Chapter 8 Focus Questions
I will be modifying this document (deleting some questions.) Sections 1-3 have already been modified. I will upload a new document when I finish modifying the other sections.
Section 1

1. What is bond energy?

2. If a bond was particularly strong, do you think it would take a lot or a little bit of energy to break it?

3. Why does a solution of sodium chloride conduct electricity?

4. Why do electrons transfer from sodium to chlorine?

5. What is the driving force for a transfer of electrons?

6. What is an ionic compound?

7. What is Coulomb’s law used for? What does Q1 and Q2, and r stand for?

8. What is a covalent bond?

9. What is a polar covalent bond?

10. Why do some compounds have a partially negative and a partially positive end?

Section 2

1. What is electronegativity?

2. How is the expected bond energy calculated for a typical compound?

3. If there is a difference between the expected bond energy and the actual bond energy, what does that indicate?

4. Since ionic compounds have very strong bonds due to the attraction of opposite charges, compounds that have partial charges should also be relatively high in bond strength.  Would having a greater bond strength lower or raise the bond energy of the compound?

5. Would you get a positive value or a negative value, then, when you calculate the difference in bond energies?

6. How are electronegativities determined for elements?

7. What is the general trend  across a period and down a group?

8. Who is the most electronegative?  The least?

9. What is the difference in electronegativity for two identical atoms?

10. Which compound would have a more polar bond, GaAs or SeTe2 (Use figure 8.3)?

11. Which of the following compounds have bonds that are ionic?  Polar covalent?  Nonpolar covalent?  F2, NaF, CH4, H2O, Ba3N2, CO2
Section 3

1. What is a dipole moment?

2. Use an arrow to represent the dipole character of HF.

3. Do all molecules that have polar bonds have dipole moments as well?

4. Use an arrow to represent the dipole character of H2O.

5. Use an arrow to represent the dipole character of CO2.  Does CO2 have a dipole moment?

6. Does SO3 have a dipole moment?  CCl4?

7. Use arrows to represent the dipole characters of the following molecules then indicate if they have a dipole moment or not:  BH3, CF4, H2Se, and CO.

Section 4

1. In a stable compound, how are the electrons arranged?

2. How do nonmetals get noble gas configuration?

3. What is a representative group metal?

4. When a nonmetal bonds with a metal, how do each of the atoms obtain noble gas configuration?

5. How are the positive and negative attractions of two atoms maximized while minimizing the repulsive effects?

6. How are gas phases different from solid phases of ionic compounds?

7. Are Mg2+ and O2- more stable as gases or as a solid ionic compound?

8. Write the short form electron configurations for Mg and S.  Which atom has a greater electronegativity?

9. Who will lose electrons (and how many) and who will gain them?  What orbitals are the electrons leaving from and what orbitals are the electrons being gained in?

10. Write the new electron configurations for each after the transfer occurs.  What noble gas configuration does each atom now have?

11. What is the empirical formula of the compound?

12. Answer questions 8-11 for Ca and N.

13. What charges do the group 1 elements form?  Group 2?  Group 13? 14-18?

14. What are some exceptions to elements forming noble gas configurations?

15. Tin forms the Sn2+ ion and the Sn4+ ion.  Write the electron configurations for each ion.  What do you notice?

16. Does everyone agree on exact ion size?

17. When an atom gains an electron, the size (increases/decreases).  Why?

18. When an atom loses an electron, the size (increases/decreases). Why?

19. What happens to ionic size as you go down a group? Why?

20. Why is the trend complicated across a period?

21. Look at the metals in Figure 8.7.  What trend is evident across the period?  Look at the nonmetals now.  What trend is apparent across the period?

22. Why do you thin the nonmetals are bigger than the metals?

23. What is an isoelectronic ion?  How do their electron configurations compare?

24. Why do ions decrease in size across a period even though they have the same number of electrons?

25. In a given period, do the metals and nonmetals have the same noble gas configuration when ionized?

Sect. 5
1. What is lattice energy?

2. If ions are strongly attracted to each other, will the energy change be only slightly exothermic or very exothermic?

3. Write the lattice energy equation for sodium bonding to chlorine.

4. Observe the lattice energy diagram in Fig. 8.8.  Is sublimation of solid lithium exothermic or endothermic?  Why does this make sense?

5. Is ionizing gaseous lithium exothermic or endothermic?  Why does this make sense?

6. Is breaking F2 apart into single F atoms exothermic or endothermic? Why does this make sense?

7. Is ionizing F exothermic or endothermic?  Why does this make sense?

8. Is the formation of solid lithium fluoride exothermic or endothermic?  Why does this make sense?

9. Is the overall process exothermic or endothermic?  Why does this make sense?

10. In the diagram, which reaction represents the lattice energy?  What is the value for that energy change?

11. Of all the energy changes, which energy change is the greatest?

12. If atoms do not want to ionize (endothermic reactions), why do they combine to form ionic compounds?
14. What kind of structures do binary ionic compounds made from alkali metals and halogens form?

15. What is the equation that calculates lattice energy? What does k depend on?

16. Do lattice energies always have negative signs?

17. As the charges increases, what happens to the lattice energy?  What happens to the exothermicity?  What happens to the stability?

18. As the distance decreases, what happens to the lattice energy?  What happens to the exothermicity?  What happens to the stability?

19. What, then, do you think would be the conditions for an extremely stable ionic compound?

20. Predict which compoundwould be more stable.  NaCl or CaSe?  Why?

21. Predict which compound would be more stable.  LiF or RbI? Why?

22. How many times greater would the lattice energy be for AlN compared to K3P?  (Hint: what charges do the ions for  in each compound?)

23. Looking at Fig.8.10, how does the lattice energy for MgO compare to the lattice energy for NaF?

24. How does the overall energy change for MgO compare to the overall energy change for NaF.

25. Forming Mg+ requires just a little energy while forming Mg2+  requires a lot more energy (that second electron does not appear to want to be removed).  Also, forming O- is exothermic (wants to lose that first electron), but forming O2- is endothermic (does not want to remove that second electron).  Since both atoms want to lose only one electron, why does MgO consist of Mg2+ and O2+ ions rather that Mg+ and O-ions? 
Section 6
1. What does the percent ionic character of a compound indicate?

2. Are there any compounds that are 100% ionic?

3. Which do you think will be higher, the measured dipole moment or the calculated dipole moment? Why?

4. Would it make sense, then, to get a value greater then 100% for percent ionic character?

5. What percentages are compounds considered to be ionic rather then covalent?

6. Since values in Fig. 8.12 are for the gaseous phase, do you predict the percent to increase or decrease for the solid phase? 

7. Why is it ambiguous to call compounds containing polyatomic ions ionic?

8. What is the operational definition of ionic compounds?

Section 7

1. What is a chemical bond?

2. Why do chemical bonds occur?

3. If it takes 1000 kJ of energy to break a compound into its atoms (in other words, the compound is held by 100kJ of energy), how much energy is released when the individual atoms form the compound?

4. If a bond is a human invention, what is a bond really representing?

5. In the bookkepping example on page 370, what does 413 kJ/mol represent?

6. What is a model?

7. In natural process, is there a tendency toward higher or lower energy?

8. What is delocalization?

Section 8

1. Does the bond energy depend on its enviorment (i.e. the surrounding atoms in the molecule)?
2. Look at Fig. 8.4. What is the C-C single bond average bond energy? What is the C-C double bond average bond energy? What is the C-C triple bond average bond energy? What do you notice?
3. Look at Fig 8.5. What Is the bond length for the C-C single bond? C-C double bond? C-C triple bond? What do you notice?
4. So then, what is the relationship between bond energy and bond length?
5. Is bond breaking endothermic or exothermic? Are the energy values positive or negative?
6. Is bond making endothermic or exothermic? Are the energy values positive or negative?

7. What is the equation for calculating enthalpy change of a reaction using bond breaking and bond formation energies?

8. What does D represent in the equation? What sign does D have?

9. Why is the bond formation term subtracted in the enthalpy equation?

10. Using symbols, write the enthalpy equation for the chemical reation: N2 + 3H2 
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 2NH3
11. Using the information in Fig. 8.4, calculate the enthalpy change for the reaction in #9. Note that N2 is a N-N triple bond.

12. Use bond energy information in Fig 8.4 to calculate the enthalpy change for the combustion of ethanol (C2H5OH). (Hint if you cannot figure out the structure of C2H5OH: the two carbons are bonded to each other and one of the carbons has three hydrogen atoms bonded to it.)

Section 9
1. What is the localized electon model and which type of bonds is it used for?

2. What does it mean to be localized?

3. What are electrons localized on an atom called?

4. What are electrons localized between atoms called?

Section 10

1. What is a Lewis Structure?

2. What is the most important requirement to form a stable compound?

3. Draw a Lewis Dot Structure for NaCl, an ionic compound.

4. Why doesn’t He form bonds?

5. Which orbitals are valence orbitals—(s, p, d, or f)?

6. How man electrons can occupy an s orbital? A p orbital? So how many total valence electrons are there?

7. What is the octet rule?

8. In the following Leis Dot Structure, how many total bonding pairs of electrons are there and how many lone pairs of electrons?
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9. What are the rules for drawing Lewis Dot Structures?

10. Do valence electrons belong to individual atoms or the entire molecule?

11. Draw a Lewis Dot Structure for H2O, CCl4, Br2, SO42-, CO, and NH4+.

Section 11

1. How many electrons does B want?

2. BF3 reacts very energetically with molecules containing lone pairs of electrons such as water and ammonia. Why?

3. Does B always only want six, or can it have eight at times?

4. What is the exception to the octet rule for some of the period 3 elements?

5. Which orbitals are available to period 3 elements? Which orbital is empty? Why can period 3 orbitals have more that an octet at times?

6. In which orbital do the extra electrons go for period 3 elements that have more than 8 valence electrons (s and p orbitals can only hold 8)?

7. Which second row elements always want 8 valence electrons?

8. Which third row elements have fewer than 8 valence electrons?  What is unique about these elements?

9. Why can’t second row elements ever exceed the octet rule?

10. How is it possible for third row elements and beyond to exceed the octet rule?

11. If you are drawing a Lewis structure by obeying the octet rule and you have electrons left over, what should you do with them if the central atom is a period 3 element or beyond?

12. Draw the Lewis structures for PF5, XeF4, SeF4, SeF2, ClF5, BH3.

Section 12
1. Of the three structures represented for NO3- in your text, which structure is the most accurate?

2. What is resonance?

3. Draw resonant structures for SO2 and CO32-.

4. Are molecules in actuality localized or delocalized?

5. What does it mean to be delocalized?

6. Do resonant structures treat valence electrons as localized or delocalized?

7. Do molecules ever have an odd number of electrons?

8. What kinds of Lewis structures can be drawn for the sulfate ion?

9. Are formal charges the same as oxidation states?

10. How is the formal charge of an atom determined?

11. How does an atom obtain a formal charge of -1 in a molecule?

12. What are two assumptions that are made when assigning formal charges?

13. For the nitrate ion, NO3-, how many valence electrons is each oxygen atom assigned?  What is the formal charge of each O atom?

14. How many valence electrons are assigned to N (from #13)?  What is the formal charge on N?

15. In molecules that have more than one possible Lewis structure, how do you determine which structure is most accurate?

16. Of the structures for sulfate, why is the structure with double bonds more accurate than the structure with single bonds?

17. What must the sum of the overall formal charges for each atom equal?

18. Are formal charges actual charges?

19. IN using the formal charge strategy to determine the correct Lewis structure, you are guaranteed the correct Lewis structure.  True or false?

20. Draw the Lewis structure for ClO3- that involves the minimum formal charges.

Section 13
1. What is the VSEPR model and what does VSEPR stand for?

2. What is the bond angle for a linear structure?  How many atoms must the central atom be bonded to?  How many lone pairs does the central atom have?

3. What is the bond angle for a trigonal-planar structure?  How many atoms must the central atom be bonded to?  How many lone pairs does the central atom have?

4. What is the bond angle for a tetrahedral structure?  How many atoms must the central atom be bonded to?  How many lone pairs does the central atom have?  Why isn’t the molecule a flat, square planar molecule with a 90 degree bond angle instead?

5. Trigonal pyramidal has a tetrahedral arrangement but is not called tetrahedral.  Why not?

6. What is the bond angle for trigonal pyramidal?  If it has a tetrahedral arrangement, why isn’t it 109.5?  How many atoms is the central atom bonded to?  How many lone pairs does the central atom have?

7. Bent also has a tetrahedral arrangement but is not called tetrahedral.  Why not?

8. What is the bond angle for bent?  If it has a tetrahedral arrangement, why isn’t it 109.5?  How many atoms is the central atom bonded to?  How many lone pairs does the central atom have?

9. What would continue happening to the bond angle if more lone pairs were added?

10. Why do lone pairs require more space than bonding pairs of electrons?

11. What is the bond angle for a trigonal bipyramidal structure?  How many atoms must the central atom be bonded to?  How many lone pairs does the central atom have?  Note that this is two trigonal pyramidals bonded on top of each other.

12. What is the bond angle for a octahedral structure?  How many atoms must the central atom be bonded to?  How many lone pairs does the central atom have?  Note each period has four faces – thus an octahedron!

13. If a molecule had a central atom bonded to four others with two lone pairs, since there are six pairs of electrons around the central atom, would it also be called octahedral?

14. See sample exercise 8.13 and explain why XeF4 has a square planar shape, and please explain what a square planar shape looks like (also indicate the bond angle of square planar).

15. Look at the I3- ion in figure 8.20.  Structure c is most accurate to get lone pairs as far from each other as possible.   What is another condition for linear?  In other words, the central atom is bonded to how many?  How many lone pairs on the central atom?

16. In the VSEPR model, what are multiple bonds counted as?

17. If lone pairs are located 120 degrees from each other or more, what does this do to the surrounding bond angles?

18. Take a look at sample exercise 8.14.  SO2 is bent in shape.  Notice, however, that bond angle is 120, in contrast to the 105 degree bond angle in water, which is also bent.  Explain.
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