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Chapter 6

1. Chemical bond- a link between atoms that result from the mutual attraction of their nuclei for electrons.

2. In an ionic bond, one atom gives another atom an electron.  This forms two ions.  In a covalent bond, electron(s) are shared between atoms.

3. Ionic bonds have an electro-negativity range from 4.0 to 1.7.  Poalr covalent are from 1.7 to 0.3.  Non-polar covalent are from 0.3 to 0.

4. Octet rule- Chemical compounds tend to form so that each atom, by gaining, losing, or sharing electrons, has an octet in its highest occupied energy level.

5. Lewis Structure:

H-------H

6. The chemical formula in an ionic compound shows the ratio of ions present in a sample of any size.  The chemical formula in a molecular compound shows the relative numbers of atoms of each kind in a chemical compound by using atomic symbols and numerical subscripts.

7. Lattice energy- the energy released when one mole of an ionic compound forms from gaseous ions.  These are useful for comparing bond strength in ionic compounds.

8. Ionic compounds are held together by ionic bonds in a crystalline solid. The strong attraction between ions holds it together.  Ionic compounds are usually hard and brittle.  When ionic compounds are in their molten state (dissolved in water), they are very good electrical conductors because the ions can move around.  Many ionic compounds do not dissolve in water because their attraction between particles is too strong to overcome.  Ionic compounds have higher melting and boiling points than molecular compounds because their attraction is greater.  In molecular compounds, the forces in between molecules are weaker than in ionic compounds.

9. Metallic bonding- a chemical bond that results from the attraction between positive ions and surrounding mobile electrons.  Between two metals.

10. Metals are good conductors of electricity.  They are malleable- able to be shaped or bent, and ductile- able to be stretched thin.  They are also lustrous.

11. VSPER theory​- electrostatic repulsion between the valence-level electron pairs surrounding an atom cause these pairs to be oriented as far apart as possible.
12. (Molecular geometry)
13.  Hybridization- the mixing of two or more atomic orbitals of similar energies on the same atom to give new orbitals equal energy.  Hybrid orbitals- orbitals of equal energy produced by hybridization.
14. Hybridization theory: sp = 2 orbitals = linear = angles are 180 degrees; sp^2 = 3 orbitals = planar = angles are 120 degrees; sp^3 = 4 orbitals = tetrahedral = angles are 109.5 degrees
15. Sigma and Pi bonds
16. Molecules are polar if one atom is more electronegative than the other.  The more electronegative is the negative end.
17. Dipole-dipole forces- forces of attraction between polar molecules.  Hydrogen bonding- an intermolecular attraction between a hydrogen atom and an unshared pair of electrons on a strongly electronegative atom (such as F, O, or N) in another molecule.  London Dispersion Forces- weak intermolecular forces resulting from the constant motion of electrons and the creation of instantaneous dipoles and induced dipoles.
Chapter 11

1. The kinetic theory of gases is based on 5 assumptions:

a. Gases consist of large numbers of tiny particles.

b. The particles of a gas are in constant motion, moving rapidly in straight lines in all directions, and thus possess kinetic energy.

c. The collisions between particles of a gas and between particles and the container wall are elastic collisions- a collision in which there is no net loss in kinetic energy.

d. The are no forces of attraction or repulsion between particles in a gas.

e. The average kinetic energy of a gas is directly proportional to its Kelvin temperature.  KE = (1/2)mv^2

2. Ideal gas- a gas that behaves exactly according to the kinetic molecular theory of gases; none of these really exist.  Real gas- a gas that does not behave completely according to the assumptions of the kinetic theory.

3. ?

4. In gases at constant temp, volume and pressure are inversely proportional.  At constant pressure, temp and volume are directly proportional.  At constant volume, temp and pressure are directly proportional.  At constant volume and temp, the number of moles and pressure is directly proportional.  At constant temp and pressure, the volume and number of moles vary directly with each other.

5. Pressure- force per unit area on a surface. Atmospheric pressure is measured by a barometer.

6. Units if Pressure: 1 atm  = avg. atmospheric pressure at sea level at 0 degrees celcius = 760 mm Hg = 760 torr = 1.01325 x 10^s Pa = 101.325 kPa

7. (P1V1)/T1 = (P2V2)/T2 is the combined gas law

8. a
9. a

10. h

Chapter 12

1. Law of Combining Volumes- at a constant temp and pressure, the volumes of gaseous reactants and products can be expressed as ratios of small whole numbers.

2. Avagadro’s Principle- equal volumes of gases at the same temp and pressure contain equal numbers of molecules.  6.000 x 10^23 molecules = 1 mol.

3. Standard molar volume of a gas- the volume occupied by one mole of a gas as STP, and has been found to be 22.4L.

4. Ideal gas Law- a relationship between pressure, volume, temp, and the number of moles in a gas.  

2CO(g)   +   O2(g)    ------ 2CO2(g)
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5. Diffusion- the gradual mixing of two gases due to their spontaneous, random motion.  Effusion- When a gas is stored in a container with a very small opening, the gas particles while randomly encounter and pass through the small whole.

6. STP- Standard temp = 0 degrees Celsius, pressure = 1 atm

7. Graham’s law of Effusion (or Diffusion)- states that the rate of effusion (or diffusion) of gases at the same temp and pressure are inversely proportional to the square roots of their molar masses.

Rate of effusion A = Molar mass B ^ ½
Rate of effusion B    Molar mass A^1/2

Chapter 13

1. Liquid particles are in constant motion and always fill the shape of the container.  Attraction between particles is more effective than in gases and therefore they have a lower energy.

2. They have a definite volume, fluidity- property of a substance that allows them to flow and conform to the shape of their container, relatively high density, relative incompressibility, dissolving ability, the ability to diffuse, surface tension, tendency to evaporate and boil, and the tendency to solidify.
3. Solids have less energy than any other state.  Particles in solids move back and forth in fixed positions.  They are the most ordered of all of the states, and their attraction between particles is great.

4. Solids have a definite shape, a definite volume, nonfluidity, a definite melting point, high density, incompressibility, and a slow rate of diffusion.

5. Crystalline solids, unlike amorphous solids, have a regular, natural shape, and have a repeating pattern.

6. Equilibrium- a dynamic condition in which two opposing physical or chemical changes occur at equal rates in a given closed system.

7. When there is a chemical change in a closed system, and a liquid is changing into a gas.  At the beginning there is all liquid.  Later on there is more liquid than gas.  Soon gas particles start coming into contact with the liquid and start changing back into liquid.  Soon there is an equal amount of both, and the rate of which they are changing is equal, so an equilibrium has been reached.

8. Le Chatelier’s Principle- When a physical or chemical system at an equilibrium is disturbed by application of a stress, it attains a new equilibrium that minimizes the stress.  It shifts to one side or the other.

9. Equilibrium Vapor Pressure- pressure exerted by the molecules of the vapor which are in equilibrium with its corresponding liquid at a given temp.

10. Boiling- the ohysical change from a liquid to a gas.  Freezing- the physical change from a liquid to a solid.  Melting- The physical change of a solid to a liquid.  Sublimation- Change of state from a solid directly to a gas.

11. pg. 389 (phase diagrams)

12. Water molecule (pg. 390)

13. At room temp, pure water is transparent, odorless, tasteless, and almost colorless.  The density of ice is less than the density of water = ice floats.

14. Specific heat- the amount of heat energy required to raise the temp of 1 gram of a substance by one degree Celsius.

Chapter 14

1. A heterogeneous mixture is one in which you can tell there are separate particles in it (soil, milk, and whole wheat bread).  A homogeneous mixture is one in which there is a uniformity between particles in which you can not tell them apart (sugar water).

2. Electrolyte- a substance that dissolves in water and is able to conduct electricity.  This is because these types of substances break down into ions are able to move freely.  Nonelectrolyte- A substance that when dissolved in water does not conduct electricity.  These compounds stay together and do not break down completely.

3. Solutions- homogeneous mixtures of two or more substances in a single phase.  Suspensions- a heterogeneous mixture of a solvent-like substance with particles that slowly settle out.  Colloid- Particles that are intermediate size between solutions and suspensions (heterogeneous).

4. Factors that influence rate of solution: Increasing rate of surface are of solute, agitating the solution (stirring), heating the solvent- causes particles to collide more often).

5. Solution equilibrium- physical state in which the opposing processes of dissolving and crystallizing of a solute occur at equal rates.  Saturated- a solution that contains the maximum amount of dissolved solute.  Unsaturated- a solution that contains less than the maximum amount of solute under the existing conditions.  Supersaturated- a solution that contains more than the maximum amount of solute.

6. Polar solvents dissolve polar solutes, and nonpolar solvents dissolve nonpolar solutes.  A polar solvent is water.  Benzene C6H6 is a nonpolar solvent.

7. Pressure has little effect on solubility in solids and liquids, but in gases, as the pressure increases, so does the solubility.  Increasing the temp usually decreases gas solubility.  Increasing the temp increases the solubility is solids and liquids although by different rates.

8. Concentration- measurement of the amt of solute in a given amt of solvent or solution.  Percent-by-Mass- number of grams solute dissolved in 100 g of a solution = [mass of solute / (mass of solute + mass of solvent)] x 100%.  Molarity- the number of moles of solute in one liter of solution = Number of moles of solute / number of liters of solution.

9. Dilute and concentrated are relative terms.  Dilute means there is a relatively small amt of solute in a solvent while concentrated means there is a relatively large amt of solute in solvent.

10. Colligative property- a property that depends on the number of solute particles but is independent of their nature.  Vapor-pressure lowering- If a nonvolatile solute is added to a solvent, it lowers the vapor pressure.  Freezing-point depression- 

11. a
12.

13. 

14.

Chapter 15 

1. Dissociation- the separation of ions that occurs when an ionic compound dissolves.  Ionization- The formation of ions from solute molecules by the action of the solvent.

2. NaCl(s) ------ Na+(aq) + Cl- (aq)

3. A----B            A+ + B-

4. pg. 444

5. total net ionic and spectator ions pg. 445

6. Strong electrolytes- any substance that is present in dilute aqueous solutions entirely as hydrated ions.  Weak electrolytes- a solute that yields a relatively low concentration of ions in an aqueous solution.

7. The hydronium ion is  one hydrogen bonded with three hydrogens.  It has a plus one charge.  It is formed when water bonds with an ionic compound that has a hydrogen ion.  The hydrogen ion joins the water and the other ion is left by itself.

8. Colligative property- a property that depends on the number of solute particles but is independent of their nature.

Chapter 16-17

1. Properties of aqueous acids:

A. Acids have a sour taste.

B. Acids contain hydrogen, and some react with active metals to liberate hydrogen gas.

C. Acids change the color of dyes known as “acid-base indicators”.

D. Acids react with bases to produce salt and water.

E. Acids are electrolytes.

2. Traditional acid- A chemical compound that conatins hydrogen and ionizes in aqueous solutions to form hydrogen ions (Nitric acid)- HNO3.  Bronstead Acid- molecule or ion that is a proton donor (HCL(g)).

3. Strong acid- an acid that is a strong electrolyte and that ionizes 100% in an aqueous solution.  Weak Acid- An acid that is a weak electrolyte and that does not ionize 100% in an aqueous solution. 

4. Six strong acids: HclO4, HCl, HNO3, H2S04, 

5. Naming acids: Binary acids- add –ic to the name and add the word acid.

6. Monoprotic- an acid that can donate one proton per molecule.  Diprotic- An acid that can donate two protons per molecule.  Polyprotic- An acid that can donate more than one proton per molecule.

7. Properties of Bases: 

A. Bases have a bitter taste.

B. Dilute aqueous solutions of bases feel slippery.

C. Bases, like acids, change color of dyes known as “acid-base indicators”.

D. Bases react with acids to produce salts and water.

E. Bases are electrolytes.

8. Traditional Base – a substance that contains the hydroxide ion and dissociates to give hydroxide ions in aqueous solutions (NaOH).  Bronstead Base- a molecule or ion that is a proton acceptor (NH4+).

9. Weak Base- have a weak attraction for protons.  Strong Base- have a strong attraction for proton.

10. KOH

11. Conjugate acid- what is formed when a bronstead base gains a proton.  Conjugate Base what is formed when a bronstead acid gives up its proton.  Conjugate acid-base pair- A bronstead base and its conjugate acid, and a bronstead acid and its conjugate base.

12. be able to identify conjugate pairs.

13. ?

14. ?

15. In self-ionization of water, 2 water molecules react to form a hydronium ion and a hydroxide ion.

16. pH- negative of the common logarithm of the hydronium ion concentration.  PH of a neutral element is 7.

17. On pH scale anything lower than 7 is a strong acid.  The farther away from 7 you go the stronger it gets.  Anything higher than 7 is a base.  The farther away from 7 you go the stronger it gets.

18. Titration- the controlled addition and measurement of the amt of a solution of known concentration that is required to react completely with a measured amt of solute of an unknown concentration.  End point- The point in titration when the indicator changes color.  Equivalence point- In a neutralization reaction, the point at which there are equivalent qualities of hydronium and hydroxide ions = neutral.

19. a
20. 

21.

Chapter 18

1. problems involving heat of reaction pg. 533)

2. Enthalpy- heat content of a system at a constant pressure.  In an exothermic reaction, enthalpy is positive.

3. For a reaction to be spontaneous, delta G has to be negative. This always happens when delta H is positive and delta s is negative.  At high temp. they would both have to be positive.  At low temp they would have to be both negative.  At high temp delta S rules.  At low temp dealt H rules.  Delta G = delta H – T x delta S.

4. Entropy- property that describes the amt of disorder in a system.  Free Energy- combined enthalpy-entropy function.

5. Reaction mechanism- the step-by-step sequence of reactions by which the overall chemical change occurs.  Intermediates- Species that appear in certain steps but not the net equation.

6. Collision theory- particles must collide at the right orientation and at the right speed.

7. Activated energy- energy required to form the reactants into the activated complex.  Activated complex- transitional structure that results from an effective collision and that persists while old bonds are breaking and new bonds are forming (not very stable.

8. Rate-influencing factors- Nature of reactants, surface area, concentration, temp, and presence of a catalyst
9. Catalyst- a substance that changes the rate of a reaction by lowering the activation energy without itself being permanently consumed.
10. energy diagrams (pg. 547).

11. ?
Chapter 19

1. Chemical equilibrium- a state of balance in which the rates of opposing chemical reactions are exactly equal.

2. chemical equilibrium = A + B          C + D

3. Reversible reaction- a chemical reaction in which the products can react to re-form the reactants.

4. Stresses that upset an equilibrium:

A. Change in concentration, an increase in concentration of A will shift to right.

B. Change in pressure, when an increase in pressure, equilibrium shifts to side with fewest gas molecules.

C. Change in temp, when heat is added, it shifts to the endothermic side so it absorbs the heat.

5. ?

6. Common-Ion Effect- the addition of an ion common to the two solutes brings about precipitation or reduced ionization.

7. Acid ionization is when there is either an acid that loses its Hydrogen and turns water into hydronium or an ion that gains a Hydrogen from hydronium and becomes an acid.

8. Ksp = [products]
[x] = molar concentration of x

           [reactants]

Chapter 20

1. Oxidation- Reactions in which the atoms or ions of an element attain a more positive oxidation state.  Reduction- Reactions in which the atoms or ions attain a more negative oxidation state. These two always occur simultaneously.

2. Assigning oxidation numbers: Is it is by itself, oxidation number = 0.  If it is with another ion its oxidation number is its charge.  H = +1, O = -2, F = -1.

3. Oxidation reduction reactions- reactions in which an atom or ion is reduced and another one is oxidized.
4. Balance redox reactions.
5. Same as #2.

6. In redox reactions the overall charge must be conserved.
7. Depending on where elements are on the periodic table, it shows how readily they are to form ions (common sense).

8. Voltaic cells- two solutions are separated by a porous partition that permits ions to pass but that otherwise prevents mixing of the solutions.  This arrangement is capable of generating an electric current in external circuit connected between the electrodes.

9. Electrolytic cells- cells that involve nonspontaneous reactions.

10.  Electroplating- when a metal is deposited onto a surface.

12. 

