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Answers to Additional Problems

Each chapter has its own page.

Chapter 1 – Matter, Change and Energy

1. The steps of the scientific method are: observing, forming a question, making a hypothesis, testing by experiment, drawing a conclusion, and, in some cases, summarizing the results in a natural law to describe what happens.  When many observations agree, a theory may be proposed.  Examples will vary.

2. When working in the laboratory, always follow the teacher’s instructions, notify the teacher of any problem immediately, know how to use the safety equipment, wear safety goggles, tie back long hair and loose clothing, avoid awkward transfers, allow hot objects to cool, carry chemicals carefully, dispose of chemical wastes properly, clean up afterward, do not eat or drink in lab and many more.

3. The control provides a standard with which experimental groups can be compared.

4. Physical properties are the characteristics of a substance that can be observed without altering the identity of the substance.  Chemical properties are characteristics of a substance that cannot be observed without altering the substance.

5. A mixture that has visibly different parts is called a heterogeneous mixture.  Heterogeneous mixtures include pizza oar concrete.  Mixtures that do not contain visibly different parts are called homogeneous mixtures.  Air or seawater are examples.

6. A burning candle in a sealed jar demonstrates the conservation of matter.  The candle appears to be decreasing in mass as it burns, and at the same time a new black solid and gases are being produced.  However, if the mass of the jar and the candle after burning are compared to the original total mass, there will have been no change. No matter has been created or destroyed, it has only changed forms.

7. a.  physical
b.  chemical
c.  physical
d.  chemical

8. chemical reactions, electrolysis

9. Answers will vary

10. Distillation: substances could have different boiling points; Chromatography: substances may have different Rf values.

Chapter 2 – Scientific Measurement

1. The metric system establishes a common system of measurement that all scientists understand.  It provides a means of sharing data so that the measurements and other observations made during scientific works can be communicated.

2. An SI base unit is one of seven precisely defined metric units.  For example, the SI bases unit for length is the meter, and the base unit for mass is the kilogram.  A derived unit is a combination of base units, such as the unit for volume, m3, and the unit for density, g/cm3.

3. Balance B is more precise because its two measurements are the same to the thousandth’s place.  Balance A is more accurate because its measurements are closer to the accepted value of 12.1 g.

4. a.  310.0 K
b.  436 K
c.  211 K
d.  298 K

5. a.  -18(C

b.  –248(C
c.  27.0(C
d.  0(C

6. 400 cm2
7. 1031 m

8. 3.9 mL

9. 0.9814 g/mL

10. a.  3, 3.40 x 10-4 mL
b.  2 , 2.3 x102 kg
c.  6, 4.59001 x 101 g

d.  1, 1 x103 L

e.  4, 3.002 x 102 g 

11. a.  length, mm
b.  voulme, (L

c.  mass, nanogram
d.  pressure, kilopascal

e.  frequency, MHz
f.  volume, cm3
g.  electric current, milliamps


h.  quantity, pmol

Chapter 3 – Problem Solving in Chemistry

1.  a.  0.01
b.  milli
c.  0.000001
d.  kilovolt
e.  0.000000001

2.  a.  1.348 mg
b.  3.56 kN
c.  0.0529 s
d.  0.081 W

3.  a.  30. cm
b.  226 min
c.  32.7 cal
d.  8662.3 Pa

4. 2.0 g/cm3
5. 16.0 g/cm3 is the density of the unknown metal.  The density of gold is 19.3 g / cm3.  The unknown, therefore, is not gold.

6. a.  3.0 in
b.  61.32 ft
c.  impossible
d.  1.9 x 10-8 cm
e.  impossible
f.  0.516 atm

7. a.  10.42 mm
b.  5.83 x 102 m3
c.  0.253 atm

d.  1.8 x 106 in 

e.  9.7 x 106 ms
f.  impossible 

8. a.  89 km/hr
b.  25 m/s

9. A bar of aluminum would float on the mercury because the density of aluminum is only 2.70 g/cm3.

Chapter 4 – Atomic Structure

1. Neutrons contribute a net attractive force inside the nucleus, helping to overcome the repulsion between the positively charged protons.

2. Protons: positive charge; found in nucleus.  Neutrons:  no electrical charge; found in the nucleus.  Electrons: negative charge; located outside the nucleus.  Electrons have approximately 1/2000 of the mass of protons and neutrons.

3. The cathode ray tube used by J.J. Thomson consisted of an evacuated tube through which a stream of electrons traveled from a cathode to an anode.  The beam of charged particles coming from the cathode was deflected by a magnet and caused a fluorescent screen to glow.  Thomson concluded the beam was made of negatively charged particles he called electrons.

4. a.  17 p+ , 20 n0 , 17 e-  
b. 13 p+ , 14 n0 , 13 e-
c. 34 p+ , 45 n0 , 34 e-
d. 6 p+ , 8 n0 , 6e-


e. 21p+ , 24 n0 , 18 e-
5. Atoms with the same number of protons but different numbers of neutrons are called isotopes.  An element’s average atomic mass is computed by finding the mass of an “average” atom.  If the element has a large percentage of a particular isotope, the average atomic mass will be closer to the atomic mass of that isotope.

Chapter 5 – Chemical Names and Formulas

1. Cations have a positive charge.  Anions have a negative charge.  Monatomic ions are one-atom ions.  Polyatomic ions are multiple-atom ions.

2. The charge of the copper ion is different.  The Roman numerals show the first to be Cu1+ and the second to be Cu2+
3. Ionic bonds involve the transfer of electrons.  Ionic compounds have higher melting points, and are more conductive in solution than covalent molecules.  In covalent bonds, electrons are shared.

4. a.  AgNO3  

b. Mg(OH)2
c. CCl4
d. H2SO4
e. Pb(C2H3O2)2
f. Ca(NO3)2
5. a.   iron(II) sulfide

b. magnesium oxide

c. sodium hydroxide

d. hydrobromic acid

e. carbon monoxide

f. potassium hypochlorite

See Mr. Williams for the Answers to the Practice Formula Writing Quiz!!!

Chapter 6 – Chemical Quantities

1. Substances may contain ions or molecules, as well as atoms.  The statement should read : “ One mole of any substances contains 6.02 x 1023 atoms, formula units or molecules.”

2. An empirical formula gives the ratio of atoms of elements in a compound.  The molecular formula gives the actual number of atoms of each element in a molecular compound.

3. a.  Mn = 54.9 g/mol

b. Se = 79.0 g/mol

c. BaBr2 = 297.1 g/mol

d. NaOH = 40.0 g/mol

4. a.  0.627 mol Ar

b. 1.59 mol Mg

c. 3.271 mol Fe

d. 3.76 mol H2O

e. 3.574 mol Ca(OH)2
f. 0.956 mol SO3
5. a.  22 g Li

b. 15 g Ne

c. 28.2 g O2
d. 162 g CaCO3
6. a.  1.7 x 1023 atoms Ni

b. 1.11 x 1024 atoms S

c. 6.98 x 1022 molecules NO2
d. 7.95 x 1023 molecules F2
7. a.  16 LO2
b. 29 L CO​2
8. a.  3.73 mol CO2
b. 0.705 mol NH3
c. 2.46 mol He

9. 2.97 x 1018atoms Au

10.  a.  Ca = 40.06%
C = 11.99%
O = 47.95%

b. 80.2 g Ca

11.  KClO3
12. a.  C7H5N3O6
b. C7H5(NO2)3
Chapter 7 – Chemical Reactions

1. During chemical reactions, atoms are rearranged to create new substances with different properties.  The components of a chemical reaction are called reactants and products.

2. Coefficients are written in front of the substance in a chemical reaction.  They are used to balance chemical equations, which always comply with the law of conservation of matter.

3. A chemical equation may not be balance if one or more of the chemical formulas are written incorrectly.  Each formula should be double-checked to make sure it has the correct subscripts.

4. a.  4 P + 5 O2 ( 2 P2O5
b. 2 NaNO3 ( 2 NaNO2 + O2
c. 2 C8H18 + 25 O2 ( 16 CO2 + 18 H2O

d. H2SO4 + 2 NaOH ( Na2SO4 + 2 H2O

5. a.  combination or synthesis

b. decomposition

c. complete combustion

d. double replacement

6. a.  Sr + S( SrS

b. Bi + S ( BiS

c. 2 K3PO4 + 3 BaCl2 ( 6 KCl + Ba3(PO4)2
d. 2 Ca +  2 H2O ( 2 CaOH + H2
e. 2 Al + 3 Cl2 ( 2 AlCl3
7. a.  combination or synthesis

b. combination or synthesis

c. double replacement

d. single replacement

e. combination or synthesis

8. a.   2 NH3 ( N2 + 3 H2
b. 3 Ba(C2H3O2)2 + 2 Na3PO4 ( Ba3(PO4)2 + 6 NaC2H3O2
c. Zn + HCl ( ZnCl2 + H2
9. a.  decomposition

b. double replacement

c. single replacement

10. 3 Al + 3 NH4ClO4 ( Al2O3 + AlCl3 + 3 NO + 6 H2O

Chapter 8 – Stoichiometry

1. Stoichiometry is the study of quantitative, or measurable, relationships that exist in chemical formulas and chemical reactions.  Stoichiometry is used to determine the expected mass or volume of a product or products in a chemical reaction.

2. The only quantitative relationship between given substances and unknown substances is the balanced chemical equation whose coefficients express molar ratios.

3. To determine the limiting reagent, first calculate separately the mass of product formed when the available amount of each reactant is consumed.  The reactant that produces the smallest mass of product is the limiting reagent.

4. 12 mol H2O

5. 1.4 x 103 g PbI2  (equation – Pb(NO3)2 + 2 NaI ( 2 NaNO3 + PbI2)

6. 226 g FeS (equation – FeS + 2 HCl ( H2S + FeCl2)

7. 0.12 L O2
8. a.  LR – Al

b. LR – Al

c. LR – Al

9. % yield =actual yield/theoretical yield x 100% = 392 g H2O/454 g H2O x 100% =86.3% yield

10. 2.33 g MgCl2
Chapter 9 – The States of Matter

1. Gases have mass, are easily compressed, fill their containers completely, diffuse through one another, and exert pressure.

2. First of all, gases expand to fill their containers.  Secondly, a gas put into a container with another gas will quickly diffuse through that gas to fill the container.

3. When gas particles collide with the walls of the container, their impact exerts a force.  Collisions are continuously occurring all over the walls of the container.  Pressure is force per unit area.  So the force exerted over a given area of the container wall results in pressure.

4. STP means standard temperature and pressure.  Volumes and densities of gases usually given at STP.  The conditions are 1 atm and 0(C.

5. 1atm = 760 mm Hg = 760 torr = 101.3 kPa

6. Liquids are only slightly compressible.  Although their particles can move freely and randomly, they are already close and it is difficult to force them any closer together.  Because of this, liquids can take the shape of their container but are not able to fill it completely as gases do.  They diffuse slowly, and they are denser than gases.  There is low expansion on heating of liquids because the attractive forces between the particles in a liquid are stronger than those in a gas.  Because the particles of a solid are closer together than those of a liquid, solids have a higher density, diffuse extremely slowly, and have a fixed volume and shape.  Solids expand very little when heated because of the very strong attractive forces between particles.

7. The particles in crystalline solids exist in a highly ordered, repeating pattern.  A crystalline solid has a sharp melting point at which the entire sample becomes a free flowing liquid.  Amorphous solids are more like super cooled liquids.  When an amorphous solid is heated, it softens over a wide range of temperatures before it melts.

8. A heating curve shows changes in state as temperature increases over time.  A phase diagram relates states to temperature and pressure.

9. Evaporation occurs whenever a rapidly moving molecule near the surface of a liquid has sufficient energy to escape the liquid as a gas molecule.  Boiling occurs when the vapor pressure of a liquid is equal to the atmospheric pressure.

10. 103 kPa

Chapter 10 – The behavior of Gases

1. An absolute temperature scale has its minimum at absolute zero and can have only positive values.  Absolute zero is theoretically the lowest possible temperature that can be reached.

2. Because gases have mass, the Earth’s gravity “pulls” on them, preventing their escape.

3. Balloon A

4. 1.52 L

5. 16.9 kPa

6. 619 L 

7. 337 K

8. 22.9 L O2
9. 6.8 x 104 L

10. 2.46 x 1022 N2 molecules   and 4.92 x 1022 N atoms

11.  11.1 cm

12. 62 lb / in2
Chapter 11 – Electrons in atoms

1. Wavelength and frequency are inversely proportional.  The shorter the wavelength, the higher the frequency.  The speed of a wave is determined by multiplying the wavelength by frequency.  (c = ( x ()

2. ( = 3.22 m 

3. Orbits are the paths for electrons proposed by Bohr and Rutherford.  They are not included in the quantum-mechanical model of the atom.  Orbitals are probability plots that represent regions in space where an electron with a particular energy is likely to be found.  Orbits describe the motion of electrons, but orbitals do not.

4. a.  2
b.  2
c.  6
d.  10 
e.  14
f.  6
g.  10
h.  14

5. a.  B:  1s22s22p1
b. Cl: 1s22s22p63s23p5
c. Zn: 1s22s22p63s23p63d104s2
d. P: 1s22s22p63s23p3
e. Mn: 1s22s22p63s23p63d54s2
f. Ca: 1s22s22p63s23p64s2
6. The arrangement of the periodic table reflects the orderliness with which electrons fill orbitals.  The electron configurations of each element in a family is similar. The size of the atoms increases as you go down a group, however, because the electrons are orbiting further from the nucleus.

7.  
a. atom with the electron in the n = 1 level


b. atom with the electron in the n = 4 level


c. atom with the electron in the n = 4 level


d. atom with the electron in the n = 1 level

8.  1.0 x 10-1 m

9.  2 x 10-26 J

11. longhand – Lu = 1s22s22p63s23p63d104s24p64d104f145s25p65d16s2 

shorthand – Lu =  [Xe]4f145d16s2
Chapter 12 – Chemical Periodicity

1. He left gaps to keep elements with similar properties in the same column.  Later, elements were discovered that fit into these gaps.

2. A greater number of sublevels exists in higher principal energy levels. The n=1 level contains only s orbitals, the n=2 level contains s and p orbitals, the n=3 level contains s, p, and d orbitals and so on.  As a result, the s-, p-, d-, and f-blocks begin in different rows of the periodic table, and the table is wider wherever a new block begins.

3. The increasing number of protons pulls the electrons closer to the nucleus.

4. When an atom loses an electron to become a positive ion, the repulsive force between the remaining electrons is reduced, allowing them to be pulled closer to the nucleus.  When an atom gains an electron to become a negative ion, the increase in electron-electron repulsions causes the electrons to spread out more, increasing the ion’s size.

5. When an atom loses an electron, the remaining electrons are held more strongly by the nucleus.  More energy is required to remove additional electrons from the atom.  The electrons in the noble gas core of the atom are held much more strongly than electrons in outer orbitals.  A very large increase in energy is required to remove them.

6. The element belongs in Group 2A, the family of alkaline earth metals.

7. This element may belong to the family of noble gases.

8. O, S, Al

9. N, B, Al, In

10. K

Chapter 13 – Ionic Bonds

1. An electrostatic attraction between a cation and an anion.

2. Atoms tend to gain, lose, or share electrons in order to acquire a full set of valence electrons.  A chlorine atom obtains a full octet by gaining one electron to become an anion with a 1- charge.  Similarly, a sodium atom obtains a full octet by losing 1 electron to become a cation with a 1+ charge.

3. Many elements gain or lose electrons – becoming ions – to achieve the electron configuration of a noble gas.  This idea is described by the octet rule.

4. Most metals form ionic bonds with most nonmetals.

5. See Mr. Williams for the correct answers. 

Chapter 14 – Covalent Bonds

1. A covalent bond is formed by a shared pair of electrons.

2. A molecule is a group of atoms that are united by covalent bonds.  The molecule’s structural formula indicates the bonding arrangement of the atoms in the molecule.

3. A polar covalent bond occurs when one atom is significantly more electronegative than another.  Therefore, one atom gains a partial negative charge and the other gains a partial positive charge.  In a nonpolar covalent bond, the atoms share the electrons equally and thus do not acquire partial charges.  Oxygen has a nonpolar covalent bond.  Carbon monoxide has a polar covalent bond.

4. Yes, the nitrogen atom has 8 valence electrons and each hydrogen atom has 2 valence electrons.

5. A single bond has one shared pair of electrons, a double bond has two, and a triple bond has three.

6. The unshared electron pair in ammonia exerts a greater repulsive force on the hydrogen atoms than the hydrogen atom in the ammonium ion.  As a result, the bond angles are smaller in ammonia.

7. The polarity of a molecule is determined by the shape of the molecule and the type of bonds within it. Polar bonds must be present to create the slight positive and negative charges.  The shape of the molecule determines whether or not the charges are balanced in the molecule.

8. VSEPR stands for valence shell electron pair repulsion.  The VSEPR theory states that pairs of valence electrons are arranged as far apart from each other as possible.  The VSEPR theory can be applied to small molecules to predict their shapes.

9.  a.  nonpolar because bromine has no polar bonds

b. polar because oxygen is slightly more electronegative than carbon.

c. polar because polar bonds exist and two pairs of unshared valence electrons result in a bent shape.

d. nonpolar because the 6 fluorine atoms are grouped evenly around the sulfur atom.

e. nonpolar because the chlorine atoms are arranged on opposite sides of the atom and form 180( bond angle.

f. polar because this molecule has a linear shape, but differences in electronegativity between the two atoms cause the molecule to be polar.

10. The nitrogen atom in NF3 has an unshared pair of valence electrons.  This free pair of electrons gives the molecules a pyramidal shape.  The three bonds in BF3 are arranged as far apart as possible, resulting in a trigonal planar shape.

Chapter 15 – Water and Aqueous Systems

1. The physical properties of liquids are determined mainly by the nature and strength of the intermolecular forces present between their molecules.

2. Both viscosity and surface tension are greater in liquids with strong intermolecular forces.  Also, the viscosity and the surface tension of a liquid increase with decreasing temperature.

3. Viscosity increases as the temperature decreases because at lower temperatures the average speed of liquid molecules decreases.  The molecules stay closer together, and it becomes more difficult to overcome the attractive forces between them.  The same reasons explain why surface tension increases as temperature decreases.

4. Because of its strong intermolecular forces due to hydrogen bonding, water has an unexpectedly  high boiling point, relatively high surface tension, and a very high heat of vaporization.  Also, water can absorb or release relatively large quantities of heat without large changes in temperature.  The density of ice is less than that of liquid water because hydrogen bonding in ice keeps other water molecules from getting inside the hexagonal ring structure.  Thus there are fewer molecules packed in a given volume.  Water is a universal solvent because of the polar nature of its molecules.

5. In a metallic conductor, only electrons move.  In an electrolyte, charge is carried by mobile ions.

Chapter 16 – Properties of Solutions

1. A solution is made up of a solute, which is dissolved, and a solvent, which does the dissolving.  If a substance in a solution was originally in a different physical state, then it is the solute.  If there was no change of state, then the solvent is the substance present in the greatest amount.

2. The seven types of solutions are these:  gas dissolved in solid, gas dissolved in liquid, gas dissolved in gas, liquid dissolved in solid, liquid dissolved in liquid, solid dissolved in liquid, and solid dissolved in solid.  The solvent is considered to be in the same physical state as the solute, so these types of solutions are grouped  as solid solutions, liquid solutions, and gas solutions.

3. molarity (M) = moles of solute / liters of solution

molality (m) = moles of solute / kilograms of solvent

mole fraction = moles of component / total moles of solution

% by mass = mass of solute / total mass of solution

4. The larger the surface area, the faster the solute will dissolve, Stirring the solvent or increasing the temperature will cause the solute to dissolve faster.

5. Solubility depends upon the nature of the solvent and the solute.  Polar solvents dissolve polar solutes and nonpolar solvents tend to dissolve nonpolar solutes.  Solubility depends on temperature and, in the case of gases, pressure.

6. Colligative properties are dependent upon the concentration of solute in the solvent and not upon the identity of the solute.  They include vapor pressure reduction, boiling point elevation, freezing point depression, and osmotic pressure.

7. 0.31 M NaCl

8. 0.0455 m 

9. 1.39 M acetic acid solution

10. 0.799g of bromine

11. 0.657 m

12. 0.360

13. 1600 g sucrose

Chapter 17 – Reaction Rates and Equilibrium

