Chemistry Chapter 6 Practice Test


Name:_______________________

1.  a.  How did Mendeleev order the elements in his periodic table?

By atomic mass. (Not by atomic number because protons hadn’t been discovered yet. 
b.  How did this arrangement enable Mendeleev to see that there were new elements that had not yet been discovered?

He saw patterns of properties. When the next element in the series did not fit into the established pattern, he knew there had to be a gap in the series.
2.  How do electron configurations within the same group of elements compare?  How does this relationship affect the properties of those elements?

Electron configurations of elements in a group all end in the same place, just one “ring” further out. This affects the properties because then all elements in the same group have the same number of valence electrons, and it is the valence electrons that determine properties such as reactivity.
3.  Why are the Noble gases relatively unreactive?

Because their electron configuration is such that they have a filled shell of electrons, and therefore do not need to react to obtain a filled shell. 
4.  What are characteristic properties of 

a.  alkali metals

Extremely reactive, form +1 ions
b.  alkaline-earth metals

Reactive, though not as reactive as alkali metals, form +2 ions
c.  transition metals 

Not very reactive, often used in applications where it is helpful to have low reactivity (such as jewelry and money). Can make several different ions. 
d.  halogens
Extremely reactive, form -1 ions
5.  Where on the periodic table do the most man-made elements appear?

After Uranium (in the f block and the last row of the d’s)
6. What are some things that elements on the periodic table were named after? Give examples.

People: Curium, Einsteinium
Places: Yttrium, Polonium, Francium

Mythology: Tantalum, Niobium

Characteristics: Rubidium, Cesium

Planets: Neptunium, Plutonium
7.  Draw an outline of the periodic table.  Label the actinides, alkali metals, alkaline-earth metals, halogens, lanthanides, main group elements, noble gases, transition metals, s-block, p-block and d-block.

Group 1: alkali metals
Group 2: alkaline-Earth metals

Both Group 1 and Group 2 – s block

Groups 13-18 – p block

Groups 3 – 12 – transition metals and d block

Group 17 – halogens

Group 18 – Noble Gases

F-block are the 2 rows below the main body of the periodic table. The top row of the f-block is the lanthanides and the bottom row is the actinides.

Main Group elements are the s block and the p-block
8.  Define:  group, period, ionization energy, electronegativity, atomic radius.

Group – vertical column on periodic table

Period – horizontal row on periodic table

electronegativity – how easy it is for a neutral atom to gain an electron

atomic radius – measure of the size of an atom

ionization energy – how hard it is for a neutral atom to remove an electron
9.  Without looking at the periodic table, identify the period, block and group in which each of the following is located:

	
	Period
	Block
	Group

	a.  [Rn]7s1  ​

	7
	s
	1

	b. [Ar]4s23d2

	4
	d
	4

	c.  [Kr]5s24d9

	5
	d
	11

	d.  [Ar]3d104s24p6

	4
	p
	18

	e.  [Ne]3s23p3

	3
	p
	15


10.  Write the noble-gas configuration for the following elements:

a.  K  [Ar]4s1
b.  S [Ne]3s23p4
c.  Cr [Ar]4s23d4 (or [Ar]4s13d5)
d.  Rh [Kr]5s24d7
e.  As [Ar]4s23d104p3
11.  Order the following elements in terms of increasing atomic radius:  Sodium (atomic number 11), Magnesium (atomic number 12), Phosphorus (atomic number 15), Chlorine (atomic number 17) and Potassium (atomic number 19).  

Cl, P, Mg, Na, K
12.  Describe the general trends in atomic radii down a group and across a period.  Why do these trends exist?

As the atomic number increases across a period, the number of protons in the nucleus increases, thus increasing nuclear charge. The outermost electrons therefore “feel” this increased charge, since the number of inner electrons (shielding) is the same across the column. Therefore the outmost electrons are held tighter and the radius decreases. Down a group, the electron configuration has increased by a “ring”, so the atom is bigger. Also, the shielding has increased, so the outermost electrons do not “feel” a strong positive, even though there is a strong positive in the nucleus. 
13. Describe the general trends in ionization energy down a group and across a period.  Why do these trends exist?

The trends in ionization energy exist because of the trends in radius. Across a period, since the electrons are being held tighter and tighter, it gets harder to pull an electron away. Down a group, since the electrons are being held more loosely, it is easier to pull one away. 
14. Describe the general trends in electronegativity down a group and across a period.  Why do these trends exist?

The trends in electronegativity also exist because of the trends in radius. Across a period, since the radius is getting smaller, and the nuclear charge is getting bigger, it is easier to attract an electron from another element. Down a group, even though the nuclear charge is getting stronger, the shielding is increasing and an electron in another element does not “feel” the nuclear charge to be attracted in. 
16.  List the charge on the ion most likely to be formed from the element:

a.  Li  +1
b.  O -2
c.  S -2
d.  Al +3
e.  Ba +2
