
Chemistry with Mr. Faucher        Name_____________________________________ 

Mid-Year Exam 2018-19     Readiness Checklist 

Atoms and their Parts 

o I can compare the nucleus to an atom, and include size, mass and charge in the answer. 

 The size of the nucleus is extremely small compared with the size of an atom. The 

 nucleus has almost all the mass of the atom and has a positive charge (because of its 

 protons). 

 

o I can describe the mass, charge, and location of the proton, neutron, and electron. 

 Proton:  Part of the nucleus, same mass as a neutron. Positive charge. 

 Neutron:  Part of the nucleus. Same mass as the proton. No charge (neutral). 

 Electron:  Far from the nucleus. 2,000 x lighter than the proton! Negative charge.  

 

o I can understand the relationship and meaning of atomic number and mass number. 

 Atomic number is the number of protons that identifies an element.  

 For a neutral atom, it is also the number of electrons. 

 Mass number is the total number of protons and neutrons in an atom. 

 

o I can identify an element when given its number of protons, neutrons, and electrons. 

 A neutral atom (not an ion) has the same number of electrons as its protons. It is the 

 number of protons that identifies an atom. 

 

o I can identify the trends in ionization energy, electronegativity, and the relative sizes of atoms 

and ions. 

 Ionozation energy is the energy that it takes to remove an outer electron from an atom. 

 Ionization energy increases toward the right and upward on the Periodic table. 

 Electronegativity is the desire (affinity) for an electron. Electronegativity increases 

 toward the right and upward on the Periodic Table. F is the most electronegative. 

 Atoms Increase in size as you go leftward and downward on the Periodic table. (Each 

 new row adds another outside layer of electrons, so it’s easy to see why the atomic sizes 

 get bigger as you go down.) 

 When an atom loses an electron to become a positive ion (cation), it is smaller in size. 

 When an atom gains an electron to become a negative ion (anion), it is bigger in size. 

 This means metallic ions are smaller than their neutral atomic states and non-metals are 

 bigger than their neutral atomic states. 

 

o I can state the Periodic Law. 

 As the atomic numbers increase, the properties of the elements keep repeating with 

 each new row (period). 



o I can identify the different parts of the Periodic table: metals, non-metals, metalloids, alkali 

metals, alkaline earth metals, halogens, noble gases. 

 Metals are on the left-hand side of the “stairway”, non-metals on the right of it. 

 Alkali metals, like Na, K,  are in Group IA and are the most reactive of the metals.  

 Alkaline earth metals, like Mg, Ca,  are in group IIA. 

 Halogens (salt-formers) are Group VIIA non-metals, like  F, Br, Cl, I. 

 Noble Gases, like Argon, Krypton, are non-reactive gases in Group VIII. 

 

o I can predict the relative sizes of neutral atoms in comparison to their positive or negative ions. 

 When an atom loses an electron to become a positive ion (cation), it is smaller in size. 

 When an atom gains an electron to become a negative ion (anion), it is bigger in size. 

 This means metallic ions are smaller than their neutral atomic states and non-metals are 

 bigger than their neutral atomic states. 

 

o I can identify the probable charge on the ion of Group A elements based upon its position on the 

periodic table. 

 The group number of the A elements indicates the number of outer electrons. For the 

 Group A metals, it is the number associated with the positive charge of the ion. For 

 example, the Group IA element Na loses its 1 outer electron to give its ion a positive 

 charge of 1+. The halogens in Group VIIA have 7 valence (outer) electrons and obtain a 

 negative charge of 1- when they gain 1 more electron to have a stable octet of 8 

 electrons. 

Properties of Matter 

o I can design an experiment to separate mixtures of substances. 

 Two different liquids mixed together can be separated with heat, based on their 

 different boiling points. 

 

o I can identify properties as extensive or intensive. 

 Extensive properties do not identify substances. (mass, volume, etc...) 

 Intensive properties can be used to identify substances. (density, boiling point, etc...)  

 

o I can describe and list physical properties and chemical properties. 

 Physical properties describe the appearance of substances. (lustre, brittleness, etc...) 

 Chemical properties describe how substances will react (chemically) with other 

 substances. (Acids will generally chemically react with metals. So corrosiveness is a 

 chemical property of acids.) 

 

o I can differentiate among three states of matter. 

 Solids, Liquids, Gases 

 



 

o I can describe a physical change. 

 Physical changes do not alter the identity of the substance undergoing change. For 

 example, melted ic is still water. Steam is still water. 

 

o I can categorize a sample of matter as a substance or a mixture. 

 A substance is made of one thing. 

 A mixture is made of two or more substances mixed together. 

 

o I can distinguish between homogeneous and heterogeneous mixtures. 

 Homogeneous mixtures have uniform (same) composition throughout. The mixture 

 ratio of its components does not vary. 

 Heterogeneous mixtures can have different (not the same) ratios of its mixed 

 components. 

 

o I can describe two ways that components of a mixture can be separated. 

 Filtration, separating the filtrate from the residue. 

 Heating mixed liquids to separate them based on their boiling points. The component 

 with the lowest boiling point will separate out first. 

 

o I can explain the difference between an element and a compound. 

 An element is made up of one kind of atom. (Na) 

 A compound is a chemically-combined  cluster of at least 2 different kinds of atoms. 

 (NaCl) 

 

o I can describe what happens during a chemical change. 

 Electrons become transferred from one kind of atom to another atom of a different 

 element, creating a new substance with different physical and chemical properties. 

  For example, when Mg reacts with O2, Mg atoms lose electrons to oxygen atoms to 

 create magnesium oxide, MgO. 

Naming and Writing Chemical Formulas 

o I can understand that the desire for atoms to form chemical bonds is based on the stability of 

the noble gases because of the Octet Rule (Eight is Great!) 

 Halogen atoms, in Group VIIA, have a strong desire for 1 extra electron. This is because 

 they already have 7 outer (valence) electrons and need just 1 more to make a total of 8. 

 Elements,  like the noble gases,  already have 8 outer electrons and are already stable 

 and, therefore, unreactive. Group IA metals like Na have a strong desire to lose their 1 

 outer electron to expose a new outer layer of 8 electrons, achieving stability. This 

 desirable magical number of 8 outer electrons that encourages stability is often called 

 a stable octet. 



 

o I can describe the formation of an ionic bond. 

 The highly electronegative non-metal (usually a halogen) steals an electron from the 

 weakly- electronegative metal to form a highly stable salt. When Chlorine steals an 

 electron from sodium so that both atoms achieve a stable octet, the very stable salt, 

 NaCl, is formed. 

 This very-unequal sharing of electrons in ionic bonding is found in salts. 

 

o I can describe the formation of an anion (- ion) and a cation (+ ion) from its neutral atom. 

 Group A metals, like Mg, lose outer (valence) electrons to achieve a stable octet, and 

 therefore become positive ions (cations).  

 Non-metals, like O, gain electrons to achieve a stable octet, and therefore become 

 negative ions (anions). 

 

o I can state and apply the octet rule (Eight is Great!). 

 Eight outer (valence) electrons results in stability. Atoms form ions to help achieve this 

 stable-octet stability. 

 

o I can determine the correct ratio of cations (+ions) to anions (- ions) needed to form a neutral 

ionic compound. The Criss-Cross Method does this for me automatically. 

 The superscript charges of positive ions (cations) become the subscript number of 

 negative ions (anions). The superscript charges of the anions become the subscript 

 numbers of cations. For example, Mg2+ and Cl1- becomes MgCl2. 

 

o I can explain the difference between a monatomic and polyatomic ion. 

 A monatomic ion is made of only one element. (Cl 1-) 

 A polyatomic ion is made up of a bunch of two or more different ions, in an exact 

 combining ratio with one combined charge. (NO3 
1-) 

 

o I can understand that a formula unit represents the smallest piece (unit) of an ionic compound. 

 You can’t have an isolated “molecule” of NaCl like you can have of H2O. This is because 

 ionic salts, like NaCl, are made of ions that are electrostatically attracted to the other Na 

 and Cl ions around them, forming a crystal lattice of repeating patterns of NaCl. But the 

 smallest piece of this crystal lattice is a unit of NaCl, called a formula unit. 

 

o I can distinguish between ionic compounds and binary molecular compounds. 

 Ionic compounds are usually salts, and have ionic bonds (unequal sharing of electrons). 

 Binary molecular compounds (having 2 different elements), like CO2, have covalent 

 bonds (a much-more equal sharing of electrons). 

 

 

 



o I can name and write formulas for binary molecular compounds (compounds that have only two 

different elements). 

 Some metals (called transition metals) can have more than one possible charge when 

 they become ions.  

 Iron II Chloride means that the charge of the Fe ion is 2+. This means the subscript for 

 the number of chlorine atoms in the formula will be 2. The resulting written formula is 

 FeCl2. 

 The name of the compound with the formula FeCl3 is Iron III Chloride. 

Writing and Balancing Chemical Equations 

o I can identify reactants and products in a chemical reaction. 

 Reactants are the chemicals written before the arrow. They are the ones reacting to 

 make the products. Products are the chemicals made as a result of the chemical 

 reaction, and are written after the arrow. 

 

o I can write a balanced equation when given the names of formulas of all reactants and products 

in a chemical reaction. 

 The coefficients placed in front of the formulas represent the reality that atoms are not 

 created or destroyed. The same number of each kind of atom is represented on both 

 sides of the equation arrow. The subscripts and coefficients indicate the number of 

 atoms of each element represented in the reaction. 

 

o I can classify a chemical reaction as a synthesis, decomposition, single-replacement or double-

replacement reaction. 

 A synthesis is the result of different substances joining to gether chemically to become 

 one. Example:  2Mg (s)  +   O2 (g)      2MgO (s) 

 A decomposition is the result of a substance chemically breaking down into different 

 substances. 

 A single-replacement reaction occurs when one element takes the place of another in 

 a chemical compound. Example:  Cu (s)   +  2AgNO3 (aq)      2Ag (s)   +   Cu(NO3)2 (aq) 

 A double-replacement reaction occurs when two different chemical compounds swap 

 an element . 

 

o I can use the appropriate symbol to indicate a reactant or product as a solid, liquid, gas, or 

aqueous solution in water. 

 Cu (s)   +  2AgNO3 (aq)      2Ag (s)   +   Cu(NO3)2 (aq) 

 

o I can predict the products of single and double-replacement reactions using references such as 

the activity series or solubility rules. 

 Cu (s)   +  2AgNO3 (aq)      2Ag (s)   +   Cu(NO3)2 (aq)  

 Cu is the more active metal (than Ag) in the equation above, and replaces it. 



o I can prove that conservation of mass occurs during a chemical reaction. 

 In Lab 4-5 Mass Relationships in Chemical Reactions, the stoichiometrically calculated 

 amount of NaCl using the balanced chemical equation matched the actual amount 

 made in the lab and weighed on the electronic balance. 

 

o I can understand that coefficients in a chemical reaction describe the quantities of individual 

particles (atoms, molecules, formula units) and moles of the substances involved. 

Stoichiometry and the Factor-Label Method (Dimensional Analysis) 

o I can write measurements using the correct number of significant digits (figures). 

 In stoichiometric calculations, the number of significant digits expressed in the answer 

 cannot exceed the number of sig digs in the problem representing the weakest 

 measurement  (having the fewest sig digs). 

 

o I can find the density of solids and liquids. 

 Density is the mass of a substance divided by its volume. 

 

o I can determine the identity of an unknown substance using density. 

 Using a mass balance and a graduated cylinder to find the object’s volume, mass is 

 divided by volume to find the object’s density. Then this density is compared to a table 

 of densities of known substances to identify the unknown substance. 

 

o I can determine the accuracy and precision of a set of measurements. 

 Precision is the reproducibility of results. 

 Accuracy is how close the result is to the actual target value. 

 

o I can make quantitative observations using the metric system of measurement (mL, g,) . 

 Quantitative measurements involves using a measuring instrument to get some kind of 

 number , along with its appropriate unit.  

 

o I can calculate the number of atoms, molecules, ions, and formula units in a sample of material, 

using the mole concept. 

 Example: How many molecules of O2 are needed to react with 1.22 g of Mg in the 

 following reaction? 

 2Mg (s)  +   O2 (g)      2MgO (s) 

 

1.22 g Mg
 x  

1 mole Mg

24.3 g Mg
 x   

1 moleO2

2 moles Mg
 x 

𝟔.𝟎𝟐 𝐱 𝟏𝟎𝟐𝟑 𝐦𝐨𝐥𝐞𝐜𝐮𝐥𝐞𝐬  O2

1 mole O2
  =  1.51 x 10 22 molecules O2 

 

 



  

o I can define Avogadro’s Number as 1 mole = 602 x 1021 things contained in a mole of anything 

(exact big pile) of it. If I move the decimal place 2 more places to the left to make it look more 

like scientific notation, Avogadro’s Number  looks like 6.02 x 1023 things. 

 

 

 

 

o I can define molar mass and use the periodic table to obtain or calculate the molar mass for any 

given substance, if I am given its chemical formula. 

 Molar mass is the mass, in grams, of a pile of 6.02 x 1023 atoms, molecules, or formula 

 units of an ionic salt. The Periodic Table of the elements is used as a reference for this. 

 Example: Find the molar mass for copper II nitrate, Cu(NO3)2. 

  1 Cu =  63.5 g 

  2 N   =  2 (14.0 g) = 28.0 g 

  6 O  = 6 (16.0 g)  = 96.0 g 

  ____________________ 

  Cu(NO3)2   =  187.5 g/ 1 mole 

 Notice from the example above that the molar masses are expressed to the tenths 

 place. 

 

 

o I can perform stoichiometric calculations to determine mass and/or mole relationships between 

reactants and products, and calculations for limiting reactants and percent yield. 

 Example: Hydrochloric acid is added to sodium hydrogen carbonate , producing sodium 

 chloride, water, and carbon dioxide. 

 

 NaHCO3 (s)  +  HCl (aq)     NaCl (aq)  + H2O (l)  + CO2 (g) 

 

 Lab Data:  actual amount of NaHCO3 reactant used = 3.85 g 

       actual amount of dry NaCl product weighed  =  2.51 g 

 

 The theoretical amount of NaCl expected to be made from 3.85 g NaHCO3 can be 

 calculated using stoichiometry: 

3.85 g NaHCO3
 x  

1 mole NaHCO3

84.0 g NaHCO3
 x   

1 mole NaCl

1 mole NaHCO3
 x 

58.5 g NaCl

1 mole NaCl
  =  2.68 g NaCl 

  

 

 The percent yield of the NaCl product is: 



percent yield =
actual mount obtained

calculated amount expected
 (100) 

percent yield =
2.51 g NaCl

 2.68 g NaCl
 (100) 

percent yield = 93.6% 

  This means that we made 93.6 % of the expected amount of NaCl product. 

 The minimum amount of HCl reactant needed to completely use up the other reactant,  

 NaHCO3,  is called the limiting reactant amount of HCl. Anything less than this amount  

 of HCl would limit the amount of NaHCO3 that could be used up in the reaction. 

  

 To calculate a limiting reactant (the smallest amount of reactant needed for a complete 

 reaction with the other reactant), start with the mass of the given amount of the other 

 reactant and do a stoichiometric calculation to find the mass of the limiting reactant 

 (using the mole ratio bridge like we’ve done before). 

  

 Example: How many grams of oxygen gas are needed to completely react with 1.22 

 grams of magnesium in the following reaction? 

 

 2Mg (s)  +   O2 (g)      2MgO (s) 

 

 Here, you have to calculate the limiting reactant amount of oxygen gas needed. 

 

1.22 g Mg
 x  

1 mole Mg

24.3 g Mg
 x   

1 moleO2

2 moles Mg
 x 

32.g  O2

1 mole O2
  =  1.61 g O2 

 Anything less than this amount of O2 would not be enough to completely use up the Mg. 


