Objectives: Bonding, electronegativity, dipole momentsPRIVATE 

Bonding
Types of Bonds

Ionic bonding: Coulomb's law

+   distance r   - : Q1 = Z1, Q2 = Z2 (only charge numbers, + or -)

energy of the bond between ions:
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In the number the elementary charge is already included, so Q1 and Q2 are only the charge 

numbers, positive if it is a cation, negative if it is an anion.

Then the binding energy is positive (repulsive), when both charges are positive or both 

charges are negative. Like charges repel each other.

The binding energy is negative (bonding), when one charge is positive and the other one 

negative. Opposite charges attract (bind) each other.

In Na+Cl-, r = 0.276 nm and the energy is
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2
PRIVATE 

This is the binding energy per ionic bond and thus negative.

To get the binding energy per mol, we must multiply by Avogadro's number NA:

E = -504 kJ/mol.

But how is the bonding in the H2 molecule: H - H, no ions

Covalent bonding
Here the two atoms in the bond share the electrons equally, when the two bound atoms are 

both of the same element.

Since both nuclei are positively charged, the electrons are equally attracted by both nuclei.

Thus negative charge density builds up between the nuclei, and at the equilibrium bond 

lengh, the repulsion between the two nuclei is offset and turned to attraction, because of the 

negative electrons.

At large distance when the two atoms do not feel anything of one another, the energy is 0, 

there is no attraction or repulsion.

When the two atoms come closer together, interaction starts to happen and because of the 

build up of electron density between the nuclei, the energy starts to become smaller (<0, 

i.e. bonding).

At the optimum distance of 0.074 nm for H2 the energy is lowest.

When the 2 atoms come closer together than this, then the two positive nuclear charges come

close enough to repel each other, besides the negative charge density between them: the 

energy rises again and eventually becomes positive.

Thus the two H atoms are sharing the electrons:

covalent bonding: here purely covalent, because the 2 atoms are the same element

At large distance there are two completely free H atoms

At the optimum distance the atoms oscillate (vibrate) around the minimum distance

[image: image3.wmf]
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See figure in the book

Molecules with atoms of different elements do not form purely covalent bonds

but polar covalent bonds: in HF or HCl, F or Cl attract electrons more than H and get a 

very small partial negative charge, H a positive one:

[image: image4.wmf]
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Because of the dipole moment (vector from + to -), polar molecules become oriented in an 

electric field

Their positive end towards the negative pole and vice versa:

[image: image5.wmf]
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Linus Pauling introduced electronegativity, EN, which is the larger the more an atom can 

attract electrons in a covalent bond

Between two atoms:

Δ(EN) = 0: purely covalent, non-polar bond

Δ(EN) ( 0: polar covalent bond

Δ(EN) very large: ionic bond

EN is defined as a difference between measured and expected bond energies:

EN = (bond energy of e.g H-X as measured) - (bond energy of e.g H-X as expected)

and EN values are all relative to Li, where EN(Li) = 1.0 by definition

(bond energy of H-X as expected) = Eexpected
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3
average of the 2 purely covalent H-H and X-X bonds

Electronegativities due to Pauling:

[image: image7.wmf]
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Example: order the bonds H-H, O-H, Cl-H, S-H, F-H according to increasing polarity.

Δ(EN) is 0 for H-H, 0.4 for S-H, 0.9 for Cl-H, 1.4 for O-H, and 1.9 for F-H

Thus: H-H < S-H < Cl-H < O-H < F-H

Δ(EN) = 0: non-polar covalent

about 2, between 0 and 3.3: polar covalent

3.3 or larger: ionic (international agreement)

[image: image8.wmf]
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The polarity of a bond comes directly from the difference in EN, Δ(EN) between the two 

atoms forming the bond.

What kinds of molecule are polar and what kinds are not?

Between H and Cl Δ(EN) is 0.9 and thus the bond and because there is only 1 bond the HCl 

molecule is polar:

[image: image9.wmf]
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If in a molecule you have more than 1 bond, then the total dipole moment results from 

vector addition of the bond moments:

[image: image10.wmf]
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A lone pair of electrons has a "bond" moment pointing away from the central atom.

Lone pair moments have not the same value as bond moments.

Also different bonds have different bond moments.

Water (the lone pairs point to 2 corners of the tetrahedron):

[image: image11.wmf]
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Note: in the figure the two lone pair lobes are oriented into the empty corners of the tetrahedron, 

the hydrogen atoms occupy the two other corners, just Word shifted them a bit.

vector addition of the two O-H bond moments and the lone pair moments on O, gives dipole 

moment from the H atoms to the O atom, all moments add up and H2O is a polar molecule.

Ammonia, NH3:

[image: image12.wmf]
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Adding the 3 N-H bond moments give a vector in the same direction as the lone pair 

moment, thus all moments add up and NH3 is a polar molecule.

CO2 (linear molecule):

[image: image13.wmf]
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both bonds are polar, but adding them gives a non-polar molecule

COS (also linear):

[image: image14.wmf]
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Sometimes the grafic system shifts atoms out of their position at the end of a bond.

Also unequal signs it does sometimes not print, so here dipole moment D not 0!

Since in this linear molecule the C=O and the C=S bond moments are different, this 

molecule is polar.

SO2: non-linear because of a lone pair at S:

[image: image15.wmf]
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because lone pair and S=O bond moments are different, the molecule is polar.

If we have a regular body, like a line, a triangle, a square, a tetrahedron, or an octahedron, 

with the central atom in its center and the same atoms in all its corners, then the bond 

moments add up to 0 dipole moment: SO3: triangular shape:

[image: image16.wmf]
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Regular shape, only O in the corners, thus non-polar

CCl4
[image: image17.wmf]
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regular body (tetrahedron), only Cl in the corners and thus a non-polar molecule:

[image: image18.wmf]
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H2S: 2 lone pairs at S, like those at O in water:

[image: image19.wmf]
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resulting S-H bond moments point into the same direction as the lone pair moments and thus 

add up to a polar molecule

Note: In the figure Word put the two lone pairs parallel, which is wrong: they point into the corners

of a tetrahedron, the two hydrogens are in the two other corners.

CH4:

[image: image20.wmf]
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regular shape, only H in the corners: non-polar molecule

In general
When two non-metals form a covalent bond, both non-metals get a noble gas configuration 

by sharing of electrons:

[image: image21.wmf]
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When a metal and a non-metal form an ionic compound, the metal gets the next lower and 

the non-metal the next higher (in periodic table) noble gas configuration.


Na


Cl


[Ne]3s1

[Ne]3s23p5

Na+


Cl-

[Ne]


[Ne]3s23p6 = [Ar]

isolectronic


with Ne

with Ar

similar: Ca [Ar]4s2 yields Ca2+ [Ar]

O [He]2s22p4 yields O2- [He]2s22p6 = [Ne]

Al [Ne]3s23p1 yields Al3+ [Ne]

Transition metal cations: first remove ALL the s electrons, before removing d electrons

This is the reason why

group I elements form +1 cations 

group II elements form +2 cations 

group III elements form +3 cations (not all) 

group VII elements form -1 anions 

group VI elements form -2 anions 

group V elements form -3 anions (not all)

[image: image22.wmf]
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ions isoelectronic with Xe ([Xe]):

Ba2+ < Cs+ < Xe < I- < Te2-
From this follow the sizes of ions:

forming cations: subtracting electrons, size decrease

Na > Na+ cations are smaller than their neutral elements

and they are the smaller the larger is the + charge

forming anions: adding electrons, size increase

Cl- > Cl anions are larger than their neutral elements

and they are the larger the larger is the - charge

[image: image23.wmf]
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Example

Sr2+ (p=38) < Rb+(p=37) < Kr (p=36) < Br-(p=35) < Se2-(p=34)  

Objectives: Lattice energy, binary ionic compounds, %ionic character, maybe covalent bond

Formation of binary ionic compounds
The lattice energy is defined as the heat at constant pressure (enthalpy), ΔlH, index l for 

lattice for the reaction (example of LiF(s)):

Li+(g) + F-(g) ( LiF(s)

ΔlH

Question: how to get the lattice energy from measurable quantities?

What we can for sure measure is the heat of formation of LiF(s):

Li(s) + 1/2 F2(g) ( LiF(s)

ΔfH = -617 kJ/mol

Having ΔlH included, we can use Hess's law and form a cycle:

[image: image25.wmf]
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This gives us 2 pathways to arrive at LiF(s) from the elements in their most stable form:

The first one is direct and involves the heat of formation, ΔfH(LiF(s))

The other one is stepwise and involves the lattice energy, ΔlH(LiF(s)):

1. step: sublimation of Li(s) to obtain Li atoms in the gas phase:

involved: heat of sublimation, ΔsH(Li(s))

Li(s) ( Li(g)

ΔsH(Li(s)) = 161 kJ/mol

2. step: ionization of gaseous Li atoms

involved: first ionization potential of Li, I1(Li)

Li(g) ( Li+(g) + e-

I1(Li) = 520 kJ/mol

3. step: bond breaking or dissociation energy of F2(g), Eb(F2(g)) = 154 kJ/mol

but: only 1 F atom is needed, and thus only half the energy: 

1/2 F2(g) ( F(g)

1/2 Eb(F2(g)) = 77 kJ/mol

4. step: formation of the anion F- from F:

involved: electron affinity, EA(F)

F(g) + e- ( F-(g)

EA(F) = -328 kJ/mol

5. step: formation of the lattice of the gaseous ions

involved: lattice energy, ΔlH(LiF(s))

Li+(g) + F-(g) ( LiF(s)

ΔlH(LiF(s))

Now if we add the 5 equations together, we get the definition of the heat of formation:

Li(s) + 1/2 F2(g) ( LiF(s)

ΔfH(LiF(s)) = -617 kJ/mol:

thus:

ΔfH(LiF(s)) = ΔsH(Li(s)) + I1(Li) + 1/2 Eb(F2(g)) + EA(F) + ΔlH(LiF(s))

and

ΔlH(LiF(s)) = ΔfH(LiF(s)) - ΔsH(Li(s)) - I1(Li) - 1/2 Eb(F2(g)) - EA(F)

= (-617 - 161 - 520 - 77 - (-328)) kJ/mol

= -1047 kJ/mol 

Little more difficult for Al2O3(s) (without the numbers):

Again we have 2 pathways to arrive at Al2O3(s) from the elements in their most stable form:

The first one is direct and involves the heat of formation, ΔfH(Al2O3(s))

The other one is stepwise and involves the lattice energy, ΔlH(Al2O3(s)):

1. step: sublimation of 2 Al(s) to obtain 2 Al atoms in the gas phase:

involved: heat of sublimation, ΔsH(Al(s))

2 Al(s) ( 2 Al(g)

2 x ΔsH(Al(s))

2. step: ionization of 2 gaseous Al atoms

involved: first ionization potential of Al, I1(Al), second ionization potential of Al, I2(Al), and 

third ionization potential of Al, I3(Al) 

2 Al(g) ( 2 Al+(g) + 2 e-

            2 x I1(Al) 

2 Al+(g) ( 2 Al2+(g) + 2 e-

            2 x I2(Al) 

2 Al2+(g) ( 2 Al3+(g) + 2 e-

            2 x I3(Al) 

3. step: bond breaking or dissociation energy of O2(g), Eb(O2(g))

but: 3 O atom are needed, and thus 3/2 the energy: 

3/2 x [ O2(g) ( 2 O(g)

 Eb(O2(g)) ]

3/2 O2(g) ( 3 O(g)

 3/2 x Eb(O2(g)) ]

4. step: formation of the anion O2- from O:

involved: first and second electron affinity of O, EA1(O) + EA2(O)

3 O(g) + 3 e- ( 3 O-(g)

3 x EA1(O)

3 O-(g) + 3 e- ( 3 O2-(g)

3 x EA2(O) 

5. step: formation of the lattice of the gaseous ions

involved: lattice energy, ΔlH(Al2O3(s))

2 Al3+(g) + 3 O2-(g) ( Al2O3(s)

ΔlH(Al2O3(s))

Now if we add the equations together, we get the definition of the heat of formation:

2 Al(s) + 3/2 O2(g) ( Al2O3(s)

ΔfH(Al2O3(s))

ΔfH(Al2O3(s)) = 2 ΔsH(Al(s)) + 2 I1(Al) + 2 I2(Al) + 2 I3(Al) + 

+ 3/2 Eb(O2(g)) + 3 EA1(O) + 3 EA2(O) + ΔlH(Al2O3(s))

and from this the lattice energy.

The ionic binding energy is proprtional to Q1Q2/r, r being the distance between the ions

if we assume the distance r to be about the same in MgO and NaF, then the ionic 

binding energy in MgO is about (+2)(-2)/r and that in NaF about (+1)(-1)/r and thus 

ΔlH(MgO) should be about 4 ΔlH(NaF)

Actually that of NaF is -923 kJ/mol and that of MgO -3916 kJ/mol

When there is so much binding energy to get, when going from (+1)(-1) to (+2)(-2), then 

why is NaF Na+F-, and NOT Na2+F2-
Reason: Na2+ requires loss of a core electron and F2- requires adding an electron to the [Ne] 

core which both require much more energy than is gained by lattice formation.

The % ionic character is defined as [ (measured dipole moment of X-Y)/(expected dipole 

moment of X+Y-) ] x 100% :

[image: image26.wmf]
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experiment: if a compound is ionic, then the molten compound conducts electric current very 

well (ions in the melt) 

Objectives: covalent bonds: model, energies, reactions, localized bonding model

Covalent chemical bonds
This concept is just from human imagination to explain experimentally found facts about 

molecules.

Bonds are the more covalent, the smaller is |Δ(EN)| (absolute value) between the atoms 

forming the bond.

Thus, a bond between two atoms will be the more covalent, the closer the atoms are to each 

other in the periodic table (exception for example Li and H: very close, but no covalent 

Li - H bond, because H is in group I, but actually a non-metal not a metal)

Bonds are the more ionic, the larger is |Δ(EN)| (absolute value) between the atoms forming 

the bond.

Thus, a bond between two atoms will be the more ionic, the further away the atoms are to 

each other in the periodic table (exception for example Li and H: very close, but ionic LiH 

is formed, no Li - H bond)

Reason for the exception: H is the only non-metal in or near the metallic groups I, II, III

Take for example methane, CH4, and consider the C - H bonds individually:

[image: image27.wmf]
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Atomization reaction (heat):

CH4(g) ( C(s) + 4 H(g)

ΔH = 1652 kJ/mol

If we assume (not 100 % true) that there are no interactions between the 4 C - H bonds,

then the bond dissociation or bond breaking energy for C-H would be:

Eb(C-H) = 1652/4 kJ/mol = 413 kJ/mol

Reality: Eb(C-H) depends on the molecule in which the bond is, and even

CH4 ( CH3 + H and CH3 ( CH2 + H have different energy.

However, the approximation of isolated bonds without interactions works rather well if for 

Eb the average of many bonds of the same kind in different molecules is taken.

as next step, we can consider

CH3Cl(g) ( C(s) + 3 H(g) + Cl(g)
ΔH = 1578 kJ/mol

then: Eb(C-Cl) = ΔH - 3 x Eb(C-H)

= (1578 - 3 x 413) kJ/mol = 339 kJ/mol

One expects that a given bond behaves about the same in any molecular environment.

However, double bonds will be different from triple bonds and different from single bonds:

Eb(C-O) = 351 kJ/mol
Eb(C=O) = 745 kJ/mol
Eb(C(O) = 1072 kJ/mol

ΔH of reactions can be approximated from bond energies:

Breaking of all the bonds between the atoms in the reactant molecules gives positive Eb 

contributions to ΔH

Formation of all the bonds between the atoms in the product molecules gives negative Eb 

contributions to ΔH

When bonds are broken, their bond breaking energies must be given to the system

When bonds are formed, their bond breaking energies are released by the system

This is an approximation, but a good one

Examples of different energies of the same C - H bond in different molecules:

H - CBr3:
380 kJ/mol

H - CCl3:
            380 kJ/mol

H - CF3:
430 kJ/mol

H - CH2CH3:

410 kJ/mol

Approximate ΔH for the following reaction:

H2(g) + F2(g) ( 2 HF(g)

ΔH = ?

We must break the H - H and the F - F bonds in the reactants and form 2 H - F bonds:

ΔH = Eb(H-H) + Eb(F-F) - 2 x Eb(H-F)

= (432 + 154 - 2 x 565) kJ/mol = -544 kJ/mol

The Eb values are given in tables.
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4
R runs through all the bonds to be broken in the reactants

P runs through all the bonds to be formed in the products

Note, that this is the only case, where we have to take reactant bond energies (initial state) minus

product bond energies (final state); in all other formulas we take final minus initial.

[image: image29.wmf]
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Approximate ΔH, using average Eb values, for the reaction

CH2 - CH2O(g) + HCN(g) ( HO - CH2 - CH2 - CN

where CH2 - CH2O is an epoxide: three membered ring with two CH2 groups and O in it:

[image: image30.wmf]
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So here no C - H or C - C bond in the epoxide nor the CN triple bond in HCN must be 

broken, because they appear unchanged on the left and right of the equation.

For ring opening in the epoxide one of the C - O bonds must be broken (351 kJ/mol) and 

also the C - H bond in HCN (414 kJ/mol).

To have an OH group on one side of the product and a CN group on the other side, we must 

form an O - H bond (464 kJ/mol) and a C-C bond (347 kJ/mol).

The other bonds are unchanged and thus
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5
Localized electron bonding model (LE)
Molecules, and therefore covalent bonds, are formed by sharing of electrons between atoms:

H + F ( H - F

[image: image32.wmf]
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There are three basic types of electrons in a molecule:

core electrons: they belong to different atoms alone and take no part in chemistry.

valence (outer) electrons

some remain as unshared lone pairs on an atom (e.g. F has three unshared lone pairs).

others are shared with other atoms to form bond pairs (here 2 electrons are shared between 

H and F to form an H - F bond):

the localized electron bonding model (LE) will allow us
- to describe valence electron arrangements

- to predict the geometry of molecules, using the VSEPR model

  (Valence Shell Electron Pair Repulsion), speak "vesper" model

- to discuss types of orbitals used for bonding and to accomodate lone pairs

Consider the XeF2 molecule:

it is a neutral molecule, and thus if the F atoms are neutral, Xe must be neutral too.

F is in group VII, and thus it has 7 valence electrons as a neutral atom

in an Xe - F bond, it has 3 lone pairs belonging to F alone, and thus 6 electrons. The bond 

pair is shared with Xe and thus only 1 of the two bonding electrons belong to F alone. Thus 

F has 7 electrons like the neutral atom and thus it is neutral in the molecule.

Xe is a noble gas in group VIII, and thus to be neutral it must have 8 valence electrons.

in each of the two Xe - F bonds it shares a bond pair with F.

However only 1 electron of each pair can be considered to belong to Xe alone, and thus it 

has 2 bonding electrons, but it needs 6 more to be neutral as required.

Thus Xe also must have 3 lone pairs.

Therefore in XeF2 there are 2 bond pairs and 3 lone pairs around the Xe atom.

To accommodate 5 electron pairs, the normal arrangement of 5 electron pairs is a trigonal 

bipyramidal one:

A planar trigonal arrangement with Xe in its center and 2 more corners, 1 above and 1 

below the trigonal planar arrangement (each one forming a pyramid, and thus bipyramidal)

Problem: how to arrange the 3 lone pairs and the 2 bond pairs in this arrangement?

Rules: lone pair orbitals are bigger than bond pair orbitals

Thus of all the angles between pairs that we have in the arrangement, we must use the 

largest possible ones as lone pair - lone pair (lp-lp) angles, because the lone pairs are biggest 

and repel each other most.

The smallest angles available can be used for bond pair - bond pair (bp-bp) angles, because 

the bond pairs are smaller than the lone pairs.

Intermediate angles must be used as lp-bp angles.

Let us just look at the possibilities. 

First, the 2 atoms can be in the central triangle:

[image: image33.wmf]
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The 180o angle between the apical lp-s is good, but there are 2 small 90o angles between the 

central lp and the two apical lp-s. So that is not a good choice.

Of the 2 F atoms, one can be apical, one central:

[image: image34.wmf]
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The 120o angle between the central lp-s is not bad, but again we have 2 small 90o lp-lp 

angles. So that is also not a good choice.

Finally the 2 F atoms can both be apical.

[image: image35.wmf]
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Since now we have 120o angles for all lp-lp angles this is the best arrangement, having no 

small 90o lp-lp angles.

Thus XeF2 with 5 electron pairs has a trigonal bipyramidal arrangement of electron pairs and 

a linear structure or shape (arrangement of atoms!) with the lone pairs in the central triangle.

I3- from the point of valence electrons is isoelectronic with XeF2 and thus has also a linear 

structure.

Consider now the XeF4 molecule:

it is again a neutral molecule, and thus if the F atoms are neutral, Xe must be neutral too.

F is in group VII, and thus it has 7 valence electrons as a neutral atom

in an Xe - F bond, it has 3 lone pairs belonging to F alone, and thus 6 electrons. The bond 

pair is shared with Xe and thus only 1 of the two bonding electrons belongs to F alone. Thus 

F has 7 electrons like the neutral atom and thus it is neutral in the molecule.

Xe is a noble gas in group VIII, and thus to be neutral it must have 8 valence electrons.

in each of the four Xe - F bonds it shares a bond pair with F.

However only 1 electron of each pair can be considered to belong to Xe alone, and thus it 

has 4 bonding electrons, but it needs 4 more to be neutral as required.

Thus Xe must have 2 lone pairs here.

Therefore in XeF4 there are 4 bond pairs and 2 lone pairs around the Xe atom.

To accommodate 6 electron pairs, the normal arrangement of 6 electron pairs is an 

octahedral one:

An octahedral arrangement of electron pairs with Xe in its center and 2 more corners, 1 above and 1 

below the square planar arrangement 

Problem: how to arrange the 2 lone pairs and the 4 bond pairs in this arrangement?

[image: image36.wmf]
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Let us just look at the possibilities. 

First, of the 4 atoms, 2 can be in the central square, the other 2 apical:

[image: image37.wmf]
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The small 90o angle between the lp-s is impossible. So that is not a good choice.

Of the 4 F atoms, one can be apical, three central:

[image: image38.wmf]
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Here we have again a small 90o angle between the lp-s which is again impossible.

Finally the 2 lp-s can both be apical.

[image: image39.wmf]
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Since now we have a 180o angle for the lp-lp angle this is the best arrangement, having no 

small 90o lp-lp angle.

Thus XeF4 with 6 electron pairs has an octahedral arrangement of electron pairs and 

a square planar structure or shape (arrangement of atoms!) with the lone pairs in the apical 

positions.

Objectives: Lewis structures, exceptions, resonance

Lewis structures
Representative elements: group I: 1 dot (ns1), group II 2 dots or 1 line (ns2)

and so on, but only valence electrons have to be considered. An electron pair can be shown 

as 2 dots or better as a line:

[image: image40.wmf]
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Hydrogen in a compound follows the duet rule: it must have 1 electron pair, i.e. 2 electrons 

around it.

All period 2 elements follow the octet rule in compounds, provided that they have enough 

valence electrons for this: they must have 4 electron pairs around them, i.e. an octet of 8 

electrons.

elements in periods n = 3 or higher can have an expanded octet (see below)

To make sure an atom has its duet (H) or octet (higher period) count the electron pairs 

around the atom (lone pairs and bond pairs)

To determine the formal charge of an atom in a compound, count 1 electron for each bond 

and 2 electrons for each lone pair. The formal charge is then no. of valence electrons of the 

element - counted number of electrons in the molecule.

To draw a Lewis structure for a given molecule, first find out how many electrons your

structure must have: add up the valence electrons of each element in the molecule and add 

1 electron for each negative total charge, subtract 1 electron for each positive total charge.

Then draw a single bond from the central atom to each one of the outer atoms.

Complete the octets of each outer atom.

Count how many electrons your structure has and compare to the total number you must 

have. If there are more electrons than in your structure, add them as lone pairs to the central 

atom.

Reduce the number of formal charges if possible without changing the octets. If more than

one structure is possible, put negative formal charges on the more electronegative atom.

X - O has a negative charge on O and a possible positive one on X. The negative charge on 

O can be removed without changing the octet at O, by using a double bond X = O. If X is 

in period 3 or higher, it can have more pairs than an octet.

H2O: total number of valence electrons: 2 x H + O = 2 x 1 + 6 = 8 electrons.

A single bond from the central O to each one of the H gives 4 electrons, the remaining 4 go 

as 2 lone pairs to O, completing its octet. The H-s have duets as required:

[image: image41.wmf]
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The structure with double bonds violates the duet rule for H, the one with H in the center 

violates the duet rule for the central H and the octet rule for O.

CO2: number of valence electrons: C + 2 x O = 4 + 2 x 6 = 16 valence electrons

A structure with C - O single bonds violates the octet rule for carbon. Using a lone pair 

from each O to form C = O double bonds gives octets at each atom, and 16 electrons as 

required.

[image: image42.wmf]
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CN-: number of electrons: C + N + 1 negative charge = 4 + 5 + 1 =10 electrons.

With a triple bond between C and N each atom has an octet, and the negative charge is 

carried by the carbon:

[image: image43.wmf]
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The structure with the double bond has also octets, but 12 electrons which is not correct.

NH3: number of electrons: N + 3 x H = 5 + 3 = 8 valence electrons. One N - H bond to

each hydrogen gives 6 electrons, the missing 2 are a lone pair at the central N: octet at N, 

duets at H: 

[image: image44.wmf]
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N2: number of electrons: 2 x N = 2 x 5 = 10 valence electrons: a triple bond and a lone 

pair at each N would do the job. A single bond and 2 lone pairs at each N would give 

sextets no octets: 

[image: image45.wmf]
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Note, that especially in Lewis structures the grafic system often moves the atoms out of their electronic environment.

NO+: number of electrons: N + O - 1 positive charge = 5 + 6 - 1 = 10 electrons.

A structure with octets would be the same as above, but because O needs 6 electrons to be 

neutral, but has only 5, the positive charge is on O:

[image: image46.wmf]
41
C, N, O, and F ALWAYS follow the octet rule, H the duet rule

O3: number of electrons: 3 x O = 3 x 6 = 18 electrons. From the central O we can put a 

double bond to the left one and 2 lone pairs on that oxygen, and a single bond to the right 

O which would have 3 lone pairs. The missing 2 are a lone pair on the central one. Thus the 

central O (5 electrons) has a positive and the right one (7 electrons) a negative charge. The 

sum of the formal charges must always be equal to the total charge which is 0 here:

[image: image47.wmf]
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Again Word moved some of the oxygen atoms out of place in the above structures.

Exceptions to the octet rule
electron deficient compounds
Happens, when elements like Be or B have not enough valence electrons to form octets:

BeF2: number of electrons: Be + 2 x F = 2 + 2 x 7 = 16 electrons:

[image: image48.wmf]
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BF3: number of electrons: B + 3 x F = 3 + 3 x 7 = 24 electrons:

[image: image49.wmf]
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Again some of the atoms are moved out of place in the above structures by Word.

Such compounds can easily accept an electron pair from another compound. Electron pair 

acceptors are called Lewis acids.

A compound like NH3 can donate its lone pair on N to form a bond with BF3. Electron pair 

donors are called Lewis bases.

[image: image50.wmf]
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Third period and higher elements
Such elements can expand their octets, and have more than 4 electron pairs around them.

SF6: number of electrons: S + 6 x F = 6 + 6 x 7 = 48 electrons

The outer F atoms must have octets (an s and three p orbitals can only take 4 electron pairs) 

but S with n = 3 has also d orbitals and thus can have more than 8 valence electrons:

[image: image51.wmf]
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PCl5: number of electrons: P + 5 x Cl = 5 + 5 x 7 = 40 electrons: 5 P-Cl single bonds + 

lone pairs for octets at each Cl: all 40 used

[image: image52.wmf]
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In PCl5 again Word moved a Cl atom out of place.

I3-: number of electrons: 3 x I + 1 negative charge = 3 x 7 + 1 = 22 electrons: 2 I - I 

single bonds + octets at the 2 outer I makes 4 + 2 x 6 = 16 electrons. The 6 missing 

electrons are lone pairs at the central I:

[image: image53.wmf]
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Here some I atoms are moved out of place by Word.

SiCl4: Si + 4 x Cl = 4 + 4 x 7 = 32 electrons: 4 Si - Cl bonds and 3 lone pairs at each 

Cl use all 32 electrons (12 lp and 4 bp):

[image: image54.wmf]
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odd numbers of electrons
It can happen that a compound has an odd number of valence electrons. This gives 

unpaired "lonely" electrons and results in a magnetic moment of the compound:

NO: N + O = 5 + 6 = 11 electrons:

[image: image55.wmf]
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This molecule is paramagnetic (it has a magnetic moment) because of the unpaired electron.

A molecule with 0 magnetic moment is called diamagnetic.

Resonance
example: nitrate, NO3-: N + 3 x O + 1 negative charge = 5 + 3 x 6 + 1 = 24 valence 

electrons: 3 N - O single bonds and 3 lone pairs at each O: all 24 electrons used.

No octet, only sextet at N.

But: 3 pairs around N, and thus 3 electrons for N, which needs 5 valence electrons to be 

neutral: 2+ at N, 1- at each O, which has 7 (needs 6 to be neutral) valence electrons.

Too many formal charges. Reduction by 1 at N by forming 1 N = O double bond from an 

oxygen lone pair. More double bonds not possible: N has octet already complete.

Formal charge: N has 4 e (needs 5) : + at N, - at each single bonded O; total charge -1

Since 1 N = O and 2 N - O bonds, the double bond can be everywhere, thus there are 3 

equivalent Lewis structures:

[image: image56.wmf]
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This is called resonance and occurs always when more than 1 equivalent Lewis structures are 

possible: resonance leads to extra stability

Real molecule: extra stable because of resonance and it is the average of the equivalent 

Lewis structures:

All 3 N - O bond lengths are equal, shorter than N - O, longer than N = O

Also in O3, which has 18 valence electrons (see above)

[image: image57.wmf]
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Two examples without resonance:

[image: image58.wmf]
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Again some O atoms are moved out of  place by Word, also an F atom in ClF3 below.

Examples for octet expansion and electron deficiency:

ClF3: 1 x Cl + 3 x F = 7 + 3 x 7 = 28 valence electrons

[image: image59.wmf]
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The trigonal planar structure has 6 90 degree bp-lp angles that should be medium not small 

and is not good:

[image: image60.wmf]
55
Remember VSEPR: In trigonal bipyramidal arrangements of electron pairs, we must put 

more than 1 lone pairs always into the central triangle

XeO3: 1 x Xe + 3 x O = 8 + 3 x 6 = 26 valence electrons

[image: image61.wmf]
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Here Xe and an O are moved to the right by Word; same in the figure below.

But: too many formal charges: since Xe in period 5 can expand its octet, we must change all 

3 Xe - O bonds to Xe = O bonds, making all formal charges equal 0:

[image: image62.wmf]
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RnCl2: 1 x Rn + 2 x Cl = 8 + 2 x 7 = 22 valence electrons

[image: image63.wmf]
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BeCl2: 1 x Be + 2 x Cl = 2 + 2 x 7 = 16 valence electrons

[image: image64.wmf]
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In the two figures above Rn, Be and a Cl are moved to the right by Word.

Be has only two valence electrons, and thus can only have a quartet.

ICl4-: 1 x I + 4 x Cl + 1 negative charge = 7 + 4 x 7 + 1 = 36 valence electrons

[image: image65.wmf]
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The same square planar structure as ICl4- , XeF4 has also.

Objectives: Formal charge, geometry, VSEPR, lone pair effects

Formal charge
Formal charges in a Lewis structure are actually not real, but a concept to determine how 

good the structure is

Several Lewis structures might have different formal charges in them:

+ on electronegative, - on electropositive atoms is not good

the more formal charge, the more bad is the structure

Determination: cut the bonds around an atom in half: each bond counts as 1 electron, each 

lone pair as 2 electrons on the atom.

formal charge =  number of valence electrons the neutral atom must have - number of 

electrons you count in the structure.

example: SO42-: S + 4 x O + 2 negative charges = 6 + 4 x 6 + 2 = 32 electrons

form S - O single bonds for each oxygen, then complete the octets at the oxygens with 3 

lone pairs on each: 4 x 4 x 2 (2 per pair) = 32 electrons in the structure.

octets on each atom.

But many formal charges: there are 4 S - O single bonds, each cut in half gives 4 electrons

to S which needs 6 valence electrons to be a neutral atom: formal charge: 6 - 4 = 2+

Each oxygen has 3 lone pairs and 1 electron from the single bond to S: 7 electrons at each  

formal charge = 6 - 7 = 1- (oxygen needs 6 valence electrons to be neutral).

So we have 2+ on S and 1- on each O: total charge = 2 - 4 x 1 = -2 as it must be.

A lot of formal charges:

[image: image66.wmf]
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However, can we reduce the number of formal charges?

Take a lone pair from an oxygen and use it as double bond to S:

This does not change the octet at O (2s2p can carry only 8 electrons) and S can expand its octet (because 3s3ps3d can carry more than 8 electrons).

The doubly bound oxygen has now 2 electrons from the double bond and 4 from the 2 lone 

pairs: formal charge of 0, while the +2 on S is reduced by 1.

When we do that for 2 oxygens we get

[image: image67.wmf]
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Now all octets at O are ok and the formal charges are just the 2- needed as total charge.

You might say, why not change also the remaining single bonds to double bonds?

Because then S would get the 2- charge. But O is more electronegative than S and thus – charges

must be on O, + charges - if any - on S:

[image: image68.wmf]
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If there is a choice, in a bond always put negative formal charges on the more 

electronegative atom.

If there is more than 1 "correct" Lewis structure, always take the one with the lowest 

number of formal charges

Geometry
Valence Shell Electron Pair Repulsion, VSEPR model

electrons have like charges and repel each other:

electrons like to have the maximum distance from each other if unpaired

A bond pair contains 2 positive nuclear charges, a lone pair only 1, thus a bond pair is 

smaller than a lone pair and thus a lone pair needs more space

thus for angles, because of repulsion:

(lp - lp) > (lp - bp) > (bp - bp)

molecules without lone pair and the same outer element X: AXn
All X occupy the corners of regular polyhedra and all bond moments in such polyhedra add 

up to 0: molecules AXn without lone pairs are all non-polar

Which polyhedron is formed is defined by the number of electron pairs around the central 

atom. This number of electron pairs includes bond pairs and lone pairs (if any)

Note: for the choice of the polyhedron a double or a triple bond counts as 1 pair

[image: image69.wmf]
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The largest possible angle between the 2 bond pairs is 180o in a linear structure.

In this way the repulsion between the 2 pairs is minimized.

[image: image70.wmf]
65
The largest possible angle between the 3 bond pairs is 120o in a trigonal planar structure.

[image: image71.wmf]
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The largest possible angle between the 4 bond pairs is 109.5o in a tetrahedral structure.
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The best structure for 5 X atoms is the trigonal bipyramidal one, which has 90o, but also   

120o and 180o degree angles between bond pairs.

For 6 X atoms in a molecule the best structure is the octahedral one which has 90o angles 

and also 180o ones:

[image: image73.wmf]
68
If one or more atoms are replaced by lone pairs, the arrangement of electron pairs is still as 

above, depending on how many electron pairs there are, multiple bonds counting as 1 pair.

But the shape or structure of a molecule depends only on the arrangement of atoms
[image: image74.wmf]
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With the lone pair ammonia has 4 electron pairs, 3bp + 1 lp, arranged as a tetrahedron just 

as the four bond pairs in CH4.

But the structure of NH3 (only atoms count) is trigonal pyramidal: 3 H atoms forming a 

triangle with the N above it: trigonal pyramid

The bigger lone pair compresses the bond angle to 107.3o which is smaller than the 

tetrahedral angle of 109.5o. The molecule is polar.

If there are 2 lone pairs and 2 bond pairs, like in H2O, the arrangement of the 4 electron 

pairs is still tetrahedral, BUT the structure or shape is now a bent one and the molecule is 

polar.

[image: image75.wmf]
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Because of the 2 big lone pairs the bond angle is further compressed to 104.5o.

NOTE: bond and lone pair moments do NOT cancel each other, like the moments of equal 

bonds can do in a regular polyhedron.

If there are 5 electron pairs in a molecule, their arrangement is trigonal bipyramidal, and we 

have already learned the rules, if some are lone pairs:

Put first the atoms into the apical positions (above and below the triangle) and the lone pairs 

into the triangle (120o lp-lp angles, no 90o ones):

[image: image76.wmf]
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linear structure for I3- or XeF2 and non-polar

But if there are 6 electron pairs in a molecule, their arrangement is octahedral, and we 

have already learned the rules, if some are lone pairs:

Put first the atoms into the square planar positions and the lone pairs into the apical ones 

(180o lp-lp angle, no 90o one):

[image: image77.wmf]
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Multiple bonds: in CO2 there are 2 C = O double bonds: they act like 1 pair, and thus the 

molecule is linear (no lone pair on C).

NO3- has 1 N = O double and 2 N - O single bonds (resonance): treat the double bond as 1 

pair, and thus the structure is trigonal planar (NOT tetrahedral).

other example: SF4: there are 4 S - F single bonds and 1 lone pair on S: S + 4 x F = 

6 + 4 x 7 = 34 electrons. 4 S-F bonds, thus 8 electrons, 3 lone pairs on each F: 4x3x2 =

24 electrons + 8 from the bonds = 32 electrons. 2 are missing: lone pair on S

5 electron pairs: trigonal bipyramidal arrangement of electron pairs: put lone pair into the 

triangle:

[image: image78.wmf]
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Besides see-saw, this structure is also called a distorted tetrahedron.

SO2 has 2 S = O double bonds and a lone pair on S: like 3 electron pairs, trigonal planar 

arrangement of electron pairs

Thus the molecular structure is of bent shape, and it is polar

CHCl3 is tetrahedral with 3 C - Cl and 1 C - H bond and no lone pair on carbon

Since the C - H bond cannot cancel the bond moments of the three C - Cl bonds, it is polar.

ClF3: Cl + 3 x F = 7 + 3 x 7 = 28 electrons: 3 Cl - F bonds = 6 electrons, 3 lone pairs 

at each F = 3 x 6 = 18 electrons, together 24 electrons

Since Cl can expand its octet, the missing 2 lone pairs go to Cl

5 electron pairs around Cl: trigonal bipyramidal arrangement of electron pairs

The lone pairs we must put into the central triangle:

[image: image79.wmf]
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methanol, CH3 - OH is more complex, because it has 2 central atoms bound together, C and 

O: around C we have tetrahedral structure with 3 C - H bonds and 1 C - O bond

around O we have a tetrahedral arrangement of electron pairs: 1 O - C, 1 O - H bond and 

2 lone pairs: bent structure around O

[image: image80.wmf]
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Methanol: CH3 - OH

[image: image81.wmf]
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dimethyl ether: CH3 – O – CH3
each center must be treated in an own Lewis structure, completing the octets and so on.

XeOF4: Xe + O + 4 x F = 8 + 6 + 4 x 7 = 42 electrons: 4 Xe - F , 1 Xe - O bond = 

10 electrons

3 lone pairs around each F and also around O : 5 x 6 = 30 electrons, together: 40

2 are missing: lone pair at Xe

formal charges: O has 7 electrons, but needs 6 to be neutral, thus there is -1 on O

Xe has 5 bonds around it, having each 1 electron for Xe + 2 from the lone pair: Xe has 7 

electrons around it, but needs 8 to be neutral, thus +1 at Xe, total charge 0

To reduce the formal charges to 0, we use 1 lone pair from O to make an Xe = O double 

bond: does not change the octet at O, and Xe can expand its octet.

Now all formal charges are 0: best.

Xe has 6 electron pairs around it, the 4 Xe - F bonds, the Xe = O (acts like 1 pair) bond 

and the lone pair: octahedral arrangement of electron pairs

Since a double bond needs more room than a single bond, we place all Xe - F bonds into the 

central square, and Xe = O and the lone pair into apical positions.

Thus the molecule has square pyramidal structure, all Xe - F bond moments in the square 

cancel, but the Xe = O moment does not cancel with the lone pair moment, thus it is polar:

[image: image82.wmf]
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This is an octahedral arrangement of electron pairs and a square pyramidal structure. 

The structure is also called a capped octahedron.

Because the lone pair moment does not cancel with the Xe = O bond moment, it is a polar molecule.


Handout about lattice energy calculationsPRIVATE 

Book, problem 8.41:

Use the following data to estimate ΔfHo for sodium chloride.

Na(s) + 1/2 Cl2(g) ( NaCl(s)

ΔfHo[NaCl(s)]

Lattice energy, ΔlHo(NaCl) = -786 kJ/mol

First ionization energy of Na, I1(Na) = 495 kJ/mol

First electron affinity of Cl, EA1(Cl) = -349 kJ/mol

Bond energy of Cl2, Eb(Cl2) = 239 kJ/mol

Enthalpy of sublimation of Na, ΔsHo(Na) = 109 kJ/mol

According to definition, the standard heat of formation is obtained when forming the compound 

from the elements in their most stable form in the standard state:

(6)
Na(s) + 1/2 Cl2(g) ( NaCl(s)

ΔfHo[NaCl(s)]

To calculate this heat we can use Hess's law: first we must construct (6) by combination of other 

reactions and second treat the heats in the same way as the equations.

The lattice energy is obtained by definition from

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

ΔlHo(NaCl) = -786 kJ/mol

Thus we must construct a series of reactions that brings us from the same reactants as in (6) to the 

same product as in (5) and (6). To this end we need the ions of the 2 elements in the gas phase.

The first step is to obtain Na(g) atoms in the gas phase. To go from a solid to gas is a process 

called sublimation that involves the heat of sublimation of Na:

(1)
Na(s) ( Na(g)
 ΔsHo(Na) = 109 kJ/mol

To change Na(g) to Na+(g) is the definition of the first ionization energy:

(2)
Na(g) ( Na+(g) + e-
I1(Na) = 495 kJ/mol

The Cl2(g) is already in the gas phase, but not in form of atoms but as molecules. To break the 

bond we need the bond energy of Cl2(g), but only 1/2 of it, because bond breaking gives 2 atoms, 

but we need only 1 Cl(g) atom in the gas phase:


1/2 x [ Cl2(g) ( 2 Cl(g)
  Eb(Cl2) = 239 kJ/mol ]

that gives our equation (3):

(3)
1/2 Cl2(g) ( Cl(g)
  1/2 Eb(Cl2) = 119.5 kJ/mol

The definition of the first electron affinity gets us to Cl-(g) ions:

(4)
Cl(g) + e- ( Cl-(g)
  EA1(Cl) = -349 kJ/mol 

Now from Na+(g) and Cl-(g) we can form NaCl according to (5) with the lattice energy.

According to Hess's law we should have now: (6) = (1) + (2) + (3) + (4) + (5) 

To check we just add the equations: (1) + (2) + (3) + (4) + (5) =

= Na(s) +  Na(g) + 1/2 Cl2(g) + Cl(g) + e- + Na+(g) +  Cl-(g) ( Na(g) + Na+(g) + e- 

+ Cl(g) + Cl-(g) + NaCl(s) (cancel the same ones left and right)

= Na(s) + 1/2 Cl2(g) ( NaCl(s) = (6)

Now we do with the heats as we did with the equations:

ΔH(6) = ΔH(1) + ΔH(2) + ΔH(3) + ΔH(4) + ΔH(5), or with the other names:

ΔfHo[NaCl(s)] = ΔsHo(Na) + I1(Na) + 1/2 Eb(Cl2) + EA1(Cl) + ΔlHo(NaCl) =

= ( 109 + 495 + 119.5 - 349 - 786) kJ/mol = -412 kJ/mol

Book, problem 8.42:

Use the following data to estimate ΔfHo for magnesium fluoride.

Mg(s) + F2(g) ( MgF2(s)

ΔfHo[MgF2(s)]

Lattice energy, ΔlHo(MgF2) = -3916 kJ/mol

First ionization energy of Mg, I1(Mg) = 735 kJ/mol

Second ionization energy of Mg, I2(Mg) = 1445 kJ/mol

First electron affinity of F, EA1(F) = -328 kJ/mol

Bond energy of F2, Eb(F2) = 154 kJ/mol

Enthalpy of sublimation of Mg, ΔsHo(Mg) = 150. kJ/mol

According to definition, the standard heat of formation is obtained when forming the compound 

from the elements in their most stable form in the standard state:

(7)
Mg(s) + F2(g) ( MgF2(s)

ΔfHo[MgF2(s)]

To calculate this heat we can use Hess's law: first we must construct (7) by combination of other 

reactions and second treat the heats in the same way as the equations.

The lattice energy is obtained by definition from

(6)
Mg2+(g) +  2 F-(g) ( MgF2(s)

ΔlHo(MgF2) = -3916 kJ/mol

Thus we must construct a series of reactions that brings us from the same reactants as in (7) to the 

same product as in (6) and (7). To this end we need the ions of the 2 elements in the gas phase.

The first step is to obtain Mg(g) atoms in the gas phase. To go from a solid to gas is a process 

called sublimation that involves the heat of sublimation of Mg:

(1)
Mg(s) ( Mg(g)
 ΔsHo(Mg) = 150. kJ/mol

To change Mg(g) to Mg2+(g) we need the first and second ionization energy:

(2)
Mg(g) ( Mg+(g) + e-
I1(Mg) = 735 kJ/mol

(3)
Mg+(g) ( Mg2+(g) + e-
I2(Mg) = 1445 kJ/mol

The F2(g) is already in the gas phase, but not in form of atoms but as molecules. To break the bond 

we need the bond energy of F2(g), but here fully, because bond breaking gives 2 atoms, and we 

need only 2 F(g) atoms in the gas phase:

(4)
F2(g) ( 2 F(g)
  Eb(F2) = 154 kJ/mol

The definition of the first electron affinity gets us to 2 F-(g) ions:


2 x [ F(g) + e- ( F-(g)
  EA1(F) = -328 kJ/mol ]

which gives equation (5):

(5)
2 F(g) + 2e- ( 2 F-(g)
  2 x EA1(F) = -656 kJ/mol kJ/mol

Now from Mg2+(g) and 2 F-(g) we can form MgF2 according to (6) with the lattice energy.

According to Hess's law we should have now: (7) = (1) + (2) + (3) + (4) + (5) + (6)

To check we just add the equations: (1) + (2) + (3) + (4) + (5) + (6) =

= Mg(s) +  Mg(g) + Mg+(g) + F2(g) + 2 F(g) + 2 e-  + Mg2+(g) + 2 F-(g) 

( Mg(g) + Mg+(g) + e- + Mg2+(g) + e- + 2 F(g) + 2 F-(g) + MgF2(s) (cancel the same 

ones left and right:)

= Mg(s) + F2(g) ( MgF2(s) = (7)

Now we do with the heats as we did with the equations:

ΔH(7) = ΔH(1) + ΔH(2) + ΔH(3) + ΔH(4) + ΔH(5) + ΔH(6), or with the other names:

ΔfHo[MgF2(s)] = ΔsHo(Mg) + I1(Mg) + I2(Mg) + Eb(F2) + 2 x EA1(F) + ΔlHo(MgF2) =

= ( 150. + 735 + 1445 + 154 - 656 - 3916) kJ/mol = -2088 kJ/mol

This is a handout about comparison of lattice energies, based on ionic charges and sizes; Chapter 8:

Sort the following crystals according to increasing absolute lattice energies from left to right 

(absolute values to avoid confusions over the negative values of Elat):

LiF, Al2O3,NaCl,MgCl2,Fe2S3,BaO,CsBr,MgO

The first and most important point for this sorting are the charge numbers of the ions in the

 crystals:

The larger the absolute charge numbers involved, the more stable is the crystal and thus the more 

negative is its Elat and the larger is its absolute value.

 LiF, NaCl and CsBr contain only ions with charges of values of + or –1, so they have the smallest 

absolute lattice energy.

The next larger is MgCl2, which has one charge +2 (Mg) and 2 with –1 (Cl)

The next larger group is BaO and MgO in which both charges have the value +2 and –2

The largest group is aluminum oxide and iron (III) sulfide, having charges of values +3 and –2:

|Elat|(LiF, NaCl, CsBr) < |Elat|MgCl2 < |Elat|(BaO, MgO) < |Elat|(Al2O3, Fe2S3)

To sort the crystals within a group of charge numbers, we must use the second, less important 

concept:

The smaller the ions are, the more stable is the crystal and thus the more negative is its Elat and the 

larger is its absolute value, because with smaller ions the centers of charge can come closer together 

and thus their Coulomb attraction increases.

Ionic sizes are: R(Li+) < R(Na+) < R(Cs+) and R(F-) < R(Cl-) < R(Br-) and thus

|Elat|: CsBr < NaCl < LiF 

R(Mg2+) < R(Ba2+) and thus for |Elat|: BaO < MgO

R(Al3+) < R(Fe3+) and R(O2-) < R(S2-) and thus for |Elat|: Fe2S3 < Al2O3
So finally for |Elat| we have:

CsBr < NaCl < LiF < MgCl2 < BaO < MgO < Fe2S3 < Al2O3
For the negative Elat itself the sequence would be opposite.
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