Chapter 8 & 9 Problem Set




     Name _____________________________
Bonding: General Concepts







Chemical Bonds & Electronegativity
1.  Predict the order of increasing electronegativity in each of the following groups of elements:
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a)  Na, K, Rb




c)  F, Cl, Br
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b)  B, O, Ga




d)  S, O, F

2.  Predict which bond in each of the following groups will be the most polar based on predicted electronegativity 


differences.
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a)  C – H,  Si – H,  Sn – H


c)  C – O   or   Si – O



b)  Al – Br,  Ga – Br,  In – Br,  Tl – Br

d)  O – F   or   O – Cl

3.  Which of the following incorrectly shows the bond polarity?  Show the correct bond polarity for those that are incorrect.


a)  δ+H-- Fδ- 




d)  δ+Br-- Brδ-

b)  δ+Cl-- Iδ-




e)  δ+O-- Pδ-

c)  δ+Si-- Sδ-
4.  Indicate the bond polarity (show the partial positive and partial negative ends) in the following bonds.


a)     C – O




d)    P – H


b)    H – Cl




e)    Se – S


c)    H – Cl

5.  Rank the following bonds in order of increasing ionic character:    N – O,  Ca – O,  C – F,  Br – Br,  K – F

Bond Energies
6.  Use bond energy values (Table 8.4) to estimate ∆H for each of the following reactions in the gas phase.


a) 





HCN  +  2 H2  (  CH3NH2

b) 





N2H4  +  2 F2  (  N2  +  4 HF
7.  Acetic acid is responsible for the sour taste of vinegar.  It can be manufactured using the following reaction:



Use bond energies to estimate ∆H for this reaction.

8.  Use bond energies to predict ∆H for the combustion of 1 mole of acetylene:

9.  Consider the following reaction.  Estimate the carbon-fluorine bond energy given that the C – C bond energy is 347 kJ/mol, the C = C bond energy is 614 kJ/mol, and the F – F bond energy is 154 kJ/mol.



∆H = -549 kJ

10.  Consider the following reaction:    A2  +  B2    (    2 AB     ∆H = -285 kJ
The bond energy for A2 is one-half the amount of the AB bond energy.  The bond energy of B2 = 432 kJ/mol.  What is the bond energy of A2?
Lewis Structures & Resonance
11.  Write the Lewis structures that obey the octet rule for each of the following molecules and ions.  (In each  case the first atom listed is the central atom.)


 


a)




b)




c)

POCl3




  NF3




  ClO2-
 SO42-




SO32-




SCl2
XeO4




PO33-




PCl2
PO43-




ClO3-


d)  Considering your answers to parts a, b, and c above, what conclusions can you make concerning the structures of species containing the same number of atoms and the same number of valence electrons?

12.  One type of exception to the octet rule are compounds with central atoms having fewer than eight electrons around them.  BeH2 and BH3 are example of this type of exception.  Draw the Lewis structures for BeH2 and BH3.

13.  The most common type of exception to the octet rule are compounds or ions with central atoms having more than eight electrons around them.  PF5, SF4, ClF3, and Br3- are examples of this type of exception.  

a)  Draw the Lewis structure for these compounds or ions.  

PF5





SF4


ClF3





Br3-
b)  Which elements, when they have to, can have more than eight electrons around them?  

c)  How is this rationalized (why are they able to  expand their octet)?

14.  Some of the important pollutants in the atmosphere are ozone (O3), sulfur dioxide, and sulfur trioxide.  Write Lewis structures for these three molecules.  Show all resonance structures where applicable.

a) ozone


b) sulfur dioxide


c) sulfur trioxide
15.  Consider the following bond lengths:


C – O    143 pm



C = O
123 pm



C = O    
109 pm


In the CO32- ion, all three carbon - oxygen bonds have identical bond lengths of 136 pm.  Why?  Provide support for your answer by drawing resonance structures for the ion.

16.  a)  Order the following species with respect to carbon – oxygen bond length (longest to shortest).  Support your answer by including Lewis structures for each species.



CO



CO2



CO32-



CH3OH


b)  What is the order from the weakest to the strongest carbon-oxygen bond?
Formal Charge
17.  For the following species, write Lewis structures that obey the octet rule.  Assign the formal charge for all atoms present in the species.

a)  POCl3






e) SO2Cl2

b)  SO42-






f)  XeO4

c)  ClO4-






g)  ClO3-

d)  PO43-






h)  NO43-
18.  Draw Lewis structures for the species in #24 that have minimum formal charges for the entire species (in other words, draw the best Lewis structure).


a)  POCl3






e) SO2Cl2

b)  SO42-






f)  XeO4

c)  ClO4-






g)  ClO3-

d)  PO43-






h)  NO43-
19.  Oxidation of the cyanide ion produces the stable cyanate ion, OCN-.  The fulminate ion, CNO-, on the other hand, is very unstable.  Fulminate salts explode when struck; Hg(CNO)2 is used in blasting caps.  

a)  Write the Lewis structures and assign formal charges for the cyanate and fulminate ions (C is the central atom in OCN- and N is the central atom in CNO-) .  

  cyanate





      fulminate

b)  Why is the fulminate ion so unstable?

20.  When molten sulfur reacts with chlorine gas, a vile-smelling orange liquid forms that has an empirical formula of SCl.  The structure of this compound has a formal charge of zero on all elements in the compound.  Draw the Lewis structure for the vile-smelling orange liquid.

Molecular Structure & Polarity
21.  Go back to #18 through #21.  For each molecule or ion in those problems, identify the molecular structure (shape) and bond angles.

22.  Predict the molecular structure (including bond angles) for each of the following.

a)  PCl3






b) SCl2
c)  SiF4






d)  ICl5
e)  XeCl4





f)  SeCl6
23.  Go back to problem #22 and identify which of the molecules have dipole moments (are polar).

24.  Consider the following Lewis structure where E is an unknown element:


What are some possible identities for element E?  Predict the molecular structure (including bond angles) for this ion.

Ions & Ionic Compounds
25.  Identify the most stable ion formed by the following elements (symbol & charge) and then write the electron configuration for each ion:

     magnesium:  ________________________________________________________________________

     oxygen:  ___________________________________________________________________________
     fluorine:  ___________________________________________________________________________
     aluminum:  _________________________________________________________________________
     nitrogen:  ___________________________________________________________________________
     tellurium:  __________________________________________________________________________

26.  Identify the symbol and charge of the following ions and identify the ground state noble gas atom is isoelectronic with each ion:



a)  cesium ion: 

 symbol & charge ________

noble gas ______________


b)  sulfide:

symbol & charge ________

noble gas ______________


c)  strontium ion:
symbol & charge ________

noble gas ______________

d)  fluoride:

symbol & charge ________

noble gas ______________

e)  calcium ion:

symbol & charge ________

noble gas ______________

f)  nitride:

symbol & charge ________

noble gas ______________
27.  Consider the ions Sc3+, Cl-, K+, Ca2+, S2-.  Match these ions to the following pictures that represent the relative sizes of the ions.  Match them by writing the ion symbol and charge inside the circle.

28.  For each of the following groups, place the atoms and/or ions in order of decreasing size.


a)  V, V2+, V3+, V5+
________________________________________


b)  Na+, K+, Rb+, Cs+
________________________________________


c)  Te2-, I-, Cs+, Ba2+
________________________________________


d)  P, P-, P2-, P3-

________________________________________

29.  Which compound in each of the following pairs of ionic substances has the most exothermic lattice energy?  Justify your answers.


a)  LiF or CsF
_____________________________________________________________


b)  NaBr or NaI
 _____________________________________________________________


c)  BaCl2 or BaO
  ____________________________________________________________


d)  Na2SO4 or CaSO4   __________________________________________________________


e)  NaCl or Na2O  ____________________________________________________________


f)  MgO or BaS
_____________________________________________________________

30.  Use the following data to estimate ΔHf° for magnesium fluoride:  Mg (s)  +  F2 (g)  (  MgF2 (s)

Lattice Energy 



 -3916 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 of Mg

150. kJ/mol

31.  The lattice energies of FeCl3, FeCl2, and Fe2O3 are (in no particular order) -2631, -5359, and -14,774 kJ/mol.  Match the appropriate formula to each lattice energy.  Explain the reasoning for your match-ups.

Selected Answers to Problems
6.   a) -158 kJ;     b) -1169 kJ
7.  -20. kJ
8.  -1228 kJ
9.   485 kJ/mol
30.  -2088 kJ/mol
Chapter 9 




     





The Localized Electron Model and Hybrid Orbitals
1. Use the localized electron model to describe the bonding in the following molecules.  Specifically, draw a Lewis structure, identify the VSEPR shape, identify how each atom in the molecule hybridizes, and describe which orbitals of the atoms (hybridized or unhybridized) are overlapping in order to form the bonds:

a) H2O

b) CCl4
c) H2CO (C is central)

d) C2H2 (exists as HCCH)
2. Draw the Lewis structure for the following molecules or ions and identify the expected hybridization of the central atom (sp, sp2, etc)

a)  HCN




b)  PH3




c)  CHCl3
c)  SeF2




d)  CO2




e)  PF5

f)  SF4




g)  ClF3




h)  Br3-

i) XeF4




j)  NH4+




k)  PCl3

 l)  SCl2




m) TeF4




n) SeCl6
3. For each of the following molecules or ions that contain sulfur, write the Lewis structure, predict the VSEPR shape (including bond angles) and give the expected hybrid orbitals for sulfur.

a)  SO2




b) SO3




c) SO32-

d) SO42-




e) SF2




f) SF4

g) SF6




h) SF5+
4. Many important compounds in the chemical industry are derivatives of ethylene (C2H4).  Two of them are acrylonitrile and methyl methacrylate.

Complete the Lewis structure by showing all missing lone pairs.  Give approximate values for bond angles a through f.  Give the hybridization of all carbon atoms.  How many σ bonds and how many π bonds are there in methyl methacrylate and acrylonitrile?

5. Hot and spicy foods contain molecules that stimulate pain-detecting nerve endings.  Two such molecules are piperine and capsaicin:

Piperine is the active compound in white and black pepper, and capsaicin is the active compound in chili peppers.  The ring structures in piperine and capsaicin are shorthand notation – each point where lines meet represents a carbon atom.  Complete the following four tasks/questions by labeling the diagrams above.

a) Complete the Lewis structure for piperine and capsaicin by showing all lone pairs of electrons.

b) How many carbon atoms are sp, sp2, and sp3 hybridized in each molecule?

c) What type of hybrid orbitals are used by the nitrogen atoms in each molecule?

d) Give approximate values for the bond angles marked a through l in the above stuctures.

The Molecular Orbital Model
6. Which of the following are predicted by the molecular orbital model to be stable diatomic species (having a bond order greater than 0).

a)  N22-




b)  O22-




c)  F22-


d)  Be2




e)  B2




f)  Ne2
7. Using the molecular orbital model, write electron configurations for the following diatomic species and calculate the bond orders.  Also identify whether the species is diamagnetic or paramagnetic.

a) Li2
b) C2
c) S2  

8. Using the molecular orbital theory, explain why the removal of one electron in O2 strengthens bonding, while the removal of one electron in N2 weakens bonding.  Support your explanation with molecular orbital energy diagrams of these two molecules.

9. Draw a molecular orbital diagram for each of the following diatomic molecules.  If you were to remove a single electron from each molecule (remember it would be the removal of one of the highest energy electrons of the molecule) as shown in your diagrams, in which molecules would the bond strength be expected to weaken?

a)  H2





b)  B2






c)  C22-







10. In terms of the molecular orbital model, which species, O22+ or N22+,  will most likely be the one to gain an electron?  Explain and support your answer with molecular orbital energy diagrams.

11. Use figures 9.43 and 9.44 to answer the questions that follow.

a)  Would the bonding molecular orbital in HF place greater electron density near the H or the F atom?  Why?

b)  Would the bonding molecular orbital have greater fluorine 2p character, greater hydrogen 1s character, or an equal contribution from both?  Why?

c) Answer the previous two questions for the antibonding molecular orbital of HF.


















































































