Chapter 10 Focus Questions

Section 1
1. What is a condensed state of matter?

2. What is the difference between intramolecular forces and intermolecular forces?

3. When water turns from liquid into gas, do the molecules stay intact or so they come apart?

4. What is a dipole-dipole attraction?  Compare the strength of dipole-dipole attractions to covalent and ionic bonds.  

5. What is hydrogen bonding?

6. What two factors make this type of bond particularly strong?

7. Draw the hydrogen bonding that occurs between two water molecules.

8. Draw the hydrogen bonding that occurs between two ammonia molecules.

9. If intermolecular forces are strong, would that increase or decrease the boiling point of a substance?

10. Why do groups 5, 6, and 7 have unusually high boiling points?

11. What are London Dispersion Forces and what types of molecules have them?

12. If a substance only had London Dispersion Forces, would you expect it to be a solid, liquid, or gas?  Why?

13. How are London Dispersion Forces strong enough to produce a condensed state of matter?  What kind of temperature would allow this to happen?

14. Does nitrogen, N2, have dipole-dipole attractions, hydrogen bonding, or London Dispersion Forces?  Is N2 a solid, liquid, or gas at room temperature?  What kind of temperature allows nitrogen to be a liquid?

15. As atomic size increases, London Dispersion Forces increase or decrease?  Why?

16. Why does it make sense that the freezing point of Helium is -269.7 °C, while for Xenon it is -111.9 °C?

Section 2
1. What kind of force causes liquids to bead as droplets?  Explain why liquids form droplets.

2. When a liquid does not want to move from the interior of the substance to the surface (i.e., increase the surface area) and stop being spherical, what is this called?

3. Would you expect isopropanol (rubbing alcohol – C3H7OH) or water to have a higher surface tension?  Why?

4. If a mosquito landed on one of these liquids, would alcohol or water hold it?

5. What is capillary action and what two forces are responsible for it?

6. Define cohesive forces and adhesive forces.

7. Are dipole-dipole attractions cohesive or adhesive?  Why?

8. How does water creep up the walls of a glass container?

9. Why is mercury’s meniscus different from water’s?  Draw a picture of each.  In Hg, which force is stronger?  In water, which force is stronger?

10. Would you expect liquid nitrogen’s meniscus to look like Mercury’s or water’s meniscus?  Why?

11. List the intermolecular forces (dipole-dipole, hydrogen bonding, London forces) in order of increasing concavity of menisci.

12. What is viscosity?  List the intermolecular forces in order of increasing viscosity.  Explain why you put them in this order.

13. What is more viscous – alcohol or water?  Water or syrup?  Why?

14. How does viscosity depend on molecular size?

15. Liquid models are difficult to develop, but how is a typical liquid best viewed?

Section 3
1. Define crystalline solid.

2. Define amorphous solid.

3. What is a lattice?

4. What is a unit cell?

5. Is glass crystalline or amorphous?

6. Explain how the structures of polonium metal differ from uranium metal and differ from gold metal.

7. How are structures of crystalline solids determined?

8. If waves travel a distance of integral (whole number) wavelengths so as to be in phase with each other after they are reflected, will this produce a bright or dark fringe on a photographic plate?  Is this called destructive or constructive interference?

9. What does the distance traveled after reflection depend on?  What, then, can the diffraction pattern be used to determine?

10. What does the sum xy and yz indicate?

11. If that sum is equal to a whole number of wavelengths, does this result in constructive or destructive interference?  Why?

12. If figure 10.11, look at the right triangle with xy as the side opposite the angle and d as the hypotenuse.  Using trigonometry, (sin θ = opp/hyp), sin θ = xy/d.  Now you write the expression for what sin θ equals for the other right triangle.

13. Now solve the first equation for xy and write it down, then solve the second equation for yz and write it down.

14. Add xy and yz.  What do you get?  (It should look identical to equation 10.12 on page 460).

15. What is the Bragg equation?

16. Practice problem:  X-rays of wavelength 2.63 Ǻ (1 Ǻ = 10-10 m) were used to analyze a crystal.  The angle of first-order diffraction (n = 1) was 15.55 degrees.  What is the spacing between crystal plates, and what would be the angle for second-order diffraction?

17. Distinguish ionic solids, molecular solids, and atomic solids.  Give an example of each.

18. What are the three types of atomic solids?

Skip Section 4 and 5 (for now….:)
Section 6
1. Molecular solids have (weak/strong) intermolecular forces and (weak/strong) intramolecular forces.

2. Since London forces are weak, we might expect nonpolar molecules to be gases at room temperature, but some substances can be solids.  Why?

Section 7
1. Ionic solids have (high/low) melting points.  Why?

2. What holds ionic solids together?

Section 8
1. What is vaporization (AKA evaporation)?

2. Why is vaporization endothermic?

3. Define enthalpy of vaporization and give its symbol.

4. Why does water have an unusually high heat of vaporization?  What is the enthalpy of vaporization for water?

5. What is condensation?

6. What does it mean for the system to be at equilibrium?

7. At equilibrium, molecules stop transferring between liquid and solid state – true or false?  Explain your answer.

8. Look at figure 10.37.  At which point on the graph has the system reached equilibrium?

9. Define vapor pressure.

10. In a barometer, at equilibrium, what does the atmospheric pressure equal?

11. What is the equation to calculate the vapor pressure of a liquid?

12. Look at Figure 10.38.  Which liquid has the highest vapor pressure (is the most volatile) – in other words, which substance evaporates the most?

13. Which liquid, one with London forces or hydrogen bonding, will evaporate the most?  Which will have the highest vapor pressure?  Why?

14. The larger the molar mass of a compound, the (larger/smaller) the London dispersion forces.  Why?

15. The larger the molar mass of a compound, the (larger/smaller) the vapor pressure of the liquid.

16. Why are larger molecules more polarizable?  As polarizability increases, what does this do to the dispersion forces?

17. As temperature increases, what does the energy of molecules do?

18. If molecules have more energy, will they be able to escape the liquid more easily or with more difficulty?  Why?

19. What, then, is the relationship between vapor pressure and temperature?  (Be sure you understand the graphs in figure 10.39).

20. When a graph is nonlinear, how can you get a graph to be linear?

21. In figure 10.40 (b), what is the x axis?  The y axis?

22. When an equation is in the form of y = mx + b (a straight line), how could you calculate the slope looking at a graph?

23. Since equation 10.4 is in the form y = mx + b, how could you calculate the enthalpy of vaporization since R is just the gas constant and we know its value?

24. The more steep a line is, the (smaller/larger) the slope of that line.

25. Look at figure 10.10(b).  Which has the smaller slope? Which has the smallest enthalpy of vaporization? Which will vaporize the easiest?

26. If we measure the vapor pressure at different temperatures and plot the corresponding graph which give a straight line, what can be determined?

27. On the other hand, if we know the enthalpy of vaporization for a substance and the vapor pressure at one particular temperature, what can we determine using equation 10.4?

28. Does the constant, C, depend on temperature?  So C at T1 is (less than/equal to/greater than) the value of C at T2.

29. Solve equation 10.4 for C.

30. Why did the author of your textbook set C equal to both equations, one with T1 and one with T2?  This is the first equation listed on page 488.

31. To understand how your author rearranged that first equation, recall from algebra II that ln(x) – ln(y) = ln (x/y).

32. Do problems 83 and 84 for practice using this equation.

33. Do solids have vapor pressure?

34. What is sublimation?

35. What is a heating curve?  Familiarize yourself with figure 10.42.

36. what is the melting point of water?  What happens to the temperature as ice melts? What does this look like on the heating curve?

37. If energy is being added, how is it possible that the temperature remains constant during a change of state?

38. What is the heat of fusion (AKA enthalpy of fusion)?

39. Look at table 10.9.  Down the table, intermolecular forces are increasing for the compounds (O2 is nonpolar, HCl is a permanent dipole, water has hydrogen bonding, and NaF is ionic). Explain why the enthalpy of fusion increases as the intermolecular forces increase.

40. Once the change of state takes place and energy continues to be added to the substance, what happens to the temperature?  What does this look like on the heating curve?

41. Once the liquid is totally vaporized, what happens to the temperature?  What does this look like on the heating curve?

42. Once the liquid is totally vaporized, what happens to the temperature?  What does this look like on the heating curve?

43. Draw a hypothetical heating curve for a substance that has a 35 °C melting point and a 45 °C boiling point.

44. Changes of state are (physical/chemical) changes.  Why?

45. Breaking actual bonds at extremely high temperatures are (physical/chemical) changes.  Why?

46. What determines the melting and boiling points of a substance?

47. When the vapor pressure of the solid equals the vapor pressure of the liquid, what happens?

48. In figure 10.43, where on the graph does melting occur?

49. What is the normal melting point?

50. When does boiling occur?

51. What is the normal boiling point?

52. If the vapor pressure is less than the atmospheric pressure, can a bubble form (can it boil)?

53. What does it mean to be supercooled?

54. What does it mean to be superheated?

55. Why do liquids sometimes blow out of the container when you remove them from the microwave after heating?  (Note that sometimes microwaves superheat liquids – that’s why you need to be careful when taking a cup of coffee out of the microwave because it might be superheated and the very hot liquid may blow out on you.)

Section 9

1. What is a phase diagram?

2. According to figure 10.47, what is water’s state at –50 °C and 0.0060 atm?  What is its state at 100 °C and 1 atm?

3. Draw a general phase diagram being sure to include which state exists in each section.  Label the triple point and critical point with the appropriate values (later in the chapter, these values are explained).

4. When solid ice is melting, how does the vapor pressure of the solid compare to the vapor pressure of the liquid?  Why can’t water vapor form when melting?

5. For experiment 2, the pressure is greatly lessened.  What happened at –10 °C?  What is the requirement for sublimation to occur?  Why can ice sublimate at 2 torr, but not at 760 torr?

6. Why can’t liquid water exist at 2 torr?

7. What is a triple point?  What is the triple point of water (temperature and pressure)?

8. Experiments 1-3 have pressures (less than/equal to/greater than) atmospheric pressure.

9. Experiment 4 has a pressure (less than/equal to/greater than) atmospheric pressure.

10. How is possible to have liquid water at 300 °C?

11. While liquid water changes to vapor, what happens that is extremely unique? Is the temperature constant while this phase change takes place?

12. Define critical temperature.

13. Define critical pressure.

14. What is the critical point for water?

15. Suppose the temperature of water is 400 °C and the pressure is 230 atm.  What kind of change of state will occur?

16. According to the phase diagram for water, what happens to the melting point when pressure increases?

17. Is this like other substances?  Explain.

18. What happens to water’s volume at 4 °C?  Can you explain this phenomenon (hint: hydrogen bonding)?  What does this do to the density of water at this temperature?

19. If pressure is increased, what does the system do to its volume? How does it accomplish this? As a result, what happens to the freezing point as pressure is increased? In other words, at high pressures solid ice is likely to (melt/freeze).  Why?

20. How is ice skating possible?

21. As pressure decreases, what happens to the boiling point of water?

22. Draw a general diagram for the phase diagram of carbon dioxide.  Label the triple point with appropriate values.

23. What is the main difference between the phase diagram for water and carbon dioxide?  Explain.

24. Again, if pressure is increased, what does the system want to do to its volume?  Since carbon dioxide solid is more dense than its liquid, what state will be favored if pressure is increased?  How is this different than water?

25. Look at the phase diagram for carbon dioxide.  What is the minimum pressure allowed for carbon dioxide to exist at a liquid?  Minimum temperature?

26. What is a fire extinguisher made of?  How is this possible?

27. If a fire extinguisher is liquid inside, why isn’t it liquid when fired?

28. Why is it cold when you spray it?

29. In order for a flame to burn, what element is necessary?  How does carbon dioxide smother the flame?

30. What is the “fog” in fire extinguishers made of?

