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Ch.10 - Energy

1. How is the concept of energy defined?

2. What does temperature measure?

3. Explain what is meant by the terms exothermic and endothermic.

4. What is meant by the specific heat capacity of a material?

5. Solve the following

a) What energy is required to heat 55.5 g of carbon from -10°C to 47°C (Ccarbon = 0.71 J/g °C)
b) Calculate the mass (in grams) of iron that could be warmed from 25°C to 125°C by application of exactly 1.0 kJ of energy. (Ciron = 0.45 J/g °C)
Ch. 11 – Modern Atomic Theory

6. How many s,p,d, and f orbitals can occupy any given energy level?

7. How many electrons can occupy an orbital?

8. What is the shape of a p-orbital? s-orbital?

9. Which is the lowest energy level that can have a p orbital? d orbital? f orbital?

10. Is it possible for two electrons in the same atom to have exactly the same quantum numbers? What must be different about electrons that are in the same orbital?
11. When is an atom’s electron configuration considered to be stable?

12. Distinguish between an atom in its ground state and an excited atom.

13. What happens to cause a photon of light to be emitted from an atom?

14. For the following elements list the electron configuration.

oxygen, cesium, krypton, titanium, scandium, nitrogen, chlorine

15. On the periodic table, in which directions does ionization energy increase?
Ch. 12 – Chemical Bonding

16. Define electronegativity

17. Does electronegativity increase or decrease as the atomic number of an element increases within the same period of the periodic table?

18. How is the strength of a bond between two elements in a molecule related to their electronegativity?

19. What is the difference between an ionic and a covalent bond?

20. Referring to the table of electronegativity; classify each of the following bonds as either ionic (I) or covalent (C):

__ a. Al-O
 __ b. Al-S 
__ c. Bi-Cl 
__ d. Bi-O 
__ e. C-Cl 
__ f. N-O

__ g. Na-S 
__ h. P-O 
__ i. S-O 
__ j. Ti-Br 
__ k. Ca-F 
__ l. Ba-S

21. What atoms (elements) form diatomic molecules?

22. Give an example of a polar covalent and a non-polar covalent molecule.

23. What does VSEPR stand for?

24. What does the VSEPR theory predict?

25. Draw the Lewis dot structure for SiO2
Ch.13 - Gases

26. Convert 1.20 atm to units of mm Hg, torr, and pascals.

27. What does “STP” stand for? What conditions correspond to STP?

28. As temperature increases at constant pressure, what happens to volume?

29. As volume increases at constant temperature, what happens to pressure?

30. A sample of gas in a 10.0 L container exerts a pressure of 565 mm Hg. Calculate the pressure exerted by the gas if the volume is changed to 15.0 L at constant temperature.

31. A sample of gas in a 5.00 L container at 35.0°C is heated at constant pressure to a temperature of 70.0°C at constant pressure. Determine the volume of the heated gas.

32. A sample of gas at 24°C occupies a volume of 3.45 L and exerts a pressure of 2.10 atm. The gas is cooled to –12°C and the pressure is increased to 5.20 atm. Determine the new volume occupied by the gas.

Ch.14 – Liquids and Solids

33. Define molar heat of fusion and molar heat of vaporization.

34. What is a dipole-dipole attraction? What is hydrogen bonding?

35. Define London dispersion forces.

36. What is vaporization? What is condensation?

37. Energy _____________ as a substance goes from liquid to gas.

38. Energy _____________ as a substance goes from liquid to solid.

39. How are kinetic energy and temperature related?

40. Draw a heating curve for water as in increases in temperature from -20C 120C

Label all states of matter and each phase change.

Ch.15 - Solutions

41. Define homogeneous and heterogeneous mixtures.

42. What is a saturated, unsaturated, and supersaturated solution?

43. What is molarity?

44. A chemist prepares some standard solutions for use in the lab using 500.0 mL volumetric flasks to contain the solutions. If the following masses of solutes are used, calculate the resulting molarity of each solution.

a. 4.865 g NaCl

b. 78.91 g AgNO3
Ch.16 – Acids and Bases

45. What are the properties of acids and bases?

46. What is the pH range of an acidic solution?

47. What is the pH range of a basic solution?

48. What an acid and base are mixed, what are the products?

49. What are the Arrhenius and Bronsted-Lowry definitions of acids and bases?
50. Label the reactants and products in the following reaction as an acid, base, conjugate acid, conjugate base

HCl + H2O →H3O+ + Cl-
52. Calculate the pH of a 0.00515 M HCl solution.

53. Calculate the hydrogen ion concentration of a solution with a pH of 9.4

54. Calculate the pOH of a solution that is 4.96 x 10-11 H+
Ch.17 - Equilibrium

55. What do we mean by an equilibrium position?

56. What is a catalyst?

57. What are the four factors affecting reaction rate?

58. Write the equilibrium constant expressions for each of the following reactions.

a. 2NO(g) + O2(g) ↔ 2NO2(g)

b. N2H4(l) + O2(g) ↔ N2(g) + 2H2O(g)

c. CO(g) + NO2(g) ↔ CO2(g) + NO(g)

59. For the reaction: 2SO2(g) + O2(g) ↔ 2SO3(g) at a particular temperature the equilibrium system contains

[SO3(g)] = 0.42 M, [SO2(g)] = 1.4 x 10-3 M, and [O2(g)] = 4.5 x 10-4 M. 

Calculate K for the process.

60. Explain the collision model for chemical reactions. How does the collision model account for the observation that higher concentrations and higher temperatures tend to make reactions occur faster?

61. What is Le Chatelier’s Principle?

62. Suppose the reaction: 2SO2(g) + O2(g) ↔2SO3(g) has already reached equilibrium. Predict the effect of each of the following changes on the position of the equilibrium:

a. Additional SO2(g) is added to the system.

b. The SO3(g) is liquefied and removed from the system.

c. A very efficient catalyst is used.

d. The volume of the container is drastically reduced.

Ch. 18 – Redox

63. Which of the following are oxidation-reduction reactions?




a.
PCl3 + Cl2 ( PCl5



b.
Cu + 2AgNO3 ( Cu(NO3)2 + 2Ag




c.
CO2 + 2LiOH ( Li2CO3 + H2O




d.
FeCl2 + 2NaOH ( Fe(OH)2 + 2 NaCl

64. What is the oxidation state of nitrogen in each of the following?



a. HNO3
b. NH4Cl
c. N2O
d. NO2
e. NaNO2
Ch.20 – Organic Chemistry

65. What are alkanes, alkenes, and alkynes and what suffixes do they have?

66. What is a polymer and monomer?

67. Proteins are polymers. What are the monomers that proteins are made from?

68. Why is carbon a good building block for organic molecules?
69. How would you identify each of the following?

Alcohols

Ketones

Aldehydes

Ethers

Carboxylic acids

Aromatics 
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