Chapter 8. Homework problems.      	
1. Indicate the bond polarity (show the partial positive and partial negative ends) in the following bonds.
a. [image: ][image: ]C-O    
b. [image: ]P-H
c. [image: ]H-Cl
d. [image: ][image: ]Br-Te
e. Se-S

2. Predict the type of bond (ionic, covalent, or polar covalent) one would expect to form between the following pairs of elements.
a. Rb and Cl ionic			b. S and S covalent		c. C and F polar covalent
d. Ba and S	ionic			e. N and P polar covalent	f. B and H covalent

3. Write electron configuration for the most stable ion formed by each of the elements Rb, Ba, Se, and I (when in stable ionic compounds).
[image: ][image: ]

4. Consider the ions Sc3+, Cl-, K+, Ca2+, and S2-. Match these ions to the following pictures that represent the relative sizes of the ions.
[image: ]
K+     Ca2+  Sc3+    S2-       Cl-

5. For each of the following groups, place the atoms and/or ions in order of decreasing size.
a. V, V2+, V3+, V5+                  	V > V2+ > V3+ > V5+
b. Na+, K+, Rb+, Cs+			Cs+ > Rb+ > K+ > Na+
c. Te2-, I-, Cs+, Ba2+                	Te2- > I- > Cs+ > Ba2+
d. P, P-, P2-, P3-			P > P- > P2- > P3-
e. O2-, S2-, Se2-, Te2-			Te2- > Se2- > S2- > O2-

6. Use the following data to estimate ∆Hf0 for magnesium fluoride.
Mg(s)  +  F2(g)    MgF2(s)

Lattice energy 				-2913 kJ/mol
First ionization energy of Mg			735 kJ/mol
Second ionization energy of Mg		1445 kJ/mol
Electron affinity of F				-328 kJ/mol
Bond energy of F2				154 kJ/mol
Enthalpy of sublimation for Mg		150 kJ/mol
[image: ]

7. [image: ]Use bond energy values to estimate ∆H for each of the following reactions.




[image: ]

[image: ]
[image: ]

[image: ]


[image: ]


8. Consider the following reaction:
A2 + B2  2AB			∆H = -285 kJ

The bond energy for A2 is one-half the amount of the AB bond energy. The bond energy of B2 is 432 kJ/mol. What is the bond energy of A2?
Let x = bond energy for A2, so 2x = bond energy for AB.
ΔH = !285 kJ = x + 432 kJ – [2(2x)], 3x = 717, x = 239 kJ/mol
The bond energy for A2 is 239 kJ/mol.
9. The standard enthalpy of formation for NO(g) is 90.1 kJ/mol. Use this and the values for the O=O and N≡N bond energies to estimate the bond strength in NO. 
[image: ]1/2 N2(g) +1/2 O2(g) → NO(g) ΔH = 90. kJ


ΔH = 90. kJ = 1/2(941) + 1/2(495) – (x), x = NO bond energy = 628 kJ/mol
10. Lewis structures can be used to understand why some molecules react in certain ways. Write the Lewis structures for the reactants and products in the reactions described below.
a. Nitrogen dioxide dimerizes to produce dinitrogen tetroxide.
[image: ][image: ]



b. Boron trihydride accepts a pair of electrons from ammonia, forming BH3NH3.
[image: ][image: ][image: ]




[image: ]Give a possible explanation for why these two reactions occur.


11. Consider the following bond lengths:
C-O  143 pm		C=O  123 pm			C≡O  109 pm
In CO32- ion, all three C-O bonds have identical bond lengths of 136 pm. Why?
[image: ]





Three resonance structures can be drawn for CO32−. The actual structure for CO32- is an average of these three resonance structures. That is, the three C‒O bond lengths are all equivalent, with a length somewhere between a single and a double bond. The actual bond length of 136 pm is consistent with this resonance view of CO32-.
12. Use the formal charge arguments to rationalize why BF3 would not follow the octet rule.
[image: ]BF3 has 3 + 3(7) = 24 valence electrons. The two Lewis structures to consider are:


The formal charges for the various atoms are assigned in the Lewis structures. Formal charge = number of valence electrons on free atom − number of lone pair electrons on atoms −1/2 (number of shared electrons of atom). For B in the first Lewis structure, FC = 3 − 0 −1/2(8) = −1. For F in the first structure with the double bond, FC = 7 − 4 − 1/2(4) = +1. The others all have a formal charge equal to zero. The first Lewis structure obeys the octet rule but has a +1 formal charge on the most electronegative element there is, fluorine, and a negative formal charge on a much less
electronegative element, boron. This is just the opposite of what we expect: negative formal charge on F and positive formal charge on B. The other Lewis structure does not obey the octet rule for B but has a zero formal charge on each element in BF3. Because structures generally want to minimize formal charge, then BF3 with only single bonds is best from a formal charge point of view.
13. Write the Lewis structure for O2F2 (it exists as F-O-O-F). Assign oxidation states and formal charges to the atoms in O2F2. This compound is a vigorous and potent oxidizing and fluorinating agent. Are oxidation states or formal charges more useful in accounting for these properties of O2F2?
[image: ]O2F2 has 2(6) + 2(7) = 26 valence e−. The formal charge and oxidation number of each atom is below the Lewis structure of O2F2.


Oxidation numbers are more useful when accounting for the reactivity of O2F2. We are forced to assign +1 as the oxidation number for oxygen. Oxygen is very electronegative, and +1 is not a stable oxidation state for this element. 
14. [image: ]Nitrous oxide (N2O) has three possible Lewis structures:


Given the following bond lengths, 
N-N  167 pm	N=N  120 pm     N≡N  110 pm        N=O  115 pm     N-O  147 pm
[image: ]Rationalize the observations that the N-N bond length in N2O is 112 pm and that the N-O bond length is 119 pm. Assign formal charges to the resonance structures for N2O. Can you eliminate any of the resonance structures on the basis of formal charges?

[image: ][image: ]




We should eliminate N‒N≡O because it has a formal charge of +1 on the most electronegative element (O).


15. Two different compounds have the formula XeF2Cl2. Write Lewis structures for these two compounds, and describe how measurement of dipole moments might be used to distinguish between them.
[image: ]XeF2Cl2, 8 + 2(7) + 2(7) = 36 e−


The two possible structures for XeF2Cl2 are above. In the first structure, the F atoms are 90° apart from each other, and the Cl atoms are also 90° apart. The individual bond dipoles would not cancel in this molecule, so this molecule is polar. In the second possible structure, the F atoms are 180° apart, as are the Cl atoms. Here, the bond dipoles are symmetrically arranged so they do cancel each other out, and this molecule is nonpolar. Therefore, measurement of the dipole moment would differentiate between the two compounds. These are different compounds and not resonance structures.
16. Look up the energies for the bonds in CO and N2. Although the bond in CO is stronger, CO is considerably more reactive than N2. Give a possible explanation. 

C ≡ O (1072 kJ/mol); N ≡ N (941 kJ/mol); CO is polar, whereas N2 is nonpolar. This may lead to a great reactivity for the CO bond.
17. [image: ]Use Coulomb’s law to calculate the energy of interaction for the following two arrangements of charges, each having a magnitude equal to the electron charge.

[image: ][image: ]
[image: ]

[image: ] 
There are four attractions of +1 and −1 charges at a distance of 0.1 nm from each other. The two negative charges and the two positive charges repel each other across the diagonal of the square. This is at a distance of 2 × 0.1 nm.
[image: ]

18.  A compound, XF5, is 42.81% fluorine by mass. Identify the element X. What is the molecular structure of XF5?
[image: ]





















19. A polyatomic ion is composed of C, N, and an unknown element X. The skeletal Lewis structure of this ion is [X-C-N]-. The ion X2- has an electron configuration of [Ar]4s23d104p6. What is element X? Knowing the identity of X, complete the Lewis structure of the polyatomic ion, including all important resonance structures.
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