ores. Since, the removal of an electron from an atom or ion needs energy, whichI is always positive. The electron addition may be energy demanding or releasing, hence Ea may be positive or negative. Ionisation energy values of elements are useful in deciding their electron configuration  
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14 We shall next take up some characteristics of ionic compounds. 
SAQ 3 Predict the bond nature between two bonded atoms in the following compounds: (Hint: use the electronagativity values given in the Table 6.4) i) CS2; ii) CO;  iii)  NaF  6.3.1    Properties of Ionic Compounds Ionic compounds conduct electricity when melted or in solution. But in solid state, they are generally insulators due to very low mobility of the ions. The migration of ions towards electrodes explains their conducting capacity. The ionic compounds are usually soluble in solvents like water.  Fig. 6.3: Solution of an ionic crystal in water; ⊕ and  indicate ions from the crystal, while  stands for water. The collection of ions at the bottom  represents the undissolved solid. In Fig. 6.3, we see that positive and negative ions of an ionic substance are surrounded by a sheath of water molecules in such a way that oxygen, the negative end of water, is directed towards cation and hydrogen the positive end of water, is directed towards anion. This type of solute-solvent interaction is called ion-dipole interaction and it reduces the force of attraction between the cation and anion. Solvents like water are called polar solvents. In Fig. 6.2, you have seen alternating layers of structure containing sodium ions and chloride ions, one around the other. Due to strong electrostatic forces operating in ionic compounds, higher energy is required to overcome such electrostatic forces. Hence melting and boiling points of ionic substances are high. The stabilisation, an ionic crystal lattice attains due to electrostatic forces, is usually described in terms of lattice energy about which we will study in a detailed way in Subsec 6.3.3 after understanding the importance of ionic radii. 
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16 The above equation has been used by Pauling in estimating individual ionic radii and some of the values are given in Table 6.5. For your easy identification, isoelectronic ions are grouped together. Table 6.5: Ionic Radii Values Number of electrons in the ion Anionic radii (pm) Cationic radii (pm) 2    10     18   36  54 H −            208   F −          136 O −2        140   Cl −        181 S −2        184 Br −        195 I −           216 Li +               60 Be +2             31 Na +              95 Mg +2            65 Al +3              50 K +               133 Ca +2              99 Rb +              148 Cs +               169 In an isoelectronic system of ions, the anion with largest charge has the largest radii value while cation with the largest charge has the smallest radii. Thus,  +++−− >>>> 322 AlMgNaFO rrrrr    Two factors responsible for this trend among isoelectronic ions are as follows: i) The effective nuclear charge felt by the valence electrons is more for the cation than for the anion.  Due to greater attraction from the nucleus, cation is smaller than the anion.  ii) In a highly charged anion, interelectronic repulsion is partly decreased by increase in size. The ratio of cationic radius to anionic radius is useful in determining crystal geometry. Based on principles of geometry and X-ray diffraction experiments, the relationship among radius ratio, coordination number and crystal shape is given in Table 6.6. The terms rA+ and rB– refer to cationic and anionic radius, respectively. Coordination number is the greatest number of oppositely charged ions surrounding a particular ion. In Fig. 6.2, you saw that each Cl− ion is surrounded octahedrally by six Na+  ions and vice versa. It means coordination number for this system is six. Table 6.6: Radius Ratio and Crystal Geometry Coordination number Structure types Limiting value of radius ratio )/( BA −+ rr  Example 3 4 6 8 Triangular Tetrahedral Octahedral Cubic 0.155-0.225 0.225 – 0.414 0.414 – 0.732 0.732 – 1.000 BN ZnS NaCl CsCl 





  Block 2   Chemical Bonding and Molecular Structure  
 

18 magnesium oxide is actually formed along with the liberation of heat and light, when a magnesium wire is ignited. The interesting feature in the formation of magnesium oxide is that energy liberated in the lattice arrangement of magnesium oxide crystal, known as its lattice energy, is more than the energy required for the formation of Mg2+ and O2– ions. The arrangement of positive and negative ions alternately in a three-dimensional lattice is a stabilising structural feature due to strong electrostatic attraction. Before defining lattice energy of a crystal, it is better we know the significance of enthalpy change in a reaction. Heat change accompanying a reaction at constant pressure is represented as enthalpy change and is represented by the symbol ∆H. It is expressed in kJ mol-1 units. As you know, in exothermic reactions, heat is evolved and ∆H is negative; in endothermic reactions, heat is absorbed and ∆H is positive. You may recollect that a reaction is feasible if the change in free energy, ∆G, is negative. Using the values of change in enthalpy, ∆H, and the change in entropy, ∆S, and the value of ∆G is calculated from the following equation: ∆G  =  ∆H –  T∆S In this expression, T is the temperature. For the type of reactions discussed in this unit it is assumed that exothermic reactions are feasible. It is allowed since the entropy change is too small for such reactions. Lattice energy, ∆HL, is the energy released when one mole of an ionic compound is formed from its constituent gaseous ions. Remember, lattice energy is different from the enthalpy of formation, ∆Hf, of the ionic compound in that the ∆Hf refers to the energy involved in the formation of the ionic compound from its elements. Lattice energy and enthalpy of formation of sodium chloride are the heat changes accompanying the reactions represented below:  Na+(g)  +  Cl−(g)   →   NaCl (s)   Heat change = Lattice energy of           NaCl = ∆HL(NaCl)  Na(s)   +   ½Cl2(g)  →  NaCl(s)  Heat change = Enthalpy of formation         of NaCl = ∆Hf(NaCl) The formation of a stable crystal from the elements or ions is exothermic; hence the values of ∆Hf and ∆HL for such a crystal are negative. Let us now study about the methods of determining lattice energy. Calculation of Lattice Energy Two of the important methods for obtaining lattice energy values of crystals are based on electrostatic model and Born-Haber cycle.  The electrostatic model is a theoretical approach and it is based on the assumption that the bond is wholly ionic in the crystal. In 1918 Max Born and Alfred Landé derived Eq. 6.4, on the basis of electrostatic model. 14 molkJ)1(101.389 −+− −×−= nnaU ZZ           S(6.4) Latticeenergy, −A
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30 In the next section, we study how dipole moment is estimated for polar molecules but before that you try the following SAQ, using Eq.6.6.  
SAQ 9 The dipole moment and the bond distance in hydrogen iodide are 0.44 D and 161.0 pm. Calculate the magnitude of charges on hydrogen and iodide atoms. Compare the result with the charge on an electron.  6.7.2    Determination of Dipole Moments As mentioned above dipole moments provide valuable information about charge distribution in the molecules and their geometry. Let’ us briefly discuss how dipole moments are determined. Dipole moments are experimentally measurable. This is done by determining molar polarisation at different temperature using experimentally measured relative permittivity and density at different temperature.  When a polar molecule is subjected to an electric field, the positive and negative charge distribution in the molecule is disturbed which is known as polarisation. Polarisation is a threefold disturbance caused by an electric field in a molecule. This disturbance is in the alignment of dipoles, electronic distribution and in the nuclear skeleton. Let us briefly understand some terms used above. Molar Polarisation: The polarisation so caused is quantified in terms of molar polarisation (PM), which is the polarisation for one mole of a substance. This can be expressed by following relation: P M    = OAε3 α(  + 

k3 2µ )                                                                ...(6.7) Here NA, µ, εO, k, T and α  stand for Avogadro number, dipole moment of the molecules, permittivity of vacuum, temperature and polarisability, respectively. When a polar molecule immersed in medium as air or liquid we use term relative permittivity, εr in place of εo, which can be expressed as: εr  = 
oεε                                                           ...(6.8)               where εo and ε are the permittivity values in vacuum and  in the medium. εr  is dimensionless quantity. The relative permittivity of a molecule is large if a molecular polar or highly polarisable. It can be related to molar polarisation by Debye equation:   P M   =  21rr −−εε . ρHere. M and ρ stand for molar mass of the molecule (in kg mol–1) and density of the medium (in kg m–3), respectively. The relative permittivity can be experimentally measured by comparing the capacitance of a capacitor with the sample present (C) and without (Co);  using relation εr  = C/Co. Polarisability is a measure of how easily an electron cloud is distorted by an electric field. Polarisability is experimentally measured as the ratio of induced dipole moment µ' to the electric field E that induces it:    α = µ’/E  N

T

M       ...(6.9) 








