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Year End Condensed Honors Chemistry Review    
 

Important Notes:  This handout is a summary of the concepts.  Practice items for all concepts 

have not been provided in this packet.  Additional practice may also be found in the 

Chemistry EOC Review Practice Handout, Example Problems by Goal prepared for the 

Foldable Project, website links, and in practice tests provided by your teacher.  The majority 

of this information can be found on the teacher websites.  I also recommend reviewing the 

chapter summaries for any chapters referenced in this handout.  For Overall Vocab and 

Scientists/Atomic Theory review, see the separate handouts devoted to these topics!! 

 

Unit 1 - Chapters 1 & 2; Laboratory Safety, Laboratory Equipment & Scientific Method, 

Dimensional Analysis, SI, etc. 

 

**Be sure to practice the NCSCOS Goal 1 Questions Provided by your teacher as separate 

practice items for Goal 1 are not posted on the NCDPI website!!** 

Unit 1 - Chapters 1 & 2; Laboratory Safety, Laboratory Equipment & Scientific Method, 

Dimensional Analysis, SI, etc. 

 
Significant Figures (Rules in textbook p. 47): 

                   
  

 
Calculations with Significant Figures 

Addition or Subtraction with 

Significant Figures

When adding or subtracting 

decimals, the answer must have the 

same number of digits to the right of 

the decimal point as there are in the 

measurement having the fewest 

digits to the right of the decimal 

point.     

Multiplication and Division 

with Significant Figures

For multiplication or division, 

the answer can have no 

more significant figures than 

are in the measurement with 

the fewest number of 

significant figures.
 

 

 

 

 

 

 

 

If the decimal is PRESENT 

Start at the Pacific.   

 

Come to the first real digit 

and count all remaining digits 

 

Ex. 

a.  32.02 _________ 

b.  0.00235 _______ 

  

If the decimal is NOT PRESENT 

Start at the Atlantic.   

 

Come to the first real digit and 

count all remaining digits 

 

Ex. 

a.  42500 _________ 

b.  620350 ________ 

  

Limit and round your answer to the least number of decimal 

places in any of the numbers that make up your answer. 

 

123.25 mL  +  46.0 mL  +  86.257 mL  =   255.507 mL 

 

The answer is expressed as 255.5 mL since 46.0 mL has only 

one decimal place. 

 

 

 

Limit and round to the least number of sig figs in any of the 

values. 

 

23.0 cm  x  432 cm  x 19 cm  =  188,784 cm3 

 

The answer is expressed as 190,000 cm3 since 19 cm has only 

two sig figs. 

 

 

 



Page 2 of 45 

    

 

 

 

 

 

 

 
 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Density Calculations:  Know how to do density by volume displacement and how to 

use Density as a Conversion Factor! 

 

density = mass/volume;     D =  m  Be able to solve for any variable! 

      V 

 

Dimensional Analysis – Factor Label Method and the Metric System 
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Accuracy & Precision 

 

Accuracy refers to the closeness of measurements to the correct or accepted value of the 

quantity measured. 

examples: baseball pitcher throwing strikes; basketball going in the hoop; lab data is the correct 

answer 

 

Precision refers to the closeness of a set of measurements of the same quantity made in the 

same way. 

examples:  baseball pitcher throwing strikes in the same location or keeps throwing balls in the 

same location; basketball shots are all net every time or basketball shots are missed by bouncing 

of the rim in the same location; lab data give the same results over and over (possibly right or 

wrong) 

 

**Questions regarding understanding of precision/accuracy are usually given in the 

form of interpreting data tables – practice those Goal 1 Questions mentioned above!!** 

 

Percentage Error 

 
Practicing Measuring Liquid Volume 
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Unit 2 - Selected Topics: Chapters 1, 3, & 4:  Bohr’s Model, Matter, Atomic Structure 
 

1. Differentiate between a chemical and physical change.   

physical – does not involve a change in the identity of the material or substance 

chemical – occurs when one or more substances are converted into different substances 

 
 

The four signs of a chemical change are:   

 change in temperature  

 formation of a gas 

 formation of a precipitate (a solid from two solutions) 

 a color change (sometimes) 

 

2. Describe the 3 states of matter. 

 Solid – definite shape and volume – particles packed very closely together 

 Liquid – no definite shape; definite volume – particles packed more loosely but still “together” 

 Gas – no definite shape; no definite volume – particles “far apart” 

3. How is a pure substance different from a mixture? 

A pure substance has a fixed composition; every sample has the exact same characteristic 

properties and every sample has the exact same chemical composition. 

Element – pure substance of only one kind of atom  

Compound – substance is made from the atoms of two or more elements that are chemically 

bonded
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 Atomic Theory Development 

I.  Democritus (400B.C.) 

 

First used term “atom” 

 
II. Dalton’s model (1803)  

 

Credited with modern atomic theory 

4 major ideas 

 

 

 

III. Goldstein Discovers Protons (1886) 

 
IV. Thomson's model ( 1897)  

Credited with Discovery of the electron 

 

 
V.  Rutherford's model (1911)  

-“gold foil” experiment 

-Proposed the atom had a nucleus (mass concentrated in the nucleus) and that an atom is mostly empty space 
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VI.  Bohr’s model (1913)  

- Electrons move in fixed orbits 

-Bohr’s Model used for wavelength and frequency calculations 

Model only works for the hydrogen (H) atom 

 

 

 

VII. Millikan discovers electron charge and Mass of an electron (1909) 

 

 

VIII. Chadwick discovers Neutron (1932) 

 

 

IX. De Broglie (Frenchman) proposes particle wave behavior of Electron  also known as particle-wave 

duality  ((1923) 

 

 

X. Schrodinger writes an equation to determine probability of electron location (quantum theory) 

 

 
XI. Electron-cloud model (present)  

 

 

Others: 

Planck described packets of energy call quanta 

 

Einstein described the photoelectric effect and the wave-particle duality of radiation (act as a wave and a 

particle) – deBroglie also is credited with the latter. 
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Atomic Structure 
Atomic # (z) = # of protons 

 Identifies (ID’s) an element – UNIQUE for each element 

 Elements in order on the periodic table by atomic # 

 Because atoms must be neutral; (z) also = #e- 

Mass # - total # of p+ and no 

 

Ions = Charged Atoms 

 charge occurs from gaining or losing e- (not p+) 

 

 (+) = lost e-   (−) = gained e- 

 

Isotopes and Average Atomic Mass 
Isotope = (nuclide) 

2 ways to represent isotopes: hyphen notation or nuclear symbol   

      mass # 

              

Uranium-235    or  U235
92   element symbol 

                 

element      mass #    atomic # 

 
Isotopes & Average Atomic Mass 
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Bohr’s Model Summary:  Practice!! 
When to use it: 

 When the problem has wording about e-s jumping from one level to another, e.g., n=4 to n=2. 

How to use it: 

 Use it to find the wavelength of the electromagnetic radiation in nm or m (must use m in 

calculations!) 

 

Know Relationships between Energy (E), Wavelength (λ), and Frequency (ν): 

 

Long Wavelength  Lower Frequency  Lower Energy 

Short Wavelength  Higher Frequency  Higher Energy 

 

c = λυ  and E = hυ 
 

Unit 3: Chapters 4 & 5:  Atomic Structure, Electron Configuration, Periodicity 

 
Review & Practice Electron Configuration (Full & Noble Gas) 

s,p,d,f orbitals – shapes of s & p, how many e-s can each sublevel hold, etc. 

s orbital – sphere shaped 

p orbital – dumbbell shaped 

Valence Electrons: Be able to count them from the electron configuration and by looking at 

the periodic table. 

 
 
Lewis Dot Diagrams 
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Periodic Trends & Properties – Practice! 
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Groups of the Periodic Table 

 
 

Unit 4 - Chapter 7 – Nomenclature 

 

Common Polyatomic Ions (most common listed from NCSCOS)    

Acetate C2H3O2 1-   Ammonium  NH4
  1+ 

Carbonate CO3
2-    Nitrate NO3

1- 

Sulfate SO4
2- 

 

Use reference tables for all others!! 

 

Common Acids 

Hydrochloric Acid  HCl 

Nitric Acid     HNO3 

Acetic Acid   HC2H3O2 or CH3COOH 

Sulfuric Acid  H2SO4 

 

Practice Naming & Formula Writing!!! 

 

**Be sure to notice if the compound is an acid, is ionic or is molecular before naming**
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Unit 5 - Chapters 3 & 7 – The Mole – Math with Chemical Formulas 

 

Avogadro’s Number  

 
Calculation of Molar Mass from atomic masses on the periodic table 

 

Mole Conversions of All Types: (particle types: atoms, molecules, formula units, ions) 

 g to mol 

 mol to g 

 particles to mol 

 mol to particles 

 g to particles 

 particles to g 

 

 
Practice Mole Conversion Problems!



Page 13 of 45 

Percent Composition 

 Percent composition is the percent by mass of each element in a compound. 
 Percent composition is the same, regardless of the size of the sample. 

 

Percent Composition Calculations 

% comp =   mass of element    X 100%    =   % element in the compound 

    molar mass of cpd 

 

Empirical Formulas 

 Empirical Formula = Simplest Formula 

 

To find the empirical formula from data: 
1. Assume 100% sample; change % to grams for each element (% to mass) 

2. Find moles from the grams of each element (mass to mol) 

3. Find the smallest whole # ratio by dividing by the smallest number of moles (divide by small) 

4. If necessary, multiply to get rid of fractions. (multiply to whole!) 

 

Molecular Formulas 
 Molecular Formula = Actual Formula 

 

Example: 

C2H6   CH3 

molecular  empirical 

 

MF = (EF)x where   X =  Molecular mass 

     Empirical mass 

 

Moles in Solution (Molarity) 

 Molarity is the term used for moles dissolved in solution 

 Symbol for Molarity = M 

 Definition – moles of solute per liter of solution 

 Formula 

 

  M = moles solute (mol) 

   liter solution (L) 
 

**Be able to calculate Molarity or grams of solute needed.**
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Unit 6 - Chapter 6 – Bonding & Molecular Structures 

 

Bond Types Table 
 

Bond Type 

Type(s) of Atoms 

involved 

 

Force 

 

Properties 

 

Examples 

 

IONIC 

 transfer 

of 

electrons 

 

 

Metal & Nonmetal 

 

Attraction between 

ions, opposite 

charges attract; 

transfer of 

electrons 

 

 High melting point 

 Water soluble 

 Crystalline 

 Aquesous solutions 

conduct a current 

 

NaCl 

MgO 

CaS 

 

COVALENT 

 Sharing 

of 

electrons 

 

Two Nonmetals 

 Polar  

= unequal sharing  

= partial charge 

 Nonpolar = equal 

sharing = no charge 

 

Sharing of electrons 

 

 Low melting point 

 Brittle 

 Nonconductors 

 

Water 

CO2 

NH3 

METALLIC 

Free flow of 

Electrons 

Two Metals Sharing of electrons 

between all atoms 

 Good conductors 

 Malleable 

 Ductile 

Copper wire 

Iron bar 

 

 

 

**Be able to use electronegativity values to determine bond type – see foldable! **
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VSEPR & Molecular Geometry  

 Molecular Shape Type of Molecule 

AByEz 

Atoms Bonded to 

Central Atom 

Lone Pairs of e-s 

on Central Atom 

Linear  AB2 2 0 

 

Bent 
 

 

AB2E 

2 1 

 

Trigonal Planar 
 

 

AB3 

3 0 

 

 

Tetrahedral  

 

AB4 

4 0 

Trigonal 

Pyramidal 

 

 

AB3E 

3 1 

 

Bent 
 

 

AB2E2 

2 2 

 

Be able to draw the Lewis Dot Structures for the 7 diatomic molecules and know the # 

of bonds in each! (I2, Br2, Cl2, F2, O2, N2, H2) 
 

LEWIS STRUCTURE: 
Element Symbol = nuclei and inner-shell electrons 

Dashes = shared electron pairs in covalent bond 

Dots = unshared electrons 

 

Be able to draw Lewis Structure for molecules and determine bond & molecule polarity. 

 

VSEPR Theory – be able to predict molecular shape  
 

 valence-shell, electron pair repulsion 

 Way to predict molecular geometry (shape) 

 There is a repulsion between valence e- pairs 
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Unit 7 - Chapter 8 – Chemical Equations 
 

BALANCING EQUATIONS:  4 steps: 

1. Start with a word equation 

2. Convert to a formula equation (don’t forget the diatomic molecules!) 

3. Balance with coefficients: 

 balance each atom one at a time 

 balance polyatomic ions on each side of the equation as one unit 

 balance H and O last (they often appear in more than one compound) 

4. Check; if coefficients are not the lowest possible; reduce down. 

 

REACTION TYPES – Be able to Use Reference Tables – the equation types and subtypes are in 

there! 
You must be able to predict products and write balanced chemical equations. 
1. Synthesis:  (or composition):  

2 or more substances combine to form 1 new substance 

A + X  AX 

 

2. Decomposition:   

A single substance produces 2 or more simpler substances 

AX   A + X 

 

3. Single Displacement (Replacement):   

1 element replaces a similar element in a cmpd 

A  +  BX    AX  +  B 

 

Hint:  In reactions write water as HOH. 

 

4.  Double Displacement (Replacement):   

     The ions of 2 cmpds switch places to form 2 new cmpds.     

 

AX  +  BY   AY + BX 

 

5.   Combustion:   

     When a substance combines with oxygen releasing a large amount of energy in the form of light and 

heat. 

Often combustions involve a hydrocarbon : cmpd containing C and H 

 

     CxHy  +  O2    CO2  +  H2O 
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Unit 8 Chapter 9 – Stoichiometry 
 

You must be able to do stoichiometric calculations by using the mol ratios from a balanced 

chemical equation! 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

mol to mol:       mol to g: 

 

  
  

g to mol:       g to g: 
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Mole Roadmap 

 
 

MOLES 

GIVEN 

MOLES 

WANTED 

1. 

2. 

PARTICLES 
GIVEN 

4. 

PARTICLES 
WANTED 

5. 3. 

 
 

 Limiting Reagent (Reactant) – (LR) 

 Controls the amt. of product formed 

 Completely consumed in the rxn. 

 “runs out” first 

 Example:   

People on plane  300 people; 250 seats 

**Seats are the limiting factor** 

 

 Limiting Reagent Problems 

 Do mass – mass (g to g) calc. for all reactants.   

 Whichever reactant produces the least is the Limiting Reagent (LR) 

 

 Excess Reactant (ER) 

To find the amount of excess reactant leftover after a rxn: 

 Do two mass-mass (g to g) problems to find LR 

 Use LR to calculate excess reactant used. 

 Subtract excess reactant used from original amt. of excess reactant = leftover excess 

reactant 
 

 Percent Yield 

 % yield   =      actual yield   X 100% 

   theoretical yield 

 

 theoretical yield: 

 maximum amt. of product (what you should “have gotten”) 

 from mass-mass (g to g) problem 

 

 actual yield: 

 actual amt. of product (what you “got”) 

 from lab result; or given in a problem 

MASS Given MASS Wanted 

Mole Ratio 
from 

Balanced 

Equation 

VOLUME Given VOLUME Wanted 
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Unit 9 - Chapters 10 & 12 – Kinetic Molecular Theory (KMT) 

I.  Unit Vocabulary  
Absolute Zero- no molecular movement at this temperature (0 K, -2730C) 

Amorphous- non-crystalline substance such as glass that appears to be solid but is a super cooled liquid  

Anhydrous - without water  

Barometer- a manometer used to measure atmospheric pressure  

Capillary Action - the attraction of the surface of a liquid to the surface of a solid 

Condensation- change in state from a gas to a liquid  

Deposition – change in state directly from a gas to a solid 

Diffusion – mixing of 2 or more gases 

Effusion – movement of a gas through a small opening 

Evaporation- change in state from a liquid to gas  

Fluids – gases and liquids, flow 

Ideal gas – imaginary gas that fits all the assumptions of the kinetic molecular theory  

Kelvin – SI unit of temperature  

Kinetic Theory- group of ideas explaining the interaction of matter and energy due to particle motion  

Melting – change in state from a solid to a liquid  

Molar heat of fusion – heat needed to melt one mole a substance at its melting pt 

Molar heat of vaporization – Heat needed to vaporize one mole of a substance at its boiling pt. 

Plasma- high energy state of matter composed of ions that are knocked apart by collisions 

Pressure - the number and speed of collisions on a wall of a container  

States of Matter- solid, liquid, gas, and plasma are the four states of matter  

STP – standard temperature and pressure 

Sublimation -change in state directly from a solid to a gas  

Surface tension- the apparent skin on surface due to forces holding a liquid together 

Triple point – all three major states of matter are in equilibrium at this temperature and pressure  

Vapor- gaseous state for substances that are normally a liquid or a solid at room temperature  

Viscosity- resistance of liquids to flow  

Volatile – a liquid that evaporates readily 

 

II.  KMT – Fundamental Concepts 
 

 What is an ideal gas? 

~an ideal gas is an imaginary gas that perfectly fits all the assumptions of the kinetic 

molecular theory 

 What is the kinetic-molecular theory? 

~a theory based on the idea that particles of matter are always in motion 

 What are the five assumptions of the KMT? 

1.  Gases consist of large numbers of tiny particles that are far apart relative to their size. 

2.  Collisions between gas particles and between particles and container walls are elastic 

collisions.   

3. Gas Particles are in continuous, rapid, random motion.  They therefore possess kinetic 

energy, which is energy of motion. 

4.  There are no forces of attraction or repulsion between gas particles. 

5. The average kinetic energy of gas particles depends on the temperature of the gas. 
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 Explain the properties of expansion, fluidity, low density and compressibility. 

1. expansion - gases completely fill any container in which they are enclosed, and they take its shape. 

2. fluidity - gas particles glide easily past one another because the attractive forces are insignificant; 

because liquids and gases flow, they are referred to as fluids. 

3. low density – gases are about 1/1000 as dense as the same substance in the liquid or solid state. 

4. compressibility – volume of a given sample of gas can be greatly decreased because the particles 

which are initially very far apart can be forced closer together (compressed).                 

 

Three Phases of Matter  

 
 

STP: Standard temperature and Pressure; 00 C(273K) and 1 atm 

Pressure conversions (all of these values are equal to each other and any two can be set-up as a 

ratio to be used in a factor label problem!  This info is also in the reference tables!!) 

 

1 atm = 760 torr = 760 mm Hg = 101.3 kPa = 1.01 x 105 Pa 

 

 

Molar Heat of Fusion & Molar Heat of Vaporization Problem Examples  

(covered in Unit 14): 
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Phase Diagrams for Water & Carbon Dioxide: 

 

 
 

 

phase diagram – a graph of pressure versus temperature that shows the conditions under 

which the phases of a substance exist 

triple point – the temperature and pressure conditions at which the solid, liquid, and vapor of 

substance can coexist at equilibrium 

critical point – indicates the critical temperature and critical pressure of a substance 

critical temperature – the temperature above which a substance cannot exist in the liquid 

state 

critical pressure – the lowest pressure at which a substance can exist as a liquid at the 

critical temperature 

 

NOTE:  Solid H2O is less dense than the liquid indicated by the negative slope of the equilibrium line 

between the solid and liquid phases.  The opposite is true for CO2  

(notice the positive slope of this same equilibrium line. 
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Heating & Cooling Curves 

**See Unit 14 for Calculations along each step of the curve** 

HEATING CURVE FOR WATER

ENDOTHERMIC
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COOLING CURVE FOR WATER

EXOTHERMIC
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Vapor Pressure Curves: 

 

A liquid will boil when its vapor pressure equals atmospheric pressure.  

 
 

Unit 10 - Chapters 10 & 11 – Gases, Gas Laws, and Gas Stoichiometry 

 

Stoichiometry Roadmap including gases……. 
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Gas Laws Summary Table 

Definitions: 

P = pressure         n = # of moles 

V = volume         R = gas constant (0.0821 L•atm/mol•K); this is the most common one 

T = temperature (in Kelvin always for gas laws!)    molar volume: 1 mol/22.4 L   or   22.4L/1 mol of any gas at STP 

STP:  standard temperature = 00C or 273 K     K = 0C + 273 

standard pressure = 1 atm = 760 mm Hg = 760 torr = 101.3 kPa M = Molar Mass (on EOC packet M is molarity – it is italicized!!) 

 
**Highlighted Info Given in NCDPI EOC Reference Tables**         Version 1: February 22, 2009 
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Unit 11 - Chapters 13 & 14 – Solutions and Colligative Properties 

 
From the Chemistry Reference Tables Packet: 

 

 
 

Solute = what is being dissolved       Dilute = ? 

Solvent = dissolving medium (often water)  Concentrated = ? 

Solutions = solute and solvent together  

 

Molarity - M   A way to measure solution concentration.  It’s the most common chemistry 

concentration unit. 

M = moles solute 

 liters of solution 
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Making a Molar Solution 

 
Molarity Calculations (also in Unit 5): 

 Molarity is the term used for moles dissolved in solution 

 Symbol for Molarity = M 

 Definition – moles of solute per liter of solution 

 Formula 

 

  M = moles solute (mol) 

   liter solution (L) 

 

**Be able to calculate Molarity or grams of solute needed.** 
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 Molarity By Dilution Calculations: 

 
 

Molality = m  - another way to measure solution concentration; it is independent of temperature 

(volume can change with temperature, so M can be affected by changes in temperature) 

 

m = moles of solute 

     Kg of solvent 

 

Making a Molal Solution 

 
 

Net Ionic Equations: 
 

Steps for writing a net ionic equation 

1. Write a balanced equation. 

2. Use your solubility rules to determine solubility and break soluble compounds into ions (with 

charges!).  Leave insoluble compounds together without any charges! 

3. Cancel out spectator ions – if everything cancels write no net reaction. 

4. Write the final equation – include state symbols! 

 

1. sodium hydroxide + zinc (II) nitrate  sodium nitrate + zinc (II) hydroxide 
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Page 30 of 45 

 

 

The 3 Colligative properties: 

 

A. Vapor pressure lowering= 

 
B. Freezing point depression and Boiling Pt. Elevation: 
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Unit 12 - Chapter 15 – Acids & Bases 

Conjugate Acid-Base Pairs 

 
 

COMMON ACIDS TO BE MEMORIZED! 

 Hydrochloric Acid   HCl 

 Nitric Acid      HNO3 

 Acetic Acid    HC2H3O2  or CH3COOH 

 Sulfuric Acid   H2SO4 
 

 
 

Bronsted-Lowry Acids & Bases 
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Unit 13 - Chapter 16 – pH & Titrations 

Be able to Use These Six Equations – In Reference Tables:  

Kw = [OH-][H+] = 1 X 10-14     pH + pOH = 14 

pH = -log[H+]      [H+] = 10-pH       

pOH = -log[OH-]      [OH-] = 10-pOH  

 Pure H2O has: 

1 X 10-7 M H+ (same as H3O+) and 1 X 10-7 M OH-1 

 Because  [H+]=[OH-]  in water = neutral solution 

(remember the brackets stand for concentration in molarity) 

 When [H+] > [OH-1]; the solution is aacciiddiicc 

  When [OH-1] > [H+]; the solution is bbaassiicc  

 pH is an easier way to express concentration; remember: 

 

0      ((aacciidd))   7  ((bbaassee))   14 

  {   strong  weak }{   weak      strong } 
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Using Titration Data to Determine Molarity 

Use the 4 following steps: 

1)  Use balanced equation (you may have to write it yourself!) for the neutralization reaction to 

determine the ratio of moles of acid to base. 

2)  Determine the moles of standard solution (acid or base) used during the titration. 

3)  Determine the moles of solute of unknown solution used during the titration. 

4)  Determine the molarity (or the volume) of the unknown solution. 

 

 

**Be able to use data from buret readings to find the volume of titrant used in titration 

calculations!**

Titration Curve for the 

Titration of a Strong Acid 

with a Strong Base 

Write the Balanced Equation 

 

Acid Data Base Data 

M (mol/L) =  M (mol/L)= 

V (mL) = V (mL) = 

(start with the side that has the MOST data) 

Mole Ratio 

 

 

Mole Conversion from “given” to “unknown” 

Calculate Molarity or Volume of Unknown: 
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Unit 14 Chapter 17 – Thermochemistry, Reaction Rates, Entropy, Enthalpy 
Heat/Energy –  

Remember heat is one form of energy and the terms are often used interchangeably. 

 

 Heat (q or Q) is the energy (E) transferred due to the difference in temp. (T).   

Unit = J (joule) or cal (calorie) 

 1 calorie (cal) = 4.184 J 

 Food calories are actually kilocalories  1 food calorie = 1000 “chemical” calories 

 

Example: 

How many calories are in a potato with 686000 J of energy? (Copy Work!) 

 

Specific Heat  (c or cp):  the amount of heat energy required to raise the temperature of one 

gram of a substance by 1 0C (one degree Celsius) or 1 K (one kelvin) – because the sizes of the 

degree divisions on both scales are equal. 

 

**Specific heat is usually measured under constant pressure conditions – the subscript p (Cp) – is 

used as a reminder.  

 

Specific heat is a constant for a substance.  You must notice the state of matter (s,l,g) when 

selecting the correct constant value from the specific heat from the reference packet. 

 

For water (l), c = 4.18 J/g0C  - given in packet!  Also given for ice and steam! 

 

Q = mCp∆T   (EOC packet)  

Use when there is a change in Temperature 

 

where  

 C= specific heat  

 q = heat gained or lost in J   

 m = mass in g  

 ∆T = change in temperature; IMPORTANT:  ∆T = Tf - Ti, in 0C or K 

 

Equation can be rearranged to Cp =    q      

      m ΔT  

 
To calculate the heat required for changes of state (at constant temperature), use 

 

q = mHv   for boiling/condensing     and     q = mHf  for freezing/melting 

 

for water:  Hv = 2,260 J/g    and Hf = 334J/g   (all of this is in the packet!) 
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Heating/Cooling Curves 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Legend for Calculations: 

 

1. Q = mΔTCp(solid) 

2. Q = mHf 

3. Q = mΔTCp(liquid) 

4. Q = mHv 

5. Q = mΔTCp(gas) 

 

 

Using your Reference Tables, list the values for the following variables: 

Cp(solid) 

Cp(liquid) 

Cp(gas) 

Hf 

 

Temp 
o
C 

Time (min) 

1 

2 

5 

4 

3 

 



Page 37 of 45 

 

 

Phase Diagrams – See Unit 9 

 

Reaction rate depends on five things:   
1. nature of reactants 

2. surface area 

3. temperature 

4. concentration  

5. presence of a catalyst 

 
Energy Diagrams 
  

 

 

 

 

 

 

 

 

 

 

 

 

 

 

http://www.saskschools.ca/curr_content/chem30_05/graphics/2_graphics/exo.gif 

http://www.saskschools.ca/curr_content/chem30_05/graphics/2_graphics/endo.gif 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Red dashed line demonstrates the reduction of the activation energy through the use of a catalyst. 

http://www.bbc.co.uk/schools/gcsebitesize/chemistry/chemicalreactions/2energychangesrev3.shtml 

 

 

http://www.saskschools.ca/curr_content/chem30_05/graphics/2_graphics/exo.gif
http://www.saskschools.ca/curr_content/chem30_05/graphics/2_graphics/endo.gif
http://www.bbc.co.uk/schools/gcsebitesize/chemistry/chemicalreactions/2energychangesrev3.shtml
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Unit 15 Chapter 18 – Equilibrium, LeChatelier’s Principle, K    
  

Chemical Equilibrium 
Reversible reaction :  

Use  

Chemical equilibrium:  state of balance in which the rates of opposing rxns are exactly equal 

 Dynamic state: reactions are continually happening  

 

 Example:  students changing rooms 

 

Equilibrium constant:  K or Keq or Kc 

 

K = [products]coefficients 

       [reactants]coefficients 

 

Why use K? 

 K = 1   reactions are equal  at equilibrium!! 

 K< 1   reverse reaction favored, more reactants 

K> 1   forward reaction favored, more products 

 

Very Important: 

 K includes only gases and aqueous solutions; liquids and solids do not have a 

concentration 

 

Acids, Bases, and Salts 
 Weak acid: ionizes (breaks down) partially 

Ka = acid ionization or dissociation constant 

 Weak base: slightly dissociate just like a weak acid 

Kb = hydrolysis constant  

 

Kw = dissociation constant for water = [OH-1][H+] 

 

Buffer: solution that can resist changes in pH, usually made up of a weak acid or base and a salt 

of the weak acid or base.   

 

Le Chatelier’s Principle 
A system at equilibrium will shift to adjust to changes to stay at equilibrium. 

 

Conditions: 
1. Concentration:   A. Increase/add  shifts away (to consume excess) 

         B. Decrease/Remove  shifts towards (to replace) 

2. Pressure:    A. Increase  shifts to side with less gaseous moles 

   B.  Decrease  shifts to side with more gaseous moles 

3.  Temperature: – depends on if rxn is exothermic or endothermic 

   

Temperature is the Only condition that changes the value of K 
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Ksp – Solubility Constant Expression 

 
Solubility:  the amount of substance required to form a saturated solution with a specific 

amount of solvent  at a specified temperature. 

 

 Units = ?  Units – g/L or M  

 

 Remember, salts ionize (break down) in water. 

 

 When a solution is saturated, it is said to be at equilibrium   

 

A saturated solution of salt and water is at equilibrium. 

 

Unit 16 Chapters 19 & 22 – Redox Rxns, Electrochemistry & Nuclear Chemistry 
  

Electrochemistry: 
 

Students should be able to:  

 Determine oxidation number of each element in a REDOX reaction, including peroxides.   

 Determine elements oxidized and reduced.   

 Write half reactions indicating gain or loss of electrons and identify the reaction as either 

reduction or oxidation.   

 

Students should be aware of some practical applications of oxidation/reduction reactions. Some examples 

include: simple wet cell, dry cell, bleaching, and electroplating.   

 

Oxidation Numbers: 

Summary of Rules for Oxidation Numbers: 
 Rule 1:  Atoms in a pure element have an oxidation number of zero. 

 Rule 2:  The more electronegative element in a binary compound is assigned the number equal to 

the negative charge it would have as an anion.  The less-electronegative atom is assigned the 

number equal to the positive charge it would have as a cation. 

 Rule 3:  Fluorine has an oxidation number of -1 in all of its compounds because it is the most 

electronegative element. 

 Rule 4:  Oxygen has an oxidation number of -2 in almost all compounds.   

  Exceptions: 

   Peroxides, such as H2O2, in which its oxidation # is -1 

   When oxygen is in compounds with halogens, such as OF2, its oxidation # is +2. 

 Rule 5:  Hydrogen has an oxidation # of +1 in all compounds that are more electronegative than it; 

it has an oxidation # of -1 in compounds with metals. 

 Rule 6:  The algebraic sum of the oxidation numbers of all atoms in a neutral compound is zero. 

 Rule 7:  The algebraic sum of the oxidation numbers of all atoms in a polyatomic ion is equal to 

the charge of the ion. 

 Rule 8:  Rules 1-7 apply to covalently bonded atoms; however, oxidation numbers can also be 

assigned to atoms in ionic compounds. 
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Oxidation & Reduction Notes – Chapter 19 

 

oxidation-reduction reactions:  reactions which involve changes in oxidation states due to an 

exchange of e-s.  

Also called redox reactions. 

 

oxidation:  reaction where atoms or ions become more positive (less negative) by losing e-s. 

  

example:  2Na(s) + Cl2(g) → 2NaCl(s) 

       ↓        ↓ 

 oxidation #         0        +1 

 (oxidation # is more positive due to loss of 1e-.  Na has been oxidized.) 

 

reduction: reaction where atoms or ions become more negative (less positive) by gaining e-s. 

 

 example:  2Na(s) + Cl2(g) → 2NaCl(s) 

             ↓   ↓ 

 oxidation #           0   -1 

  

 (ox# is more negative due to gain of 1e-.  Cl2 has been reduced.) 

 

Use OIL RIG to Remember!! 

 

Oxidation Involves Loss of e- (= more positive “+”) 

Reduction Involves Gain of e- (= more negative “-“) 

Key Points: 

 Oxidation & Reduction always occur together. 

 e-s lost & gained must be equal. 

 If oxidation #’s do not change, it is NOT a rreeddooxx  rreeaaccttiioonn!! 

 

 example:  SO2  + H2O  →  H2SO3 

 

       +4       -2       +1         -2              +1    +4    -2 

This is not a redox reaction! 

 

The compound or element on the reactant side containing the oxidized element is the 

reducing agent (it causes reduction). 

The compound or element on the reactant side containing the reduced element is the 

oxidizing agent (it causes oxidation). 
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Nuclear: 
 

A student should be able to: 

 Use the symbols for and distinguish between alpha ( 2
4He), and beta ( -1

0e) nuclear particles,  and 

gamma () radiation include relative mass).   

 Use shorthand notation of particles involved in nuclear equations to balance and solve for 

unknowns.  Example:  The neutron is represented as (0
1n) .   

 Discuss the penetrating ability of alpha, beta, and gamma radiation.   

 Conceptually describe nuclear decay, including:   

o Decay as a random event, independent of other energy influences  

o Using symbols to represent simple balanced decay equations   

o Half-life (including simple calculations) 

 Contrast fission and fusion.   

 

Cite illustrations of the uses of nuclear energy, including, but not limited to:  electricity, Carbon-14 

dating, and radioisotopes for medicine (tracers, ionizing radiation, gamma sterilization, etc).   

 

 

Nuclear Decay 

Types of decay: 

Name  Symbol  Mass              Shielding/Penetrating  ability 

Alpha  α       4 
2 He  largest mass   stopped by a sheet of paper 

(Helium nucleus) 

  

Beta  β    0-1 e   relatively small mass stopped by thin metal 

  (electron emission)     

 

Gamma  γ   00 γ      no mass; energy  stopped by thick lead or  

  (energy, not written      Concrete 

      in the equation) 

 

Neutron  n   10 n     relatively small mass stopped by thick concrete  

   (neutron) 
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Nuclear equations: 

Must be balanced on both sides by mass and atomic number! 

 

HALF-LIFE   

 
Half-life, t1/2  is the time required for half the atoms of a radioactive nuclide to decay. 

 

Radioactive dating uses knowledge of half-lives to approximate the age of an object. 

Radioactive dating includes using Carbon -14 to date organic material. 

 

Half-life calculations: 
 

 

Use ratio’s to solve:    1half-life             =       # of half-lives 

      Time of half life       given amount of time 

 

Must remember what a half-life means – ½ of the original amount decays  

Time   amount 

Original  100 % 

1 half-life  50 % 

2ne half-life  25 % 

3rd half-life  12.5 % 

4th half-life  6.25 % 
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Fission:  

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Fusion: 

 


